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PREFACE

This book is a first-level text on water chemistry that places special
emphasis on the chemistry of natural and polluted waters and on the
applied chemistry of water and wastewater treatment. It provides a
comprehensive coverage of the dilute aqueous sclution chemistry of acid-
base reactions, complex formation, precipitation and dissolution reac-
tions, and oxidation-reduction reactions, Although it is written primarily
for students and those individuals who are currently working in environ-
* mental or sanitary engineering, much of its contents should also prove
to be of value to chemists, biologists, ecologists, and geochemists, We
assume that the readers will have a goed background in general chem-
istry; additional knowledge in the fields of analytical and physical
chemistry is useful but not essential. The material in the text has been
satisfactorily taught to advanced undergraduates and first-level graduate
students in environmental engineering with one year of elementary
chemistry as a background.

This book provides an integrated coverage of chemical kinetic and
equilibrinm principles and applies them to water chemistry in its broadest
sense, that is, to natural and polluted water and to water and wastewater
treatment processes. Special attention is paid to the effects of temperature
and ionic strength on reactions. In the first introductory chapter, the
characteristics of the various types of water of concern are presented
along with a discussion of the concentration units unique to water
chemistry, Chapters 2 and 3 provide the background in chemical kinetics
and thermodynamics necessary for the subsequent coverage of water
chemistry, If the text is to be used for teaching students with background
in physical chemisiry, Chapters 2 and 3 may be read for review purposes
only. Chapters 4 to 8, and 7 dedl, respectively, with acid-base, complex-
ation, precipitation-dissolution, and oxidation-reduction chemistry, In
each of these chapters we first present the necessary principles for
understanding the systems to be encountered and then the necessary
tools to solve problems; following this, we present one or mere applications
of the topic in the water or wastewater areus. The graphical solution of
equilibrium problems is stressed throughout the book. The acid-base
chemistry chapter concludes with a detailed discussion of the carbonate
system. The complexation chapter deals at length with the organic and
inorganic complexes of metal ions found in natural waters. Phosphate
chemistry and heterogenous calcium carbonate equilibria and kinetics
are presented as applications of the principles of precipitation-dissolution
presented in Chapter 8. In Chapter 7, the topics of corrosion, iron
chemistry, chlorine chemistry, biologically important redox reactions,
and principles of electrochemical measurements are presented to illus-
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trate the importance and practical application of the principles of oxi-
dation-reduction reactions,

Numerous example problems are presented throughout the discussion
as aids to the understanding of the subject matter. Many problems are
presented at the end of the chapters. The answers to these problems are
given in an appendix so that readers can test their knowledge. References
to more detailed treatments of selected topics are given at the end of
each chapter.

The Water Chemistry Laboratory Manual by D, Jenkins, V. L. Snoeyink,
J. F. Ferguson, and J. O. Leckie, 3rd ed., John Wiley & Sons, Inc., New
York, 1980, initially published by the Association of Environmental
Engineering Professors, contains many experiments that are based on
the principles presented in this book. The laboratory manucl is written
for use in the same type of course for which this text is written. The
nomenclature and format of these two texts are designed to make them
companion volumes for an integrated lecture-laboratory course.

Our thanks are due to the students and many other persons who aided
in the preparation of this book: to I. F. Fitzpatrick, R. A. Minear, and B,
R. Trussell, who were selected by the publishers to review the-text; to the
University of California at Berkeley and the University of Illinois at
Urbana-Champaign for their generous leave policies that enabled us to
devote our time to writing this book: and to Miss gathy Cassells, Mrs.
Ruth Worner, Mrs. Flora Orsi, and especially to Mrs, Virginia Ragle for
their typing services in the preparation of the manuscript.

Vernon L. Snoeyink
Usbana, Illinois

David Jenkins
Berkeley, California
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CHAPTE
INTRODUCTION

1.1, PROPERTIES OF WATER

Although the title of this book is Water Chemistry, the contents deal
only slightly with the chemistry of H,O. With a few exceptions it is only
in this introductory chapter that we feel compelled to even talk about the
properties of H;O, In common with the usage adopted by the sanitary/
environmental engineering profession and other branches of the scientific
community, we use the word water to mean the dilute aqueous solution/
suspension of inorganic and organic compounds that constitutes various
types of aquatic systems. This book is about the interactions between
these compounds. The American Heritage Dictionary of the English
Language' concisely draws the disiinction we want to make in its first
three definitions of the word water.

"Water (wo'tar, wot'ar} n. 1. A clear colorless, nearly odorless and tasteless
liquid, H,O, essential for most plant and animal life and the most widely used
of all solvents. Melting point 0°C {32°F), boiling point 100°C {212°F), specific
gravity (4°C) 1.0000, weight per gallon (15°C) 8.337 pounds. 2. Any of various
forms of water such as rain. 3. Any body of water such as a seq, lake, river,
or stream.”

This book is largely directed toward a consideration of the iypes of
waters exemplified by definitions 2 and 3. However, it would be remiss
if we did not consider the important properties of water that make it such
a dominant aspect of our environment.

Most water molecules have a molecular weight of 18. However, since
hydrogen and oxygen each have 3 isotopes, there exist 18 possible
molecular weights for water. In the water molecule both hydrogen atoms
are located on the same side of the oxygen atom; their bonds with the
oxygen atom are 105° apart. The hydrogen atoms carry a positive charge
while the oxygen atom is negatively charged. Because of this distribution
of charge, H,0 is a strongly dipelar molecule. The water molecule dipoles

! The American Heritage Dictionary of the English Language, William Morris, ed.
American Heritage and Houghton, 1969, p. 1447,
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attract each other and form aggregates through bonds that are known as
“"hydrogen bonds";

H+s
a0~ 0]
+6H/1 05h° \Hiﬁ
Y
0—5
+6H/ \HH,

It is thought that these aggregates in water at room tempercature can
reach sizes of up to about 100 H,;O molecules.?

The hydrogen bonding in water is responsible for many of the unusual
properties possessed by this substance. Water is the dihydride of oxygen.
If we compare it with the dihydrides of the elementis in the same family
of the periodic table as oxygen, that is, hydrogen sulfide, H,3; hydrogen
selenide, H,Se: and hydrogen telluride, H,Te, we find that many of its
physical properties are anomalous. At atmospheric pressure and room
temperature {25°C) the heavier molecules, H;S {molecular weight 34), H.Se
(molecular weight 81), and H,Te (molecular weight 130), are all gases.
Water is a liquid that becomes a gas only when the temperature is
increased to 100°C and above. It is far denser than its related species at
any given temperature; the maximum density is at 4°C, Its surface tension
and dielectric constant are much higher than would be predicted from
the properties of the other dihydrides. Its freezing point is lower than
would be expected, and it freezes to form ice, an open-siructured substance
that is less dense than the liguid water from which it forms. All of these
properties (and many more)} are caused by the hydrogen bonding betwsen
H,O molecules. The last property—that in which H,O forms a less dense
solid than the liquid from which it forms—has far-reaching ramifications.
If solid H.O were denser than liquid H,O, ice would form at the bottom
of natural bedies of water rather than at the top. Lakes would freeze from
the bottom upward and, consequently, life in its present form in aquatic
systems would not exist because natural bodies of water would freeze
solid whenever the temperature fell below the freezing point of water.

The polarity of water is an important factor in determining its solvent
properties. The minerals that make up the earth's crust are largely
inorganic solids in which positively charged and negatively charged ions
exist in a lattice structure, atiracted to each other by electrostatic bonds.
Water, with its dipolar character, has the power to surround a positively
charged ion with the negatively charged part of its molecule (or conversely
surround the negatively charged crystal ion with the positively charged
part of its molecule), thereby isolating the ion from its surrounding ions

2 G. Nemethy and G. H. Scheraga, "“Structure of Water and Hydrophobic Bonding
in Proteins. I, A Model for,the Thermodynamic Properties of Liquid Water,” .
Phys. Chem., 36; 3382 (1962).
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and neutralizing the forces of attraction that maintain the integrity of the
crystal structure, The ion, surrounded {or hydrated) by water molecules,
can then leave the crystal lattice and move out into solution—it becomes
a dissolved ion,

In the last analysis the solvent properties of water make necessary the
several dictionary definitions of the word water. Water dissclves some
(small or large) amount of virtually every solid or gas with which it comes
in contact. In the global cycle of water on the earth (the hydrologie cycle),
water contacts the gases in the atmosphere {including air pollutants and
volcanic emissions) and the minerals in the top few kilometers of the
earth’s crust. On a smatler scale water circulates in man-made systems
{conduits and pipes made from synthetic minerals, such as concrete, and
refined metals such as iron and copper). The solvent powers of water are
exerted in these systems leading to such general phenomena as corresion
and scaling.

1.2. COMPOSITION OF SEVERAL TYPES OF WATER

The general composition of the various types of water in the hydrosphere
can best be discussed within the framework of the hydrologic cycle. Of
the total amount of water on the earth the oceans account for the vast
majority: 97,13 percent. The polar ice caps and glaciers contain 2.24
percent; groundwater cccounts for 0.61 percent; and the rivers, lakes, and
streams contain only 0.02 percent of the total,

The ocean is an approximately 1.1 M solution of anions plus cations;
its average composition is given in Table 1.1, In this table the category

TABLE 1.1 Major Constituents of Seawater

Constituent mg/kg (ppm)
Sodium (Nat) 10,500
Magnesium (Mg?*} 1,350
Calcium (Ca®t) 400
Potassium (K1) 380
Chloride (C17} 19,000
Sulfate (80,2) 2,700
Bicarbonate (HCQ,™) 142
Bromide (Br) 65
Other solids 34
Total dissolved sclids 34,500
Water (balance) 965,517

Source: E. D. Goldberg, “"Chemistry—The Oceans
as a Chemical System” in H, M. Hill, Composition
of Sea Water, Comparative and Descriptive Ocean-
ography, Vol. 2 of The Seq. Wiley-Interscience,
New York, 1963, pp. 3-25. Reprinted by permission
of John Wiley & Sons, Ine.
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of “other solids” incorporates a wide variety of species that includes just
abouf every element present in the earth’s crust. In this category average
concentrations range from moderate (St (8 mg/liter), 310, (6.4 mg/liter), B
(4.6 mg/liter), and F (1.3 mg/liter)} to small {N (0.5 mg/liter), Li (0.17 mg/
liter), P (0.07 mg/liter), and I {0.06 mg/liter)} to minute (Cd {¢.0001 mg/liter),
Cr (0.00005 mg/liter), and Hg (0.00003 mg/liter)) to miniscule (Pa (2 x.107°
mg/literland Ra (1 x 107" mg/liter)). The dissolved salt content of sea
water (total dissolved solids of approximately 34,500 mg/liter} is sufficient
to raise its specific gravity at 20°C to a value of 1.0243 g/cc, which is
significantly greater than pure water,

- From the oceans, water evaporates and then is transported over land
musses, where it can be deposited as one or another form of precipitation
(rain, snow, hail, etc.). During its passage from the ocean to the land
surface, water passes through the earth's lower atmosphere. Because of
this, the water has o chance to equilibrate with the gases in the
atmosphere. The mean composition of the lower atmosphere is shown in
Table 1-2, It should be realized that the mean composition of the earth’s
atmosphere is subject to considerable variation, especially in the levels
of some of the minor constituents such as CQ,, CO, 8C,, NO,, and so

TABLE 1.2 Mean Composition of the Atmosphere

Partial Pressure

Gas Percentage by Volume {atm)

N, 78.1 0.781
Q. 20.8 0.209
Ar 0.93 0.00693
H.O 0.1-2.8 0.028
CO, 0.03 0.0003
Ne 1.8 x 1073 1.8 x 107¢
He 5.2 x 107 5,2 x 10-¢
CH, 1.5 X 10~ 1.5 x 107
Kr 1.l x 107 1.1 x 107
CO (0.06-1} x 10~ {0.8-1) x 10-®
80, 1% 10 1 x 108
N.C 5x 10°% 5 x 107
H, 5 x 10°® 5 x 107
Oy {0.1-1.0) x 10~° (0.1-1.0) x 107
Xe 8.7 x 1078 8.7 x 1078
NO, (0.05-2) x 10-® {0.05-2) x 10-¢
Rn 6 x 107 6 x 10~

Source: B. A. Mirtov, "Gaseous composition of the afmos-
phere and its analysis.” Akad. Nauk. SSSR, Inst. Prikl.
Geofiz Moskva (translated by the Israel Program for Sci-
entific Translations, published in Washington, U.S. Dept.
of Commerce, Office of Technical Services, 1961, 209 pp.).
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forth, which are products of combustion processes and are associated
with the air pollution that accompanies urban-industrial communities.

The major atmospheric constituents, N, and O,, are both sparingly
soluble in water {17.5 and 39.3 mg/kg, respectively, at 25°Cy but some of
the minor constituents, for example, CO, and SO,, are very soluble (1450
and 94,100 mg/kg, respectively, at 25°C). The composition of precipitation
is quite variable and greatly influenced by atmospheric contaminants.
Precipitation near the oceans contains more 8042, CI~, Na*, and Mg?*
than precipitation that falls in the interior of a great land mass. Bain and
snow that are generated from an atmosphere containing high concentra-
tions of combustion-generated SO, can be very acidic. Even so, the figures
~ in Table 1-3 show that rainwater is indeed an extremely dilute solution

TABLE 1-3 Composition of Rain and Snow {in mg/liter)

Constituent 1 2 3 4 S
Si0, 6.0 1.2 0.3
Al (IID . 0.01
Ca?t 6.0 0.65 1.2 0.8 3.3
Mg?* 0.2 0.14 0.7 1.2 0.38
Na* 0.8 0.56 0.8 9.4 0.97
K 0.6 G611 0.0 0.0 0.23
NH* : 0.0 0.42
HCO,- 3 7 4 0.0
SO 1.6 2.18 0.7 7.6 6.1
Cl- 0.2 0.57 0.8 17 2.0
NO,~ 0.02 0.0 0.02
NOs 0.1 0.62 0.2 0.0 2.2
Total dissolved solids 4.8 8.2 38
pPH 5.6 6.4 5.5 4.4

1. Snow, Spconer Summit, U.S. Highway 50, Nevada (east of Lake Tahoe) altitude
7100 ft, Nov. 20, 1858, J. H. Feth, 8. M. Rogers, and C. E. Roberson, Chemical
Composition of Snow in the Northern Slerra Nevada and Other Areas, U.S.
Geological Survey Water Supply Paper 1535], 1964, 39 pp.

2. Average composition of rain from August 1962 to July 1963 at 27 points in North
Carolina and Virginia. A. W, Gambell and D. W. Fisher, Chemical Composition
of Rainfall, Eastern N. Caroling and Southeastern Virginia: U.S. Geological
Survey Water Supply Paper 1535K, 1964, 41 pp.

3and 4, Rain, Menlo Park, Calif., 7:00 .M. Jan. 9 to 8:00 A.M. Jun. 10, 1958, White-
head, and ]. H. Feth, Chemical Composition of Rain, Dry Fallout, and Bulk
Precipitation at Menlo Park, Calif., 1957-1959, J. Geophys. Res., 63:3318-3333 {1964).
5. Station 526U, Belgium, European Atmospheric Chemistry Network. Average
of 180 samples. L. Granat, On the Relation Between pH and the Chemical
Composition in Atmospheric Precipitation, Tellus, 24, 550-556 (1972}

2 The solubility of gas is expressed as the weight of gas (mg) dissclved in 1 kg of
water at a total pressure (partial pressure of the indicated gas plus the vapor
pressure of water at 25°C) of 760 mm Hg (760 toir or 1 atm)}.
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of dissolved salts, indicating the remarkable efficiency of the distillation
process that results in the production of "fresh water” from seawater.

Note that the pH of "unpolluted” precipitation (5.5 to 8.5} is significantly
lower than that of the seawater from which it was generated. This is a
reflection of the equilibration that has taken place with atmospheric CO,.
Rainwater is poorly buffered so that it cannot maintain its neutral pH in
the presence of even these small amounts of acid-producing gases.

In precipitation, water falls onto the land surface and comes in contact
with rocks, sediments, and soils and the animal and plant inhabitants of
the land surface. Chemical reactions take place that further modify the
composition of the water. The reactions can be viewed in general terms
as a giant global acid-base titration in which the acids of the rainwater
{CO,, 80, and NOQ,) titrate the bases of the rocks, Since the composition
of the land surface and the extent and nature of biological activity
(including man’s activity) vary from one place to another, we can expect
that waters of a variety of compositions will result from these reactions.
The time and intimacy of contact between water and rocks also influences
the composition of the solution.

Surface waters that originate in basins where the major rocks are
granite contain very small amounts of dissolved minerals, not more than
approximately 30 mg/liter. These are an important group of waters; for
example, the water supplies of New York City (from the Catskill Moun-
tains), San Francisco and Qakland (from the Sierra Nevada Mountains),
Seattle (from the Cascade Mountains), and many rivers and lakes in New
England are of this type. They are illustrated by Type A, in Table 1-4,

TABLE 1.4 Typical Analyses of Surface and Ground-
waters in the United States

Constituent, mg/liter A B C
Si0, 9.5 1.2 10
Fe(Il) 0.07 0.02 0.08
Ca?t . 4.0 36 92
Mg** 1.1 8.1 34
Nat 2.6 6.5 8.2
K+ 0.8 1.2 1.4
HCO,- 18.3 119 339
802 1.6 22 84
Cl- 2.0 I3 9.6
NO;~ 0.41 0.1 13
Total dissolved solids 34 165 434
Total hardness as CaCO;, 14.6 123 369

A, Pardee Reservoir, East Bay Municipal Utility District,
Oakland, Calif, Average data for 1976.

B. Niagara River, Niagara Falls, N.Y.

C. Well Water, Dayton, Ohio.
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which is the yearly average composition of the outlet of Pardee Reservoir
_ of the East Bay Municipal Utility District, the water supply for much of the
East Bay Area of the San Francisco Bay region.

The second general type of surface water (Table 1-4, Type B) originates
from basins other than the granite basins described above. This water,
typified by that of the Great Lakes (except Lake Superior) is of intermediate
hardness (calcium plus magnesium), alkalinity (HCO;7), and total mineral
content, This type of water is widely used as public water supplies for
cities such as Chicago, Cleveland, Buffale, Niagara Falls, Detroit, Mil-
waukee, and many smaller places along the lakes and rivers of the St.
Lawrence River Basin.

Groundwaters generally have higher dissolved mineral concentrations
than surface waters. This is becquse of the intimate contact between the
CO,-bearing water and rocks and soils in the ground and the length of
time for disselution. Additionally, CO, may be added to the water in the
soil by the activities of soil microorganisms. Example C in Table 1-4 is
a groundwater from 30 to 60-ft-deep wells used for the public water supply
of Dayton, Ohio. Waters such as this are widely disiributed throughout
the heartland of the United States. They usually require softening to make
them accepiable for general domestic use and most industrial uses,

In an earth unpopulated by living things the natural waters formed by
water-gir-earth interactions would now flow back to the ocean carrying
their various dissolved constituents and suspended clay and silt particles,
For the moment let us assume that we have «a sterile earth. On the land
surface the acids of the aimosphere have attacked the bases of the rocks
to produce a water containing dissolved minerals., The dissolution of
these minerals from the rocks causes them to degrade and eventually to
form clay minerals. Cations such ag Kt, Nat, Ca?*, and Mg?* are leached
out of the rocks along with silica (Si0,} leaving behind a clay mineral, for
example, monimorillonite, illite, or kaolinite, that is less rich in silica
than the parent rock. These particles of clay minerals can be washed
down the rivers aleng with the dissolved salts into the ocean. It has been
proposed by Mackenzie and Garrels® that in the oceans the reverse of the
reaction that weathered the rocks takes place. Cations, bicarbonate ion,
and dissolved silica and clay minerals react to generate new rocks, which
are laid down at the bottom of the ocean. Although the detailed arguments
in support of this view are beyond the scope of this book, it is believed
that the constancy of the concentrations of SiQ,, K*, and HCO,™ in the
ocean is attributable to this reaction. It is thought that this reaction
controls the pH of the ocean at about pH 8.0. The reaction also helps to
regulate the CO, content of the earth’s attnosphere. Siever has summarized
this global! chemical scheme in the form of a series of chemical engineering
processes (Fig. 1-1).

4+ F. T. Mackenzie and R. M. Garrels, “Chemical Mass Balance Between Rivers
and Qceans,” Am. J. Sci., 264: 507-525 (1966},
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Fig. 1-1. Chemical engineering cnalogy to the surface geochemical
cycle. From R. Siever, "Sedimentological Consequences of Steady-State
Ccean-Atmosphere,” Sedimentology. 11, 5-29 (1968), Reprinted by per-
mission of Blackwell Scientific Publications Limited.

The interlocking nature of these reactions on a global scale hag some
important consequences for the composition of natural waters, For ex-
ample, the concenirations of the major dissolved constituents (Ca**, Mg?t,
Nat, CI7, SO2-, HCO;, 8i0Oy,,) vary over a rather narrow range because
of the buffering action of these reactions. (See Fig. 1-2.) For the same
reason, the composition of the ocean is fairly constant with respect to
these major dissolved components.

Now let us inhabit the earth with plants and animals. Their activities
are important in altering the composition of natural waters at all stages
of the hydrologic cycle. We have already seen that man's industrial
activities can increase the acidity of the atmosphere and the water that
comes in contact with it through precipitation. This increased activity
can dissolve more minerals than would be possible with precipitation
from unpolluted air. It has resulied in depressed pH values and increased
mineral contents in the poorly buffered lakes in the Scandinavian coun-
tries {polluted air from the industrial areas of northern Europe driits north
to Scandinavia) and in New England ¢nd Eastern Canada (polluted air
from industrial sections of the United States drifts into New England and
Canada).

Man's activities affect water quality in o variety of other ways including
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the discharge of municipal, industrial, and agricultural wastes into the
surface. and groundwaters. Domestic wastes contribute incredases in the
mineral and organic matter content of natural waters. Typically, a single
municipal use of a water will contribute about 300 mg/liter of total
dissolved minerals to a water. The individual components that make up
these dissolved minerals are not present in the same ratio that one would
typically expect from the dissolution of rocks by water. Thus Table 1-5
shows that increases in C1- and Na*, NH,* and NO;™ are disproportionately
greater than increases in Ca®*, Mg®*, and 80,2, The contribution of these
dissolved salts by municipal use has an important influence on the degree
to which wastewater can be recycled for reuse.

Significant coniributions of dissolved salts also arise from irrigated
agriculture. Again the quantities and concentrations of the specific types
of dissolved minerals are in different ratios than would be expected for
the dissolution of the minerals of rocks. An excellent example of the
striking effect that water returned from agricultural irrigation can have
on water quality is given in Table 1-6, which shows the water quality in
the Upper Colorado River Basin as one progresses from the headwaters
in western Colorado downstream through Utah to Arizona. The high
salinity (TDS) of this river has led to both interstate and international
disputes (between Mexico and the United States), since the upstream salt
loads produced by irrigated agriculture and natural runoff make the
water unusable for many purposes in the downstream regions.

100
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Fig. 1.2. Cumulative curves showing the frequency distribution of various
constituents in terrestrial water. The data are mostly from the United States
from various sources. From 8. N. Davies and R. C. M. DeWiest, Hydrogeology,
John Wiley, New York, 1966. Reprinted by permission from John Wiley & Sons,
Inc, :
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TABLE 1-5 Increment Added by Municipal Use of Water,
" Based on 22 U.S. Cities
(Tap Water {o Secondary Effluent)

Added Increment, mg/liter

Constituent Average Minimum Maximum
Cations
Na* 66 8 101
K+ 10 7 15
NH,* 15 0 36
Ca?* 18 i 50
Mg?* 6 Trace 15
Anions
Cl- 74 6 200
NO;~ 10 —4.7 25.9
NO,;~ 1 0.1 2
HCO,- 100 - 44 285
S0, 28 12 57
PO {total) 24 7 50
PO, (ortho) 25 7.5 40
Others
S0, 15 9 22
Hardness {(as CaCQO,) 74 & 261
Alkalinity (as CaCQj) 8l —36 217
Total solids 320 128 54]
pH (in pH units) ~0.6 -1.7 0

Source. J. H, Neal, "Advanced Waste Treatment by Distillation.”
AWTR.7, U.8. Public Health Service Report 993-WP-g, 1964.

Wastewaters from industry, and domestic and agriculttural sources
contain a wide variety of organic compounds {see Tables 1-7 and 1-8).
Typical domestic wastewater contains about 100 to 300 mg/liter of organic
carbon, 10 to 30 mg/liter of organic nitrogen, and 1 to 2 mg/liter of
phosphorus bound to organic compounds. By comparison natural surface
water concentrations of organic carbon, nitrogen, and phosphorus are
approximately 1 to 5, <1, and <0.5 mg/liter, respectively. The impact of
these organic materials from wastewater on natural water quality takes
a variely of forms., Biodegradable organic compounds can either be
removed in a waste treatment plant or they can be degraded by the
natural water flora and fauna, In the latter case, the dilution provided to
the wastewater by the receiving water is important because the concen-
trations of biodegradable organic matter in undiluted wastewater require
many times more oxygen for their aerobic degradation than is present in
water saturated with dissolved oxygen in contact with the earth’s atmos-
phere. If sufficient dilution is not provided, the degradation of this organic
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TABLE 1-6 Quality of Water in Upper Colorado River Basin

Average
Flow,

Station Location cfs Ca?+ Mg Nat+ Kt HCO,~ 80, Ci- TDS Boron
Hot Sulfur Springs, Col. 244 16 3.1 5:9 1.8 72 B.0 1.3 91 0
Near Dorsero, Col. 2399 48 9.8 40 2.2 120 77 54 334 0
Near Camero, Col. 4138 56 12 62 3.4 142 93 84 400 0.04
Near Asco, Utah 7639 70 25 79 3.6 178 281 11 B8O 0.0_8
Hite, Utah 14167 73 28 79 3.5 182 230 53 658 0.12
Lees Ferry, Ariz. 17550 76 25 74 4.0 184 235 48 580 0.11

Source. Date largely from W. V. lorns, C. H. Hembree, and G. L. Oakland, "Water Resources of the Upper Colorado River
Basin,” U.S. Geological Survey Professional Paper 441, Washkington, D.C., 1965,
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TABLE 1.7 Composition of Stevenage, England, Raw

Sewage
Milligrams as

Constituent Carbon per Liter
Fatty acids 71.0
Fatty acid esters 28.2
Proteins 31.0
Amino uacids 5.0
Carbohydrates 55.0
Soluble acids 21.0
Amides 1.5
Anionic surface-active agents 14.0
Creatinine 3.5
Amino sugars 1.8
Muramic acids 0.2
Total identified 232
Total organic carbon 311
Proportion identified 75 percent

Source. H. A. Painter, M. Viney, and A. Bywaters, “Com-
position of Sewage and Sewage Effluents,” |. Inst. Sewage
Purif,, 4:302 (196}). Copyright © Institute of Water Pollution
Control, reprinted by permission.

matter can consume all the oxygen present and convert the water from
an oxic state to an anoxic condition, This change can have far-reaching
consequences for the chemistry of many species (see Chapter 7).

The presence of nonbiodegradable (persistent) organics in wastewaters
attects water in ways that depend on the nature of the materials. For
example, the products of microbial degradation (humic materials) can
give the water o brown color and can modily metal ion behavior {(see
Chapter 5). Toxic materials (both inorganic and organic) can modify or
eliminate biological processes occurring in natural waters. Organics of
industrial origin may cause taste and odor, or they may have undesirable
health effects if they are not removed during drinking water purification.
Organics of all iypes may react with water treatment chemicals, and new
organics that have undesirable effects may be produced.

Natural waters themselves are never free of organisms. Even water
treated by disinfection for public supply contains microorganisms. The
importance of organisms in natural water relates to the types of chemical
transformations that they catalyze. We can divide these activities into
two types: those that yield usable energy for the organism (catabolism)
and those in which the organism expends energy (anabolism). Because
the individual anabolic and catabolic reactions executed by microorga-
nisms dare too numerous to discuss individually, we will give a few
examples to illustrate how they influence natural water quality.
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TABLE 1-8 Typical Organic Compounds of Indusirial
Origin Found in Lower Mississippi River Water®

acetophenone isopropylbenzene
a-camphanone o-methoxy phenol
dicyclopentadiene ' nitrobenzene
1,2-.dimethoxybenzene toluene
2,3-dimethylnaphthalene - o-cresol
2,3-dimethyloctane pheny! eyclohexane
n-dodecane 1,3,5-trichlorophenol
‘4-ethyl pyridine vinyl benzene
ethylbenzene xylene

2Source, “Industrial Pollution of the Lower Mississippi River
in Louisiana,” Repori of the U.S. Environmental Protection
Agency, Region VI, Dallas, Tex., April 1972.

Photosynthesis is the reaction in which organisms utilize radiant energy
(sunlight} to drive an oxidation-reduction reaction in which carbon dioxide
is reduced to organic matter by water with the production of oxygen. This
reaction is fundamentally important in natural systems because its
occurrence dictates that the aguatic system cannot be treated as a closed
system. Photosynthesis uses an external (i.e., nonchemical) source of
energy to drive a reaction that is energetically impossible in a closed
system. The occurrence of photosynthesis in naturgl systems also means
that we may not treat them as equilibrium systems; we must find the
steady state that results from the superimposition of the photosynthetic
(nonequilibrium reaction) upon the chemical equilibria. Photosynthesis
is ultimately responsible for most of the organic matter present on the
earth and in natural waters; like many other biological reactions it affects
water quality, Because photosynthetic organisms consume inorganic
carbon (CO,, HCO,™, and CO4?7) from solution, they reduce the alkalinity
and incregse the pH of waters in which they grow. Substances whose
solubility is inversely related to pl (e.g., Mg{OH),, and CaCOjy) may
precipitate from a photosynthesizing natural water. Photosynthesis pro-
duces oxygen so that we would expect oxic conditions in a water
containing actively photosynthesizing organisms,

Other energy-producing reactions of organisms involve the reduction
of oxygen to water, the reduction of nitrate to ammonia and nitrogen gas,
the reduction of sulfate to sulfide, and the reduction of carbon dioxide to
methane. All of these reactions can exert a profound effect on water
quality especially when it is realized that the affected chemical species
also engage in many other chemical reactions. For example, the sulfide
ion forms precipitates with many heavy metals. The microbial reduction
of sulfate to sulfide could be accompanied by a reduction in the dissolved
heavy metal content in a natural water.

The anabolic activities of aquatic organisms also affect water quality.
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Photosynthetic aquatic organisms withdraw inorganic carbon from so-
lution io provide building blocks for the organic compounds they syn-
thesize. Nonphotosynthetic organisms build their cell material from
organic compounds, thereby modifying natural water organics. Since the
construction of cell material requires the use of elements such as nitrogen,
phosphorus, and potassium beside carbon, hydrogen, and oxygen, the
growth of organisms in natural waters will modify the concentrations of
these so-called nuirient elements. The growth of algae in a productive
natural water can nearly completely deplete the nitrogen and phosphorus
concenirations of the water; in fact, the situation often exists where the
amount and rate of growth of aquatic photosynthetic organisms is
conirelled by the concentrations of nutrients such as nitrogen (NH,*, NO;7)
and phosphorus (PO,27).

In summary, the chemical reactions of atmosphere and the solids in
the rocks of the land surface form dilute mineral sclutions that we call
surface water and groundwater. These waters and the degraded minerals
that result from their production flow into the ocean where a reverse
reaction to the weathering that produced them ocecurs. An ocean of the
present composition results and new rocks are produced. Man's activities
and the activities of organisms growing in and around natural waters
modify both the imorganic a1 organic composition of all of these
solutions.

1.3, METHODS OF EXPRESSING CONCENTRATION

Several different methods of expressing concentration are commonly
used in various branches of water chemistry and it is appropriate to
present these here. This discussion will also provide definitions and
methods of calculation that will be useful in the later chapters of this
book.

1.3.1. Mass Concentration

There are two basic ways to express the mass concentration of dissolved
species (solutes) in solution. The first is to state concentration in units of
mass of solute in a unit volume of solution—the so-called wiv (weight/
volume) basis, The second is a w/w basis, that is, weight of solute in a
given weight of solution.’ Both of these methods of expressing concentra-
tion are widely used in water chemistry. For example, the units mg/liter
and ppm (parts per million) are, respectively, the w/v and w/w units most
often used to express the concentration of various materials in waters
and wastewaters. They can be interconverted if the density of the solution
is known.

% Note: For gaseous constituents in solution or for the various components of a
mixture of gases, v/v, or the volume of a constituent at standard temperature
and pressure in a unit volume of solution, is also in common usage.
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If the density of the solution is unity, these two methods of concentration
expression are identical, that is,

mass of substance (mg)

2% mgfliter = volume of solution (liter)

mass of substance (mg)

>k PP = aes of solution (kg)

mass of solution (kg)

density of solution, p = - -
% ' Y P volume of solution (liter)

. [ m 1 /1it
%" Conceniration in ppm( %S) = concentration in (T;t“gr) X ;(ér)
lEp = 1 kglliter,

C s d may . mg
3 oncentration in ppm( kg) concentration i m} tor
For wastewaters and most natural waters (with the exception of seawater
mn n make the assumption that the density of the solution
What mg/liter and ppm are equivalent. Indeed, these concen-
fration units are used | mterchangeably by practitioners in the field. In
recent years, however, there has been a tendency to use the mg/liter unit
rather than ppm. Possibly, this is because the mg/liter method represents
the way in which most constituents are analyzed, that is, @ mass of «
material in a known volume of solution is analyzed rather than a mass
of solute in a known mass of solution. However, for the analysis and
expression of concentration of the constituents of sludges and sediments,
the mg/kg (ppm) unit is usually used because, in this type of analysis,
samples are usually weighed out rather than measured out volumetrically.

In both types of concentration expression the mass component of the
concentration term can take a variety of forms. The simplest form is when
specific components of a solution are expressed in terms of the specific
components themselves, for example, i we were to analyze a solution of
ammonium nitrate (NH,NO;} for ammonium ion (NH;*) and for nitrate ion
(NQ;7) and iind that 100 ml of solution contained 36 mg NH,* and 124 mg
NO,~, we could compute that the solution contains:

36 mg NH,* « 1000 ml
100 mi liter

= 360 mg NH,*/liter

and

124 mg NO,~ « 1000 mi
100 m} liter

= 1240 mg NO;/liter

Each component of the solution is expressed as the form in which it
appears in solution. We can express the components as constituents other
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than those in which they appear in solution. For example, if we were to
express the constituents of the ammonjum nitrate solution in terms of the

i L
umouz;Lof nitrogen they « contamed . We. woAH‘imd

mg NHf-N/liter = 360 mg NH,*/liter X En:ng—ﬁ:;
% = 280 mg NHf-N/liter
mg NOj3-Niliter = 1240 mg NO,/liter x ﬁg?

= 280 mg NOj -N/liter

This particular method of expressing concentration in terms of d
common constituent is useful when a variety « of cﬁ?erent conﬁ?ﬁent_s all
containing the common‘ESﬁ_stxtuent lmsent ina water a 1{'_15 deslred
to find the tofal concentration of that constlgygzg 1t is used w1dely in
water chemistry, especially for nitrogen, phosphoms and carbon. This
method is used frequently by oceanographers to express the concentration
of micronutrients in seawater. The units pg-atoms/liter are often found in
oceanographic literature. For example 1.0 pg-atom per liter of phosphate-
phosphorus is 31 ug PO,-Pfliter, where 31 is the atomic weight of
phosphorus. It is important to indicate clearly which method of concen-
tration expression is being used or considerable errors can result. For
example, the EPA Drinking Water Standards recommend an upper limit
on nitrate for public water supplies of 10 mg/liter. In this instance the
nitrate is expressed as N. If we had read this incorrectly and assumed
that the standard was stated in terms of mg NO, fliter, we wouid be led
to believe that

id mg NO3;-N
62 mg NO,~

instead of the 10 mg NOj3-N/liter.

It is also important to remember that the expression of various constit-
uents in terms of a common constituent is merely a convenience and has
nothing to do with the nature of the constituent in a specific water. Often
people speak of the amount of phosphorus in water or wastewater. There
is no phosphorus in water or wastewater, If there were, we would be in
trouble because the water would be unusable for most purposes. But there
are various types of phosphates, which we analytically express as
phosphorus,

10 mg NO3/liter X = 2.25 mg NO;-N/liter

1.3.2. Molar Concentration and Activity

The previous discussion has centered around the topic of expressing
the mass of constituents either as “themselves” or as some common
constituent for the sake of convenience. More common to chemistry in
general is the use of Wes of solute per volume of soluti ution

B
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in liters, and molality, the moles of solute per mass of solvent in kllograms,
- W& Gsstnie that the reader is familiar with these.

Ws, with which we deal in great detail later in this
text, are based on molar concentrations. This is because the equilibrium
constant of a reaction has as its-basis the law of mass action in which
quantities of reacting species are expressed in terms of moles. In the very
dilute aqueous systems such as fresh natural waters we can use concen-
trations in terms of moles/liter directly in equilibrium expressions, In
more concentrated solutions it is often necessary o account for the fagt
that asubstance behaves in chemical reactions as though its concentration
were somewhat less than actual. The ratio between the apparent, or

e A e e e e e S R e e B
active_concentration, “of the substance and the analytical, or actual,
concentration of the ﬁme is cal ,ed the activity cbeifﬁ_ "'1[1t (y) “The
active concentration—that concentration we use in many thermodynamic
equations—is called the activity of the substance (see Chapter 3).

1.3.3. Equivalents and Normal Concentration

The expression of solute concentration as equivalents/liter, that is,
normal conceniration, is based on a definition that is related to the type
of reaction in which the solution constituents are involved. The advantage
in using normality is that when two substances react to produce other
substances, the number of equivalents of each reacting species is equal
to the number of equivalents of product. Knowing this, many problems
are easier {o solve. Expression of solute concentrations in terms of
equivalents/liter or normal concentrations requires a knowledge of the
nature of the reaction being considered, Cases may arise where a single
substance has two different equivalent weights because of its involvement
in two different types of reaction.

A one normal solution of a substance is a sclution that contains one
equivalent weight of a substance per liter of solution. Three methods of
definition of equivalent weight are commonly encountered in water and
wastewater chemistry. The methods are those based on (1) the cbarge of
an ion, (2} the number ofip\rotdr{; or Hy_aroxirl ions, trcmsferred inan amd
bW(S) the number oi eiectrons transferred in an oxxdqnon

reduction reactio

1. Equivalent Weight Based on Jon Charge. The equivalent weight . is
defined as

molecular weight

Equivalent weight =
quivalent weig jon charge

and the number of equivalents per liter, the normality, is

mass of substance per liter

Normality =
Y equivalent weight

R I
R
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We use these definitions of equivalents and normality for determining
the number of equivalents/liter of charge un1ts, and for determm”xﬁé’fhe
number of equlvcdents per lite_g Qf”SpeCIGS that pcxrt;.c1pc1te in prec1p1icxtlon-
dlssolutlon reactions. “The equivalents/liter of charge units (or the identical
qucmtlty, the “moles of charge units/liter”) are useful in checking the
accuracy of water analysis, To satisfy the law of electroneutrality, the
total number of equivalents/liter of positively charged ions (i.e., the total
amount of positive charge) must equat the total number of equivalents/ .
liter of negatively charged ions (i.e., the total amount of negative charge).

We illustrate the use of this concept in Chapter 4,

Example 1-1

Find the normality of the following solutions:
I. 60 mg CO;*liter, given that CO;* participates in the precipitation reaction,

Ca?* + CO*™ — CaCOyy

2. 155 mg Ca,{PO)/liter given that Cay(PO,), participates in the dissolution
reaction,

Ca,(PO,); — 3Ca? + 2PO3-

Solution
I. The melecular weight of CO,2~ is 80.

gram molecular weight 60 g/mole

Gram equivalent weight = jon charge = 2 eq/mols =30gleg
=30 mg/meq
60 mg/liter .
i = —"—— = 2 t
Normality 30 mg/meq meqg/liter

2. The molecular weight of Ca,y(PO,), is 310. Because each Ca,{PO,), forms six
positive and six negative charges,

310 g/mole
6 eg/mole

155 mgfliter
51.67 mg/meq

Gram equivalent weight = =51.67gleq =51.67 mg/meq

Normality = = 3 meq/liter

2, Equivalent Weight Based on Acid-Base Reactions. The equivalent
N P T
weight of a substanciw1d -base recxcilons 1s defined as “the welght of
a ﬁglgstance that will either replace one H* Thydrogen 10“) (proton) in an
acid /Rrggde one H* for jgg\gpon, or react w1th one H¥ to form an acid.”
Ancther way of stating the samé definition is “that weight of a substante

that will either replace one OH™ (hydroxyl ion) from a base, provide one
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OH™ for g reaction, or react with one QH™ to form a base.” Generalizing,
we can say

molecular weight
n

Equivaient weight =

R et g e T e T R RS

where n is the number of protons or hydroxyl ions that react.

Example 1.2

Find the normality of the following solutions:
1. 36.5 mg HCl/liter, with respect to the reaction

HCl + NaOH = NaCl + H,0
2. 49 mg H,POliter, with respect to the reaction
H,PO, = 2H* + HPO2
3. 45 mg CO* Aiter, with respect to the reaction
COs# + H,O & HCO; + OH-
4. 45 mg CO,*/liter, with respect to the reaction
CO,*~ + 2H* == H,CO,

Solution
1. One H* reacts per HCl. Therefore, we find

\ . lecular weight  36.5 g/mole
G lont bt = 9Iammo ght _
ram equivalent weight Teqimote ] eq/mole

= 36.5g/eq =36.5mg/meq

36.5 mgliter
36.5 mg/meq

2. 2H' react per H;PO,, Therefore,

Normality = = ] meqfliter

ivalent wei _ gram molecular weight _ 98g/mole
Gram equivalent weight 2 eq/mole 3 eq/mole

= 49 gleq = 49 mg/meq

49 mg/liter

Normality = 9 mgimeq

= 1 meg/liter

3. One OH™ results from this reaction. Thus

gram molecular weight

Gram equivalent weight = T eq/mole

= 60 gleq =60 mg/meg

45 mg/liter

Normality = 60 mgfmeq

= 0.75 meq/liter
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4, Two H* react with each CO?~. Thus

gram molecular weight _~ 60g
Gram equivalent = 2eg/mole " 2egmole
= 30gleq =30 mg/meq
o d5mglliter _ .
Normality = 30 ma/meq 1.5 meqg/liter

An acid or a base can have more than one equivalent weight. For
example, in Example 1-2 the ion CO,?~ had an equivalent weight of 30 for
one reaction and 60 for another, and the normality of two CO4®" solutions,
each with the same mass concentration of CO,?~, differed by «a factor of
2, In much of the water chemistry literature, CO,?", and correspondingly
CaCQ,, is treated as though it has only one equivalent weight, 50, a
value that is of one-half the molecular weight, This can be a source of
confusion, but it can be dealt with if one is aware of it.

Another type of reaction that may cause some confusion is the combined
reaction. For example, the reaction

Ca?* + HCO;™ = CaCQOy, + HY (1.1)
is the sum of the acid-base reaction,
HCO;~— H* + CO;> {1-2)
and the precipitation reaction,
Ca?t + COt~— CaCOyy, (1-3)

Since Ca®' participates only in the precipitation reaction, it has -2
equivalents/mole for reactions 1-1 and 1.3. However, HCO;™ has 1 equiv-
alent/mole for the acid-base reaction, Eq, 1-2, and 2 equivalents/mole for
the precipitation step in Eq. 1-1. In Eq. 1-1 it is the CO,* within each
HCO,~ that redcts to form the prec1p1tate, and each CO;2 has a charge
of 2.

3. Equivalent Weight for Oxidation-Reduction Reactions. For oxidation-
reduction reactions, the _equivalent weight is defined asmof
Wlectrons transferred "One moéle of electrons is
one equivalent of electrons. Thus, in the hc:lf reaction for the reduction

of oxygen to water,
O, + 4H* + 4e~ — 2H,O

the equivalent welght of oxygen is

gram molecular weight 32 g/mole
4 eg/mole 4 eg/mole

Gram equivalent weight = =8gleq
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Similarly, for an overall oxidation-reduction reaction, such as the one in
_which ferrous ion, Fe?*, is oxidized to ferric'ion, Fe¥*, by oxygen,

4Fe? + O, + 4H* — 4Fe® + 2H,0O

we need to determine the number of electrons transferred per mole of
species. We do this by separating the overall reaction into half-reactions,

0, + 4H' + 4e~ — 2H,O
and
4Fe®* — 4Fe® + de™
or
Fe?* — Fe¥* + e

One mole of Fe?* or Fe®* reacts or is produced per mole of electrons so
that the equivalent weights of each of these species are the same as the
molecular weights. Note that if Fe?* and Fe®* were to participate in a
precipitation-dissolution reaction, the equivalent weights would be one
half and one third of the molecular weights, respectively.

1.3.4. Mass/Volume Concentrations as O,

It is common in water chemistry to express the results of oxidation-
reduction reactions [such as those that take place in the biochemical
oxygen demand (BOD) or chemical oxygen demand (COD)} tests] in terms
of oxygen much the same way that we earlier expressed ammonia and
nitrate in terms of nitrogen. To do this \WWI}
‘mole of oxygen can accept 4 ‘moles of electrons as in Section 1.3.4. (There
are other reactions for O 02 in which the number of electrons transferred is
other thenm 4, but they will not take place under the conditions of interest
in the BOD or COD tests.) Oxygen thus has an equivalent weight of %,
or.8.

In the BOD test, let us assume that 0.25 X 1072 moles of O, react with
the organic matter in 1 liter of water. We then say that the conceniration
of organic matter is
moles deq 4deq

0.25 x 1073 ———

X 8000— =8 it
liter ~ mole e oq mg/liter as O,

In the COD test, the oxidizing agent dichromate, Cr,O,2", is used in place
of oxygen. Durin ng t the test the number of equwalents/hter of Crz’?i used

B e

-P'“““‘\-aﬂ"-"‘-n..
concentratmn of organlc maﬁer 1n mg/hter as Oz
Similar computations can be used to express the concentration of
available chlorine in various compounds (see Chapter 7).
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1.3.5. Equivalents per Million, epm

The term equivalents-per million, epm, is the w/w version of meg/liter.
It is a term that was once commonly used but rarely is found in current
literature; it commenly appears in older literature, especially in geo-
chemistry. Since

1 meqg/liter = 107* eg/liter
and T
1072 egfliter = 107° eq/ml = 1 eq/10° ml
When solution density = 1 g/ml, 10° ml = 10° g and

l epm = 1 meq/liter

1.3.6. Mauass Concentration as CaCO,

A very widespread sysiem for expressing hardness (calcium and
magnesium)} and alkalinity (HCO,;~, COs* and OH™) concentrations in
water and wastewater engineering and water chemistry is the calcium
carbonate system. This method of expressing conceniration has the
identical advantages {and disadvantages) to the “equivalents” method;
it probably arose hecause early sanitary engineers were atiracted by the
prospect of normalizing concentrations to CaCO;, a substance commonly
used and referred to in water chemistry. In this method of expressicn, the
concentration of a substance as “mg/liter as CaCQO," is determined by the
eguation

Number of equivalents of substance per liter
;g( v 50 % 10°mg CaCQ,
/ equivalent of CaCQ,

(1-4)

The equivalent weight of CaCQ, in this system is defined on the basis
of "charge” or "acid-base reactions” {i.e., cases 1 and 2 in Section 1.3.3.).
For example, for hardness,

CCICO:;(S) —>-CC{2+ + CO3 - (1'5)

Each mole of CaCQ,; yields 1 mole, or 2 equivalents of Ca?*. Therefore,
with respect to Ca®* in precipitation or dissolution reactions,

100 g/mole

r% Equivalent weight of CaCO,; = 2 eq/mole

= 50 gleq

Because Mg?* is also divalent and its properties as a hardness ion are
based on charge just as are those of Ca?*, we treat Mg?* the same as
Cazt, _

For the total alkalinity reaction we are concerned with the CO,2~ portion
of CaCQ;.

CaCO; + 2H* — H,CO, + Ca*t (1-6)
\



Additional Reading 23

and, since 2H' react per mole of CaCQ;, for this reaction CaCQ; once
again has an equivalent weight of 50. Other bases such as CH™ and
HCO,™ are part of alkalinity and react as follows,

OH- + H* » H,0 (1-7)
HCO,™ + H*— H,CO} (1-8)

Each mole of these bases reacts with 1 mole of H; therefore, each mole
contains one equivalent of capacity for reacting with H* and we convert
the molesfliter (= eg/liter) of these species to "mg/liter as CaCO;"” again
as shown in Eqg, 1-4.

Calcium carbonate does not always have an equivalent weight of 50
" g/mole, however. In the following reaction,

CaCQ,; + H* — Cu®t + HCO,4

1 mole of CaCOQ;, reacts with 1 mole of H*. Thus, for this reaction, CaCO,
has an equivalent weight of 100 g/eq. This point is overlooked in much
of the water chemistry literature. For this reason the reader should always
examine the basis used o express concentrations as "mgfliter as CaCQ,."”

1.4, ADDITIONAL READING
Davies, 8. N., and R. C. M. DeWiest, Hydrogeology. John Wiley, New York, 1966.

Garrels, BR. M., and C. L, Christ, Solutions, Minerals and Equilibria, Harper, New
York, 1965. ’

Holland, H.D., The Chemistry of the Atmosphere and Oceans. Wiley-Interscience,
New York, 1978.

Stumm, W., and J. ]. Morgan, Aquatic Chemistry. Wiley-Interscience, New York,
1970.
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CHEMICAL
KINETICS

2.1. INTRODUCTION

The topic of chemical kinetics deals with the rate and mechanism of
chemical reactions. The subject is of considerable concern to the aguatic
chemist because in many instances the rate at which « reaction proceeds
toward equilibrium, rather than the equilibrium condition, determines
the design and performance of treatment processes and the behavior of
natural water systems.

In water and wastewater treatment, for example, the chemical oxidation
of organic compounds by chlorine and ozone, the precipitation of calcium
phosphates, calcium carbonate, ond magnesium hydroxide, and the
chemical oxidation of iron{ll) and manganese(il), are reactions whose
rates control the design and efficiency of treatment processes.! In natural
waters, reaction rates control such diverse reactions as precipitation,
dissolution, and oxidation-reduction and concenirations exist that are not
those that would be predicted by equilibrium calculations, These none-
quilibrium situations are particularly common for reactions involving
oxidation-reduction and precipitation-dissolution. For example, by equi-
librium calculations alone we can predict that it woud be impossible for
sulfide to exist in water that contained dissolved oxygen. However, data
collected in South San Francisco Bay in 1862 showed that sulfide could
be detected in waters that contained up to 3 mg/liter dissolved oxygen.?
This occurrence is possible because the reaction rate between oxygen
and sulfide in dilute aqueous solution is not rapid.

The oxidation of Felll) to Fe(lll} by molecular oxygen is a reaction that
equilibrium calculations predict will go to completion in waters where
dissolved oxygen is present. However, we find that solutions of Fe(ll) salts
at low pH values are stable indefinitely even when a stream of pure

"In this chapter we concem ocurselves only with systems that are uniform in
concentration throughout. In process design the degree and type of mixing are
important in addition io the rate at which chemical species react in uniform
systems.

2 P, N. Storrs, R. E. Selleck, and E. A. Pearson, "A Comprehensive Study of San
Francisco Bay, 196162, South San Francisco Bay Areq, Suisun Bay—Lower San
Joaquin River Area, San Pable Bay Area,” SERL Report No. 633, 1963, University
of Cdlifornia, Berkeley, 2nd annual report.
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oxygen gas is bubbled through them.® At pH < 4, less than 0.1 percent
Fe(ll} will oxidize each day. In Fe(ll) solutions with pH values >> 7 t0 8 the
rate of oxidation of Fe(ll) to Fe(lll) is so rapid that it is limited by the rate
at which oxygen can be supplied by dissolution from the gas phase. In
this example we see that pH exerts a profound effect on whether
equilibrium conditions or kinetic considerations better describe the sys-
tem.

H naturcl water phosphate levels were controlled by equilibrium of the
water with the thermodynamically stable calcium phosphate solid—
calcium hydroxyapatite, Ca;OH(PO,),—phosphate levels would be so low
that we would not be concerned with phosphate as « nutrient for
photosynthetic aquatic crganisms., However, levels of phosphate exist in
receiving waters that are far in excess of those predicted by equilibrium
with hydroxyapatite because, not only is the rate of formation and
dissolution of this thermodynamicclly predicted solid slow, but also
calcium phosphate solids of higher solubility form and then transform
very slowly into hydroxyapatite.

The information derived from chemical kinetics should help us under-
stand why, when we mix hydrogen and oxygen gases together, there is
no reaction; yet the presence of « little platinum or a spark in a mixture
of these two gases will produce water with explosive violence. From our
investigation of chemical kinetics we should understand why some
oxidation-reduction reactions proceed very slowly in the cbsence of
microorganisms while in their presence they occur rapidly. For example,
thermodynamic or equilibrium predictions would lead one to conclude
that ammonia would be oxidized to nitrate in oxygenated water. Yet an
aerated sterile solution of ammonium chloride is stable indefinitely.
However, if we introduce microorganisms of the genre Niirosomonas and
Nitrobacter, a rapid conversion of ammonium ion to nitrite and then to
nitrate will iake place.

In similar fashion for an unoxygenated water in equilibrium with the
earth’s atmosphere, which contains 78 percent nitrogen gas, we would
predict that nitrate in water should be converted to nitregen gas. This
reaction, which is called denitrification, again only takes place in the
presence of suitable microorganisms. In their absence sodium nitrate
solutions are perfectly stable. In this chapter and in succeeding chapters
we will examine the reasons for these observations in an effort to better
understand the chemisiry of aqueous systems.

2.2, COLLISIONS OF REACTING SPECIES

With a few exceptions, such as radioactive decay, collisions between
reacting species are necessary for chemical reactions to occur, Although

*W. Stumm and J. J. Morgan, Aquatic Chemistry, Wiley-Interscience, 1970, pp.
534 -538.
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collisions bring the reacting species close encugh together for reaction
to occur, not all collisions successtully produce a chemical reaction.

Collisions between two species {« bimolecular collision) are a far more
-common occurrence than the simultaneous collision of three (irimolecular)
or more species, For example, in air at ordinary laboratory conditions,
where less than 0.1 percent of the gas volume is occupied by gas
molecules, one molecule hiis another (bimolecular collision) approxi-
mately 10° times per second. Three molecules collide simultanecusly
{trimolecular collision) at a rate of about 10° times per second.* We can
reason that on the basis of the much greater frequency of bimolecular
collisionsg, it is more likely that these are usually responsible for chemical
redactions. :

A similar line of reasoning can be followed for substances reacting in
solution. The number of collisions between species other than the solvent
in a solution is only slightly greater than in the gas phase.® Thus, for the
same concentration and temperature, reactions in solution should occur
at approximately the same rate as in the gas phase. However, reacting
species, especially ionic species, frequently interact with the solvent, and
this can significantly affect the rate at which collisions occur.

Ditferences between liquid phase reactions and gas phase reactions
occur largely because of the so-called “cage effect.” In a gas phase when
two reacting species collide and subsequently rebound they can become
separated by a great distance in a very short period of time. However, in
solution the solvent molecules that surround the colliding species serve
{o trap them subsequent to collision by immediately colliding wiih the
rebounding species. Indeed, in many instances, the reactants are de-
flected so that another collision between the reactants can occur. Because
of this, successive collisions of the same molecules tend to occur in a
solvent.

We can increase the number of collisions hetween reacting species by
increasing the temperature. I the reacting medium is a compressible
gas, we can also increase the number of collisions by increasing the
pressure.

2.3. ORIENTATION OF REACTANTS

Beactions between species that require no special orientation during
collision to result in a reaction tend to be more rapid than reactions
between species that must be properly aligned for a collision to result in
a reaction. This so.called “orientation effect” partially explains why many
collisions between reacting species are not successful in producing a
reaction. For example, the spherical Ag* ion and the spherical Cl™ ion
combine very rapidly to form the precipitate AgCl(s} when present in a

* 1. A. Campbell, Why Do Chemical Reactions Occur? Prentice-Hall, Englewood
Cliffs, N.J., 1985. .
5 K. ]. Laidler, Chemical Kinetics, 2nd ed. McGraw-Hill, New York, 1865.
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supersaturated solution. A very large percentage of the collisions between
~ these species is successful in producing reaction because each is spherical
and no special orientation is required (Fig. 2-1).

)+ (@)l

AgCl,
@ (o) ® (o)
~ @O&o — @O@o
G °
CH,CO0~ CH,COONa,,,

Fig. 2-1. Orientation effect.

The formation of solid sodium acetate® from supersaturated sodium
acetate solutions is slow by comparison and the supersaturated solutions
can exist for long periods of time without ¢ precipitate forming, Many
collisions between the spherical Nat ion and the linear CH,COO™ (acetate)
ion occur that do not result in reaction because the only collision that can
result in reaction is between Na* and the oxygen end of CH;COO™ (Fig.
2-1).7 A collision between Na* and any other part of the acetate ion cannot
form a sodium acetate precipitate,

2.4, THE RATE LAW
We can show experimentally that for the general irreversible reaction
A+2B+... =2P+2Q...

reactanis products

we can write the rate law,

d[a
A papmrEpr. -1
where
d[A] . . . :
a time rate of change in molar concentration of species A,
k = recction rate constant, and
a. b, p,qg,. .., =constanis

8 However, sodium acetate will not precipitate unless the concentrations of Na*
and CH;COO™ each exceed approximately 15 moles per liter, concentrations far
in excess of those encountered in dilute aqueous seolution.

7J. A. Campbell, Why Do Chemical Reactions Occur? Prentice-Hall, Englewood
Cliffs, N.J., 1965.
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In this book, { ] is used to signify concentration in moles/liter. We may
use conceniration units other than moles/liter in the rate law but in doing
so we should use the same concentration unit for each species and realize
that both the numerical value and units of the reaction rate constant will
differ from those found when molecular concenirations are used.

Using our knowledge of the stoichiometry of the reaction, that is, the
relative number of moles of species reacting and the relative number of
moles of products being formed as the reaction proceeds, we can state
that

d[A] _1d[B] _ —d[P] _-1d[Q]
dt  2dt """ dt 2 dt

(2-2)

because 1 mole of A reacts for every 2 moles of B that recct, and so forth,
and 1 mole of P is formed for every mole of A that reacts, and so forth. We
can determine the reaction order from the rate law. The overall reaction
order is

a+b+p+qg... {2-3)
while the order with respect to A is a, the order with respect to Bis b, and
so forth. If the reaction is irreversible, thenp, q. . . ., the exponents of the
product concentration, are usually zero. For example, if

d[A]

—— = —k[A]{B]?
o = kIAIB]

then we would say that the reaction was first order with respect to A,
second order with respect to B, and third order overall. It is important to
note that reaction order is generally not determined by the stoichiometry
of the overall reaction. Laboratory experimentation is necessary to de-
termine the order.

The following example illustrates several points that are important for
a good understanding of the rate law.

Example 2-1

Ammonia, NH;, is a common constituent of many natural waters and waste-
waters. It reacts with the disinfectant hypochlorous acid, HOCI, in sclution to
form monochloroamine, NH,CI, as follows.

1. NH; + HOCI — NH,Cl + H,0

The rate constant, k, was found by experiment to be 5.1 x 10° (liters/mole
sec) at 25°C.? The rate law was determined to be

81. C. Morris, chapter in Principles and Applications of Water Chemistry, John
Wiley, New York, 1967.
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@% = —k[HOCI][NH,]

{a) What is the overall reaction order?

{b) What percent decrease in reaction rate occurs
if the concentration of each reactant is reduced
by 50 percent?

(c} Determine the value of the rate constant when
concentrations are expressed in units of mg/
liter rather than moles/liter.

2.

Solution
a. Eguation 2-2 can be written more explicitly as

d[HOC!] _
dt
wherea = land b = 1.

—k{HOCIP[NH,}*

The overall reaction order is @ + b = 2. The experienced eye will
immediately recognize a second-order reaction from the units of the rate
constant which, for reactions with an overall order of 2, are always liter/
mole sec or more generally (time "Yconcentration™'), This derives from a
rearrangement and dimensional anclysis of Eq. 2-2 thus,

dHOCI
k= dt ' _ molefliter sec _ _liter
[HOCII'[NH,]* (molefliter)mole/liter) molesec

b. Let the initial concentrations of NH, and HOCl be x and y, respectively. The
rate of reaction is then,

dHOCL) _ _
(dt)origlnal kyx

When x and y are each reduced by 50 percent, the reaction rate becomes

@HOC) _ _ (}_’)(E) L
() ew kaol\z) ~qkrx

The new reaction rate is 25 percent of the initial reaction rate,

¢. When the concentrations of HOCI and NH, are both expressed as mole/lifer,
the rate constant can be written, '

d[HOCI)Mdt :( 1 )(l)

[NHLJIHOCI]  \[NH,]/\?

Setting k' = rate constant when concentrations are expressed in mg/
liter, we can state

. 1 31
@ k _(mgNHgﬂiter)(t)

Since 1 mole NH,/liter = 17,000 mg NHy/liter,
(3) mg NHifliter = {NH,} x 17,000

) k=
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Combining {a), {(b). and (¢), we have

1
k' [NH]x17.000t __ 1

k 1 17000
{NH,} t
Since k = 5.1 x 10° liter/mole sec,
;51 x 108 :
k' = 17 %108~ 300 liter/myg sec

Integrated forms of the rate law are very useful for analyzing rate data
to determine reaction rate constants and reaction order. Let us first
consider the irreversible reaction

A — products
which huas the rate law

d[A]
dt
To determine the behavior of [A] as ¢ function of time, we must integrate

the rate expression with respect to time, We will do this for several values
of the reaction order, n. When n = 0, the reaction is zero order, and

= —k[A}]

d[A] '
= _[AP = — 2-4
dr k[A] k (2-4)
Upon integrating, we obtain
[A] = [Alo —kt (2-5)

where [A], = the concentration of A att = 0, that is, the initial concentration
of A. The half-life, 1,5, or time for 50 percent of the initial concentration
to react can be obtained from Eq. 2-5 by setting {A] = 0.5 {A], when t =
tiz. Then

. _0S(Al,
1/2 — k

When n = 1, the reaction is first order, both with respect to A and
overall, and we can write,

diA] _ _ )
ar -~ FA @9

Rearranging Eq. 2-6 and solving the integral,

dia} _ _
[Al, (A] B [kdt

[A}
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we find
In[A} =In[A]; — kit (2.7)
or
[A] = [Alie™ (2-8)

Examination of Eq. 2-7 suggests that the rate constant k may be determined
experimentally from a plot of In [A] versus t, which has « slope of —k.
Also, from Eq. 2-8, when [A] = 0.5 [A),, we find the half-life to be

- 0.693

1j2 k

if the reaction is greater than first order, then we can write

1LY
o = KAl A (2-9)

and integrating, we obtain
tal

t
d[A]
T, = —| kdt
S

(n_—I 1) ([RII"“) - (n_—l 1) (EAIIS-J = ~kt

1 /1 1 )=_ ]
Ao\ A kt (2-10)

If n = 2, for example, the reaction is second order, both with respect to
A and overall, and we can write

or

or

% = ﬁ + kt (2-11)
and the half-life is
typ = #
k(Ao

For a second-order reaction involving one reactant, we would determine
the rate constant k by plotting 1/[A] versus t to yield a straight line with
a slope of k in accordance with Eq. 2-11.

Let us now proceed to the slighily more complex case of the irrevergible
reaction in which two reactants react to give products. We can write

A + B — products {2-12)
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which has the rate law

diA] _ d(B)

@ dr ~k[AJ[B]® (2-13)

Whena = 1 and b = 1, the reaction is second order overall and first order
with respect to both A and B. There are two general situations we must
examine. These are when [A}, = [B},, and when [A},#[B],. For the first
case,

d[A]

dt
From the reaction stoichiometry in Eq. 2-12, we can see that for each
molecule of A which reacts, one molecule of B will react. The concentra-
tions of A and B will therefore decrease at the same rate, and since they
were initially equal this means they will always be equal. We can
therefore substitute [A] for [B] to give

d(A]

F = —k{A]? (2-15)

= --k[A][B] ' (2-14)

which, when integrated, will yield the same expression as Eq. 2-11.
Whena =b = 1 and [A]; = [B],, it is useful to use the substitution

{A]l ={A]o—X (2-16)
{B] ={B}o — X (2-17)

where X is the concentration in moles/liter of each species that has
reacted. Differentiating Eq. 2-16, we obtain

dX  _diA]
a - d (2-18)
From Eq. 2-14,
diA] _ _
o = ~kIAIB]
or
dX —d[A]
T k[A]IB} (2-19)

and substituting for [A] and [B] from Egs. 2-16 and 2-17 in Eq. 2-19, we
obtain

%}f = K([A], - X)[Blo - X) (2-20)

Integrating, rearranging, and substituting for X from Eqgs. 2-16 and 2-17,
we obtain
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[B] (Blo

In [A] In [Bl, + ([B], .[A]O) kt {2-21)
A plot of experimental date in the form In ({B}/[A}) versus t will yield a
straight line with a slope of {[Bl, — [Alok, and since [B], and [A], are
known, k can be determined as k = slope/([B], — [Alo). It is important to
note that Eq. 2-21 is only valid for the reaction stoichiometry given in Eq.
2-12. If the stoichiometry is different, the integrated form of the rate law

will also be different. For example, for the reaction

2A + B — products {2-22)
For the initial condition of {A}; = 2[B]; and « rate law of
d[B
% = —k[AJ[B] (2-23)

the integrated form of the rate expression is

1 I
B @24
To obtain k from experimental data for a reaction that follows this rate
law, we must plot 1/[B)® versus t and obtain the slope which is equal to
Bk. Then k = slope/8,
One other reaction order will be considered here, namely the pseudo
first-order reaction. The reaction

A + B — products (2-25)
which has the rate law
% = —k[A][B] (2-26)

can be treated as a first-order reaction if one of the reactants is present
in such excess that its concentration is virtually unchanged during the
course of the reaction. For example, if reactant B is present in large
excess over reactant A, then

d[Al _

g~ KIAlB] = —k'[A] (2-27)

where k' = k[B] and k' is a pseudo first-order reaction rate constant. This
equation can be integrated to give

[A] = [Alge*" (2-28)

When reactions taking place in dilute aqueous solution have water as
one of the reactants, it is often possible io assume that the water is
present in large excess. For example, the hydrolysis of one molecule of
the disaccharide sucrose to yield two molecules of menosaccharides (one
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molecule each of glucose and fructose) can be written as

HoO + CiHuO4y ~» CGeHizOs + GeH, 0,
sucrose glucose fructose

Experiments show this reaction to be second order overall, but because
the H,O concentration remains essentially constant in dilute agueous
golution it can be considered as a pseudo first-order reaction.

A common experimental technigue used in the study of reaction rates
is to make each of the reactants in turn present in large excess. The
dependence of the reaction rate on the concentration of the other reactants
can then be studied.

In sach of the situations already discussed, we assumed that the
reactions were irreversible, that is, once products formed, no reverse
reaction to form the reactants occurred. Very few reactions are strictly
irreversible; however, we can make use of the equations applicable to
irreversible reactions by controlling the reaction conditions used to collect
rate data so that the assumption of irreversibility can legitimately be
made. One way of doing this is to collect rate data only during a very
short time period following the mixing of reactants. Even if the reaction
is reversible there will be little back reaction during this time period
because the products that participate in the back reaction are present
only in small quantities. _

The following example illustrates a procedure for determining the
reaction order and rate constant. The reader is referred to other texts (see
Section 2-10, Additional Reading) for procedures on handling more com-
plex problems and for a more detailed itreatment of the topic of rate
equations,

Example 2-2

Hydrogen peroxide, H,O,, is an oxidizing agent that ofien finds use in water
purification processes, It readily decomposes to oxygen and water in the presence
of a manganese dicxide catalyst (see Section 2.7). Given that the reaction is
irreversible, we find that

MnOys
2H,0, —— 2H, 0 + O,

Determine the rate constant and order of this reaction.

Solution

The data in Table 2-1 were obtained during an experiment to determine the rate
constant and order of the reaction. First, let us test whether the reaction is first
or second order. For «a first-order reaction the plot of In [H,O,]; versus t should be
straight line while for a second-order reaction the plot of 1/[H,Q,)] versus t should
be linear. Figure 2-2 shows that In [H,O;] versus t is linear and V/[H,O,] versus {
is curvilinear. Thus the reaction can be treated as first order with respect to H;O,.
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TABLE 2-1 .

Time, minutes H.O.] M In [HO,} 1/{H,04]
g 0.032 —3.45 31.25
10 0.023 -3.77 43.2
20 0.018 —4.05 55.6
30 0.013 —4.34 76.9
40 0.0099 —4.62 101
S0 0.0071 —4,95 141

The rate constant can be determined from the slope of the plot of In [HOs)
versus t. From Eq. 2.27,
_Aln[Al | [-4.05-(-3.45]

slope = At k= -0 - —0.03/min

1
E=+003x ﬁ/sec

k=5x10"Ysec

-3 T ! | T
—_ (a) First-order plot
Cz ,
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{b) Second-order plot
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Fig. 2-2. First- and second-order plots for Example 2-2,
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This trial-and-error approach to linding recction order has definite
limitations because (1) it is difficult to apply if the reaction order is not
an integer, and (2) the scatter of data points owing to experimental error
makes it difficult to judge whether the straight line fit for one assumed
order is better than another. Most reaction orders are integers, however,
and if the data are carefully collected and the experiment is properly
designed, the procedure gives fairly reliable results. {The data used in
this example were collected by one of us when he was an undergraduate.
Thus, while the design of the experiment was most likely well done, the
reader is left to judge for himself whether the data were carefully
collected.)

2.5. REACTION MECHANISM

We have noted previously that the order of a reaction cannot necessarily
be determined from an examingation of the stoichiometry of the reaction.
Indeed we can define a particular type of reaction—the elementary
reaction—which has the special property that its reaction order can be
determined from its stoichiometry. Elementary reactions may be mon-
omolecular, where a single species reacts and its concentration alone
determines the rate of the reaction. Generally stated, if the reaction A —
products is elementary and monomolecular, the rate law will be

dIA] _

qr - kAl

Radioactive decay is an example of such areaction as is the decomposition
of the gas cyclopropane to propylene,

CH, ~ CH, —» CH, — CH = CH;
N S
CH,

Elementary reactions that are bimolecular involve the interaction of
two molecules which may be two melecules of the same species or
molecules of different species. Thus

A + A— products
or

A + B — products
The rate laws are, respectively,

diA) ., xp
at KAl

and
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d{A] _diB] _ _
=g = —kIAIE]

Examples of such reactions are the decomposition of nitrogen dioxide to
nitric oxide and oxygen in the gas phase.

2NO; — 2NO + O,

d[NO, _

_ 2
i k[NO,]

and the formation of iodomethane from bromomethane.
CH.Br + I- — CH,I + Br-

bromomethane iodide iodomethane bromide
d{CH;Br} d[I]
= = —ki[C I~
= g = ~[CHBII]

More complex reactions than these are the rule rather than the exception.
Overall reactions, when written stoichiometrically, may lead one to
believe that they have simple mechanisms. However, experimentation
may well reveal a complicated rate law that indicates a complex mech-
anism.

For example, contrast the following two reactions: The formation of
hydrogen iodide from hydrogen gas and iodine gas is stoichiometrically
represented as

Hyg + L ~> 2HLg,

The reaction is elementary, bimolecular and first order with respect to
both [Iyg] and [Hag]. The rate law is

1d[H]  —d[L] —d[Hy] _
2 dt dt  dt = k[Hap{ Lo}

The formation of hydrogen bromide from hydrogen gas and bromine gas
can be stoichiometrically stated as

Hzg + Brag, — 2HBr (g
The rate law is found by experiment to be

1d[HBr1] _ k[Hag)] [Bragy]
2 di 1 + k'{HBr)}/[Brag))

The reaction is evidently not elementary. Such complex reactions as
these, however, are composed of a series or a sequence of elementary
regctions. We can determine the reaction order with respect to each
reactant (and product) and the influence of the concentration of all species
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on the rate of the overall reaction if we know the sequence and rates of
the elementary reactions that make up the overall reaction,

To illustrate these points further, let us examine the results from a
biochemical experiment in which the rate of hydrolysis of sucrose by the
enzyme saccharase is investigated. This enzyme, or biclogical catalyst
(of which we shall speak in more detail later), catalyzes the reaction:

saccharase
Ci2HpOyy + KO — CeH,O5 + CeH,,04
sucrose glucose fructose

The data of Kuhn® showed that the initial rate of hydrolysis of the substrate
sucrose (—d[S]/dt} was a function of the substrate concentration [S] when
the saccharase enzyme concentration [E] was constant (Fig. 2-3). At low
substrate concentrations the rate of hydrolysis appeared to be proportional
to sucrose concentration, that is, ~d[S}/dt = k[S], while at higher sucrose
concentrations the rate of hydrolysis approached a maximum rate that
was apparently independent of sucrose concentration, that is, —d[S)/di
= constant.

This rate behavior can be rationalized by assuming that the sucrose
and enzyme redact to form a complex which then may either revert to
sucrose and enzyme or react to form the products, [P], glucose, and
fructose. The reaction scheme proposed is

ki kg
S+ E”"‘ES‘——‘P +E (2-29)
ko ky

We can reason that the rate of reaction should be related to the concen-
tration of ES complex because, for the reaction to take place, ES must be
formed. Our first step will be to determine ES in terms of the total amount
of E-containing species and substrate concentration.

When the reaction depicted in Eq. 2-29 is at steady state, d[ESVdt = 0,
and

Rate of ES formation = rate of ES removal
Thus, because the reactions in Eq. 2-29 are elementary,
& [ENS] + k4[E)[P] = ko[ES] + kJfES]
Dividing through by [E] and rearranging vields
[E] __ (ks +ky
[ES] ks[S] + k4 [F]

Assuming k,[P] << k,[S] and defining the total amount of enzyme as [E}
= [E} + [ES}, we can derive the expression,

* R. Kuhn “Uber Spezifitdt der Enzyme II. Saccharase und Raffinase wirkung des
Invertins,” Zts. Physiol. Chem, 125: 28 (1923), in "Enzymes” by I B. S. Haldane,
Longman, London, 1930.
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Fig. 2-3. Rate of sucrose hydrolysis by yeast sacchar-
ase as a function of substrate concentration. Adapted
from R. Kuhn in ], B. S. Haldane, “Enzymes,” Long-
mans Greene and Co., London, 1930. Reprinted by
permission of the Longman Group Limited,

[E]: [8]
[, + kallky] + [S]

If we now assume that the rate of reaction, V, is proportional to [ES],
then the maximum rate of reaction V. will occur when all of the enzyme
is present as [ES], when [ES] = {E];. Further, if we sot K, = (k» -+ kalk,.
we obtain

[ES] =

_ Vo [8]
ey (2-30)

A plot of V versus [S] using this expression, the Michaelis-Menten
equation, gives a rectangular hyperbola—a curve of the form depicied in
Fig. 2-3. This lends support to the contention that our kinetic model is
descriptive of the reaction mechanism.

As we shall see later in this chapter, this rectangular hyperbolic
expression provides a useful model for microbial growth kinetics, At this
point we should examine the two constanis that determine the shape of
the V versus [S] curve, The value of V. is the maximum rate of reaction,
that is, the rate attained at high values of {8]. When V.. is reached,
further increases in [S] have no effect on reaction rate.

When [S] >> K,,, analysis of Eq. 2-30 shows that V = V... The reaction
then is zero order with respect to [S], a property that agrees with one of
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our initial experimental observations. The value of K,, is equal to the
value of [S] when V = V../2. We call this value of the substrate
concentration S}, (see Fig. 2-3). This can be shown using Eq, 2.3, IfV =
Viax/2 and [S] =[S]y, tor example,

Vmax - Vmax [s]1.'2
2 Kn+ Bhe

or Kp, = {S]y;.

This constant, K,,, is variously called the half-velocity constant, the
Michaelis-Menten constant, and is indicative of the strength of the bond
between enzyme and substrate. The lower the value of K, the greater is
the affinity hetween enzyme and substrate, Values of K, for single
substrate-enzyme reactions are generclly between 1072 and 10-° M, The
significance of this range of values is that it only requires 107% to 1072 M
of substrate to allow an enzyme to operate at half of its maximum rate.

In the substrate conceniration range where K, = {3}, Eq. 2-30 predicts
that

V max s
Vv =E[S] =K' [S]

This is the expression for « recction which is first order with respect to
[S], an expression that fits the experimentally observed behavior in Fig.
2-3. Thus we see that the same reaction can be either zero or first order
depending on the concentration of reactants.

2.6, EFFECT OF TEMPERATURE ON REACTION RATE

Experiments have shown that chemical reaction rates increase with
increasing temperatures.' In many instances, the effect of temperature
on redction rate is related to its effect on the reaction rate constant.
Arrhenius formulated the empirical rate law,

k = Agt-gaiAD (2-31)

Equation 2-31 can be linearized as follows,

E
=] =2 2-32
Ink =1InA aT (2-32)

'® One exception is the effect of temperature on enzymatically catalyzed reactions.
Rather than show a consistent increase with increasing temperature, these
reactions have temperalure optima. Above da certain temperature the structure
of the enzyme becomes altered (denaturation) and its catalytic properties are
reduced and eventually destroyed.
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so that a plot of In k versus I/T should give a straight line with «a slope
-of —EJR and an intercept on the /T axis of In (AAE./R)),

where

A = the pre-exponential fcctor, or frequency factor, and is usually
treated as a constant that is independent of temperature for a
particular regction, )

E, = the activation energy and is also treated as a constant for a
particular reaction

R = the ideal gas constant

T = the temperature in K

It is possible to relate the experimentally observed and empirically
stated effect of temperature on recction rate to a theoretical description
of the effect of temperature on the energy level distribution of reacting
species. To do this, we assume that the reaction

A + B — products

proceeds through a high-energy, unstable intermediate known as a
transition complex or an activated complex

A + B — activated complex
activated complex — products

We can illustrate the relative average energy levels of reactants, products,
and activated complex by a diagram such as that presented in Fig, 2-4.

Figure 2-4 shows that the complete reaction proceeds, in this example,
with a release of energy, AH. However, the intermediate formation of the
activated complex requires the input of an average amount of energy E,,
the activation energy of the forward reaction, This energy, as well as AH,
the heat of reaction, is released when the activated complex decomposes

Activated
complex

]

E Eﬂ

-~

o

g Reactants ¢

5l

5 L

§ ¥ Products
=

Extent of reaction

Fig. 2-4. Activation energy.
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into the products of the reaction. For the reverse of this reaction to
proceed, an energy input of (AH + E.) is required to form the activated
complex of which only E, is released when A and B are reformed. The
quantity (AH + E,) is the activation energy of the reverse reaction.

Figure 2-4 is based on the average energy levels of reactants, products,
and the activated complex. To understand how the idea of a high-energy
activated complex is related to the effect of temperature on the reaction
rate, we must examine the distribution of energy levels in « reactant at
a given temperature (see Fig, 2-5). :

The etfect of temperature on the distribution of energy levels for « given
species can be described by the Maxwell-Boltzmann theory, which relates
the variation of the number of moleciles with an energy equal to or
greater than a given energy level to the absolute temperature. Thus

~E

N =NyD exp (ﬁ) (2-33)

where

E = a stipulated energy level (see Fig. 2-5)
N, = total number of molecules

N = number of molecules with energy equal to or greater than E
R = gas constant

T = absolute tempercture, °K

D = constant

From this equation and from Fig. 2-5 we can szee that, for a given
temperature, the value of N will decrease as the value of E is increased.
Simply stated, as the stipulated energy level is raised, a smaller and
smaller fraction of the total molecules are included in N.

Further examination of Eq. 2-33 reveals that for a given energy level,
increasing the temperature should exponentially increase the population
of molecules present at or above this energy level.

We can now postulate that only molecules with an energy level equal
to or greater than E are capable of forming the high energy-level transition
complex, Making this postulate draws our attention to the similarity

iz
9
T &
Exo
kR
5h
B¢
52
z
E
Energy

Fig. 2-5. Reactant energy distribution.
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between Eqs. 2-31 and 2-33 and provides some theoretical basis for the
_empirically derived Arrhenius equation.’

The procedure for determining the values of E, and A for a reaction is
illustrated in the following example.

Example 2-3

The rate constant k for the reaction between hydrogen peroxide and potassium
iodide to form iodine and water, H,O, + 2KI + 2H"* = 2H,O + L., + 2K*, was
found to vary as follows with temperature when the reactant concentrations were
held constant at [H;O,] = 5.56 x 107" M and [KI} = 1.2 x 10* M.

Temperature, °C Rate Constant, k
44.5 ~ 186 x 107°
3s5.0 1.02 x 107°
25.7 6.63 x 1074
15.1 2.98 x 104

4.5 E17 x 1074

Determine the activation energy for this reaction and the value of the pre-
exponential factor,

Solution
Plot the data according to Eq. 2-32,

Temperature, 1 3

In k K T) 7 ¥10
—6.401 Nn7.7 3.15
—-6.888 308.2 3.25
-7.319 298.9 3.35
—-8.118 288.3 3.47
—9.053 277.7 3.60

See Fig. 2-8. From this {igure, slope = Alln kYAQU/T) = —E,/R = —5750 °K,
Since R = 1.89 cal/mole °K,

E. = 11,400 cal/mole
= 114 keal/mole
Using Eq. 2-32 and observing from Fig. 2-6 that when Ink = -7, UT = 0.00327 °K™*
yields

1,400
InA =7+ oo =1178

A = 1.24 x 10° liter/mole sec

The units of A are the same as the units of k {see Eq. 2-31), since e & jg
dimensionless.

" The Maxwell-Boltzmann theory sirictly applies to molecules in the gos phase,
but the same concepts apply equally well to the distribution of the velocities
among molecules in a solution, See ], A. Campbell, Why Do Chemical Reactions
Occur? Prentice-Hall, Englewood Cliffs, N.]., 1965, for a discussion of this topic.
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Fig. 2-6. Arrhenius plot for Example 2-3.

2.7. CATALYSIS

Catalysts are substances that increase the rate of recciion. They act by
modifying the reaction pathway or the nature of the activated complex so
that the recction may proceed through an activated complex with a lower
activation energy (Fig. 2.7).

For example, we can show that if the rate of a reaction (at 25°C) is
increased by a factor of two upon the addition of a catalyst, the activation
energy is reduced by 409 cal/mole. With no catalyst,

Eaq
RT

1. Ink,=InA -

Without
catalyst

Reactants

AN
/ fn,2\

With __z\
catalyst

Products

Average energy level

Extent of reaction

Fig. 2-7. Effect of a catalyst on activation
energy.
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With a catalyst,

2. ink,=In(2k,) =1nA m%
‘o, _Faz _Eay
1-2, nk,—-In2k, = RT BT

RTIn{})=E.,, — E;1
1.99 % 298 X In (3) = E.» — E.1 = — 409 cal/mole

Thus E, is decreased by 0.409 kcal/mole.

Although there is a change in E, atiributable to the presence of a
' catalyst the heat of the reaction, AH, is not altered. We can therefore
deduce that a catalyst will only influence the rate of a reaction, not its
extent, A catalyst may participate in the reaction by, for example,
becoming part of the activated complex. Its concentration is not changed
by the overall reaction, that is,

A + B + catalyst = products + catalyst

Catalysts may be generally classified as homogeneous when the
catalyst is uniformly disiributed on a molecular level throughout the
reacting medium, or heterogencous when the catalyst is present as «
distinctly separate phase. Both types of chemical catalysts as well as the
specific biological catalysts known as enzymes are important in aquatic
chemistry.

Hydrogen ion (H*) and hydroxyl ion (OH™) are common catalysts in
aquatic systems. The effect of their catalysis is manifested by changes
in reaction rate that occur with changes in pH. For example, one of the
major constituents of household synthetic detergenis is the salt of con-
densed phosphoric acid such as pyrophosphoric acid, H,P,0O;, and tripo-
lyphosphoric acid, H;P30y,. These compounds react with water in a
reaction known as hydrolysis to form orthophosphoric acid thus:

H O
! |
\O + HO——P~—O—~?——OH — 2[H0—II='—OH} (2-34)
H OH OH OH
Pyrophosphoric Crthophosphoric
acid acid
R T He
4NaOH + NaO—P—O0—P—0—P—0Na — 3[NaO—P—O0Na] +2 O (2-358)
o} 0 o} 0 7
rJ | d | H
a Na a Na

Pentasodium tripolyphosphate  Trisodium phosphate
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The condensed phosphates contribute approximately 50 to 60 percent of
the total phosphate in domestic wastewater. They are used in the
commercial synthetic detergent formulation to complex the hardness ions,
Ca®" and Mg?*, and prevent their interaction with the surfactant, Orthe-
phosphates do not perform this complexing function as well as the
condensed phosphates, so it is important that the condensed phosphates
are stable (i.e., do not undergo hydrolysis as in Egs. 2-34 and 2-35) during
the cleansing process. The hydrolysis of condensed phosphates is cata-
lyzed by H*, As Fig. 2-8 shows, the time for 5 percent hydrolysis of a
pyrophosphate solution at 10°C is about 1 year at pH 4, many years at pH
7, and over a century at pH 10. In the typical washing machine environment
of 65°C and pH 9, a 5 perceni decomposition of pyrophosphate would take
several days so that in the typical wash cycle of 10 to 15 min, hydrolysis
will be insignificant,

The rate equation for the hydrolysis of pyrophosphate is —d[P,O;*")/dt
= k[P,0;*"]. The rate constant is highly dependent on [H*] and varies
from 0.534/hr at pH = 0 to 0.0318 at pH = 1.1 to 0.00272/hr at pH 3.3. Most
domestic wastewaters have pH values in the range 6.5 to 8 and temper-
atures between 10 to 20°C. From Fig. 2-8 we would predict that pyro-
phosphates would be quite stable under these conditions, However, we
observe that much of the condensed phosphate in domestic wastewuater
has reverted to orthophosphate by the time that the wastewater reaches
the treatment plant, usually o time period of significantly less than 1 day.
Moreover, no condensed phosphates ever survive biological waste treat-
ment processes—again a maximum period of about 1 day. The reason for
these observations is again catalysis but in this instance catalysis by
enzymes. Most microorganisms possess an enzyme (a specific biological
catalyst) that will mediate the hydrolysis of inorganic condensed phos-
phates. An example of such an enzyme is pyrophosphate phosphohydro-
lase, which catalyzes the hydrolysis of inorganic pyrophosphate to 2
moles of orthophosphate.

The etficiency with which aeration devices transfer oxygen to water or
to wastewater is measured by determining the rate at which the device
increases the dissolved oxygen concentration of the liquid. Prior to the
test, the liquid under investigation must be deoxygenated. The recom-
mended method' for accomplishing deoxygenation is to add sodium
sulfite, Na,SO;, which reacts with oxygen to form sodium sulfate, Na,SO,,
thus:

28052 + O, = 280,

thereby depleting the solution of dissolved oxygen. This reaction is
extremely slow in the absence of a catalyst. It takes about 10 minutes to

"2 Standard Methods for the Examination of Water and Wastewater. American
Public Health Assoc., 14th ed., 1975, p. 85.
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Fig. 28. Time for 5 percent hydrolysis of
pyrophosphate (sodium salt) in a 1 percent
(approximate) solution. Adapted from J. R.
Van Wazer, Phosphorus and Its Compounds,
Vol. 1, Interscience, New York, 1966, p. 454.
Reprinted by permission of John Wiley &
Sons, Inc.

reduce the concentration of dissolved oxygen from 10 to 7 mg/liter when
catalysts are not present, The introduction of 0.01 mg/liter cobalt ion
allows the complete removal of dissolved oxygen in 15 to 20 seconds."

A further example of catalysis by metal ions is the effect of cupric ion,
Cu?*, on the oxidation of cyanide by ozone." In wastes from industries
such as metal plating and ceal carbonization, cyanide can be oxidized
to cyanate by ozone.

3CN- + O, — 3CNO-

The rate of this reaction is more than doubled in the presence of Cu®t,

2 D, ]. Pye, "Chemical Fixation of Oxygen,” ]. Am. Water Works Association, 33:
1121-1127 (1947},

"% K. K. Khandelwal, A.]. Burduhn, and C. 5. Grove, Jr., "Kinetics of Ozonation of
Cyanides,” Ozone Chemistry and Technology. Advances in Chemistry Series
21, American Chemical Society, Washington, D.C., 1958, p. 78.
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The rate law for the recction in the presence of an excess and constant
ozone concentration is

—~d[CN-]

- —143
dt k[CNT]

1t shows no dependence on Cu®* concentration above a certain minimum
concentration indicating that its effect is purely catalytic. The irachonal
order of the reaction indicates a complex mechanism.

An example of heterogeneous catalysis related to the field of water
chemisiry is the use of cobaltic oxide (Co,04) catalyst in the determination
of organic carbon. The Beckman Model 900 carbon analyzer consists of a
quartz tube heated to 950°C, containing ashestos that has been impreg-
nated with cobalt nitrate. At 950°C the cobalt nitrate decomposes o
cobaltic oxide. A sample of 20 pl is injected into a stream of oxygen that
passes over the heated catalyst that enhances the oxidation of organic
carbon to CO,. The CO, concentration is determined by an infrared
detector,

2.8. EMPIRICAL RATE LAWS

Our discussion up to this point has dealt with the use of kineties to
describe the rates of chemically well-defined reactions and to explore the
mechanism of reactions. Kinetic formulations can be used in what one
might call the opposite sense—that is, fo provide an empirical mathe-
matical framework in which data from complex reactions can be analyzed.
The objective here is a simplification of complex situations, not the
discovery of exact mechanism from kinetic analysis. Two examples of
this use of kinetic formulations that are relevant to aquatic systems will
be given here. The first concerns treatment of data from the }3@3\}3@@}9&1
Wﬂgt is used variously to determine the strength
of sttw degree of organic pollutxon in recewmg g waters and
the rate at which the orgcmlc maﬂér in wastewater cem be degram
n}lglp\cfg‘gws/@der aeroblc condltlons [i.e., when dissolved oxygen
(D.Q.)is present].

In the BOD test, a diluted sample of wastewater is incubated for a
period (5 days at 20°C in the standard BOD; test) and the amount of
dissolved oxygen consumed in this time period is measured., The BOD;
is then calculated as

dissolved oxygen (mgfliter)
dilution fcctor

BOD; =
e I e A et
where dilution factor = volume sample!(volume of sample + volume
. ] e e T e N i S
dilution water).
The BOD; measurement determines only one point on the curve that
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relates dissolved oxygen uptake to time. The reaction monitored by
.measuring oxygen uptake has often been expressed as

organics + Q, — CO, + H,O + oxidized products + .

and the rate of this reaction in the presence of an excess oi dissolved
oxygen has often been stated to be Iu’st order w1th respect to orgamc
matter. It must be recogmzed that this is a totally ‘empirical statement
because the nature of the degradable organic maiter in wastewater is not
well-defined and certainly the individual microbial degradation rates of
all organic compounds in water are not known. Nevertheless, the overall
time course of the consumption of oxygen for degradation of carbonaceous
organic matter in the BOD test has many of the characteristics of a first-
order reaction. Since the rate of BOD exertion (or organic matter degra-
dation} is of importance in waste treatment plant design and receiving
water management, we can usefully employ the empirical first-order
" relationship to formulate the "BOD curve” (see Fig. 2-9).

It L= the concentration of degradable orgunic matter at any time f
{days), then for « first-order reaction we can write

dL

i = —kL 7 (2-36)
Integrating, we obtain

L =L {2-37)

e e

where

L, = the original concentration of biocdegradable organic matier
k = rate constanit/day

/ Ultienate first-stage BOD

Lo - I

Pl BODg

Dissclved oxygen consumed,
. mg/liter

Timne, ¢, days

Fig. 2-9. "First-order” representation of first-stage car-
bonaceous BOD,
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Because L cannot be measured directly, the equation must be modified
to replace L with a parameter that can be measured as a function of time.
We can achieve this modification by setting

y=Lo—1L (2-38)

where y = the amount of material that has heen degraded at any time,
t
L

The value of y can be assessed by determining dissolved oxygen
consumption at any time, through measurements of dissolved oxygen
concentration of the sample,

7= D-Quawer = DOt (2-39)
Substituting Eq. 2-38 in Eq. 2-37, we obtain
Lo - L =Yy =L0 _Lue_kt
or '
y = Lot — e7k) (2-40)
e e T T T e

which is the classical first-order empirical rate equation for BOD.
Various procedures exist for analyzing y versus t data to obtain the
constants k and L,. One of these, the Thomas slope method, is presented
here.™ This procedure involves developing u straight line equation that
approximates the relationship of y and t.
If we expand the (1 — e=*) portion of Eq. 2-40, we obtain

kt | (kt)* (k1)
T DI LT okl SV T -
1-e kt{l PR YRl ] (2-41)
The quantity [ké(l + k#/6) "} has a similar expansion,
K\ kt | (ktP  (ktP )
kt(1+ 6) mkt(l 2 " 5 o167 (2-42)

Comparing these iwo expansions, we see that a minor difference appears
only in the fourth term; on this basis we can say

Lo(l — ey = Lo[kt( 1+ ‘%‘) _3] (2.43)
or
Y=L, [kt( 1+ %) _3} (2-44)
Rearranging Eq. 2-44, we obtain an equation of a straight line
(}i{)'” = (Lok)™™ + ( é‘;;) t (2-45)

'* H. A, Thomas, Jr., "Graphical Determination of BOD Curve Constants,” Water
and Sewage Works, 37 123 (1950).
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Letting’
L za 240
and
k213 ( 4 )
—=h 2-47
8L
it can be shown that
8b
k= ; (2-48)
and
1
L= E (2-49) -
L Kd®

With experimental data relating y and time, we can plot §/y)'? versus
time. However, experimental values of y > $.9L, should not be used in
fitting the straight line because Eq. 2-42 is significantly different from Eq.
2-41 in this range. Fitting the plot with « straight line and determining
the intercept, a, and the slope, b, Egs. 2.47 and 2.48 can be used to give
k and L. The following example illusirates the procedure.

We must be careful to bear in mind as we proceed with these calculations
that they are empirically based. It is neither wise nor proper to read any
more significance into them than that; it is certainly improper to infer, as
many have done, that we:can deduce anything about the reaction
mechanism from these calculations.

Example 2.4

Standard Methods™ states that the rate constant (base 10) for the oxygen uptake
of a mixture of glucose (150 mgfiter) and glutamic acid (150 mg/liter) should be
between 0.16 to 0.19/day when proper seeding with microorganisms is practiced.
The data in Table 2-2 were obtained at 20°C on a candidate seed material by a
University of California graduate student. Does the seed satisly the above
specifications?

TABLE 2-2

Time, t, days BOD, v, mg/liter tly (thy e
1 122 0.0082 0.202
2 117 0.017 0.25
3 184 0.016 0.25
4 193 0.021 0.276
5 203 0.025 0.292
6 205 0.029 0.307
7 207 0.034 0.324

6 Standard Methods for the Examination of Water and Wastewater, 14th ed.,
American Public Health Association, 1975, p. 548.
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Solution

"From Fig. 2-10, a plot of {/y)'? versus { according to Eq, 2-45, we find
a=0,182 and b =0.0216
From Eq, 2-48,

k{base e} = 6b/a = 6 x 0.0216/0.182 = 0.71/day
or k(base 10} = 0.71/2.3 = 0,31, From Eq. 2-49,

I 1 .
= Ta® " 0.710.1820 234 mg/liter
Since k is much greater than 0.18 to 0.19/day, the seed is unacceptable

The second widespread use of empirical kinetic expressions in the
wastewater and water pollution control fields is in the kinetics of growth

of mixed microbial cultures on single or multiple substrates. Typical
examples are the growth of activated sludge solids on wastewater BOD

0.34 1 1 T T T
032 |- °
0.30
0.2-0.182
0.28 5 b _]
5=0.0216
0.26
£
3
= 024
0.22 -
0.20
o1 0.182 =a ]
016 | } | | | i |
0 1 2 3 4 5 6

t, days

Fig. 2-10. Plot of {t/y)'® versus t to determine k and L, for
Example 2-4, '
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and the growth of algae on nutrients such as nitrate and phosphate. The
- French microbiologist Monod'? derived «a relationship between the growth
rate of a pure culture of bacteria and the concentration of the substrate
that limited the growth of the bacteria (the so-called growth limiting
substrate), '

- My (5]
M= s (2-50)

where

M = growth rate = (1/XXdX/dt)

M1 = maximum growth rate
X = microbial mass or number concentration
K. = subsirate concentration when M = M,,./2

The relationship, expressed in Eq. 2-50, bears « striking resemblance
to the Michaelis-Menten expression developed previously for enzyme
substrate interaction. Indeed, some workers believe that the analogy is
not coincidental, stating-that microorganisms are ‘bags full of enzymes'
so that it is not surprising that their growth rate is related to the behavior
of the catalysts that mediate the many reactions that coniribute to growth.

The growth-rate-substrate relationship is expressed empirically in
applications such as biological wastewater treatment. In these processes
we grow a mixed and variable population of microorganisms (e.g.,
activated sludge) on a mixed and variable substrate (e.g.. domestic
sewage). We have the same problem that arose in attempting to assess
the kinetics of the BOD reaction. We do not have a definitive measure of
growth.limiting substrate concentration. Neither do we have a well-
defined measurement of microorganism concentration. Without going into
the rationale for their selection, the parameter used for microorganisms
is usually the mass of suspended solids or the mass of volatile suspended
solids in the activated sludge suspension. For growth-limiting substrate
we usually use BOD or COD conceniration. These parameters are readily
measured, but they are colleciive parameters that indicate rather than
specify exactly what we should be measuring. As a consequence the
empirical nature of the microbial growth expression is compdunded. In
spite of this, however, the expression has useful application in the design
and prediction of performance of biological waste treatment plants. For
example, the data in Fig. 2-11 show the relationship between the growth
rate and substrate concentration, expressed as soluble COD, for an
activated sludge unit operated on a protein/beef extract substrate. The
growth rate is «a first-order function of the degradable organic matter
concentration. We can see that for the range of conditions studied, there

71, Monod, "La Technique de Culture Continue, Théorie et Applications,” Ann,
Inst, Pasteur, 79: 390410 (1950).
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1.4
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M=kls; —14)

08 |- ky = 0.22 liter, mg day
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Activated sludge growth rate, M/day
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Nondegradable COD = 14 mg/liter
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Fig. 2-11. First-order relationship between the cctivated
sludge growth rate and the degradable effluent soluble
COD concentration. From D. W. Eckhoif and D, Jenkins,
"Activaied Sludge Systems, Kinetics of the Steady and
Transient States,” SERL Rept. 67-12, University of Cali-
fornia, Berkeley.

was a linear relationship between M and [S] indicating that we are in the
region where K. = [S] and M = k’[S]. Such an observation is indeed
commonplace for activated sludge systems treating wastiewaters at the
practically employed rates of treatment. The curve in Fig. 2-11 would
allow us to state that if we wished to produce an effluent with a soluble
COD of less than 20 mg/liter from the activated sludge treatment of this
waste, we should design the treatment plant to accommodate an activated
sludge growth rate of less than about 1.2/day.
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2.9. PROBLEMS

"I

The rate constant of a fust-order reaction is 2.5 X 10 %sec, and the initial
concentration is 0.1 M, What is the initial rate in moles/liter sec, moles/cc
sec, and in molesf/ce min?

A first-order reaction is 40 percent complete at the end of 50 minutes. What
is the value of the rate constant in sec™'? In how many minutes will the
reaction be 80 percent complete?

If the initial rate of a second-order reaction at 20°C is 5 x 1077 moles/liter sec,
and the initial concentrations of the two reacting substances are each 0.2 M,
what is the k in liters/mole sec? If the activation energy is 20 keal/mole, what
is k at 30°C?

4. A reaction

2A — 3P

is first order with respect to A. I the half-life of A {time for 50 percent to react)

is {; seconds, and the reaction is irreversible,

(a) Write an expression for the reaction rate constant in terms of ¢,.

(b} Using the expression for the reaction rate constant determined in part
(cr), develop un expression for the time required for 90 percent of A o
recct.

Evaluate the following datd to determine whether the reaction

A — products

is first or second order. Calculate the rate constant and be certain to give its
units.

A (mM/liter) Time (sec)
1.00 0
0.50 11
3.25 20
0.10 48
0.05 105

The forward rate law for the reaction
H* + OH- = H,0
is given as

difH*] d[OH] . ., _

d = dt kHMIOHT]

The rate constant, k, at 20°C was found to be 1.3 x 10" liters/mole sec,
Assuming NaOH is rapidly added and mixed with HCl in aqueous sclution
such that the initial concentrations of H* and OH™ are 1074 M, how much time
is required for one half of the acid and base fo react? (Assume for this
calculation that the reaction is irreversible.)
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The temperature dependence of the reaction rate is frequently expressed
quantitatively using parameters other than E,. For example, the following
expression for the reaction rate constant for the BOD test is often used:

by, = k()T

where T, is the temperature in °K and ky, is the rate constant at that
temperature.
(o) Show that

RT\T,

and thus that @ is a function of T, and Ts.
(b} Determine E, if & = 1.047 and T, = 293°K.
{c) T, = 283K and # remains the same, what is the value of E,?

8 = exp

In the field of biclogy the term Q;, where

QiD — k[T+1D)
ky

is frequently used. Although Q,, does vary with E, and temperature, if E, is
approximately a constant for certain types of reactions, @y values can be
used 1o goed advantage. If the temperature is 25°C, what is E, if Q0 = 1.87

A recent study has shown that monochloramine, NH;Cl, “decay” in waste-
water is very slow, especially in comparison with free chlorine, HOCI and
OCI~. The exposure of NH.Cl to light was found te increase the rate of decay
significantly. When light was completely excluded from the sample, 20
percent decay took place in 8 hours and the data conformed to the first-order
rate law.

(a} Assuming (1} a treatment plant is discharging effluent containing 2 mg/
liter NH,CL, as Cli: {2} a 1:10 dilution (one part effluent plus nine parts
receiving water) is achieved with complete mixing; (3) the receiving water
is not exposed to light; and (4) a level greater than 0.002 mg/liter NH,Cl,
as Cl;, is deleterious to trout, how long after discharge will it take for the
receiving water to become "acceptable” for trout?

(b} Assuming that each 12-hour period of no light is iollowed by « 12-hour
period of light during which the applicable first-order reaction rate
constant is 0.3/hr, how long will it take for the receiving water to become
acceptable for trout?

The eifluent from a secondary clarifier has a pH of 8.3, an ammeonia {(NH;}
concentration of 34 mg/liter, and is dosed with 107* M HOCI. The reaction is
reversible but assume conditions are such that only the forward reaction
must be considered.

It has a rate law,

d(NH4
dt

= —k[{NH,}[HOCI]
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where k = 5.5 x 10® liters/fmole sec at 15°C.
{a) Calculate the time for 90 percent of the HOC! to react.
(b} Hk =1 x 10° liters/mole sec at 40°C, what is the activation energy?

11. BOD data have been determined as follows:

t (days) Y {mg/liter)

0.765
1.060
1.540
1.700
1.880
2.310
2.570
2,805

B O =30 e 0B

bt ot

Find Ly and k (both base e and base 10) assuming « first-order reaction.

2.10. ADDITIONAL READING

Campbell, L.A., Why Do Chemical Reactions Occur? Prentice-Hall, Englewood
Cliffs, N.J., 1965,
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1961,
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King, E. L., How Chemical Reactions Occur, W, A. Benjamin, Menlo Park, Calif.,
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Skinner, G. B., Infroduction to Chemical Kinetics. Academic Press, New York,
1974,
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CHEMICAL
EQUILIBRIUM

3.1. INTRODUCTION

In this chapter we will describe methods that will allow us to answer
the questions "Will this reaction go?” and, if so, “How far can it proceed?.”
These are extremely important questions to pose prior to setting about
the investigation of any chemical or biochemical system. If a reaction is
impossible, there is absolutely no sense whatsoever in attempting to
determine its rate, its mechanism, or its use in a water or waste treatment
process. If, for example, you were to be approached by a salesman trying
to sell you a chemical that would prevent carbon dioxide and nitrogen
from combining with chloride to form dangerous hydrogen cyanide and
hypochlorous acid during treatment of a particular wastewater, you could,
by using techniques similar to those developed in this chapter, tell him
that the reaction was not possible with or without the chemical and send
him on his way. And you could do this conclusively without conducting
a single experiment!

The techniques we will develop are based on the branch of science
known as thermodynamics. The theoretical aspects of thermodynamics
are extremely precise and ordeily; its mathematical basis is complex.
We, however, are only interested in what thermodynamics can do for us
as a tool in solving problems of chemical eqguilibrium. We are in «
situation similar to the automobile driver using a road map. Not many
drivers thoroughly understand the principles of geomsetry and plane
trigonometry that were used to draw the map. However, most know how
to read a map and in doing so could manage reasonably well to get from
Urbana io Berkeley. '

3.2. THE DYNAMIC NATURE OF CHEMICAL EQUILIBRIUM

Let us examine the hypothetical, elementary, reversible reaction taking
place at constant temperature,

aA+bB=cC+dD 3-1)

The reactants A and B combine to form the products C and D. In this
reaction, a moles of A combine with b moles of B to form ¢ moles of C and
d moles of D. if we were to introduce A and B into a suitable reaction
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(a) {b)

Concentration
o

Concentration

Time Time

Fig. 3-1. Course of reaction between A, B, C, and D. (a} Initially only A and
B are present; (b) initially only C and D are present.

vessel and at time intervals analyze the contents of the reaction vessel,
we would obtain a concentration versus time profile such as in Fig. 3-1{c).

The concentrations of A and B decrease until they reach values that do
not change with time, while the concentrations of C and D increase from
zero to time-invariant values. If we were to add only the products of the
reaction, C and D, to the reaction vessel under the same experimental
conditions, we would observe a concentration-time change such as that
depicted in Fig. 3-1(b). After a while A, B, C, and D concentrations all
reach constant, time-invariant levels. If the ratic of the concentration of
products to reactants, [CIF[D]¥/[AFIBI® is the same as that attained in the
previous experiment when A and B were initially present, we say that the
reaction is at equilibrium and we call the concentrations of species
present at that time equilibrium concentrations. The ratio is the so-called
equilibrium constant, K.

[CIID)? _
[AF (B}

The unit of conceniration as indicated by [ ] is mole/liter, but other
concentration units also can be used.' From this discussion we learn that
the equilibrium state can be appreached from both directions.

When we investigate the rate at which the equilibrium condition is
approached, we can deduce that the equilibrium condition is a dynamic
one, not a static situation. The interaction of reactants and products does
not cease when equilibrium is reached. The forward and reverse reactions
proceed at such a rate that the ratio of concentrations of products to
reactants {as described by the equilibrium constant, Eq. 3-2), remains
constant. Another way of stating this is that a chemical reaction is at
equilibrinm i its forward rate of reaction, v;, is equal to the rate of the
reverse reaction, v,. For example, we have seen previously in Chapter 2

K (3-2}

! Strictly speaking, the equilibrium constant is defined in terms of activity, or
active concentrations, as discussed later in this chapter. Concentration, such
as the molar conceniration, often can be used as o good approximation of
activity for species in dilute aqueous solutions.
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that if the reaction in Eq. 3-1 is elementary, the forward rate of reaction,
vy, can be expressed by the rate law,

vy = ke[AP[B]° | 8-3)
and the reverse rate by v,,
v, = k,[CJ°[D]¢ 3-4)

Initially, if only A and B are present, the forward rate of reaction will
proceed at a finite rate while there will be no reverse reaction because
no C and D are present. However, as soon as the reaction of A and B
produces C and D, they will combine, and by the reverse reaction produce
A and B. The reaction will proceed until the opposing reaction rates are
equal, and

vi=v, (3-5)
Therefore,
k[A]*[B]° = k,[C]*[D]* (3-8)
and
[CrDF ks _

=—=K (3-7)

[AP[BP k.
The equilibrium constant is thus the ratio of the rate constants of the
forward and the reverse reactions—a fact that underscores the dynamic
nature of equilibrium.?

3.3. THE THERMODYNAMIC BASIS OF CHEMICAL EQUILIBRIUM

A knowledge of the position of chemical equilibria is of the utmost
importance to us in water chemisiry. By knowing the position of chemical
equilibria, we can determine whether it is posgsible for certain reactions
between reactants at given concentrations to proceed. For example, we
can provide answers to questions such as: Will calcium carbonate tend
to precipitate or dissolve in this water? Can [ possibly oxidize sulfide
with nitrate? and so on. There are two general ways to answer questions
like these. The first is to do an experiment and the second is to calculate
the answer using previously determined equilibrium data. Although the
first way may be more enjoyable to those who like puttering around in
the laboratory, the second approach is far superior if time is of the
essence.

To explore the various techniques that can be used to answer the

* If the chemical reaction is not elementary, derivation of K from rate constants
is still possible but is more complex. See, e.g., T. S. Lee, in Treatise on
Analytical Chemistry, 1. M. Koltholf, and P, ]. Elving, eds.. Part I, Vol. 1, Wiley-
Interscience, New York, 1959.
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question "Will this reaction go?” we must delve a litile into the thermo-
dynamic basis of equilibrium. Our treatment of thermodynamics will be
brief; we will present only that which is useful and immediately applicable
for our purpose. For a more comprehensive coverage of the topic, the
student is referred to other texts (see Section 3-7).

Most of the reactions with which we are concerned in water chemistry -
take place in a closed system or can be analyzed as though they take
place in a closed system. For thermodynamic purposes a closed system
is one to which matter cannot be added or removed. Energy, however,
may flow across its boundaries. Since, in addition to working with closed
systems, we usually are inferested in systems at constant temperature
and pressure, we can make extensive use of the thermodynamic expres-

" sion for free energy.

G=H-TS (3-8}
where

G = Gibbs free energy, keal
T = gbsolute temperature, °K
S = entropy, kcal/’K

H = enthalpy, kcal

The enthalpy is the total energy content of an element or compound. The
free energy is that part of the total energy that is available to perform
"useful work,” that is, other than pressure-volume work. The entropy is
a sort of internal manifestation of energy that can be visualized in several
ways; for example, entropy is often defined as describing the degree of
order or organization in & system. Highly structured materials {(e.g., well-
formed crystals) have low entropy while randomly arranged systems {(e.g.,
a gas) have high entropy. The product TS is that part of the total energy
which is not available for useful work,

For closed systems at constant pressure and constant temperature, the
criterion for equilibrium is that the total free energy of the system (Gy) is
a minimum. For example, consider the reversible reaction previously
examined in Eq. 3-1,

aA +bB=2cC +dD

If we were to add A and B to a reaction vessel and calculate the total free
energy of the system as o function of extent of reaction as the reaction
proceaded, we would find something like that depicted by the solid line
at the left side of the diagram in Fig. 3-2. The total free energy, G, is the
sum of the free energies of each of the reaction components, For example,
if na ng nc and np represent the number of moles of A, B, C and D
that are present and G,, Gs G¢, and G, represent the free energy/
mole of each substance, then

GT‘F—"HAGA +HB§B +HC§C +n0@g
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~— Only reactants
A and B present <~ Only products
/ C and D present

-~
-

-~
-

Total free energy
Gr

—
X\-—; Minimum G,
reaction at equilibrim

Extent of reaction

Fig. 3-2. Variation of Gibbs free energy for the chemical
reaction al + bB = ¢C + dD. Only reactants are present
at the far left side of the diagram and only products at
the far right side.

Conversely, if we were initially to add only C and D to the reaction vessel,
calculation of the total free energy of the system as the reaction proceeded
to form A and B would produce a curve of the form shown by the dashed
line on the right-hand side of Fig. 3-2. In each case the reaction only
proceeds spontaneously, or without any external help, as long «s the
value of G; decreases, Because of this there exists, at ¢ certain extent of
reaction, a peoint where Gr is at ¢ minimum. This point can be sponta-
neously reached from either the product or reactant side, and it is the
equilibrium point of the system. Thus we may state that the equilibrium
condition of a reaction is the point at which Gy is @ minimum. Also, we
may deduce that reaction in the direction that decreases G is spontaneous
while reaction in the direction that increases G; is not spontaneous or
will not occur in a closed system.

It can be shown that as any reaction proceeds an incremental amount,
the change in G, is proportional to AG where

AG = (E Viaf) products _(2 Vfa) reactants (3-9)
7 1
where », is the stoichiometric coefficient (e.g., a. b, ¢, and d in Eq. 3-1)
and G, is the free energy per mole.

We can therefore state that if,

l. AG is < D (i.e., AG is negative and thus G; decreases as the
reaction proceeds); the recction may proceed spontaneously as
written.

2. AG is > 0 (i.e., AG is positive and thus G; would increase if the
reaction were to proceed); the reaction cannot proceed sponta-
neously as written. Conversely, it may proceed spontaneously in
the cpposite direction to which it is written.
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3. AG =0 (i.e., Gy is at « minimum); the reaction is at equilibrium
and will not proceed spontaneously in either direction,

Values of AG for a reaction provide us with a powerful tool to predict
whether or not reactions are posgsible, To calculate AG for the general
reaction given by Eq. 3-1, we use the relationship :

{C}® {D}°

AG =AG°+RT1
" Ay (B}

3-10)

where

AG® = (E Via_fc) oroducts (2 V,-Efﬁ reactants (3-11)

i i

{ } = activity, or active concentration (discussed later in this section)
G = free energy/mole of species i at 25°C and 1 atmosphere pressure

Equation 3-10 is developed in more detail later. The first step in deter-
mining AG is to determine G /°, the free energy per mole of each reactant
and product at the standard state condition of 25°C and 1 aim total
pressure. The term G is called the standard free energy per mole of
species i.

At standard stote every element is assigned, by convention, o free
energy of zero per mole. Thus Hyg, Ogzg Corapnitersy, and so forth, dall are
assigned free energy values of zero kcal/mole. Also, to establish «
baseline for ionic substances in solution, H* at & concentration of 1 mole/
liter in an ideal solution and at standard state conditions has been
assigned a free energy of zero.

This convention is necessary because it is impossible to measure
absolute values of free energy. However, we can measure changes in
free energy. Thus, assigning a value of zero to elements af standard state
allows us to measure the free energy change involved in forming
compounds at standard state from their component elements at standard
state. This free energy change is called the standard free energy of
formation, AG, Table 3-1 presents a summary of AG, values for some
substances commonly encountered in water chemistry; for example, we
can determine that the formation of calcite (CaCOQy,,) from carbon,
calcium, and oxygen has the following free energy,

C(graphite) + %Og[g) + CCI(SJ —> CQCO;,\(S); Aaf = —269.78 kcal/mole
calcite

The minus sign indicates that free energy is released or given off. We
can also deduce that to break down 1 mole of calcite into 1 mole of Ca
metal, 1 mole of graphite, and 13 moles of oxygen would require the input
of +269,78 kcal of free energy per mole.
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TABLE 3-1 Thermodynamic Constants for Species of
Importance in Water Chemistry.?

AHP AGP
Species keal/mole kcal/mole
Caf, ~128.77 —132.18
CaCOys, calcite —288.45 —268.78
CGO(S) —151.9 —144.4
Cis). graphite 0 0
COgtg, 794.05 ~94.28
COyae —98.69 —92.31
CH4(g) —'17.889 —12.140
Hzcog(aq) - 167-0 - 149.00
HCO%.0) —165.18 —140.31
CO%, —161.83 —126.22
CH,COQC—, acetate —-116.84 —89.0
H(tq) 0 0
Hag 0 0
Felt, -21.0 —20.30
Fell, -11.4 -2.52
Fe(OH)yq —197.0 —166.0
Mngi, —53.3 ~-54.4
MnOy -124.2 ~111.1
Mgt ~110.41 ~108.99
Mg(OH) 4, —221.00 -199.27
NOz:0 —49.372 —26.43
NHg(g) - 1 1.04 “3.976
NHaug -18.32 ~6.37
NH.o —31.74 -18.00
HNOgq —48.372 —26.41
Oz -3.9 3.93
Ouar 0 0
OH ) --54.957 --37.595
H:O --57.7978 —54.6357
H:O0 —68,3174 —58.690
SCing —216.80 -177.34
HSGs —4.22 3.01
H,S —4,815 —7.852
HZS(aq) “94 ”854

Source. Condensed from the listing of R, M. Garrels and C,
L. Christ, Solutions, Minerals, and Equilibria, Harper &
Row, New York, 1985; and Handbook of Chemisiry and
Physics, Chemical Rubber Publishing Company, Cleve-

land, Ohio.

2 For a hypothetical ideal slate of unit molality, which is

approximately equal to that of unit mclarity.
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Now.let us use this information to determine the free energy change
associated with the reaction in which calcite dissolves in acid, H*, to
form the calcium and bicarbonate ions.

CaCOqs + H* — Ca?* + HCO," (3-12)

Even though it does not occur physically, we can visualize this reaction
as taking place by CaCOy,) and H' reacting to form their component
olements; these elements then recombine to form Ca®* and HCO, . Thus

. AG?
CCICO;](SJ - Ca+ C + %Og{g] +269.78
Ht — Hf 0
Ca — Ca?* —-132.18
H*+ C + %02(9) - HCOS- —140.31

CaCOy + HY > Ca?* + HCO,; AG® = -2.71

This computation allows us to see two things. First, with respect to the
dissolving of CaCQy, in acid, if we react 1 mole of H* with 1 mole of
calcite to produce 1 mole of Ca?t and 1 mole of HCO,™ at 25°C, free energy
is released because AG® is negative. Second, and more generally, we
can see it is possible to determine the overall standard free energy change
for the reaction as written, AG®, from the free energies of formation of
reactants and products by using Eq. 3-11 with AG?, being used in place
of G° Thus

AGS = (2 v Aé“f.oi) products “(E Vi AE{D reactants {3-13)
! i

where v; is the stoichiometric coefficient of species i. Or for Eq. 3-12

AG® = AG3ucos- + 8Gicarr — AGIwr — AGicaco, (3-14)

Equation 3-13 has limited usefulness because it only relers to the
situation when all reactants and products are at standard state, We are
almost always interested in systems whose components are at other than
standard state. We can relate the free energy of a single substance at a
state other than standard to its free energy of formation at standard state
by the expression

G;=AG?Y, + RT In {i} (3-15)
where

G, = the free energy per mole of substance i in a state other than
standard measured relative to our established datum
{i} = the active concentration, or activity, of species i
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The value of the wctivity of a substance is dependent on the choice of
standard state conditions—the conditions that result in unit activity—just
as the value of AG, is dependent on the choice of standard state.
Consistent with the choice of standard state conditions used to develop
Table 3-1 and in most publications on aqueous chemistry, the following
interpretation of aetivity is used throughout this book:

1. For ions and molecules in solution, {i} is related to the molar
concentration, [i], by {i} = v;[i] where y; = activity coefficient. As
the solution becomes dilute {most cases of interest to us),
approaches 1 and {i} approaches [i]. '

2. For the solvent in a solution, {i} = ¥,X; where X, is the mole fraction,
As the solution becomes more dilute, v; approaches 1. The activity
generally is assumed to be 1 for the dilute solutions of concern to
us.

3. For pure golids or liquids in equilibrium with a solution, {i} = 1.

4, For gases in equilibrium with « solution, {i} = y;P; where P; is the
parfial pressure of the gas in atmospheres. As the total pressure
decreases, y; approaches 1. When reactions take place at atmos-
pheric pressure, the activity of a gas can be approximated closely
by its partial pressure.

5. For mixtures of liquids, {i} = X, where X, is the mole fraction.

Returning to our example of the dissclution of CaCQ,, in acid, Eq. 3-
12, and combining Eqs. 3-9 and 3-15, we can write ’

AG = Aa?,ucos— +RT In {HCO,"} + AG3caz + RT In {Ca?*}
— AG3y+ — RT In {H'} — AGScaco,, — BT In {CaCOy4}
Collecting terms, we obtain

AG = Aa?mco; + AGcar — Aa}’,*} - Aar?.l:acosm
+RT In {HCO; } +RT In {Ca?*} — RT In {H'} — RT In {CaCOyy}

Since, from Eq. 3-13,

AG® = AGinco,- + AGicar — AGH — AGfcaco,,
we can state

{HCO, }H{Ca?}
{H+}{CC[CO:,(5)}

This is « specific form of Eg. 3-10 applied to the acid dissolution of

AG =AG°+RTIn (3-16)
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CaCQyy reaction. For dilute solutions, since the activity of pure solid is ‘
unity and assuming that the activity coefficients of the ionic component
are equal to 1, we obtain

[HCO;J{Ca®]
[H]

In examining Egs. 3-16 and 3-17, and the general form of the equation,
Eq. 3-10, we can see that the logarithmic term has a form that is
reminiscent of the equilibrium constant for the reaction as written in Eq.
3-12. However, because the magnitude of the logarithmic term is not
equal to the equilibrium constant except at equilibrium, we call this term

the reaction quotient, Q, where
_ {HCOy }{Cu?*}

= 3-18
@ {H+}{Cﬂcoa(s)} ( )

AG=AG"+ATIn {3-17)

or in dilute solution

Q= [HCO, " [Ca®"]
| (]

More generally, for the reaction

A +bhbB=¢C +4dD

{C}c{D}¢
== 3-19)
{Ay (B} ‘
or in dilute solution,
[CJ[D}*
Q="
[A)F{B]°
Combining Egs. 3-10 and 3-19 (or Egs. 3-16 and 3-18), we can state,
AG =AG*+RTInQ {3-20)

When the value of Q@ is identical to that of the equilibrium constant X,
that is, the system is at equilibrium and AG = 0, we can then write

0=AG°+RTInkK 3-21)
or
AG®= —~RT InK (3-22)

Substituting Eq. 3-22 into Eq. 3-20, we obtain
AG = —RTInK +RT InQ =HT1n% (3-23)
Equation 3-23 allows us to develop another set of criteria to determine

whether reactions are possible or not because the ratio of Q/K will
determine the sign of AG for a reaction,
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1. K Q/K > 1, then AG is positive and the reaction is impossible as
. written.,
2. UHQ/K =1, then AG = 0 and the system is at equilibrium,

3. HQI/K <1, then AG is negative and the reaction is spontaneous as
written.

The use of the tables of free energy values and the determination of
whether a reaction is at equilibrium is illustrated in the following
examples,

Example 3-1

l. Determine the equilibrium constant for the reaction in which liguid H,O
- dissociates to H* and OH™ at 25°C. '

H,O = B* + OH~
2. Is this reaction proceeding as written when [H*] = 107* M and [OH"] = 5 X
1078 M?
Solution
1. From Table 3.1

AGP
H;_O[{, “58.89
Ht 0
OH- —~37.60
From Eq. 3-13, AG® = (I)(0) + (1)(—37.60) — (1}(—56.69) = +19.09 kcal
AG® = 19.09 = —RTInkK
— 19.09 =InkK = -32.24

1.987 x 1073 x 298
K=298.96x 107" (=1 x 1079

Based on the selection of standard stuate conditions given previously in this
section and neglecting ionic strength effects, K can be written as follows
for dilute solutions,

K = [H'][[OH]
This equilibrium constant is usually given the special designation K,,.
2. From Eq. 3-20,

AG = AG® + RT In [H*)[OH"]
AG =19.09 + 2.3 X 1.98 x 1077 x 298 xlog [(1075)(5 x10-)]
AG = +1.03

Because AG > 0, the reaction is not spontaneous as written and can proceed -
spontaneously only in the opposite direction, that is, H¥ and OH- are
combining to form H,O molecules.
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We can solve this problem alternatively using

AG =RT 1:1%a
Q = [H*][OH-} = (105 X 10"%) =5 x 10"
K = 1071

Since QK > 1, AG must be positive. Therefore, the reaction as, written is
not possible.

Example 3-2
Find the equilibrium constant for the reaction at 25°C,
2Fez+ + %Og(g) + sto = 2Pe(OH)3(S) + 4H*

" in which ferrous iron is oxidized by molecular oxygen to ferric hydroxide in
aqueous solution. Atmospheric oxygen is in equilibrium with the dissolved

oxygen, ’
Give the form of the equilibrium constant making the assumption that activity
costficients have a value of 1,

Solution
From Table 3-1,

AG/ (kcal/mole)

Fert -20.3
02(9) 0
Hzo(ﬂ - 564 7
Fe(OH),, ~-166.0
H* 0

AG® =4 x 0+ 2(-168.0} —2(—20.3) — {0) ~5(-56.7)
AG® = —-7.9= —RT InK
RTInK =2.3RT logK =1.364log K =7.9
K =6.2 x 10°=10%%
¢ - IHTFeOlyl? _  [H!
(XHZO}S(POZ)HZ [Fe 2+]2 (POZ) 1j2 [Fe 2+I 2

It is important to note that we may only use gaseous oxygen as a reactant in this
equation if it is in true equilibrium with the solution, that is, if the equilibrium

02( o) = Oztaql

is satisfied. Otherwise we should use O,y as a reactant and, correspondingly,
the value of AG; for Opaq).

We now have sufficient information to provide answers to the question
posed earlier in the chapter about sulfide stability in the presence of
nitrate,
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Example 3-3

Is it possible at 25°C to oxidize sulfide in natural waters with nitrate? Typical
concentrations that exist are 107* M of reacting species and pH 8 ([H*] = 10-% M),
Assume that ionic strength effects are negligible (these effects will be discussed
later in this chapter). The reaction is

H* + NO; +HS™ +H 0 =802 +NH
nitrate bisulfide sulfate ammonium

We must find out whether the reaction is spontaneous as written,
From Table 3-1,

AGS
H,O —56.69
HS~ +3.01
NO;~ —26.41
H* 0
50, —-177.34
NH,* —19
From Eq. 3-13,
AG®=(-19- 177.34) — (—26.41 +3.01 —56.69)
= —116.25
AG=AG°*+RTInQ
INH, S04

? ~ [N, THS J[H"]

and since [NH,*] = 1074, {8027} = 107%, (NO;7] = 1074, [HS™] = 107%, and [H] =
1678,
_aoey
Q’(m-*)(m"*)(zo-a) 10
Therefore,

AG = —116.25 + 1.987 x 1073 x 298 % 2.31log 10°®
= —116.25+ 10.8 = —105.35

Because AG is negative, the reaction will proceed spontaneously as written at
the reactant concentrations indicated.

An important property of standard free energy changes, AG®, is that
they are additive. For example, if in two reactions the product of one
reaction serves as « reactant in the other, the AG?® value for the combined
recctions is the sum of the AG® values of the two reactions. In our previous
example of the dissolution of CaCO; in acid, we wrote the equation
CaCOyq + HY = Ca?* + HCOjy . In the strict chemical sense this overall
reaction is a composite of

AG® (kcal)

CCICOQ{S) = Ca** + COGZ' +11.38
and
CO2 + 0t = HCO4~ -14.09
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with o standard free energy change of AG® = 11.38 — 14.09 = —2.71 keal.
Whether the composite reaction is spontaneous depends upon the value
of AG for that reaction, a function of AG® and Q. If AG for the composite
reaction is negative (positive), it is not necessary that each of the
individual reactions have a negative (positive) value of AG, Note further
that it is the value of AG, not AG®, which conirols the direction of a
reqction. ’

3.4. ENTHALPY AND THE TEMPERATURE DEPENDENCE OF THE
EQUILIBRIUM CONSTANT

The enthalpy change of a chemical reaction (AH) is the amount of heat
that is released or taken up during the course of the reaction. If AH is
negative, heat is evolved and the reaction is cailed exothermic; if AH is
positive, heat is taken up and the reaction is called endothermic,

The term AH® is of most interest to us. For a reversible reactmn in a
closed system it is related to AG® by

AH® = AG® +TAS® _ {3-24)

Similarly to AG® AH® for g reaction can be calculated from
AH® = (2 fo_flo) products (2 VIEIC) reactants (3-25)
f i

where

_v; = the stoichiometric coefficient
H = the enthalpy of species i in keal/mole at standard conditions of
25°C and 1 atm pressure

For the general reaction, «AA + bB = ¢C + dD, AH" is equal to the amount
of heat taken up or released when a moles of A and b moles of B, each
in their standard states, are completely converted to ¢ moles of C and d
moles of D, each in their standard states.

Just as we could not determine the absolute value of G, we also cannot
measure H?. As with G we circumvent this problem by assigning H7
value of zero to all elements in their most stable form at 25°C and 1 atm
pressure, In agqueous solution 1 molefliter of the hydrogen ion, HY, in
ideal solution (y = 1) also is assigned an H® value of zero. We can
determine values of enthalpy of species based on these assignments and
call these the enthalpy of formation, AH°. Similarly to the computations
for AG; values, we can compute the AH/ values of various compounds
from the assigned H° values of their component elements. A selection of
these AH/? values is given in Table 3-1.
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Standard enthalpy change values, AH®, forreactions are most commonly
used in water chemistry to determine the effect of temperature on the
position of equilibrium. A useful expression in this regard is due to Van't
Hoff, which states thet

dlnK AH°
dT  BI?

{3-26)

If we assume that, over a limited temperature range, AH® is not a function
of temperature, integration of Eq. 3-26 yields

K, AH°{1 1
Int="m =2 3-27
K. R (TQ T1) &2
or
AH°
InK = - BT + constant (3-28)
or
—AH®
K=¢C exp(*“ﬁ'“) (3-29)

where C' is o constant. Application of the Van't Hoff relationship is
illustrated in the following example.

Example 3-4

A municipal water supply enters a residence at 15°C and is heated to 60°C in
the home water heater. i the water is just saturated with respect to CaCOy,, at
25°C, what will be the condition of the water (i.e., oversaturated or undersaturated)
with respect to CaCOy,, (1) as it enters the residence and (2) as it leaves the water
heater?

Solution

Let us tackle this problem using the equation
CGCO;(S) + Ht = HCO, + Ca?*

as the basis for our solution. We are told that at 25°C the concentrations of Ca®*,
HCO,;~, and H' are such that the system is at equilibrium. First we will calculate
the value of the equilibrium constant using the AGS value for this reaction of
—2.71 keal, which was calculated in Section 3-3, and then determine the value of
the equilibrium constant at 15°C and at 60°C using AH,® values from Table 3-1.
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At 25°C, _
AHS
kedl/mole
CCIC03(5] _288.45
H* . G
Coff, --128.77
HCO.zq -165.18
Tet K at 25°C = K,, then
—ATInK,=-2.71
logK,=1.99
K, = 10+"9

Calculate AH® from Eg. 3.25,
AH® = E {VIAHEE)Droducts - z (VIAH_EI)reactants

i i

AH° = —129.77 — 185.18 —(—288.45 -0}
AH® = 8.5 keal
Let X, = K at 15°C {288°K), (T2 and K, = K at 60°C (333°K), (T). From Eq. 3-27,

InkK, — Ink, = 24 (j——l)

R \T, T,
65 (1 1
_ +1.99 — LI
Ink;+1n10 1.98 x 109 (288 298)
K, = 10+

Similarly, from Eq. 3-27,
InK,~1InK,= AH—_(-}-— _1_)

RATTT,
%5 /1 1
K. +Ilploteer = —°90 f 1
nks +1nl0 1.98x10‘3(333 298)
Ky =10+

At 15°C the equilibrium constant is greater, and at 60°C it is less, than that at
25°C, Thus the term
Q- [Ca?*)[HCO, ]

[H*]
is greater than K at 60°C and less than K at 15°C. The water had « value of @ that
met equilibrium conditions at 25°C and the value of this quantity will not change
as temperature decreases. Therefore, if we may assume that [H'] remains
constant, the water at 15°C contains less Ca?* and HCO, than allowed by
equilibrium, that is, it is undersaturated. By similar reasoning, at 60°C the water
is oversaturated with respect to CaCQy, and CaCQy,, will be deposited within
the heater, Note that these conclusions have some bearing on the life of home
water heaters.
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We see from the example that the equilibrium constant for CaCQOy, +
H* = Ca?* + HCO, at 15°C is approximately 1.5 times larger than at
25°C; at 60°C it is less than § as large as at 25°C. One could have sensed
that K would decrease as the temperature increases from the value of
AH®, which is negative. Since heat is produced as the reaction goes to the
right, raising the temperature tends to drive the reaction to the left, thus
decreasing the equilibrium constant. If we take heat away from the
reaction by lowering the temperature, the equilibrium is shifted to the
right and the equilibrium constant increases. This is an example of the
general situation that for exothermic reactions, an increase in temperature
will shift the equilibrium in the direction of less complete reaction; for
endothermic reactions, an increase in temperature will shift the equilib-
rinm in the direction of more complete reaction.
The AH° values for a series of consecutive reactions can be added, just
as were AG° values, to yield an overall AH® value for the overall reaction.

Example 3-5

Find the standard enthalpy of formation, AH® for H50,,, given the following
reactions:

AH® {kcal)
Lo S + Opa 7 50y ~70.98
2. SOQ(Q) + %Oz - sos(g} _23.5
3. SOM, + HzO(ﬂinSO“() _31.14
4. Hag + 30ze = HO,, —68.32

Solution
Adding reactions (1) through {4) and the AH® values, we obtain
S5 + 20x0 + Hagy = Ho:SOu
where AH® = —70.96 — 23.5 — 31.4 — 68.32 = —193.92 kcal. Applying Eq. 3-25. we

obtain

AH for H,8Oy,, = —193.92kcal

3.5, NONIDEAL BEHAVIOR OF IONS AND MOLECULES IN SOLUTION

In very dilute aqueous solutions, ions behave independently of one
another and it is valid to assume that activity coetficients of ions have

values of unity. However, as the conceniration of ions in solution in-

creases, electrostatic interacti ions k between the ions also increase and the

W
activity of 1QQ§\b§/<:\qxllJegsomewhat 1ess/tf1/c;ri,h\‘1r r measured or analytical

oncentration, Thus, in the equation,
N T T

{it = v [i] (3-30)
PRGN
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the activity coefficient, v, become_as/l/ess than 1 and chemical equilibrium
-is affected. For examplemgeneml reaction,

aB + bB = cC + dD

it becomes necessary to write the equilibrium constant and recction
quotient in the form

{C{D}¢ _ (ye[CDtyolD]*
{AY{B}®  (vdAD*ys[B])"
To calculate activiﬁm m@ﬁs solution, we must

employ the quantity ionic strength, p, which was devised by Lewis and
_Randall® to describe the intensity of the electric field in a solution:

M= %E (Crzfz) (3-32)
i

QorK =

{(3-31)

where
C; = concentration of ionic species, i
Z; = charge of speciesi
i N

e e et et e

Application of this equation is shown in the following two examples.

Example 3-8
Compute the fonic strength of a solution containing the following concentration
of ions:
[Ca®}=10"M, [CO27]=10"°M, MHCO;|=107M
[0 ] =10"*M, Na*]=L02x107°M

Solution
_1({10 4% 22) + {1075 xzz; + [1072 X 12] + [10- 4x22] +[1.02 X107 x 12])
=1.43 x 10—

Example 3-7
Which of the following brines has the greater ionic strength?
1. Brine a: 5800 mg/liter NaCl.
2. Brine b: 3100 mg/liter MgSO,.

Solution

The atomic weights are Na, 23; Cl, 35.5; Mg, 24; S, 32; and Q, 18.
For brine a,

5800 mg/liter
P
Na'] = 55 500 mgimols ~ 0090 M
—y _. 5800 mg/liter
(€] = 53 500 mg/mote ~ 009 M

=4(0.099 x 12 + 0.098 x 12) =0.099 =0.1
* G, N, Lewis and M, Randall, J. Am. Chem. Soc., 43: 1111 {1921},
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For brine b,
3100 mgfliter _
247 — =
[Mg*] 120,000 mg/mole 0.026M
3100 mg/liter
- MM g e
[50.#7] 120,000 mg/mole 0.026 M

= 3(0.026 x 27 + 0.026 x 2%) =0.104 =0.1

They both have virtually the same ionic strength.

Rather than work through laborious calculations of ionic strength for
more complex solutions than those given in the examples, it is usually
precise enough for most purposes in water chemistry to use an approxi-
mation of ionic strength derived from a correlation with specific conduc-
ance or TDS (total dissolved solids). The conductance of a solution is a
measure of the ability of a solution to conduct a current, It is a property
attributable to the ions in solution. Electrical current is transported through
solutions via the movement of iocns, and conductivity increases as ion
conceniration increases. Figure 3-3 is a presentation of data given by Lind*
on the conductance versus ionic strength of various surface and groundwa-
ters. If the conductance of a water sample is known, this figure can be used
to provide a crude estimate of ionic strength.

Langelier presented the approximation,®

k=25 10X TDS (339

for several waters he examined. In this expression TDS is the total
dissolved solids in mg/liter. Russell® derived the following correlation
between ionic strength and conductance for 13 waters of widely varying
composition,

p = 1.8 x 107° X specific conductance (pmho/cm)
This is similar to the expression that can be derived from the data in Fig.
3-3.

Ionic strength appears in each of the various expressions used o
calculate activity coelficients in agueous solutions. The DeBye-Hiickel
theory of interaction of ions in cqueous solution incorporates both the
electrostatic interactions between ions and the thermal motion of the
tons. The basic equation, called the DeBye-Hiickel limiting law, was

* C.I. Lind, U.8. Geological Survey Professional Paper 700 D, 1870, pp. D272-D280.

5 W. F. Langelier, "The Analytical Control of Anti-Corrosion Water Treatment,”
J. Am. Water Works Assoc., 28: 1500 (1936).

& L. L. Russell, "Chemical Aspects of Groundwater Recharge with Wastewaters,”
Ph.D. Thesis, University of Cdlifornia, Berkeley, Dec. 1976.
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Fig. 3-3, Specific conductance as a means of estimating ionic sirength. After
C. I. Lind, U.8. Geological Survey Professional Paper 700D, pp. D272-D280,
1870.

developed for ionic strengths of less than approximately 5 x 1072 and can
be stated as

~logy; = 054212 - {3-34)

e N
An alternative equation, the extended DeBye-Hiickel approximation of
the DeBye-Hickel limiting law, which is applicable for ionic strength of
less than approximately 0.1, is

AZZum
—logyi= W {3-35)
i

where
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A = a constant that relates to the solvent:
) tor water at 25°C, A = 0.508
for water at 15°C, A = 0.50
for water at 0°C, A = 0.488
B = g constant that relates to the solvent:
for water at 25°C, B = 0.328 x 10°
for water at 15°C, B = 0.326 x 10°
for water at 0°C, B = 0.324 x 108
a; = a constunt that relates to the diameter of the hydrated ion: for
monovalent ions, for example, with the exception of H*, this is
usually about 3 to 4 x 10°°

Figure 3-4 shows the variations of uactivity coeificients as « function of
ionic strength for some ions commonly found in water. These curves were
calculated using Eq. 3-35.
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Fig. 3-4. Activity coefficients of agueous ions based on the
extended DeBye-Hiickel equation (Eq. 3-35) and the Gun-
telberg approximation (Eq. 3-36).
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For monovalent ions at 15°C, Eq. 3-35 becomes

0.52;2p12 | 0.522u112
1+(0.326 X 108X 3 x 10-9utz 1 + p'i2

—log vy, = (3-36)

Equation 3-36 is also called the Guntelberg approximation of the
DeBye-Hickel theory and is also commonly used to calculate y for ions
of various charge at temperatures other than 15°C. It is also plotted in
- Fig. 3-4. There have been other extensions of the theory to make it apply
at higher ionic strengths. There is, however, no satisfactory theory that
provides a good estimate of the activily coefficient for ionic strengths of
greater than about 0.5,

Because anions cannot be added to a solution without an equivalent
number of cations {and vice versa), it is impossible to determine experi-
mentally the activity coefficient of a single ion. Therefore, Eqgs. 3-34, 3-35,
and 3-36 cannot be verified directly. However, it is possible to define, and
measure experimentally, a mean activity coeflicient, y.. as,

ve = [y NP2 (3-37)

The DeBye-Hiickel and Gunielberg relationships can be extended to the
mean activity coetficient thus:

~logy. =0.5|2,Z_| ut2 {3-38)
_ 0522 [u”
—logy. = e (3-39)

where Eq. 3-38 is the DeBye-Hiickel limiting law, Eq. 3-39 is the Giintelberg
approximation, and

Z; = charge of the positive ion
Z_ = charge of the negative ion
¥+ = mean of the two activity coefficients

Example 3-8

Find the ratio, at equilibrium, of the molar concentrations of carbonate to
bicarbonate at 25°C in a solution with an ionic strength of 102, Also find the pH.
The equilibrium constant, K, ,. for the reaction

HCO,~ = HY + CO*
is 107193, [H*} = 107'° moles/liter,

Solution

K=1019= {HJT}{COaai} = 'YH*IH:-'—] ‘}'CB;‘-[COaz_]
{BCO;7} Yheoy~ (HCO,7]
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Using the DeBye-Hiickel limiting law,

_lOg Yt = —log 'YHCO;_“: 0'5 %1 2(10 —3} "2=9.D].58
Yh+ = Ynco,- = 0.96
—log yeae- = 0.5 X 22x (10-Hu2
Yoo~ = 0.86
0-103 = (0.96X109(0.88) [CO 2]
{0.96)[HCO; ]

1
iCO ]
{HCO,]

If we had not taken activity coeflicients into account the ratio [CO,2"J/{HCO; 7}
would have been

=0.58

Jg-a = 10°0(CO#]
[HCO,7)

[00327] _ }0—10.3 _

[HCO,]  107% 0.501

Also

pH = ~log {H*} = —log{y.: H*}
= —log{0.96 x 107'%) = 10.02

The theory for predicting the activity coetficients of nonelectrolytes in
agueous solution is not as well developed as for electrolytes. An empirical
equation of the form

logy = kep {3-40)

is generally used to relate activity to ionic strength. The salting-out
coefficient k; must be experimentally determined. Because values of k,
generally fall in the range from 0.01 to 0.15, nonicnic or molecular solutes
have activity coefficients of approximately 1 for ionic strengths of less

than 0.1,
For example, if k; = 0.132 for oxygen in NaCl solution” and g = 0.05,
log v = 0.132 x 0.05 = 0.0066

then
vy = 1.02

As the ionic strength increases, for example, in seawater ionic strength
is approximately 0.7, Eq. 3-40 predicts that the activity coefficient of
oxygen will be

logy = 0.132 x 0.7 = 0,0924
vy=1.24

? M. Randalil and C, F, Failey, Chem. Rev,, 4: 285 (1927).
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The «ctivity coefficient is greater than one. We can visualize that this
is indeed possible if we think of the condition of the water in seawater.
Because there is so much salt present, there will be a significant quantity
of the H;O present as water of hydration associated with the ions present
in the seawater. Oxygen dissolves less well in water which is bonded to
ions so that a given total volume of water will dissolve a smaller
concentration of oxygen at equilibrium if # contains much salt. If the
oxygen dissolved in the seawater is in equilibrium with the atmosphere,

Y/ the activity of oxygen in the water is controlled only by the partial
pressure of oxygen in the atmosphere. It is not a function of salt content
of the water. Therefore, if the dissolved oxygen activity is constant while
the dissolved oxygen concentration decreuses as the salt concentration
increases, we see from the equation, {i} = v;lil, that ¥ must be greater
than 1, This phenomenon is illustrated by Example 3-9. The effect of
decreasing the solubility of molecular species, such os dissolved oxygen,
by increasing salt concentration is known as the “salting-out effect.”

Example 3-9

Given that the equilibrium constant, Henry's constant, K, for the reaction
02(9) = O2(aq)

is 1.29 x 1072 at 25°C and assuming a salting-out coetficient, k., of 0.132, determine
the molar dissclved oxygen activity and concentration at 25°C for (1} distilled
water, (2) the Sacramento River water (specific conductivity = 450 pmho), and for
(3) Pacific Qcean water {ionic strength = 0.7},

Solution

Dissolved oxygen in distilled water:
Since p = 0, {Opae} = [Ozag]. Knowing B, we can calculate [Oy,q] from the
equilibrium constant,

g =Lk _j 99102

Oz

In dry air the volume fraction of oxygen is 0.21. At 25°C the vapor pressure of
water is 23.8 mm Hg. Given that X, is the volume fraction of O, in dry air,

atmospheric pressure {mmHg) — vapor pressure (mmHg)
Po, = 760 Xo

(760 - 23.8 B
= (———780 ) (0.21) =0.203

[Osagy] = {0z} = 1.29 x 102 x 0,203
= 2.62 X 107* M (or B.4 mg/liter)

The ionic strength estimate for Sacramento River water:
From Fig. 3-3 for a specific conductance of 460 pmho, g = 0.007.



82 Chemical Equilibrium

Let us assume that the partial pressure of oxygen is the same over the Pacific
Ccean as it is over the Sacramento River {a reasonable assumption), Because of
this the dissolved oxygen cctivity will be the same in both solutions.

For Sacramento River water,

u = 0.007 and k. =0.132
log v = 0.132 x 0.007
v = 1.002
For Pacific Ocean water,

n =07 and k. =0.132
logy =0.7 x 0.132

y =124
Now since
K = {Ozaq} - YOzl
0, Pc»2
For Sacramento River water,
2.62 x 1074 _
[O2<aq)] - 1.002 = 2.62 X 10 4M
= 8.4 myg/liter
For Pacific Ocean water,
2.62 x 104
{Oﬂaq)} = 1‘2_4 =211 x 10~*M

= §.75 mgfliter

For both waters the activity of oxygen is the same at 2.62 x 107 M or 8.4 mg/liter.
It is significant to note that a dissolved oxygen test conducted on the two wat-
ers using the wet chemical method (Winkler method) will produce a result of
8.4 mg/liter for the river water and 6.75 mgfliter for the ocean water. The same
analysis conducted using @ membrane-covered, specific oxygen electrode will
produce an identical reading in both sclutions bectuse it responds to activity
rather than concentration. We might ask how a fish feels with respect to the
dissolved oxygen content of these two waters. Dces it care about dissolved oxygen
activity or dissolved oxygen conceniration? We leave the reader to ponder this
question.

3.6. PROBLEMS

I. The heat of combusion of a substance is defined as the enthalpy change that
occcurs when 1 mole of a substance reacts with elemental oxygen to form
liquid water and gaseous CO,. Determine the heat available from the
combustion of methane, CHy,, at 25°C and a constant pressure, Express the
answer in terms of keal/mole and keallg.

2. Calculate the standard enthalpy of formation, AH., for COy, using the
following information:

Cis) + Qugy = COxy AH® = ~84.0 kcal
CO + 404 = CO4yy AH° = —67.6 keal
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An.average man produces about 2500 kcal of heat a day through metabolic
activity. I a man had a mass of 70 kg with the heat capacity of water (1 cal/
g-°C), what would be the temperature rise in a day if no heat were lost? Man
is actually an open system, and the main mechanism of heat loss is the
evaporation of water, How much water would he need to evaporate in a day
to maintain constant temperature? {(AH® for vaporization at 37°C is 575 cal/g.)

An important reaction in muscular activity is the oxidation of lactic to pyruvic
acid. Calculate AH® for the reaction given that the AH® of combustion (see
Problem 1) is ~279 keal/mole for pyruvic acid and —3826 keal/mole for lactic
acid (lactic acid = CH,CHOHCOOH; pyruvic acid = CH,;COCOOH),

Calculate the amount of energy available (that is, AG®) for all maintenance
and synthesis of new bacterial cells when 1 mole of acetate ion undergoes
aerobic oxidation by bacteria, The reaction can be represented as follows:

CH;COO™ + 20,9 = HCO;™ + COuuq +H:0 (4
The bacteria function as a catalyst in the reaction but do net alter the amount
of energy that can be obtained from the reaction.

Note: Not all of the available energy is used for synthesis and maintenance,
There is a certain amount of inefficiency involved.

Ammonia, NH;, is a base and will readily accept a proton in accordance
with the following reaction

NHyaqm +H.0 =NH,* + OH~
{a) Calculate the equilibrium constant, K, for this reaction at 25°C.
(b) If, at some time, pH = 8.0, [NH;} = 107* M, and [NH,*] = 107% M, is the
reaction at equilibrium? If not, in which direction is the reaction going?
Assuming that the reaction
H* +NO,;  =HNO,,,

is at equilibrium in agqueous solution, what percent of Cryg, (where
Cr o, =(NO5T] + [HNO;)) is present as HNO; at pH = 1? (Use standard free
energy tables to make your calculations and assume that all activity
coefficients have a value of 1.0.)

Mg{CH)., is precipitated according to the following reaction
Mg+ + 20H" = Mg(OH} s,
How much Mg?*, moles/liter, is present in solution at eguilibrium when the

pH is 10.0? (Neglect ionic strength effects.)

(a) Find the equilibrium constant, X,,, at 25 and 40°C for the following
reaction,

H,O = H' + OH~

{b) Is the reaction excothermic or endothermic?
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10.

137

12.

13.

Chemical Equilibrium

Cadlculate
(a} Henry's constant, Ky, for H,;S. Note that Ky = K for the reaction,

stlgl = sttaq)

(b) The partial pressure of H,S,, overlying the water if the total soluble
sulfide concentration, Crs = [HoSiue} + {HS"] + [8%], is 1 X 107 M and
the solution pH is 8.5. Assume that the gas is in equilibrium with the
water. (K, = 1077 and K,, = 107" for H,S where K, is the equilibrium
constant for HyS,,, == HS~ + H' and K, is the equilibrium constant for
HS™ = 8% + H*)

§

The reaction of divalent manganese with O, in aqueous solutions is given
as lollows:

Mn?** + %Oﬂaq] -+ HEO = MnOZ(S) + 2H*

i

Delfino and Lee {Environ. Sci. and Technol., December 1968) found that a
lake water sample devoid of oxygen, pH = 8.5, originally contained 0.6 mg/
liter of Mn*", The sample was aerated (atmospheric conditions) and after 10
days of saturation with atmospheric O, the Mn?* concentration was 0.4 mg/
liter.

(e} Assuming that the pH remains constant during aeration, will the precip-

itate continue to form after the measurement on the tenth day?
(b) What should the Mn?* concentration be at equilibrium?

The following quantities of salts were added to a volume of water to make
1 liter of solution:

I % 1072moles NaCl
2 x 10 2 moles CaCl,
2 % 10-%moles BaCl,

(z) What is the lonic strength of the solution?
{b) A small amount of phosphate salt is added to the same solution with
negligible change in ionic strength. Given K = 10772 for the reaction

PO, = HY + HPO,

Calculate [H*J[HPOA}/[HPO,], called K, using the Glintelberg ap-
proximation of the DeBye-Huckel law.

(¢} Cdlculate the “salting-out” coefficient, k,, for a nonelectrolyte in the same
solution if its activity 1s 107* M and iis concentration is 9.5 x 1074 M.

Permanganate, MnO,~, decomposes in o solution that is in equilibrium with
the atmosphere in accordance with the following reaction,

4Mn04_ + 4H* = 4Mn02(5) + ZHQO + 302(9)

The equilibrium constant for this reaction is 10°%.

{a) H [MnO,] = 100" M and pH = 7, is the reaction at equilibrium or
proceading to the right or the left?

{b) If the reaction is not at equilibrium for the conditions in part {a), calculate
the pH at which the reaction will be at equilibrium if [MnO,7] = 107" M,
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At 25°C, aqueous solutions of CO,,,,, NaHCO;, and HCl are mixzed instan-
taneously so that the concentrations of COyyyy, HCO;™, and HY are each 107°
M initially. In what direction does the following reaction proceed initially?

COypq + HO = HCO,; + HY; K =103

In order to cut costs at the lime sooftening plant, the operator decides to
recalcinate the calcium carbonate sludge according to the reaction

CCICOg(s) - CC[O(S) + Coi(g)

The decision is made to store the sludge in a container open to the atmosphere
prior to recaleination. Knowing that Peo,=107%° aim, will any of the CaCOyjy
decompose according to the given reaction?

The reaction
02(9} = Oz(aq)

has an equilibrium constant, K (= Ky, Henry's constant) = 1.29 x 1073 at 25°C

and AH® = —3.9 keal.

(a) Calculate the free energy of {formation and the enthalpy of formation for
the reactant and the product and compare to the values listed in Table
3-1,

{b) Calculate the equilibrium constant at 50°C,

{c} Given that the vapor pressure is as follows:

Temperature, Vapor Pressure,
°C mm Hg
25 23.8
a0 92.5
100 760

and that dry air is 21 percent O, by volume, calculate the equilibrium
concentration of O, in water at 25, 50, and 100°, for atmospheric pressure.

{d) Given that 9.5 mg Oy/liter is found in sclution at 25°C, is the reaction at
equilibrium? Why?

3.7. ADDITIONAL READING

Lowis, G. N., and M. Randdall, Thermodynamics, revised by K. S. Pitzer and L.
Brewer, Znd ed., McGraw-Hill, 1861.

Mooré, W. 1., Physical Chemistry, 4th ed., Prentice-Hall, Englewood Cliffs, N.I.,
1972,
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ACID-BASE
CHEMISTRY ,

4.I. INTRODUCTION

A thorough examination of acid-base chemistry is important in the
study of aqueous chemistry. It is essential for understanding the carbonate
system that has an important influence on the pH of natural waters and
may govern the solubility of certain metal ions. Many precipitation-
dissolution, oxidation-reduction, and complexation reactions involve
acid-base reactions, The concentrations of metal ions in water are
governed to a great extent by acid-buse phenomena. Thus the concentra-
tion of hydroxide ion may determine the concentration of many metal
ions. Some metal ions behave as acids, for example, ferric ion has an
acid strength comparable to phosphoric acid and much of its chemistry
is governed by its acidic properties. In water treatment, the dosages of
chemicals required to reduce hardness (calcium and magnesium) are
partially governed by the acid.-base properties of the solution being
treated.

In this chapter we will consider in detail acid-base reactions using
relevant examples from water treatment processes and natural water
chemistry to illustrate the various principles. Special attention will be
given to techniques for caleculating the composition of solutions of acids
and bases. The chapters that follow and deal with precipitation, coordi-
nation chemistry, and oxidation-reduction chemistry will make use of
many of the principles developed in this chapter.

4.2, DEFINITION OF TERMS

The most commonly used definitions of an acid and a base are those
of Bronsted and Lowry. These definitions state that an acid is a substance
which can donate a hydrogen ion, HY, or a proton as it is commonly
called, and that a base is a substance which can accept a proton. In the
general reaction, '

B~ + HA = HB + A~

hase, acid;, «acid, buase,

(4-1)

a proton is transferred from HA to the anion B~, The substance HA is an
acid beccuse it can donate a proton; the substance B~ is a base because



Delinition of Terms 87

it can accept the proton. Note that the recction is reversible so that a new
_acid, HB, and a new base, A™, are formed as'the reaction proceeds to the
right. In this reaction, HA, the proton donor, and A~, the base that forms
when the proton is given up, are called an acid-conjugate base pair.
Similarly, HB and B~ are an acid-conjugate base pair.,

Water can be both an acid and a base. For example, in the following
reaction,

HCI + H,O =& H,Ot + CI-

acid, base, acid, base,

(4-2)

water is a base because it accepts a proton from HCL In the reaction
. between the carbonate ion and water,

CO2~ + H,O = OH- + HCO,

base, acid, base, acid,

(4-3)

the water molecule donates « proton to the carbonate ion and is therefore
an acid, Substances that can function as both an acid and a base, such
as HCO;~ and H,O, are called ampholytes; they are amphoteric,

In aqueous solution the proton is bonded quite sirongly to a water
molecule so that it is more correct to use the symbol H;O%, the hydrated
proton or hydronium ion, rather than HY to represent it in equations.
Furthermore, there is good evidence that at least three additional water
molecules are somewhat more loosely attached to the hydrated proton so
that another representation of the proton in water would be H,O,*
H*-4H,O. The hydroxyl ion, OH~, also is hydrated, having three water
molecules bonded to it, that is, H,O,~, or OH~-3H,0. It is common to use
H* as a shorthand notation for H,O* or H{O Y, and OH- to represent H,O,~,
although the formula Hi;OF often is used to emphasize that acid-base
reactions are proton exchange reactions. Because of its amphoteric
properties water undergoes auto-ionization thus,

H,O=H"+ OH~ (4-4)
The equilibrium constant for this reaction is
{H*}{OH"}
{H0}

But because {H,0O} = 1 in dilute sclution (see Section 3-3), by neglecting
ionic strength efiecis we can write

K = [H*)[OH"] =K,

K:

The autc-ionization reaction can be written also as
H,O + H,O=H, 0%+ QOH" {4-5)

with the resulting equilibrium constant,
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_{H,O0"}{OH"}
- {BO0F

or when {H,O} = | and neglecting ionic strength effects,
K = [H,O*][OH"] =K,

We can derive the value of the equilibrium constant, K. for these
reactions from free energy calculations. In doing this, we should recall
that the free energy of the proton is zero. The free energy of the hydrated
proton is the free energy of the proton, zero, plus the free energy of the
water molecules bonded to it. Similarly, the free energy of the hydrated
hydroxy!l ion is the free energy of OH™ plus the free energy of the water
molecules hydrating it. In Example 3-1, a AG® of +18.08 kcal was
calculated for Eq. 4-4, and making the same calculation for Eq. 4-5, using
AGP values from Table 3-1 yields the identical value for AG®.

K

AG® = AG3yor + AGEou- — 28G54 0
AG® = —56.69 + (—37.80) — 2(—56.69) = +19.09 keal

Thus using the shorthand notation of Ht for H;OF and omitting water
molecules from both sides of Egs. 4-5 does not affect the free energy
change for the reaction, As shown in Example 3-1, K = 1 x 107" at 25°C
when AG® = +19.08 keal.

In this text we will follow common practice and use H¥ and OH™ to
represent the hydrated proton and hydroxyl ion, respectively. On occasion
we will use H;O' to emphasize that acid-base reactions are truly proton
exchange reactions.

The equilibrium constant, K,, for an acid refers to the reaction in which
an acid donaies a proton to a water molecule {e.g., Eq. 4-2). The equilibrium
constant, K, refers to the reaction in which o base accepis a proion from
a water molecule {e.g., Eq. 4-3). Large values of K, indicate that the acid
has a strong tendency to donate a proton to water, i.e., it is a strong acid.
Large values of K, indicate that o substance has a strong tendency to
accept a proton from water, i.e., it is a strong base. Conversely, small
values of K, and K, denote weak acids and bases, respectively.

Table 4-1 is a listing of some K, and K, values of relevance to water
chemistry. The acids are listed in the order of decreasing strength while
the bases are in the order of increasing strength. The dividing line
between what the chemist refers to as a strong acid and a weak acid lies
somewhere in the region of iodic acid {pK. = 0.8). Thus, of the acids
listed, perchlorie, hydrochloric, nitric, and H;O' would be classified as
strong acids while the remainder of the list are weak acids, Strong acids
tend toward complete dissociation while weak acids are incompletely
ionized. For acids with pK, values near the dividing line, dissociation is
incomplete for high concentrations but tends toward completion for low

(4-6)
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concentrations. This effect is known as the leveling effect of the solvent,
water, and is dependent upon the relative affinities of the conjugate base
and H,O for the proton. Similarly, the dividing line between strong and
weak bases is in the neighborhood of dihydrogen silicate, (pK, = 1.4),
Thus, of the bases listed, sulfide, hydroxide, amide, and oxide are sirong
buses whereas the remaining eniries are weak bases. As illustrated in
Table 4-1, the conjugale base of a strong acid is a weak base (small X,)
and the conjugate base of a wecak acid is a strong base (large K,).

An important relationship exists between the K, value of an acid and
the K, value for its conjugate base. Using hydrocyanic acid, HCN, and
the cyanide ion, CN™, as an example of an acid-conjugate base pair, we
can write equations for the donation of a proien to water by HCN and for
the acceptance of a proton from water by CN™,

_ {HCN}{OH"}

1. CN- + H,O=HCN + OH~; Ky=-—rrr—

base 2 conjugate o {CN_} {Hzo}

acid
{HO*}H{CN"}
2. HCN + H,O = H,0O" + CN—; Ki=—1 77
acid : ® conjugate {HCN} {HZO}
base

By adding (1) and (2}, we obtain the overall equation,

2H,0 = H,0* + OH~; K=K.K; 4-7)
€ =K.k = YO HCN-HHCNHOH} _ {H,O"}{OH"}
7f T {HCN}HH,O}HCN-}{H,0}  {H0}?

Because {H.O} = 1,
KK, = {H;O*}{OH} =K, (4-8)

where K,, is the equilibrium constant for ionization of water., Equation 4-
8 enables us to calculate K, for the conjugate base of an acid if K, is
known, or conversely, K, for an acid # K, for the conjugate base is known.
The K, equation, which describes the dissociation of water, forms the
basis for the definition of the pH scale. At 25°C, K, = 1.0 x 10" =
{H*}{OH"}. Using the notation pX to signify —log X, we can write

pH + pOH = pK,, = 14

where
pH = —log {H*}
pOH = —log {OH"}
pK, = —log K,

When ionic sirength effects are negligible,

pH = —log [H*]
pOH = —log [CH"]
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TABLE 4-1 Acidity and Basicity Constants for Substances in Aqueous Solution at 25°C
—log K, -log K,
Acid = pK, Conjugate Base = pK,
HCIO, Perchloric acid -7 ClO,~ Perchlorate ion 21
HCI Hydrochloric acid ~=3 Cl- Chloride ion 17
H,S0, Sulfuric acid ~-3 HSO,” Bisulfate ion 17
HNO, Nitrie acid -0 NO;~ Nitrate ion 14
H,O* Hydronium ion 0 H,O Werter 14
HIO, Iedic acid 0.8 04~ lIodate ion 13.2
HSO,~ Bisulfate ion 2 S04 Suliate ion 12
H,PO, Phosphoric acid 2.1 HPO,~ Dihydrogen phosphate ion 11.9
Fe(H.O) Fermric ion 2.2 Fe(H,O),0H* Hydroxo iron(lll) complex 11.8
Hr Hydrofluoric acid 3.2 F- Fluoride ion 10.8
HNO, Nitrous acid 4.5 NO,~ Nitrite jon - 9.5
CH,COOH  Acetic acid 4.7 CH,COO~ Acetate ion 8.3
AlH,O)* Aluminum ion 4.9 AlH,0),0H Hydroxe aluminum(IIN) 9.1

complex
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H.COy”

Hgs
H.PO,~

HOC!
HCN
H.BO,

H,Si0,
CH,OH
HCO,
HPOZ
H,Si0,~
H5-
1,0

OH-

Carbon dioxide and
carbonic acid

Hydrogen sulfide

Dihydrogen phosphate

Hypochlorous acid
Hydrocyemic acid
Boric aeid
Ammonium ion
Orthosilicic acid
Phenol

Bicarbonate ion
Monohydrogen phosphate
Trihydrogen silicate
Bisulfide ion

Water

Ammonia
Hydroxide ion

6.3

7.1
7.2

7.5
9.3
9.3
9.3
8.5
8.9
10.3
12.3
12.6
14
14
~23
~24

Bicarbonate ion

Bisulfide ion

Monohydrogen phosphate
ion

Hypochlorite ion

Cyanide ion

Borate ion

Ammonia

Trihydrogen silicate ion

Phenolate ion

Carbonate ion

Phosphate ion

Dihydrogen silicate ion

Sulfide ion

Hydroxide ion

Amide ion

Oxide ion

7.7

6.9 .
6.8

6.4
4.7
4.7
4.7
4.5
4.1
3.7
1.7
1.4

-9
~10
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When {H*} = {OH"}, or [H*] = {OH"], pH = pOH and pH = pK,,/2 = 7. In
an agueous solution where [H*} = [OH], the solution is said to be neutral.
At 25°C, neutrality is aftained at pH = 7. Values of pH below 7 signify that
[H*] > [OH"], and the solution is said to be acidic. Conversely, pH values
above 7 indicate that [OH~] > [H*] and the solution is said to be basic or
alkaline. It is important to realize, however, that pH 7 only represents
neutrality at 25°C because the pH scale has its origin in the K, equation
and K, is a function of temperature.

For example, the reaction H,O == H' + OH™ has an enthalpy of reaction
{from Table 3-1),

AHO = A§2H+ + AMH_?'QH- - Aﬁ—?,HzO
AH® = 0 + (—54.96) ~ (—68.32)
AH°® = +13.36 kcal

Using the Van't Hoff relationship, Eq. 3-27, we can calculate K, at 50°C
as follows,

e S (L 1)
B Rwe0® = MBwas® T "p |\ 298~ 323
1336 /(1 1
=1 . ) L e | — . ——
2(1.0x 107 1.987x10‘3(298 323)

Ko = 5.73 X 1071

Thus, at 50°C, neutrality is at pH = —log (K.,s50.)"? = 6.62. Table 4.2 is a
tabulation of K, as a function of temperature and of the corresponding pH
values of a neutral solution.

As previously indicated, the equilibrium constant, K., of an acid gives
an indication of its strength. It is, however, quite helpful to think of acid
strength in terms of the standard free energy change of the reaction in
which 1 mole of protons is tramsferred from the acid to water. For example,
for nitric acid, using values given in Table 3-1,

HNO, + H,0 = H,0* + NO;~
AG® = Aa?,uoa— + Aa?,ﬂgm - AE?,HNO;,““ Aacf’,Hzo

AG® = —28.43 —56.69 — (—26.41) — {—56.69)
AG® = —0,02 kedal

Thus, under standard conditions, 0.02 keal of free energy are released for
each mole of protons transferred from nitric acid to water. Because this
proton transfer enables the system to atiain a lower free energy, the
reaction tends to proceed readily in the direction written and accord-
ingly nitric acid is a very strong acid. From the relationship, AG® =
—2.3RT log K
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TABLE 4-2 Ion Product of Water

pH of @ "neutral” solution

°C K. PK ({H*} = {OH"})
0 0.12 x 107 - 14.93 7.47

15 0.45 x 107 14,35 7.18

20 0.68 x 1074 14.17 7.08

25 1.0 x 107 14.00 7.00

30 1.47 x 107 13.83 6.92

40 2.95 x 107 13.53 6.76

Source. H. S. Harned and B, B, Owen, The Physical Chemistry of Elecirolyte
. Solutions, 3rd ed,, Reinhold, New York, 1958.

—0.02
logK = = 1.47 x 10-2; —1.
09K = 198 % 10 ° x 298 K=1.03

By comparison the free energy change for dissociation of the hisulfide
ion,

HS- + H,0 = H,0* + 8*

is + 19.1 kecal, a large positive number; accordingly, there is little tend-
ency for this reaction to proceed as written and bisulfide is a weak acid

K, = 10-1+9),

4.3, BRATE OF REACTION

Acid-base reactions in aqueous solutions generally proceed extremely
rapidly.' The reaction,

kq
Ht + OH- = H,0 . 49
k.

with k; = 1.4 x 10" liter/mole, sec. and k; = 2.5 X 10~%/sec. at 25°C,? has
the fustest reaction rate known in aqueous solution. Reuction rates of this
magnitude are consistent with a diffuston-controlled reaction in which
the ions diffuse to the point of contact and then react instantaneously.
The H* and OH" ions have exceptionally high mobilities.

Since the reaction in Eq. (4-9) is elementary, we can write

Forward rate = k, [H*]JOH™] (4-10)
Reverse rate = k, [H,O] {(4-11)

' For an exception see the discussion of the reaction H,COj = H* + HCO;  in
Section 4-13, .

2 D. Benson, Mechanisms of Inorganic Reactions in Solutfion: An Iniroduction,
McGraw-Hill, London, 1968.
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At equilibrium, forward rate = reverse rate; therefore,

[HT[OH ] k, = k. [H,O] (4-12)
or

ko[HO] _

i [H*][OH™] (mole?liter?) (4-13)

Substituting for k, and k, and using 55.5 moles/liter as the concentration
of water,® we obtain the concentration product of water,

2,5 x 10~%/sec)}55.5 mole/liter)
1.4 x 107" liter/mole, sec.

=0.99 x 107 ™= [0~

When ionic strength effects are negligible the concentration product
equals K,,.

The rate of reaction of H with bases other than OH™ also is extremely
rapid, although not quite as fast as its reaction rate with QH™, since other
bases diffuse more slowly.,

The rate at which acids dissociate or give up a proton is @ function of
the affinity of the acid for the proton., Weak acids, with a high aifinity for
protons, dissociate relatively slowly. SBimilarly, weak bases have slower
recaction rates than strong bases. Even though the reaction rates of weak
acids and bases are slower, they can be considered essentially instan-
taneous as is shown by the following example for the weak acid H.S,
pK. = 7.L

Example 4-1
The dissccigtion of H,S is given by
ky
H,S=H* +HS~
k,

where k, = 4.3 x 10° sec™.* Assuming that the reaction is irreversible, how long
will it take for 50 percent of the H,S to dissociate?

Solution
The 1ate law

d[HS] _ _
T2 k(8]

3} is necessary to use 55.5 moles/liter here because in the rate law, the
concentration of water in moles/liter has been used whereas in the equilibrium
constant, K, we use the mole fraction for the concentration of water. ’

4 D. Benson, Mechanisms of Inorganic Reactions in Aqueous Solution: An Intro-
duction, McGraw-Hill, London, 1868.
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can be integrated between time = 0 and time = ¢ {o give

BSL_

In =
[H.S],

where

[H,S]s = concentrationat t =0, and '
[H,S]; = concentrationat t =t¢,

Thus

In}
~4.3 x 1043

From this value we would expect the dissociation of H;S into HS~ and H* to be at
equilibrium in a well-mixed solution only ¢ fraction of a second after it is added,
If H,S were bubbled into a solution, the rate at which HS~ would be produced
would be controlled by the efficiency of the mixing dsvice, even for the most
efficient mixing system.

=f{=18x 10"*sec

4.4. EQUILIBRIUM CALCULATIONS—A GENERAL APPROACH

Because acid-base reactions in solution generally are so rapid, we can
concern ourselves primarily with the determination of species concentra-
tions at equilibrium. Usucally, we desire to know [H*], [OH"), and the
concentiration of the acid and its conjugate base that result when an acid
or @ base is added to water. As we shall see later in this text, acid-base
equilibrium calculations are of central importance in the chemistry of
natural waters and in water and wastewater treatment processes, The
purpose of this section is to develop a general approach to the solution
of acid-base equilibrium problems and to apply this approach to a variety
of situations involving strong and weak acids and hases,

Let us consider first the equations that describe a selution which results
when an acid, HA, or a salt of its conjugate base, MA (where M is a
cation) is added to water.

4.4.1. Mass Balances

In acid-base reactions the reacting species are conserved. When HA is
added to water, the acid ionizes partially or completely,

HA + H,0 = A~ + H,O*

Let us assume that the system is homogeneous and closed (i.e., no species
containing A can enter from, or leave to, the aimosphere, and that
precipitation or dissolution of such species cannot occur). A mass balance

on all species containing A gives
Cra= HA +IAT] (4-14)

where C; , is the number of moles of ""species containing A" per liter and
B e e C U B
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is equal to the analytical concentration of HA or the number of moles of
HA added per liter. [HA] and [A~] are the molar concentrations of the acid
and conjugate base in solution at equilibrium.

When C moles of the salt MA are added per liter, it dissocicates

MA = M* + A~
and the base, A™, reacts with water,
A"+ H,O=HA + OH-

A mass balance on M gives,®

C =Crp = [M*] + [MA] (4-15)
e e b e S
or, given that MA dissociates completely,
Crm = [M']

L s

where Cr y is the number of moles of M per liter. A mass balance on A
yields

Cy = [HA] + [A) 4.16)
where QT,- = C, ;
WhenM/}-‘;\a\r{dHéxboth are added to a solution,
Cra = [HA] + [A7] (4-17)
where C\T_ a = —ilEEJOf\‘E}}?v fn?le?_ E)fIEA c;nd MA added per hter of so}‘f}lﬂ‘

4,4.2. Equilibrium Relationships

The second group of equations we need to consider describe equilibrium
relationships. For the example of HA added to pure water the following
equilibria are pertinent. In aqueous solution, neglecting ionic strength
effects, we obtain for the dissociation of water,

K, =[H{OH"] = 107" at 25°C (4-18)
The dissociation of HA is described by
(HH{A]
Ka="—r (4-19)
[HA]

The same eguations are valid if the salt MA is added to solution, The
basicity constant,

[HAJ[OH]

K,=
{A7]

(4-20)

5 This mass balance assumes that M* does not form complexes with A~ or other
solutes—an assumption that is legitimate for the alkali metals but may not be
valid for alkali earth and fransition metals (see Chapter 5).
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could be used in place of Eq, 4-19. Since K, = K ,K,, Eqs. 4-13 and 4.-20
cannot both be used because they are not independent.

4.4.3. The Proton Condition

The proton condition is a special type of mass balance equation on
protons. It is un essential component of equilibrium problem solving if
either H* or OH™ are involved in the equilibria. [t is used in this section
only to solve problems related to solutions made up in the laboratory. In
later sections and chapters it is used to solve natural water problems,

The proton mass balance is established with reference to a "zero level”
or a "reference level” for protons (the proton reference level, PRL). The
species having protons in excess of the PRL are equated with the species
having less protons than the PRL. The PRL is established as the species
with which the solution was prepared.

fxample 4-2

Determine the proton condition when HA is added to water.

Solution

The species present are H;O*, H,O, OH-, HA, and A~. All species are involved
in regctions with HY or OH,

PRL = HA, H,0O,

Species with protons > PRL = H,0t,

Species with protons << PRL = OH, A,

Proton Condition

(H,O*} = {OH"] + [A7]

Note that HA and H,O, the species at the PRL do not appear in the proton
condition.

Example 4-3

Determine the proton condition when the sglt MA is added to water.

Solution

The species present are H,O', H,O, OH", M*, A-, and HA. The species that
involve reqctions with H* or OH™ are H,O%, H,O, OH~, A~, and HA.

PRL = H,O and MA (or, equivalently, A~, since M* completely dissociates from
A~ and does not affect the proton condition).

Species with protons > PRL = HA, H,0',

Species with protons < PRL = OH~.

Proton Condition
{HA] + [H,CG*] = [OH"]
Again the species at the PRL, A™, and H,O, do not appear in the proton condition.
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Example 4.4

State the proton condition for a solution of phosphoric acid, H;PQ,, in pure
water.

Solution

The species present are H;OF, H,O, OH", H,PO,, H,PO,~, HPO,2", and PO2".
PRL = H,PO,, H,O,

Species with protons > PRL = H,0O%,

Species with protons < PRL = OH~, H,PO,~, HPO,2", and PO

Proton Condition

[H,0%] = [OH) + {H,PO,} + 2[HPOZ] + 3[PO]

Note that the concentration of [HPO"} is counted twice because it has two less
protons per molecule than the PRL, Similarly, [PO,%] is counted three times, since
PO,*" has three less protons per molecule than the PRL.

Example 4.5

State the proton condition for scdium bicarbonate, NaHCO,, added to water.

Solution

The species present are Ht, H;O, OH-, Na*, H,CO;, HCO;, and CO,*".
PRL = HCO,~, H,0O,

Species with protons > PRL
Species with protons < PRL

H*, H,CO;s,
OH~, CO;*,

Proton Condition
[HY] + [H,CQ3) = [OHT] + [CO*]

A proton or hydroxyl mass balance also may be used to arrive at the
proton condition.® This approach can be applied to the more complicated
situation that arises when both MA and HA are added to.the same
solution. However, these more-complicated situations are more readily
solved by obtaining the proton condition from a combination of the charge
balance and the mass halance, as is shown in Section 4-4-4,

4.4.4. The Charge Balance or Electronsutrality Equation

The basis of the charge balance is that all solutions must be electrically
neutral. Jons of one charge cannot be added to, formed in, or removed
from a solution without the addition, formation, or removal, of an equal
number of ions of the opposite charge. In a solution the total number of
positive charges must equal the total number of negative charges,

8 The details of this epproach are given in J. N, Butler, lonic Equilibrium, A
Mathematical Approach, Addison-Wesley, Reading, Mass., 1984,
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Examp'le 4-6
Determine the charge balance when HA is added to water.

Solution .
The species present are HA, A~, H,O, OH", and H*.
Total positive charges = [HY],
Total negative charges = [OH™] + [A7].
Charge Balance
Total positive charges = total negative charges
or '

fH*] = [OHT] + [A7]

Example 4-7

Determine the charge balance when MA is added to water.

Solution

The species present are M*, A~, HA, H*, OH-, and H,O,
Total positive charges = [M*] + [H'],
Total negative charges = [OH) + [A7].

Charge Balance
{M*] + [H*} = [OH7] + [A7]

Example 4-8

Write a charge balance statement for Na,HPO, dissolved in water.

Solution
The species present are, Na*, HY, OH-, H,0, H,POQ,, H,PO,~, HPO22", and PO
Total positive charges = [Na*] + [H*],
Total negative charges = [OH"] + [H,PO,”] + 2[HPO.2"] + 3[PO].

Charge Balance
[Nat] + [H*] = [OH7] + [H,PO,7] + 2[HPO] + 3{POS]

Note that the molar concentration of HPQ,2~ is multiplied by two and the molar
concentration of PO,* is multiplied by three in the charge balance, since HPO2~
carries two negative charges per molecule while PO,*" carries three negative
charges per molecule,

Besides being essential to the solution of equilibrium problems, the
charge balance equation has significant practical application in the
analysis of waters. Since all waters must be electrically neutral, we can
deduce that a complete water analysis must produce a result in which
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the total number of positive charges = the total number of negative
charges. An acceptable water analysis will have this equation agreeing
to within +5 percent for wastewater or seawater analyses and = 2 percent
for water analyses. Larger devigtions than this indicate either errors in
analysis or an overlooked species,

Example 4-9

An analysis of water from Well No. 9 6f the Manhattan Beach, California, Water
Co. showed: pH = 7.8, silica = 19 mg SiOy/liter, calcium = 65 mg Ca?*/liter (162.5
mg as CaCO,fliter), magnesium = 18.2 mg Mg?t/liter (756 mg as CaCO,fliter),
sodium = 76 mg Nat/liter, bicarbonate = 286.7 mg HCO,; /liter, sulfate = 28 mg
50,2 liter, and chloride = 98 mg Cl-/liter, Is the water analysis satisfactory from
the point of view of analytical accuracy?

Solution

Arrange anions and cations in seporaie columns as in Table 4-3. Compute
millimoles/liter {mmoles/liter) of individual anions and cations by dividing the
concentrations by the appropriate molecular weight. Then multiply by the
chargefion to obtain mmoles of charge unitsfliter, also called the milliequiv-
alentsfliter {megyliter) of charge units, Sum the medq/liter of positive and negative
charges and compare sums for agreement.

The analyses check with excellent accuracy. Note that Si0, does not enter into
the computation, since it is not charged at pH = 7.8 (the pH of the water sample),
and that H* and OH- are negligible.

The charge balance and mass balance equations can be combined to
give the proton condition. For complex solutions this is generally the best
way to determine proton conditions. For example, when C moles of MA
are added per liter of solution, assuming complete dissociation of MA,
we obtain the following resulis,

Meass Balances
(1) Cou=[M1=C
(2) CT,A = [HA} + [A_] = C

TABLE 4-3 Anion-Cation Balance

Cone. Meg Conc. Meq

mg/ mg/ Charge/ Charge/ mg/ mg/ Charge/ Charge/
Cations liter mmole ion liter - Anions liter mmole ion liter
Nat 76 23 1 3.30 Cl- 98 35.5 1 2.76
Ca?* 65 40 2 325 SO;2>~ 28 86 2 0.58
Mg?* 18.2 24.3 2 1.48 HCO,~ 288.7 81 1 4,70

3, (+ charge) 804 X (- charge) 8.04
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Chcrrge Balance
3) [Mf] + [H*] = [A7] + [CH)
We can combine (1), (2}, and (3) to sliminate M*, C, and C;, to arrive at
the proton condition,
{HA] + [H*] = [OH7]

Using the equilibrium equations in combination with mass and charge
balances and the proton condition, it is now possible for us to proceed
with the solution of acid-base problems and to arrive at the concentration
of each species present in such systems,

Example 4-10

State the equations necessary to arrive at the concentration of each species in

1. 107 M solution of HA.
2. 103 M solation of NdA.

Solution

a. The species present are [H*], {OH], [HA], and [A"]. Since we have four
unknowns, four independent equations are required,

’

Mass Balance on A
(1) C;,=1{HA] + [A7]=107°

Equilibrium Constant, H,O
@2) K, = 107" = {H"}{OH"}

Equilibrium Constant, HA
(3 K,= {H*}{A}/{HA}

Proton Condition {or Charge Balance)
@ [H]=[&"71+ [CH}

If we make the assumption that activity coetficients of «ll species are unity,
that is, ionic strength effecis are negligible, then activities, { }, are equal to
molar concentrations, [ |, and knowing K, and K,, we can solve equations (1) to
{4) simultaneously, or graphically, to yield the conceniration of each species
present. If we cannot assume that activities and molar concentrations are
identical, then the activity coeificient must be calculated using the relationships
given in Section 3-6. The equilibrium constants then can be converted from
constants based on activities to constants based on concentrations, and the
solution procedure is the same.

b. The species present are Na', A-, HA, OH", and H*, We have five unknowns;
therefore, five independent equations are required.
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Mass Balance on Na*
(1) Crue = [Na*] = 1070

Muass Balance on A
2) Cra=[HA] + [A] =10

Equilibrium Constant, H,0O
3} K, =10 = {H*}{CH"}

Equilibrium Constant, HA
{H*H{A}
4) K, =+—-~L—1
(4) THA}
Charge Balance
(8} {Na*} + [H*] = [A"] + [OH"}]
The proton condition, [HA] + [H*] = [OH"], may be used instead of (5)

Analytical and graphical procedures for solving these equations are
given in the sections that follow.

4,5, STRONG ACID-STRONG BASE CALCULATIONS

We can assume that when g strong acid is added to water, it is
completely ionized. For example, when HCl K, = 1(°) is added to pure
water, a mass balance on Cl gives

CT,CI = {HC}.} + [Cl_]

Since K, = 10° = [H*]{CI"}/[HC]} when activity coefficients have a value
of unity,

[C1-] == [HC]]
or [HCl} is approximately 0, and '
Cra = [C17]

Although this assumption is valid for most strong acid or strong base
calculations of interest, HCI is present in solution at all pH values. When
the pH is very low {< -2}, the number of HCl molecules becomes a
significant fraction of C; ¢ and must be taken into account. However, it
is extremely rare in water chemistry that we are concerned with pH
values less than about 1, The following three examples illustrate how the
equations describing o strong acid or a strong base solution can be
solved,
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Example 4-11

1072 moles of HCI are added to 1 liter of distilled water at 25°C. Find [H*], [OH"]
and [Cl7] for this solution. What is the pH of the solution? Demonstrate that [HCI]
is negligible. Assume that activity coefficients are unity.
Solution

The unknowns are H*, OH~, HCL and CI-.

Equilibria
. HCI=H*+Cl~,

_aps o HICH]
K, =10°= [HCI1]

2. H,0=H'+ OH";K, = 100" = [H*][OH"]

Mass balance on Cl
3. Cro = [CF] + [HCI} = 1072

Proton Condition {Charge Balance)
4. [H] =7(Cl] + [OH"]

Assumptions

5. In mass balance: .
Because HCI is a strong acid, assume that

[Cl"} == [HC]]
Thus
Cra = [Cl7] = 1072

6. In proten condition:
Solution is acid, so assume

[H*] = [OH™]
Thus )
[H*] = [CI]
7. From (8) and (6)
[H'] = [Cl"] = 1072
8. From (7} and (2)
K, 107

= —— = -12

[HY] 102 10

9. Check the proton condition to find whether the concentrations that have
been determined, that is, [H*] = 1072, [Cl"} = 1073, {OH"] = 107%, satisfy
it to within 5 percent.

[OH") =

[H*] = [CI] + [OH"]
1072 = 102 + 107%
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The proton condition is satisfied since the right-hand side and the left-
hand side are virtually identical,
10. The pH of the solution is
pH =2

l1. To demonstrate that [HCI} is negligible compared to [Cl7] and so justify
our simplifying assumption in the mass balance:

= HCI]
Ky =10°= [HC1]
10 = [1073]{10-?]
[HCH)
[HCH = 1077

[Cl"] = 1072 = 1077

If the proton condition, or any equations for which assumptions were
made, did not check within 5 percent, it would be necessary either to
make o different simplifying assumption or to solve the equations without
making an assumption,

The criterion of agreement to within 5 percent is arbitrary. However, in
view of the variation in reported equilibrium constants (reported values
for a single reaction usually vary by more than 5 percent) and because
of the purpose for which the calculations are generally made, accuracy
better than 5 percent is rarely needed or justified.

Based on the result of Example 4-11, we will make the assumption,
without verification, in subsequent calculations that strong acids and
strong bases are dissociated completely,

Example 4-12

1077 moles of the strong acid HNQ; are added to 1 liter of distilled water at 25°C.
What is the pH of the solution? Assume that activity coefficients are unity.

Solution
The unknowns are HY, OH™, and NO,~.
Equilibria
1. H,O=H*+ OH: K,= 107" = [H*][OH"]
Mass Balance on NO; {assuming complete dissociation of HNO;)

2. CT.NO;; = ENOs_] = 10_?

Proton Condition (Charge Balance)
3. [H'] = [NOs] + [OH)
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Assumptions

4. In proten condition:
The solution is acid, so assume that

[NO;] = [OH"]
which is equivalent to assuming that [H'] = JOH"]. Thus
[H} = [NG;7]
5. From (3) and (4)
[H*] = [NO;7] = 107
6. From (5) and (1)

o K _ 107
(O] = [H*] 107
7. Check the assumption in the proton condition:
[H'] = [NO;7] + [OH"]
1677 =107 + 1077

=107

105

The assumption does not check since the right-hand side is 100 percent

greater than the left-hand side.

8. We now must try to make another assumption. The best approach is to
assume the opposite situation from the assumption that did not work,
Therefore, we will now assume that {OH"] => [NO, 7], having failed with

our assumption that [NO,"]1 = {OH").
Using our new assumption in the proton condition, we find that

[H'] = [OH"]
9. From (1) and (8)
K.=[HT][OH"] = [H'E = IO
[H*] = 1077  and [OH] = 1077
10. Check this new assumption in the proton condition:

[H*] = [NO;™] + [OH"]
1077 =107 + 10~

The new assumption does not check any better than the original one, so
we must resign ourselves to solving the equaiions without making an
assumption in the proton condition. The usual approach to this solution,
and indeed to solutions where assumptions are not made, is to solve first
for unknown concentrations in the proton condition (charge balance) in
terms of [H*] and constants. We then can solve for [H*] and use its value

to solve for other species concentrations,

11. Substituting (1} and (2) in {3) to eliminate [OH"} and [NO;™], we obtain

(B =107 + 7

or



106 Acid-Base Chemistry
[H'P — 1077(H] — 107" =

" which can be solved using the quadratic formula

—h + 2 _
(1] = b_\/zf; dae

For this problem, a = 1, b = =107, and ¢ = —107", Solving, we obtain
[Hf] = 1.618 X 1077; or pH = 6.79

A similar set of assumptions and a similar caleculation procedure can
be used to calculate the species concentrations in the solution of a strong
base as shown in the following example.

Example 4-13

Calculate pH and pOH in a 107* M NaOH solution at 25°C. Assume that activity
coefficients are unity,

Solution
The unknowns are [H*], [OH™], and [Na'}].

Equilibria
1. H.O=H*+ OH; K, =[H"[OH]=10"
2. Mass balance on Na* (ussuming complete dissociation of NaOH),

Cruna = [Nat] = 1074

Charge Balance
3. [H'] + [Na*] = {OH]

Assumptions
4. In charge balance, the solution is basic, so assume
[Nart] >> (']
(This is equivalent to assuming [OH"] == [H*]). Thus
[Na*} = {OH)
5. From (2) and (4)
[Na*] = [OH} =10+

pOH =4
K 10+
= w18 g0
6. [H7) [CH] 10 10
pH =10

7. Check assumption in the charge balance
10710 + 1074 = 16°*
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The assumption checks, since the left-hand side of the equation is only a
fraction of a percent larger than the right-hand side of the equation.

In each of the preceding examples, ionic strength effects were neglected.
Let us now recalculate the pH for Examples 4.-11 and 4-13 taking ionic
strength into accouni, In these examples, the mass balance and proton
condition (charge balance) equations are unatfected because these are
based on concentration rather than activity. However, we must make
changes in all of the equilibrium expressions we use. Since the K,
equation is eliminated by a simplitying assumption, that is, strong acids
and strong bases are completely dissociated, we are concerned only in
.these examples with the K, equation. This becomes

107" = {H*}{OH"} = yu+ [H*]yon-[OH"]
Using the Giuntelberg approximation of the DeBye-Hickel law (Eq. 3-36)
to express activity coefficients as « function of ionic strength,
0.52712

T (3-36)

~logy=

We can calculate v if 4 is known. For Example 4-11, Ci oy = 1072 M

B’ = 0.52 C;Z;2
7 .

(3-32)
= 0.51%H*] + (~ DCI] + (~)FOH)

[OH"] (= 107 ™) can be neglected because it is approximately 10 orders of
magnitude less than [HY] (= 1072) and {C]"] (= 10-2),
p=3Ix102+1x103=10"M
0.5(1) %1032
— log e = —log yow = 5z = 0045
Yu+ = You- = 0.90

The value, [H'] = 1072, does not change because it was calculated using
only the mass balance and proton conditions, which are bused on
concentrations rather than activities,

pH = — log {H*} = — log {y«+ [H*]) = — log {0.9 x 1072) = 2.05
and from K,
10~ 10
yavou- [H]  (0.9)(0.9)(1072)

These values can be compared with pH = 2 and [OH™] = 1.0 x 107" when
the effect of icnic strength was neglected. An error on the order of 10
percent in [H'] and 20 percent in [OH™] resulted from neglecting ionic

[OH} = =1.2x10"M
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strength effects. We conclude that in solutions with an ionic strength of
1072 moles/liter and equilibria involving only monovalent ions, the effect
of ionic strength can be significant.

For Example 4-13, where [Na*] = 104

# = 0.5(14H"*] + (-1} OH"] + 1? [Na'])

Using [H'] = 107'%, which was obtained by neglecting the effect of 1, we
can see that [H'] is very small compared to [OH™] and [Na'}, and can be
neglected in the calculation of g, Therefore,

p=051%x10"+1x10"=10"M

(0.5)(12)(10—*)2 _
—log yu+ = —log you- = W =4,9x 107

Vit = You- = 0.99

From Example 4-13 we found [OH"] = 107% this value does not chdnge
because only the mass balance and proton condition were used to
calculate it. Therefore,

{OH"} = you- [OH ] =0.89 x 107¢
so that including the effect of ionic strength we obtain pOH = 4.004
compared to pOH = 4.0 wherr ionic strength effects were neglected. Also,
107" 10
{OH-}  0.99 x 10~
and pH = 9.996 compared to pH = 10 when ionic strength effects were
neglected. We therefore might conclude that at ionic strengths of 107

mole/liter, we can safely neglect the effects of ionic strength on equilibria
involving only monovalent ions.

{H*} = = 1.0l x 1071

4.6, WEAK ACID-WEAK BASE CALCULATIONS

Weak acids and weak bases do'not ionize (or protolyze) completely in
aqueous solution. The approach used io solve for the concentrations of
solution components for weak acid or base solutions is similar to that
used for sirong acids and strong bases, but we are not able to make the
simplilying assumption in the K, or K, equilibrium equations that complete
dissociation takes place. Typical calculations for weak acid and weak
base systems are illustrated in the following example.

Example 4-14

Cualculate the concentration of all species in a solution prepared by adding 1072
mole of acetic acid, CH;COOH (HAc), to 1 liter of water at 25°C. Neglect ionic
strength effects, :



Weak Acid-Weak Base Calculations 108
Solution
The unknowns are [H'], [OH7], [HAc]. and I[AC_]. Thus four equations are
required.
Equilibria
1. HAc=H' + Ac™; K, = 1077 = [H*]JAc }/[HAc]
2. H,O=H"+ OH; K, = 10" = [H*)[OH"]
Muass Balance on Ac
3. Ciae = [HAc] + [AcT} = 107
Charge Balance {or Proton Condition)
4. [HY] = [Ac] + [OHT]
To solve eguations (1} to {4), we can make the following assumptions:
HAc is an acid so it dissociates to produce [HY] and [AcT).
5, In the mass balance assume [Ac™] = [HAc]. Then
* Crae = [Ac7] = 1072
The solution is acid and therefore [OH™] is small,
6. In the charge balance assume that [Ac‘] == [OH7).
[H*} = [AcT]
7. From (5) and {6},
[H'] = {Ac] = 1072
8. From (2} and {7,
—14
[OH] = [f{‘;] - 10
8. From (1} and (8),
piney - )10
[HAc}] = 10**"=5M
10. Checking our assumptions, we find, in the proton condition,
[H*] = [Ac7} + [OH]
1072 =10"% 410772
This assumption is accepiable because the two sides of the equation are

virtually equal.
In the mass balance we find
1072 = [Ac™] + HAc]
102=102+5

This equation is hopelessly unbalanced so that the assumption of [Ac] == [HAc]
is not acceptable. When we think about this assumption a little more, we can see
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that it was a poor one because we know that HAc is a weak acid so that only a
small amount of Ac~ will be present compared to the quantity of HAc. So let us
now make the opposite assumption in the mass balance equation that
(HAc] == [Ac].
The mass balance becomes
1. CT.Ac = 1072 = [HAC]
12. Substituting (6} and (11) into (I) to eliminate [HAc) and [Ac7j to solve forf
[H*], we find that
a7 . [HTHHT]
4.7 o
10 1072
{H*) = 10733 = 4.47 % 107
13. From (6} and (12)
[H*] = [AcT] = 4.47 x 107
14, From (2) and {12}

[OH ] = _lo 2.24 x 10"
447 x 104 7

15, Checking our new assumptions, in the mass balance we obtain

10-2 = [HAc] + fAc"}
1072 = 1072 + 4.47 x 10

The error of this balance is [(1072 + 4.47 x 107* — 1072Y/107%] x 100 = 4.5
percent, which by our criterion of < 5 percent error is just acceptable.
In the proton condition, we obtain

[HY] = {Ac7] + [OHT]
4.47 x 107* = 4.47 X 107* + 2.24 x 107"

This assumption is acceptable because the right-hand side of the equation
is virtually equal to the left-hand side. ’

From this example we can see that even though one of our first
assumptions was not valid, the approach of “making assumptions,
obtaining a solution, and checking the assumptions” allowed us to correct
the assumptions to obtain « solution with the desired degree of accuracy.
If the second assumption in the mass balance had not yielded the desired
accuracy, our approach would have been to obtain o solution without
making any assumptions in the mass balance, This would have led to a
quadratic equation in [H*], which could have been solved as in Example
4.12,

Example 4-15

Sodium hypochlorite (NaOC]), household bleach, is a commonly used disinfec-
tant,
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da. Neglecting ionic strength effects, determine the concentrations of the "free
chlorine” species, HOCl and OCI-, in a freshly prepared solution of 1073 M
NaOQOCl in distilled water,
b. What is the concentration of HOCI, the most effective disinfectant species,
if fonic strength effects are taken into account?
Solution

The unk-xllowns are HY, OH", Na*, OCl, and HOCI. Thus five equations are
required.
a. Negleciing ionic strength effects, the necessary equations are
Equilibria
I. NaOQOCl — Na* + OCl", dissociation is complete’ so [NaOCl] = 0.

2. OCI- + H,O = HOC! + OH™; K, = [HOCIJ[CH}/{OCl-] = 107%% (Table
4-1).
Alternatively,
3. HOCI == H* + OCl~; K, = [H*][OCI"])/[HOCI] = 10773 (Table 4-1),

4, H,O=H'+ OH K.= [H'|][OH] = 10
5. Mauass balance on Na*;
Crua = [Nat} = 1072

{Assume that NaOCl is completely dissociated.)

6. Mass balance on OCl;
Croe = [HOCY + [OClT] = 1077
7. Proton conditicn:
[HOC]} + [H*] = [OH7]
Equations (3) to (7) will be used to sclve this problem.

Assumptions )
8, Arbitrarily assuming that [OCl7] => [HOCI], the mass balance on OCl
becomes

[OCIT] = 1072
9. Assuming that [HOCI] > [H'], the proton condition becomes
[HOCI] = [OH]
10. Substituting (4), 8) and (8) in (3) and solving for [H*], we obtain

jg-re - [E100)
(10~*/H*D

[H*] = 1095 =58 x 107" M
pH=98.25

” Complete dissociation can be assumed in most instances for salts of the alkali
and alkaline earth metals. Exceptions are discussed in Chapter 5.
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11. From (4) and (10)

[OH-} = [g“;] —10-475 = 1.78 X 10-5 M
pOH = 475

12. From (9} and (11}
[HOCI] = 107%™ = 1.78 X 10° M

13. Check the assumption in the mass balance on OCl:
1072 = [HOCl] + [OC1]
162 =178 x 10~5 +107?

error = (lj—%g—— % 100 == 1.78 percent

The assumption is acceptable,
14. Check the assumption in the proton condition:
1,78 x 1075 + 5.6 X 107" = 1.78 x 10°®

5. —10
1—2{%%;) x 100 = 0.003 percent

The assumption is acceptable.

error = (

b. To account for ionic strength effects, we need the following five equations:
{5}, the mass balance on Na, (8). the mass balance on CCl, (7), the proton
condition, and the two equilibrium relationships,

{H"}{OCl1}

{HoC1}
_ Yur[H hyoc-[OCL7]
YHoc! [HOCH
15, K, = 10" 5yy00 iyusvoer-) = [H¥[OCI~1/[HOCI]. Then
K.=10""={H*}{OH"}
= yi+[H"Jyon-[OH]
16. K,= 10_”1!(’)/;-]1—70”-) = H’I+] [OH —I.

These equations are identical to the five equations used in part (a), except
that K, and °K,, have replaced K, and K,,. respectively, The approach to
the solution of the equations is identical to that used in part (a).

K,=107"5=

17. Theionic strengthof the solution can be calculated to a good approximation®
using the ionic concentrations computed in part {ak

p=053C2z (3-32)
i

8 It is an approximation because ionic strength affects the degree of dissociation
of HOCI. For a precise calculation, after the solution to part (b) is obtained, a
new ionic strength should be calculated and a new solution should be obtained.
In this problem the degree of dissociation is very close to that caleulated in part
(a), making the iterative calculation unnecessary.
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= F([HY1? + [OH H~1F + [OCI"}~1F + [Na*}(}®)
=3(5.6 x 107"® + 1.78 x 107% + 107 + 1079)
=1073M

Activity coeflicients for the ions H*, OH~, OCl~, and Na* can be calculated
using the Guntelberg approximation of the DeBye-Hiickel law,

0.5Z2y12
‘“‘].Ogym 1+ ,(L”E
—3tz2
— D= 153 x 102 (3-36)
=096

It is assumed that the activity coefficient of HOCI is unity, since the ionic
strength at which activity coefficients for neutral molecules deviate sig-
nificantly from unity is of the order of 0.1 M.

Using the activity coefficients and equations (15) and (18) yields
o, == 107748
EKW = 10—13.95

Solving equations (5), (6), (7}, (15), and (16) as in part (&) vields the values
shown in Table 4.4. It can be seen that there is very little change in [HOCH).

The chlorine solution in Example 4-15 has an ionic strength of 107
moles/liter, and again we see that the ionic strength correction had little
effect and could have been neglected, Thus we can narrow down even
further the range at which ionic strength effects become significant, since
we notice significant effects at 1072 moles/liter but not at 1072 moles/liter.
It should be remembered that in each of these situations we have been
dealing with equilibria involving only monovalent ions-for ions of higher
charge the ionic strength value at which activity coefficient corrections

TABLE 4.4 Effect of Ionic Strength of Species Concentrations
in 103 M NaOCl Solution.

Accounting for

Not Accounting for Ionic Strength Effects
lonic Strength Effects {1 = 107% molefliter)
Nat, M 03 103
OCl-, M 102 103
HOCL M 1.78 x 105 1.81 x 10-%
Ht, M 5.6 x 107 8.02 x 1071
OH M 1.78 % 10°¢ 1.81 x 103
pH 9.25 9.23

pOH 4.75 477
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become significant falls to about 107%, The activity coeificient of a trivalent
ion in a solution with an ionic strength of 1073 M is approximately the
same for ¢ monovalent ion in o solution with an ionic strength of 107" M
(see Fig. 3-4).

Note that the free chlorine at pH 9.25 is almost entirely present in the
form of OCl-. The distribution of the species HOCI and CCl~ and their
variation with pH is a key factor in disinfection capability because the
effectiveness of these two species as a bactericide is markedly different
(HOC! being about 80 to 100 times more effective than OCl~ for some
organisms),

1.7. GRAPHICAL PROCEDURES FOR EQUILIBRIUM CALCULATIONS—
pC-pH DIAGRAMS

Graphical procedures are available that allow equilibrium calculations
o be carried cut much more readily than by the computations we have
been discussing. However, it is important to master the computation
method because the basis of the graphical procedure lies in the compu-
tation method. Graphical procedures for acid-base systems consist of
setting up equilibrium and mass balance equations oi a double loga-
rithmic plot of —log conceniration (pC) and pH. The diagram so produced
is examined to determine the pH at which the proton condition (or charge
balance) is satisfied. All of the species concentrations then can be read
off from the graph at this pH value. To develop the graphical procedure,
let us first consider the situation when a weak acid is added to water.
The approach we use, and the diagram that results, are valid equally for
addition ot the conjugate base of the weak acid, or for ¢ mixture of the
acid and its conjugate base. For this example, HCN, 10? moles, is added
to 1 liter of distilled water at 25°C in a closed system with no atmosphere.
. We make the last stipulation because HCN,,, is volatile and will tend to
equilibrate with HCN,, in the atmosphere above a solution. At this stage
we wish to eliminate such equilibria from consideration., We will also
neglect ionic strength effects. The equations that describe the system are

Equilibria
HCN = H* + CN~;
[HJ[CN7] -
— = 10-93 -1 21
K. [HCN] {Table 4-1) (4-21)
H,O = H* + OH~;
K,=[HTOH]=1x10" {4-22)

Mass Balance
Creon =[HCN] + [CNT] =107 {(4-23)



Graphical Procedures for Equilibrium Calculations—pC-pH Diagrams 115

Proton Condition (Charge Balance)
[H*] = [CN'] + [OH7] (4-24)
The first equation we plot on the diagram is the mass balance, which
in logarithmic form is _
—logCr.on = pCron = 3 {4-25)
Equation 4-25 is not « function of pH =o it plots as « horizontal line at pC
= 3 (see line 1, Fig. 4-1).
The second equation plotted on the diagram is the K, expression, which
in logarithmic form is

log K., = log [H*'] + log [OH]

or
pOH = 14 — pH (4-26)
The slope of this line is
dpOH _ |
dpH
and when pH = 0, pOH = 14
pH
0 2 4 5] 8 PR, =93 10 12 14
| f l | [l I
- | ]
]
- Line@ System . l ]
3 Cren point [
. Line (1) Line (4).7
4 — @ —
: j
2
.é sl
T
i0
12

Fig. 4-1. The pC-pH diagram for cyanide-hydrocyanic acid; Cron = 1072 M;
pK, = 9.3 at 25°C,
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From this slope and intercept we can plot this line on Fig. 4.1 as line
2. -
Now, by definition,

-~ log [H'] = pH
50

d (~log [H*]) _

1
dpH

and when pH = 0, —log [H*] = 0. From the slope and intercept we can
plot this line on Fig. 4-1 as line 3. _

The H* and OH- concentration lines are common to the graphical
solution of all acid-base problems (and many other types of equilibrium
problems} so that it would be handy to prepare pC-pH diagrams with
these lines already plotted on them. The first step would then be to plot
pCy on the diagram.,

The next lines to be plotted are for {CN™] and [HCN]. To plot these
quantities in the pC-pH diagram, first we must derive expressions relating
each of them to pH and constants. Tackling {CN-} first, we can combine
Eqgs. 4-21 and 4-23 to eliminate [HCN] and produce

[HTICN-]

K.,= {4-27)
Cren — [CN7D
Rearranging, we obtain
KaCT CN
= 4-
[C] ((H*} +K.) (4-28)

Now let us examine the region of the graph where K, => [H'], or pH >
pK,. Since pK, = 9.3 this region is at pH values above 9.3.
Equation 4-28 becomes

[CN™] = Cqon = 1070
and
p[CN"] =3 (4-29)

This is the equation of « straight horizontal line at pC = 3, It should be

drawn on the diagram in the region of pH > 9.3 (line 4). Now let us

examine the region of the graph where [H*] => K,, or pK, > pH. Equation
4.28 becomes

KaCT N

i) = CN_

TH [CN]

which in logarithmic form is

log Cren + log K, — log [HY] = + log [CNT]
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or
PICN7] =pCr.en+ PKa - pH {4-30)
The slope is
d{p{CN]) -]
dpt

When pH = pK, = 9.3
p[CN7] = pCren =3

With this slope and coordinate we can plot the [CN™] line in the region
pH < 8.3 (line 5).

Since approximations were made to derive both sections of the p[CN~]
line, we may not draw either section of the line through pH 9.3, the so-
called “system point.” In the region around pH 9.3 we must draw a dashed
line. We will return to the exact behavior of the lines in this region after
development of the [HCN] line.

We can solve Egs. 4-2]1 and 4-23 to eliminate JCN~] with the result that

 [H](Cp.en — [HCN])

K,=
[HCN]
and rearranging,
' CreniB']
= s 4.31
HON] = s (431
In the pH region where [Hj"] == K,, pK; > pH, this equation becomes
{HCN] = Cr,cn (4-32)

PIHCN] = pCren=3

We can draw a horizontal straight line at pC = 3 for HCN in the pH region
below pK, {line B).
In the region where [H'] << K, pH > pK., Eq. 4-31 becomes,

+
[HCN] = C—T'CK"[H ]
) (4-33)
p[HCN] = pH + pCr.cn — pPKa
_ dp[HCN] _
slope = dpH =+1

When pH = pK, = 9.3
p[HCN] = pCren = 3

With this slope and coordinate we can plot the pfHCN] line in the region
pH > 9.3 (line 7). Again we must forego drawing in the p[HCN] lines in
the immediate vicinity of pK,.
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We now have lines for [HCN] and [CN™] plotted as «a function of pH for
the entire pH range, except in the immediate vicinity of pH = pK, because
of the assumptions that were made. To complete the graph in Fig, 4-1, let
us examine the position of these two graphs at the point pH = pX,. From
Eq. 4-27, when pH = pK,, or when [H*] = K,, we obtain

_,_Cren
[N =~
or
p[CN7] = pCren +0.3 4-34)
Similarly, when considering Eq. 4-31 at pH = pK, we find
C
{HCN] = ===
2
or in logarithmic form
p[HCN] = pCren + 0.3 (4-35)

From Egs. 4-34 and 4-35 we can see that at the point (pC = (pCrey +
0.3}, pH = pK,) and [HCN] = [CN~}]. Therefore we have a common point
through which both the [HCN] and the [CN-] lines must pass, which is
located 0.3 log units vertically below pCy oy at pH = pK, = 9.3. This point
can be entered on the diagram, The [HCN] and the [CN™] lines both pass
through this point. They can be drawn through this point as a smooth
curve that starts at about one pH unit either above or below pK = pK,.

It more accuracy is desired in this region, additional points can be
calculated by substituting pH values in Egs. 4-27 and 4-31. For example,
at pH = pK, — 1,

p[HCN} = pCren + 0.04
and at pH = pK, + 1,
p[CN-} - pCT,CN + 0.04

The diagram in Fig. 4.1 now is complete. To use the diagram for
determining equilibrium concenirations of various species, we must
examine it {as illustrated in the following examples) to find the pH where
the proton condition or charge balance is satisfied. It is only at points
where proton conditions are satisfied that the diagram can be used to
obtain equilibrium concentrations.

Example 4-16

What is the pH, pOH, [CN7], and [HCN] in a 1073 M HCN solution at 25°C which
is closed to the atmosphere so that no HCN can volatilize? Neglect ionic strength
effects. )
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Selution
The proton condition for HCN in H,O is
[H] = [CN7] + [OH]

We must use the same technique of approximation that was employed in the
computation procedure to find the point in the dicgram where the proton condition
is satistied. We are not, however, flying blind in this instance because we have
the diagram to guide us in our seleclion of assumptions. Examining point A in
Fig. 4-1, we can see that [CN™] => [OH"} and [H*] = [CN-]. This point satisfies
our simplified proton condition, which when neglecting [OH"] becomes [H*] =
[CN7]. Point & occurs at pH = 6.2 and we can read off all the other species
concentrations at pH 6,2: [HCN] = 1073, {H*] = 10752, [CN~] = 107%?, gnd [OH"] =
10778, Qur assumption that [CN"] >> [OH"] is justified, since 10752 => 1078,

The same diagram {Fig. 4-1) can be used to determine the pH of 10* M
solutions of sodium cyanide, NaCN, and of mixtures of HCN and NaCN.

Example 4-17

Find the pHl, pOH, {HCHN], [CN], and [Na'] in a 102 M NaCN solution. The
temperature is 25°C; neglect ionic strength effects. '

Solution
The proton condition for NaCN in H,0 is
[HCN] + [H*] = [OH]

Examining Fig. 4-1 at point B, we see that [HCN] >> [H'] and the approximate
proton condition {HCN] = [OH], is satisfied, This peint occurs at pH = 10.1. At
this pH, [H*} = 107" M, [OH} = 107*% M [HCN] = 103* M, [CN7] = 103% M.
From « mass balance on sodium, [Nat] = Crp = 107 M,

Checking our assumption in the proton condition, we find that

lo—io.t + 10—3.9 —= 104.9

The assumption is acceptable, since the error is g small fraction of 1 percent.

Example 4-18

Find the pH, [HOCI], and [OCl7] in a solution to which 107* mole of sodium
hypochlorite, NaOCI, and 5 x 103 inole of hypochlorous acid, HOCI, pK, = 7.5,
have been added per liter of solution. The temperature is 25°C; neglect ionic
strength effects.

Solution

1. Construct a pC-pH diagram for HOC! following the procedure described
previously. In the diagram, Fig. 4-2,

Croc = [HOCI} + {OCIT]=5%x 105+ 107% = 1.5 x 10~
pCroa = 3.8
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— log concentration, pC

pH .
a rd 4 6 pR,=75 8 10 12 14
I 1 | I i 1
J
21— [ -
System
PCroc = 3.8
4 g <
[Na* ]
66— —
{HOCH

10

12

Fig. 4.2. The pC-pH diagram for hypochlorite-hypochlorous acid: Cqqq =
L5 x 107 M, 25°C,

Because we added both an acid and a conjugaie base we must account for
the cation {(Na*) accompanying the conjugate base in our diagram.
A mass balance on Na™ yields

Crra = [Na®] = 10 M
pCT,Na =4

We can draw the [Na'} line in the diagram as a horizontal line at pCr = 4.

To solve for the species present, we must examine the diagram for the
point at which electroneutrality is met. For situations where an acid and
its conjugate base are added, the charge balance is preferred over the
proton condition for finding the point of neutrality because it is easier to
write.

The charge balance for our mixture is

fNa*] + [H*} = [OH"} + [OCI)

Examining Fig. 4-2, we can see that at point A, {Nat] => {H*} and [OC1-] => [OH]
so that the charge balance simplifies to [Nat] = [OCI-], a condition that is met
at pH 7.7, At this pH, [Na*] = 104 M, [OCl"} = 10 M, [H*] = 10777 = 1.89 x 1078
M, [OH"] = 107%® = 5.0 x 1077 M, and [HOCl] = 107*? = 6.3 x 10-* M.
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Checking the charge balance, we obtain,

1 X104+ 1.99 x 108=1x 10+ 50 x 107

(I x10#+5.0x107) —(1 x10~*+1.98 x10 %) %

1% 10+ 1,99 x 10-¢ 100

ITOY

= (0.5 percent

so that the assumptions are acceptable,

We can prove that these are the only viable set of assumptions to make in the
charge balance by using the pC-pH diagram to check the validity of other possible
assumptions. For example, if we assume [H*] >> [Nat] and [OC17} = [CH ]
then the charge balance becomes [H*] = [OC17], a condition that is met at point
B in Fig. 4-2, However, at this pH of 5.8, [H*] = 10%®and Nat = 107 so that [Nat]
= [H'] and our assumption is not valid. If we make the assumptions that [Na*]
> [H*} and [OH™] > [OCl7], then the charge balance reduces to {Nat] = [OH],
a condition that is satisfied at point C in Fig. 4-2. At this pH of 10, [OH] = 10™*
and\[OCI‘] = 107%*® go that the assumption of [OH"} > [OCl] is not acceptable.
We have now made all possible combinations of assumptions in the charge
balonce and could by this process of elimination eventually find the correct set
of assumptions. '

There are instances when assumptions in the proton condition are not
possible. One of the more common situations encountered is when the
analytical concentration of an acid is close to its K, value or the K, value
of its conjugate base, or the analytical concentration of a base is close
io its K, value or the K, value of its conjugate acid. It also becomes
difficult to make simplifying assumptions in the proton condition for both
acids and bases when their analytical concentration approaches 1077 M.
The approach to this type of problem is illustrated in the following
example.

Example 4-19

Determine all species concentrations present in a 1075 M NH,Cl solution
Kot = 10799), ~

Solution

Note that pCryu, = 4.5, which is close to pKy=pK,, — pK,=14-9.3=4.7. We
can expect trouble here. Construction of the pC-pH diagram follows previously
described procedures (see Fig. 4-3). The proton condition is

[H'] = [NHyaq) + [OH']

Examination of Fig. 4-3 reveals that in the region where the proton condition
is satisfied (an approximate pH of 6.7 to 7), it is not posgible to neglect [OH™] or
[NH,,;] with 1espect to each other, We have several dlternatives: (1} use a
computational procedure, (2) guess the point in the diagram (e.q., just to the left-
hand side of [H*] = [NHy,,)) where [H'] = [NHy.q] + [OH, (3) read off values of
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Fig. 4-3. The pC-pH diagram for a 10-** M NH,Cl solution at 25°C.

[OH"} and [NH,.,] from the diagram at several pH values in the critical region
and then construct ¢ pH versus p{[NHaun) + [OH 7)) line so that the proton condition
can be solved exactly in the diagram. With experience, alternative 2 is acceptable
and speedy. Aliernative 3 is illustrated in Table 4-5 and by the dashed line in Fig.
4-3. Using this alternative, we find that pH = p{[NH,.,,] + [OH]) at pH = £.8 and
[NHNaq)] = 10—5.55' [NH4+] p— 10-4.5’ [H+] = 10—5.8, Gnd {OH—] = 10—7’.2'

Example 4-28 later in this chapter deals with another situation in which
approximations in the charge balance are not possible.

4.8, DETERMINATION OF TEMPERATURE AND IONIC STRENGTH
EFFECTS ON EQUILIBRIA USING pC-pH DIAGRAMS

The pC-pH diagrams can be used for systems having temperatures
other than 25°C and ionic strengths other than zero. The modification of
a 25°C-based pC-pH diagram for temperatures other than 25°C merely
entails the use of equilibrium constants for the appropriate temperature
in the equilibrium expressions used to construct the diagram. The Van't
Hoff relationship {Eq. 3-27) can be used to convert 25°C egquilibrium
constants to the values ai the desired température.

Construction of pC-pH diagrams for ionic strengths other than zero
requires the use of activities rather than concentrations in all equilibrium
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TABLE 4-5 Proton Condition Solution for o 10~** M NH,CI Sclutien
(See Fig. 4-3) )

pH pCH [OH"] PNHaee]  NHazql  ([OHT] + [NHueold p({[OHT] + [NHyea])
5.5 8.5 3.1 x 10-® 8.3 3x 10°¢ 8.1 x 107% 8.1
6.0 8.0 108 7.8 1.6 x 10¢ 2.6 x 10°® 7.6
6.5 7.5 3.2 x 10°% 7.3 5 x 10° 8.2 x 10-¢® 7.1
7.0 7.0 10-7 6.8 1.6 % 1677 2.6 x 1077 6.6
7.5 6.5 3.2 x 1077 6.3 5x 1077 8.2 x 1077 6.1
8.0 8.0 10-8 5.8 1.6 x 10-° 2.6 X 10°® 5.6
- P .
~—

expressions. Mass balance and charge balance {or proton condition)
equations are based on concentration and therefore are not corrected for
activity.

As an example of these two types of corrections, let us construct the
pC-pH diagram for a 19~° M hypochlorous acid solution at 15°C with an
ionic strength of 0.1 M. In this example, equilibrium constants and pH
values based on concentration measurements will be denoted as °K and
p°H while the constants and pH values based on activity will be referred
to as K and pH. The constant K, for HOCI at 15°C is 1076 K, at 15°C is
4.5 x 107" (see Table 4-2). The master variable in the pC-pH diagram is
p°H, defined as

p°H = —log [H*] (4-36)

This is plotted as line 1 in Fig. 4-4.
The line for [OH7] is derived as follows: -

Ky = {HHOH"} = v+ [H] you- [OH]
K

Yu+ You~

K.y = [HH[OH] =

—log [OH™] = pK, ~ pH = —logK,, + log yy+ + log you- — p°H

At i = 0.1 we find from Fig. 3-4, that yy+ = 0.83 and yo— = 0.75; we then
can compute that K, = 7.2 x 107% and

—log [OH"] =14.14 — p°H (4-37)

This equation plots as line 2 in Fig. 4-4.

The mass balance equations are defined in terms of concentrations and
do not need correction for u or temperature. Thus Croc = 107° = [HOCI]
+ [CCIT] and :

pCroei =3 (4-38)
Equation 4-38 plots as line 3 in Fig, 4-4.
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Fig. 4-4. The pC.p°H diagram for HOCl--OCL™ at 15°C, = 0.1,

The lines for [OCH"] and [HOCI]] are constructed using the °K, equation
and therefore will reflect the modification of this equation to account for
temperature and ionic strength effects on K,

_ {HHOCT}  yuH'y0c-{OCT]

2 HOC! HOCCI
{ } Yhocil ] (4-39)
K. = [HH[OCI] _ K3 yuocy
? {HOCI] Ya+Yoci- -

When p = 0.1, from Fig. 34, yu+ = 0.83, yoci- = 0.76, and yyoc = 1. Since
K, at 15°C = 10775, we can substitule these values in Eq. 4-39 to obtain °K,
= 10774, The [OCI™] and [HOCI] lines (lines 4 and 5, respectively, in Fig.
4.4} can then be derived from the equations
CT 0Cl cKa

oCl} = —/—=—> 4-40

[ } [H*] + K, (4-40)
and
CT,OCI [H+]

[HOC]] = [ + K,

{4-41)
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The system point is (p°H = pX,, pC = —log Cr el instead of (pH = pK.,,
pC = —log Cqpe) in the absence of corrections for ionic strength.

 The remaining equation necessary to describe the system is either the
proton condition or the charge balance. Since these equations are based
on concentration rather than activity, no correction for ionic strength is
necessary. The pC-pH diagram in Fig. 4-4 can now be used to obtain
concentrations as previously demonstirated.

4.9. MULTIPROTIC ACID-CONJUGATE BASE EQUILIBRIUM
CALCULATIONS .

A muliiprotic acid can donate more than one proton., Consider, for
example, sulfuric acid, H,S0,, which con donate two protons,

H,50, = HSO,~ + H*; K., = 10°.
bisulfate
ion
HSO, =802 + H";, K_,,= 107
' sulfate
ion
H,80; is classified as a strong acid while HSO,™ is a weak acid.

For the general case of a multiprotic acid added to water, we can
construct a pC-pH diagram in a similar fashion to that used for a
monoprotic acid. The procedure is somewhat more complex because we
have additional species to consider as well as additional equilibrium
statements.

To illustrate the procedure, we will determine the pH and concentrations
of all species present ([H A}, [HA™], [A%?"], [H], [OH"]) when 1072 moles of
the weak acid H,A (pK., = 4 and pK,, = 8) are added to 1 liter of water
at 25°C. We will neglect ionic strength effects, The equilibria are

HO=H*+OH~ K,=[H*|][OH}=10"" {4-42)
- [H{HA] -
HA=H*+HA";, K, =—2o""=10" 4.4
A A K. (HA] 10 (4-43)
[H*][A*] _
HA-=H*+ A%, K,,=-————=10"° -
A 2= “THAT (4-44)
The mass balance on species containing A is
Cra=[HA} + [HAT] +{A%] =102 (4-45)

and is plotted in Fig. 4-5 as a horizontal straight line at pCq, = 2.

We will next develop lines for each of the A.containing species: [H,A],
{HA™], and [A?"]. First for H,A, by combining the mass balance, Eq. 4-45,
and the two equilibrium relationships, Egs. 4-43 and 4.-44, we obtain [H,A]
as a function of [H*], Cr 4, and equilibrium constants,
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Ka4 +Ka.1Ka,2)
(HY  [HT?

Cra= {HZA]( 1+

ar

1
HA]l=C 4.46

= o (1 Ko (D + (Ka,1Ka.2f£H+12)) 449
We must now examine the behavior of Eq. 4-48 at various pH values so
that we can plot an [H,A] line in the pC-pH diagram, In the region where
[H*] = K, , = K, ., or pH <pK,,; <pK.z.

Kot _ Kaolaz

TR L

so that Eq, 4-46 becomes

Cqa = [H:A] = 102
or

pCra=plHA] =2 (4-47)
This is plotted in Fig. 4.5 as line 1.

pH
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0 T ! | T l [
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10}- 1 ! -
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Fig, 4-5. The pC.pH diagram for a 10-2M solution of H,A; pK, ;= 4, pK,,=8.
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In the region K, > [H*] > K, or pK.; < pH < pK,., Eq. 4-46 becomes

(H*]
Ka,t

{(H:A]l =Cr

or in logarithmic form
o log [HA} =log Cr s + log [H'] — log K,
or
p{H:A} = pCra + pH - pK,, (4-48)

Since d(p[H,A])d pH = +1, this is the equation of o straight line with a
slope of +1 that passes through the point (pH = pK, ., p[H.A] = pCr.a). the
first system point. This line is plotted as line 2 in Fig, 4-5 between pH 4
(= pK,,) and pH 8 (= pK,.). In the vicinity of pH = pK,; and pH = pK,.
dashed lines are plotied; we must make adjustments here, since our
assumptions break down in these regions.

In the region K, = K, o => [H*] or pK, < pK.» < pH, Eg. 4-46 becomes

I/KanKa,a ))

HA]=Cra
[F:A] ( TE

or in logarithmic form
log [H,A] = log Cr s + 2 log [H*] — logK,, — logK,.
or

p(H:A] = pCra+ 2pH — pK,. i — PKap. (4-49)

Since d{plH,A])d pH = +2, this is the equation of a straight line with «
slope of +2 that passes through the point (pH = pK,,, p[H:A] = pCra +
PKa2 — pKaq). This line is plotied in Fig. 4-5 as line 3 in the region pH >
pK,.». Dashed lines are again plotted in the region where pH approaches
pK, ...

To complete the curve for p[H,A] versus pH, we must determine its
behavior in the pH regions near pK,; and pK,.. From Eq. 4-43 we can
show that when pH = pK.,, [H*] = K., and [HA"] = [H:A]. Since, at pH
values in the region of pK,,,, [A*7] is negligible, we can write

Cra
Al =—*=
[HeA) ==,
or in logarithmic form,
plH.A]l = pCra+ 0.3 (4-50)

Thus at pH = pK,,.. p[H.A] plots at a point 0.3 units below the intersection
of lines 1 and 2.



128  Acid-Base Chemistry

When [H*] = K,., = 107®, we can determine the p[H,A] value by solving
Eq. 4-46 exactly

1
[FzA] = C""( 1 +(10-%/107®) + (10-12/10-*6))

I -
=Co{ g5t = Cutsx 10

log [H:A} = log Cr .4 + log (5 x 107%)
p[H:A] = 6.3

Thus at pH 8 = pK, ,. p[H.A] plots ¢t a point 0.3 units below the intersection
of lines 2 and 3 in Fig. 4-5, '

The position of the [HA ] and [A?"] lines can be determined in a similar
fashion by making approximations in the following equations developed
by substituting the egquilibrium expressions in the mass balunce and
solving for [HA"] and [A*7], respectively, in terms of C;,, [H'] and
constants,

- 1
Tl o= 4.
[HA] C( EVEDF 17 (Ka,e/[H+1)) “@-sD

and

~

N I |
(A1 = C( (ET7K K on) + () Koa) + i) (4-52)

It would be a useful exercise for the student to construct lines for pH
versus p[HA"] and p[A?"] using these equations and appropriate as-
sumptions. These lines plot as shown in Fig. 4-5. This pC-pH diagram
differs in two major ways from that for ¢ monoprotic acid:

1. The diprotic acid diagram has two system points, (pK, ;. pCy,a) and
(PK a2 PCr.ak

2. The lines for [H,A} and [A~} have regions where the slopes
{d pCid pH) are +2 and —2, respectively.

The use of the diagram is illustrated in the following example.

Example 4-20

Find the pH of the 25°C solution resulting from the addition of (1} 1072 moles of
H,A to 1 liter of distilled water and (2) 1072 moles of Na,A to 1 liter of distilled
water. Here pK,, = 4 and pK,, = 8.

Solution

1. To find the desired pH. we can use Fig. 4-5 in conjunction with the proton
condition for H,A,
\
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[H'] = [HA] + 2[A*] + [OH] (4-53)

Examining the diagram, we see that ot pH 3.05, the dpproximate proton condition
[H*] = [HA"} is satisfied. At this pH, 2[A?"} and {OH"] are negligible compared to
[HA-]. Therefore, the proton condition is satisfied only at pH 3.05. At this pH, [H.A]
= 1072%, [HA"] = 10739%, [A*"] = 1078 and [CH-] = 107%%, Checking the
assumptions in the proton condition,

10~3.05 = 10w3.05 -+ }gﬁs -+ 10*10‘95
The equation is valid to within a fraction of 1 percent.

2. We can use Fig, 4-5 together with the proton condition for NepA to find the
pH. It is wrilten as,

2[H,A] + [HA] + (H*] = [OH") (4-54)

Excemining the diogram, we see that at pH 10, {HA™] = {OH"], and that 2[H,A] and
{H*] are negligible in comparison to [HA~]. Therefore, the proton condition is
satisfled only at pH 10. At this pH, [OH] = 1074 [Hf] = 1079, [HA] = 107,

[HA-] = 1074, and [A*"] = 1072, Checking the proton condition, we see that there
is much less than 5 percent error and therefore our assumptions are accepiable.

Example 4-21

The dibasic acid succinic acid is an important metabolic intermediate formed
in plant and animal cells. The structure of succinic acid (pK,; = 4.2 and pK,. =
5.5 at 25°C} is

" GH, — COOH
H, — COOH

which we will represent as H,Su. Find the concentrations of ¢ll species in a 1672
molar solution of succinic acid (H,Su).

Solution

Figure 46 is a pC-pH diagram for H.Su showing variations of [H*}, [OH].
[H,Su), [HSu}, and [Su?"] with pH. Note that because of the close proximity of the
pK ., values the lines for [H,5u] and [Su?-] have no straight line portions between
pK,,, and pK... The approach to obtci:ining the position of these lines in the
diagram is similar to that shown previously for the acid H,A, except that the same
simplifying assumptions cannot be made in the general equation obtained by
combining the mass balance and equilibrium equations for pK,, < pH < pK..
{e.g.. see Eq. 4-46 for the general acid H,A), The approach to obtaining a solution
for concentrations of H,Su, HSu™, and Su?- in this region is to substitute values
of H* into the general equation for each of these species and to solve for the
concentration at each pH.

For H,;Su the proton condition is
[Ht] = [HSu] + 2[8u?"] + [OH]
Examining the diagram, we can see that at pH 3.2, [H*] = [HSu"], and that 2[Su®*]

and [OH7] are negligible ¢ompared to [HSu~]. Thus the proton condition is
satisfied only at pH 3.2. At this pH, [HY] = 10732, [OH"] = 10798, [H,Su] = 1073,
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pH
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Fig. 4.8, The pC-pH diagram for 1072 M succinic acid (H.,Su); pK..: = 4.2,
pK.,2= 5.5 at 25°C.

[HSu™] = 1072, and [Su®*7} = 1052, Checking our assumptions in the proton
condition, we obtain

10*3.2 = 10—3.2 3 2 e 10—5‘3 4 10—10.3

The assumptions are acceptable.

The pC-pH diagram for a triprotic acid can be developed by extending
the procedure used to plot the diagrams for monoprotic and diprotic acids
t¢ multiprotic acids. The advantage of the graphical procedure over
computational method becomes greater and greater as the number of
equilibria increases. As an example, the pC-pH diagram for phosphoric
acid, H;PO,, is shown in Fig. 4-7 for Cypo, = 1073, (pK,, = 2.1, pK,, = 7.2
and pK,; = 12.3 at 25°C). Applicable equations are, neglecting ionic
strength effects,

Equilibria
K, =10""= [H*[OH"] (4-55)
- (H[HPO, ]
H,PO,=H" + ; = = 10721 -
,PO, = H' + H,PO, K., H.pO] 10 (4-56)
HHPO2
H2P04_ =H+ + Hpoqzﬁ; Ka,z - M_._Q_‘L,J. = 10—7.2 (4_57)

[H.PG,7)
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[H}[PO ]

= 1123 .
[HPO ] 10 (4-58)

HPO/ =H* + PO Kag=

Mass Balance on PQ, Species
Cre0, = 1072 = [H,PQ,] + [H,PO,7] + [HPOZT] + [POS) {4-59)

The equilibria and mass balance can be combined and solved for
{HyPO,], [HoPO,7], [HPO?), and [POS] in terms of Cypo,, [H'), and
constants to yield

[HPO,):=Cr, Po4(

1
1+ (K, /[H]) + (K. KL/ [H ] + (Ka,,Ka_zKa,al[Hﬂa)) (4-60)

1
HPO = Crro, ((HK,) + 1+ (K a.z/{H‘f])-l-(Ka,zKa,a/{H*]"’)) @81

((HY1YK 4K, 0 + ((HY)VK, 2 + 1 + (K, ./{H])
1
(B*PK K, 2K 8 + (THY K, KL 5) + ([H*]/K A+ 1

{HPO,* ] =C5 Pm( L ) (4-82)

[PO] = Crpo, ) (4-63)
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HYYE 2] | | 1 1
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< i i —
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4 —
Example
4-22
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2 [HaPO4 1
HPQ <™
sl [HPO, /]/ _
{OHT]
2 10 [H*] —
e
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ag 1 2 2 A
2 14 ! L —
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18 =1
ith o .
22— 1 1
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Fig, 4-7. The pC-pH diagram for a 10> M phosphate solution; pK, = 2.1,
a2—'72 PKaa— 123cxt 25°C
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These equations can be examined for their behavior with respect to pH
in various regions. For example, the slope of the [H,PO,} versus pH line
is 0 when pH < pK,,, +1 when pK,, < pH < pK, . +2 when pK,, < pH
< pK.s and +3 when pH > pK, s The system points are (pK, ;. pCr,ro,),
{pK 4,2 pCr.po,) and (pK .2 pCr.ro,)- The use of Fig. 4-7 is illustrated in the
following example,

Example 4-22

Determine the concentration of each phosphate species, OH~ and H* in a 1072
M Na,HPO, solution.

Solution
Using Fig. 4.7, the mass balance on Nat,
Crna=[Na'] =2Cp0,=2 X 107 {4-84)
and the proton condition,
{H*] + [H,PO,7] + 2[H,PO,] = [CH] + [PO*} (4-65)

we see that at pH 9.1, [H,PO,"] = [OH"], and that [H*] and 2{H,PQ,] are much less
than [H,PO;7], and [PO,*] is much less than [OH"]. At this pH, [H*] =10-%' M, [OH"]
=107 M, [Net*] = 2 X 109 M, [H,PO.] = 1077 M, [H,PO,7] = 10*¢ M, [HPO,>"]
= 107 M, and [PO,"} = 10-%2 M, Checking the proton condition,

0% 4+ 10749 + 2 x 10T = 10749 + 10782
1.268 x 1075 = 1.32 x 107

({132 x107°~1.26 x 1079
error = ( 126 X105 x 100
= 4.8 percent
The assumption is just acceptable. (

The pC-pH diagrams have so far been used only for solutions containing
one acid and its conjugate base(s). These diagrams are equally applicable
to mixtures ol acids as is shown by the following example.

Example 4-23

Determine the pH of a solution prepared by adding 10~ moles of ammonium
acetate, NH,Ac, per liter of distilled water. (Note that this sclution is identical to
that which would be obtained by adding 1072 moles of NHOH (NHy.,) and 1073
moles HAc, acetic acid, per liter of water.)

Solution

NH,Ac dissociates to NH,* and Ac¢™, and these species equilibrate as follows:
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N e HHNH 0]
NH S =H"+NHyeqy  K.=10 "“3=.—‘ENHTST“’“

(H*][Ac T |

T - 1047 —
HAc —=H* + Ac™; K,=10"%"= [HAc]

Mass-Balances
Crm, = 107% = [NH/*] + [NHy.0)
Crac = 1072 = [HAc] + [Ac]

We can plot the pC-pH diagrams for these two acid-conjugate base pairs on the
same diagram (Fig. 4-8). Because Cryu, = Cr.ac s the same for each pair, some of
the lines are superimposed. The proton condition is

[HAc] + [H*] = [NHyaq] + [OH]

Examining the diagram, we see that at pH 7, [HAc) =[NHqae) and that [HAc] >
[H*] and [NH,} == [OH-] so that the proton condition is satisfied.

pH
o 2 4 8 8 10 12 14
] T 1 | I I
H+
(] [OH™]
2 ]
[HAc], [NH4* ] . [Ac™], [NH4'] [AcT], [NH3]

o 4 .
o
"
2
® N
g
5 o 3
=
8
g
!

2 -
i0— —

I [ ] 1 l ]

Fig. 4.8. The pC.pH diagram for a 107°M NH,Ac solution at 25°C.;
PKasac = 4.7, pKom = 8.3,
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4.10. IONIZATION FRACTIONS AND DISTRIBUTION DIAGRAMS

On several occasions in the previous section we developed equations
that express the amount of an acid or its conjugate base as a fraction of
the total analytical concentration {e.q., Egs. 4-28 and 4-31 for the HCN-CN~
system; Eqgs. 4-46, 4-51 and 4-52 for the diprotic acid H:A and Eqgs. 4-60 to
4.63, for the phosphoric acid system). We used these equations, with
simplifying assumptions, to develop pC-pH diagrams and noted that there
were pH regions (close to the pX values) where our assumptions broke
down. The reader should also have noted, probably with some irepidation,
that the equations were increasing in complexity as the number of protons
in the acid increased. To simplify the situation, we can introduce the
concept of an ionization fraction (or « value). Tables of @ values as a
function of pH may be used to aid computations, Graphical presentation
of a values as a function of pH—the so-called distribution diagrams-—are
helpful in graphical solutions of equilibrium problems. A table of a versus
pH is given in Appendix 1. The major advantage of the ionization fraction,
in addition to its simplicity of expression, is that it is independent of the
analytical concentration. Therefore, multiplication of the analytical con-
centration by the appropriate ionization fraction at a particular pH value
will directly produce the conceniration of the species at that pH.

The ionization fraction can be determined from the mass balance and
equilibrium equations. For example, consider HOCI, which has a pK, of
7.5 at 25°C. Neglect ionic strength effects.

Cr.0ci = [HOC]] + [OC17] {4-66)
76 IH)OCI]
- R Gl § Sl § 4.67
K,=10 [HOCT] {4-87)
Substituting Eq. 4-67 in 4-66 to eliminate [OCI™] yields
Croo = [HOCI] + igi} [HOCI] (4-68)

Solving for [HOCI)/Cr oci. that is, the fraction of Cr o¢ which is [HOCI], we
obtain

HOCY _ [HY
Cr.oci —‘IH‘F]*’Ka i (4-69)

and similarly for OCl-,

[oCr} K, o
Croc B [HY + K, e (4-70)

The subscript on « refers to the number of protons that the species has
released. If ionic strength effects are important, °K, = [H*]{OCI-)/[HOC]]
{= K /(yy+yac-)) should be used in place of K, in Egs, 4-69 and 4-70.
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Using Eqgs. 4-88 and 4-70, or alternatively the table of « versus pH in
Appendix 1, we can determine ap .and o at vdrious pH values and plot
them in « distribution diagram as « versus pH (Fig. 4-9). Distribution
diagrams for the multiprotic acids, H,S and H,PO,, are shown in Fig. 4-
10; such curves can be obtained using either the table or the general

equations for « in Appendix 1,
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Fig. 4-9. Distribution diagram for HOCI-£OCl~ at 25°C.
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4.11. MIXTURES OF ACIDS AND BASES—pH CALCULATION

Until now we have concerned ourselves with situations in which acids,
and salts of conjugate bases, have been added singly to distilled water.
We must now address situations in which we have to predict the nature
and extent of composition changes that occur when acids, conjugate
bases, and salts are added to each other. Many important analytical
methods, natural processes, and treatment schemes involve reactions
between acids and bases, for example, acid-base titrations such as those
used for the determination of acidity and altkalinity; the addition of metal
ion coagulants, or lime for softening or water stabilization in water
treatment; the neutralization of acid wastes by in-plant base addition or
by discharge and dilution in surface waters; the production of acid rain;
the dissolution of minerals by groundwaters bearing CO,, and so on.

4.11.1. Strong Acid-Strong Base Mixtures

The calculation of solution pH after the addition of o strong acid to a
solution containing a strong base, or vice versqg, is very similar to the
calculations used in Section 4-5 for determining pH in solutions of strong
acid or strong base. The general approach is to write equations that
describe the solution after the acid and base are mixed, make simplifying
assumptions, find the solution to the eguations, and then check the
assumptions, The following example will serve as an illusiration.

Example 4-24

A 0.1 M NaOH solution is added to 1 liter of 107* M HCI solution. What is the
pH after addition of (1) 5 ml, (2) 10 m! and (3) 20 ml 0.1 M NaOH? The solution
temperature is 25°C. Neglect ionic strength effects.

Solution

Because HC! is « strong acid and NaOH is a strong base, their disscciation in
aqueous solution is assumed to be complete. The equations needed to solve the
problem are

Equilibrium
1. K,=10""= [H"[OH"]

Muass Balances on Cl~ and Na*

numberof moles  1liter 10 ~® moles/liter

2. Croa == total volume  1liter +volume added

8. Crpa= [Na*}= number of moles _ 0.1 moles/liter xvolume added
TR total volume 1 liter +volume added

Charge Balance
4. [Na*] + [H*] = [C17] + [OH]
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The volume added is 0.005 liter {5 ml}. Substitut@ng (1), (2), and (3) in (4), we

. obtain
(0.1¥6.005) . 1073 10~“
roos T HT= 1005 [HT
[H*)-10-% 102 -5 x 10~ ___ 10-*
[H] "1.005 1.005

or

This equation, which is a quadratic in [H'], could be sclved exactly.
However, we can make a simplifying assumption. Since the amount of
strong «acid present (1 liter X 1073 mole/liter = 107 moles} exceeds the
amount of base added (0.005 liter x 107" mole/liter = 5 X 107 moles) we
would expect the solution to be acid so that [H*} > [OH]. Neglecting [OH")
(= 10-"[H*)) in (5), we obtain

5x 0
+1 — -4 —
Ht*] = 1005 =5x10~*M pH =3.3

At this pH, [OH] = 107'°7 and the charge balance is satisfied to well within
5 percent error. '

Substituting (2} and (3} into (4) and using a volume of NaOH cdded of 8.01 liter
(10 ml),

OO0 . 107
ror T EHT=OHT

[H*} = [OH]

and from equation (1) pH = 7.0.

At this point we have added a quantity of base equal to the amount of acid
present (the stoichiometric amount to satisfy the reaction, NaOH + HCl —
NaCl + H;Q); we therefore have a salt solution with ¢ pH of 7,

Substituting (2} and (3) in (4) and using a volume of NaOH added of 0,02 liter
(20 ml), we find that
{0.1)(0.02) o -, 1073
4 gz TEHI=OHT+
Since the amount of strong base added exceeds the amount of acid present,
we would expect the solution to be basic with [OH] >> [H*]. Thus

. 2x1073-107° 4
{OH]—--4~%W~W——1.92 _ = 9,80 x 10
where
pOH =3.01

pH = 10.99
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Example 4-25

Spent regenerant solution from an ion exchange process contains 107! moles of
NaOH per liter. It must be partially neutralized by the addition of H,SO, prior to
discharge. The required final pH is 10. What volume of a 1 M H,80, solution must
be added per liter of waste? The temperature is 25°C and the ionic strength is
approximately 0.1,

Solution

Equations
1. Cina = Na*l = (107" MX1 liter)/(d liter + V).
2. Cygo, = [BO/] = (1 MXVYQA liter + V).

3. 10-% = {H*}{OH-}; {H*} = 10~ {OH-} = 10-% [H'] = 10"y, = 10-190.83
= 120 x 107 [OH"}] = 10%you- = 1073075 = 1.33 x 10°¢ {activity
coefficients from Fig. 3-4).

4, [Na‘] + [H*] = 2[80C#1 + [OH™).

(Note HSO,™ need not bse included in the charge balance because at pH 10 its
concentration is negligible.) Substituting from (1), {2}, and (3) in (4}, we obtain

0.1 o _ 2V 4
—(“_V)+1.20x10 (}+V)+l.33><10
Assume that
0.1
=10 —_—
1.2x10 <<(1+V)

then
01 -2V -133x10°*(1+V)=20
2.0001V = 0.0999
V = 0.0499 liter = 49,9 ml
We should note that the stoichiometric statement
2NaCH + H,80,; — Na,50, + 2H,O
is satisfied and the pH = 7, when
Vacta ¥ Naets = Viase X Niase
Vagia X 2 = 1000 ml x 0.1
Vacia = 50 ml

We can see then that it took 48.9 m! acid to lower the pH from the initial value of
approximately 13 to pH 10, but « further increment of only 0.1 ml would lower the
pH by 3 units to pH 7. If ionic strength effects had not been taken into account,
the same answer would have been obtained for this problem.

We can perform the calculation shown in Fxample 4.25 many times
over and from the data construct g curve of pH versus acid added,
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expressed either as m! added or as the equivalent fraction, {, the number

of equivalents of Ht added per mole of buse present, This curve is known
u! - 18

as « titratiofr curve. In Fig. 4.11 the titration curve for addition of H,80,

to the spent regenerant solution, as in Example 4-25, is plotted.

It is apparent that in the region of the equivalence point, or the point
of stoichiometric addition, the pH of a strong base solution to which a
strong acid is being added (or vice versa) is very sensitive to the amount
of acid added. The solution, which is a mixture of a strong base and its
salt, is poor.at resisting changes in pH for incremental additions of acid.
The solution is thus poorly buffered for pH, Although we will take up the
subject of buffers in more detail in Section 4-12, it is worthwhile to note
that a strong acid glone would be a poor choice of neutralizing agent for
a waste which is primarily a strong base. Because of the wide fluctuation
of pH for small additions of acid near the eguivalence point, process
control to any desired pH in this region would be very difficult.

4.11.2. Weak Acid-Strong Base and Strong Acid-Weak Base Mixtures

The situation with these mixtures becomes slightly more complicated
than for strong acid-strong base mixtures because we cannot aclways
assume complete dissociation of the weak acid or weak base. However,
the importance of these types of systems far outweighs that of the strong
acid-strong base system. Most natural waters indeed behave like mixtures
of weak acids and the sclis of strong bases. A consideration of such
systems will lead us to an understanding of pH buffers and eventually to
one of the important pH buffering systems in natural water, that is, the
carbonate system. At first we will examine some simple situations

14 s T [ r
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i0 — —
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8 / point pH .
s ¥ _
(=3
6 ]
1 —
2 —
0 ! | | [ [
10 20 30 40 50  miof IM Hy50,
0.2 0.4 0.6 0.8 1.0 f, equivalent fractien

Fig. 4-11. Titration of 1 liter of 0.1 M NaOH with 1 M H,SO, at 25°C.
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illustrated by examples. We will use two approaches: the first using pC-
pH diagrams and the second « trial-and-exror method.

Example 4-26

A solution contains 107 moles of acetic acid, HAc. What is the solution pH after
0.0025, 0.005, and 0.01 liters of 0,1 M NaOH and 0.03 liter of | M NaOH have been
added per liter? From these data sketch a titration curve {equivalent fraction, f,
added versus pH, and ml added versus pH) and show the relationship between
the titration curve and the pC-pH diagram. The temperature is 25°C; neglect ionic
strength effects.

Solution

Since the volume of base added per liter is very small, it is reasonable to
assume that its addition causes no volume change.? The general equations are
as follows,

I. Cya = [HAc] + [Ac] = 1075 M.

2. Cina = number of moles added/sample volume = [Nat] = V(1)({0.1)¥1 liter =
0.1V M.

8. K,= 10" = [H*][Ac")/[HAc].
4. K, =107 = [H*[OH].
5. [Na'] + [H*] = [OH] + [Ac ).

We use equations (1), (3), and {4} to plot ¢ pC-pH diagram for the acetic acid-
acetate system (C; 5, = 107* M) (Fig. 4-12). To determine the solution pH aiter each
NaOH addition, we must first determine Na* from equation (2) and then substitute
this value in the charge balance, equation (5). The solution for the charge balance
is obtained by inspection of the pC-pH diagram. For ¥ = 0.0025 liter: From (2}

[Na*} =01V = 2.5 x 10* M
The charge balance becomes
2.5 x 10-* + [H*} = [CH"] + {Ac]

Now assuming [H*] << 2.5 x 10~ and [OH"] << [Ac7}, the charge balance becomes
[Ac~] = 2.5 x 107 M. The charge balance solution in the pC-pH diagram can be
found at pH 4.3. Checking our assumption, we find that [Na*] = 10-%, which is
not much greater than {H*] = 10%3 The approximate solution of the charge
balance does not work because [Nt} and [H*] are the same order of magnitude.
We must resort to finding values of ([Na*] + [H*]) from the diagram in the regicn
arcund pH 4.3 and then plotting —log ({Na'] + [H']) versus pH. We then can
determine the pH where ~log ([Na'] + [H*]) = —log [Ac”]), which is the solution

*If the volume change had not been neglected, Cr,.. = [HAc] + [AcT] =
(10791 liter + V), and Cry: = [Na*] = (0.1 V(1 liter + V). Crp and Cepa
values would both change when NaOH is added. The graphical precedure could
still be used, but a diiferent pC-pH diagram would have to be constructed after
each addition.
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to the charge balance. From the diagram we see that this ‘occurs at pH = 4.4, and
at this pH our second assumption that [OH"} << [Ac7] is acceptable, For V = 0.005
liter: From (2)

[Na'] = {0.005)(0.1) = 5 x 10* M
The charge balance becomes .
§ x 107 + [H*] = [OH"] + [Ac7]

H we assume that [H*] << 5 X 107 and [OH] << [Ac™], the charge balance
becomes [Ae™] = 5 x 1074 a solution that is met at pH = 4.7, Our assumptions are
valid at this pH.

-
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Fig. 4-12. The pC-pH diagram and titration curve for 10° M HAc—Ac~ at
25°C.

~.
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The addition of 5 x 107* M NaOH has produced 5 x 107* M NaAc so that the
solution is an equimolar mixture of undissociated HAc and Ac™. Note that this
occurs at a pH value equal to the pK, of the acid. Finally, note that because our
assumptions were acceptable, the influence of [H*} and [OH] on pH changes
caused by the addition of base are negligible. In other words aill of the NaOH
added to such a mixture can be assumed to react with HAc; and all of any strong
acid added to such a mixture can be assumed to react with Ac™, that is,

HAc + OH™ — Ac™ + H,O
or
Ac™ + H' - HAc

0 that for strong base addition the [Ac™| concentration is equal to the analytical
concentration of strong hase added. As we shall see later, all of these observations
are of great importance to the subject of pH buffers.

For V = 0.010, the number of equivalents of OH~ added = the number of
equivalents of HAc initially present.

[Na*] = (0.000.1) = 1073 = Cr
Substituting [HAc] + [Ac] for [Na] in the charge balance, we obtain
[HAc] + [H'] = [OH]

which is the proton condition for a solution containing Cr,a. molés/]iter of NaAc.
Assuming [HAc] >> [H*], we find that the charge balance is satisfied at pH 7.8 in
the pC-pH diagram where [HAc] = [OH.
For V = 0.03 liter of 1 M NaOH, from (2)
[Ne*] = {0.03)1) =3 x 107®
The charge balance, equation (5), becomes
3 x 1072 + [H'] = [OH] + [Ac]

If we assume that [H*] << 3 X 1072 and [OH-] => [Ac7], the charge balance
becomes [OHT] = 3 X 107% From the pC.pH diagram the charge balance is
satisfied at pH 12.5.

We now have sufficient data to sketch the titration curve, summarizing:

For V = 0.0025 liter, f ={0.1)(0.0025/1 x103=0.25 pH =4.4
ForV = 0,005 liter, f = {0.1)(0.005)1 X 10-*=0.50; pH =4.7
ForV = 3.0101iter, f = (0. 1}0.01}1 x 103 =1.0; pH =7.8
ForV = 0.03 Liter, f =(1){0.03%1 x102=230; pH =12.5

where

_ number of equivalents NaOH added

B moles of (HAc +Ac)

_ number of equivalents NaOH added/liter
B CT.AG

f

The titration curve was plotted in Fig. 4-12, together with the pC-pH diagram. By
comparing these two plots, the following importanti observations can be made.

1. When{ = 0.5, pH = pK.. Any addition of hase comresponding to f < 0.5 will
produce a solution pH between that of the original HAc solution and the
pK..
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2. At f = 0.5 the titration curve has an inflection point. At this pH (= pK.) the
change of pH for a given addition of strong base is small—the solution is
very well buffered.

3. When f = 1.0, the pH is that of a 107 M NaAc solution, This pH is the
equivalence point. At this pH value the curve has an inflection point in the
opposite direction to that at f = 0.5, Here the resistance of-the solution to
pH change on the addition of strong base (or strong acid) is small—the
solution is very poorly buffered.

4, The pH increases very slowly as it approaches the pH of the solution being
added.

5. It is useful to compare the strong acid-strong base titration curve in Fig. 4-
11 with the curve for a weak acid-sirong base in Fig. 4.12. Note that the
strong acid-strong base system has no good pH region of buffering corre-
sponding to that of the weak acid-strong base system.

We will now examine a strong acid-weak base system using a trial-
and-error method of solution.

Example 4-27

What is the pH of a 107 M NH,,,, solution following the addition of (1} 0.4 liter
of 1073 M HCI and (2} 0.8 liter of 107 M HCI1? Estimate the pH before agitempting
to caleulate it exactly. Neglect ionic strength effects. The pK, of NH,* at 25°C is
9.3.

Solution
pH Estimate

Before HCI addition, this will be the pH of a 187 M NH,,, solution. This can either
be read from « pC-pH diagram or calculated as in Example 4-14. Roughly
sketching the pC-pH diagram (Fig. 4-13), we can rapidly estimate the pH:
neglecting dilution, we obtain

PRL
NHa(aq)r Heo-

Proton Condition
[NH,'] + [H'] = [OH"]
Assuming [NH,*} = [H*]. we find {NH,'} = [OH7] at pH = 10.5 before HCI is
added.
After 1 equivalent fraction of strong acid has been added, we will have « 1072

M NH.CI solution.’ Again using the pC-pH diagram (Fig. 4-13) to solve for the
approximate pH, we find

¢ The reader should compare the proton condition for a 10* M NH,CI sclution
with that for a 10-* M NHs.q solution to which 107 mole HClliter have heen
added to verify this statement,
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Fig. 4-13. A sketch of the pC-pH diagram for 10 ° M NH..

PRL
NH,*, H;O

Proton condition
[NHyaml + [OHT] = [HY]
Assuming that [NHy.e] = [OH]

Find [NHy.,] =1H*] at pH = 6.1
When 0.4 liter of 10-* M HCI have been added,

0.4 x 102
f= *—-*1—0**_—3—*‘—' =0.4

so that the pH will be between the initial pH and pH = pK,. or between 10,5 and
9.3, and fuirly close to 9.8.
When 0.8 liter of 107* M HCl has been added,

_0.8x1079)

f="To ~~08

and the pH will be between 9.3 and 6.1.
The pH will now be calculated exactly.
Mass Balances

1. Cran, = NHaug) + (NH,®) = number of moles/total velume =
1073 moles/(1 liter + V liter).

2. Cie = number of moles added/total volume =
(10-* moles/liter)(¥V)/(1 liter + V liter).

where V = the volume of HC) solution added.
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Equilibria.
8, K, = 10793 == [NHy.q](H*)/[NH,*]
4. K, = 107" = [H*}[CH"]

Charge Balance
5. [NH,*] + [HY = [OH] + [C17]

Knowing «, = [NH}Crwy, and a; = [NH)/Crny,. We can substitute in the
charge balance to obtain

10*“‘+ 10—%Y
HY] Q+W
Since we know V, and o, is a function only of [H*] and constants, we have an
equation with one unknown which we can solve by trial and error using the table

of o values versus pH in Appendix 1.
For V = 0.4 liter, Cr.pu, = 0.71 X 102 from (1),

eoCrn, + [H] =

14
2 (0.7l x 1073 + H*] = 1[—21—;]- +0.285 x 10-*

Try pH = 9.5, [H*] = 10°%%, Fr&;m Appendix 1, a; = 0.387

10‘414

10*9.5

0.275 x 103 = 0.31 x 10°*
The equation is not satisfied,
Try pH = 9.4 and [H'] = 107*4, From Appendix 1, o, = 0.443,

—14
(0.443%0.71 x 1073 +10 %4 = 10 +0.285 x103

=10

(0.387X0.71 x 1073} +10-%5 =

+0.285 x 103

0.31 x 107 = 0.31 x 107

The equation is satisfied.
For V = 0.8 liter, Crny, = 0.556 X 1072 M (from (1)) and the charge balance is

—=14

0 (0.556 % 1079 + [H*} = %I?I—“‘] +0.444 X103

By trial.and-error, we find this equation to be satisfied with o reasonable degree
of accuracy when &, = 0.799 and pH = 8.7.

The charge balance in Example 4-27 could also have been solved using
the quadratic formula. Although this formula may have worked well for
this example, the procedure used here applies equally well to higher.
order polynomials for which the quadratic formula is not applicable.

In the next section we shall see that there is an even easier approximate
solution to such problems, based on the assumption of complete reaction,
that can be used with acceptable accuracy in most instances,
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4,12, pH BUFFERS AND BUFFER INTENSITY

As we have previously stated, a buffer solution is a sclution that in
some way has the ability to maintain a stable composition when various
components are added or removed. Although pH buffers (solutions that
resist change in pH on the addition of strong acid, H*, or strong base,
OH™} are the most commonly talked about bufters, they are by no means
the only type. Other examples are metal ion buffers, and oxidation-
reduction potential buffers. It is now thought that the mineral composition
of many natural waters is regulated by a buffer system involving silicates
{clay minerals such as koolinite). The pH of about 95 percent of the
naturally occurring waters is within the range of 6 to 9; constituents such
as 5i0, and K* are also regulated within very narrow limits. Constant
and well-regulated pH is essential for the proper functioning of the many
biological and chemical processes involved in water and wastewater
treatment. For example, the efficiency of the activated sludge process
decreases markedly when the pH falls below about 6. In most situations
this does not present a problem because, as we shall see later, most
waters and wastewaters are usually well buffered in the pH range of 6.0
to 6.6 by the carbonate system. There are instances when this is not so.
For example, in extended aeration activated sludge planis located in the
low alkalinity, poorly buffered water areas of the northeastern United
States, significant operation problems can be caused by low pH values.
In treatment plants in this region the oxidation of ammonia to nitrate
{nitrification) by the reaction

NH,* + 20, = NO,;~ + H,O + 2H*

produces 2 moles of strong acid (H') for every mole of NH,* oxidized, With
wastewater containing 25 mg NH,*-N/liter, this amounts to the production
of

25 mg N/liter mM H* .

12 mg N/mM X 2 N 3.57 mM/iter
of strong acid, which will destroy 3.57 mM/liter of HCO; alkalinity (or 179
mg/liter of alkalinity as CaCQ,)."

Similar problems are encountered in chemical processes where acids
{e.g., alum, ferric chloride) are used as coagulants and precipitants in
water and wastewater ireatment. If any of these processes consume most of
the alkalinity in @ water or wastewater, severe depressions of pH (to values
of 4 1o §) can occur.

Just as the buffering of water results in resistance to pH depression
upon the addition of strong acid, we can show that pH elevation is
resisted upen the addition of strong base. In treatment processes such as

"' See Section 4-13 for a discussion of alkalinity.
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water softening and phosphate removal by calcium phosphate precipi-
tation, it is often necessary to raise the pH of « sclution to about 11. Field
scale operating data have shown that the amount of the base, hydrated
lime (Ca(OH),), required to aifect this pH elevation is & direct function of
the alkalinity and buffer capacity of the solution.

In this section we will lock at the procedure for determining the pH of
a buffer solution and then consider methods to predict and determine the
buffer intensity, or the degree of resistance of a bulfered solution to pH
change.

4.12,1. Buffer pH

A solution butfered at a particular pH value will contain an acid that
reacts with any strong base added to the solution and a base that reacts
with any strong acid added to the solution. The most common method of
preparing a buffered solution is to add a mixture of o weck acid and iis
conjugate base; the pK, of the acid should be very close to the desired pH
of the buffer solution for maximum buffer intensity.

Let us examine the general case when Cyy, moles/liter of the weak acid
HA and Cy., moles/liter of its conjugate base A~ are added to the distilled
water. The equations describing the system, neglecting ionic sirength,
are

Mass Balances

Cra = Chs + Cran = [HA] + [A7] (4-71)

Crna = [Na'l = Cyax (4.72)
Equilibria
[AT][H")
K=" " (4-73}
(HA]

K, = [H*]{OH] (4-74)

Charge Balance
[Nat} + [HY] = [A7] + [OH7] (4-75)

Combining Eqgs. 4-72 and 4-75 to eliminate [Na*], we obtain

[A~] = {H'] ~ [OH] + Cul (4.76)

and combining Egs. 4-71 and 4-76, we arrive at a similar expression for
[HAL

[HA} = Cys + [OH] - [H'] (4-77)

Equations 4-76 and 4-77 can be substituted into Eq. 4-73 to obtain a
general expression for pH of the buffer,
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(Cun + [OHT] — [H']
*(Cnan — [OH} + [H))
For most buifer solutions, and almost invariably for prepared buffers,
Chaa = ([OHT] — [H*]) and Caa = (—[OH7] + [H']). (The pC-pH diagram
can be used to determine when this condition is met.) Equation 4-78 then
becomes

(HY1 =K (4-78)

C
[HY] =K, (4-79)
Chian
where Cy, = [HA} and Cy.a = [87], or in logarithm form,
pH = pK,+ 1og(c”""‘)
Cha
or
1t
pH = pK, + log 15310 (4-80)

[acid}

This equation is commonly used for the preparation of buffer solutions at
a given pH., When ionic strength effects are important, °K, should be used
instead of K, in Eqgs. 4-78 to 4-80,

Example 4-28

1. From an examination of the equilibrium constants in Table 4-1, determine
which acid-conjugate base pair should be used to buffer a solution at (i)
pH 4.7 and (ii) pH 7. What ratio of acid to conjugate base should be used in
sach of these buffers?

2. What is the pH of each of these buffers after addition of 10-* moles of NaOH
per liter of solution if C; = 1072 M in each case?

Solution

i. (o) Examination of Table 4.1 shows that acetic acid, HAc, with a pK, of 4.7
should be a good buffer at pH 4.7. Assuming that [H*} and [OH"] are
small compared to Cy,, and Cyape, we can use Eq. 4-79 or 4.80 to determine
the ratio of CycfCranct

[H* 107%7  Cpa
K. 107% Cuanc

Note that establishing the buffer pH determines the ratio but not the
concenfration of acetic acid and sodium acetate to use. The concentra-
tions of acid and conjugate base are determined by the required ability
of the butfer to resist pH changes upon addition of strong acid or base,
or the buffer intensity.

(b} Examination of Table 4-1 shows that both H,S,,,, and H.PO,™ have pK,
values near 7.0. HyS, is volatile and would be difficult to keep in
solution, besides which it is toxic and evil-smelling. Therefore, H,PO,~

1
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" is the better choice. Phosphoric acid is a triprotic acid and we are
interested in the pK,, value describing the equilibrium,

H.PO, = HPO2 + HY

We can consider this eguilibrium in isolation from the iwo other
equilibria if the pK, values differ by more than about 2 pH units. This
condition is met for phosphoric acid where pK,=2.1, pK,.=7.2, and
pK.s;=12.3. For pK,,=7.2, Eq. 4-79 becomes

Chaghro, - 10-72

Chraigro, 10770

2. (a) The initial solution with Cr,, = 107% was prepared using Cuac = Cuaae =
5 X 107% Because [H'] and [OH7] are very small with respect to
[HAc] and [AcT] in this region, we can gssume that the small amount
of OH™ added reacts completely with HAc. Thus {HAc] decredses, and
[AcT] increases by the amount of OH™ added per liter. {Our check to
determine whether this approach is valid is to determine if the as-
sumptions used to develop Eq. 4-80, that is, [HAc] == {(JOH] — {H*]) and
[Ac7} == (JOH™] + [H]), are valid at the final pH of the solution.) On this
basis [HAc] = 5 X 10* - 10 =4 x 107% and [Ac] =5 X 1074 + 10~* =
6 x 1074,

Applying Eq. (4-80), we obtain

[AcT}
{HAc]

6x 10
=47+ ].OQ W

pH=pK,+1log

=474+ 0.2 =49

Because [H*] and [OH"] are much smaller than [HAc] and [Ac7} at pH
= 4.9, the assumption of complete reaction is valid.

{b) Knowing that Cres, = 107 M and Cusueo,/ Cuaneo, = 0.63, we find that
Cranpro, = HPOL ] = 8.1 X 107 M andCygpro, = [HPO2] = 3.9 x 107 M.
After the addition of 107 mole NaOHliter, [HPO,] = 3.9 X 107¢ + 10~¢
=49%x10*M, and [H,PO, ] =6.1 X 107* - 104 =51 x 10~*M.

4.9x 10
pH =72+ log W

=72-002=7.18

Again [H,PO,] and [HPO.?"] are much greater than [H*] and [OHT] at
this pH so our assumption of complete reaction is valid. The reader may
wish to prove this using the approach given in Example 4-27.

4.12,2. Buffer Intensity

Buffer intensity, 8, or buller capacity, as it is often called, is defined as
the moles/liter of strong base, C3, (or OH™) which when added to a solution
causes a unit change in pH. Thus
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dCeg  dC,4
d pH d pH
where C, is the moles/liter of strong acid (or HY) added. The buffer
intensity can be determined experimentally and by computation at
individual pH values. Experimental measurement involves determining
a titration curve that shows the course of pH change with moles of strong
acid or base added. The slope of a titration curve is d pH/dV where V =
ml of X normal acid or base added. The slope of the titration curve can
be converted into /8 by multiplying by the factor C’, where

(4-81)

B—_‘

C’ = ((sample volume, liters)/{normcrlity of titrant)}(10* ml/liter)
Thus
C’ ({d pH/AV} = d pHHCs = U/

Therefore, the reciprocal of the slope of the titration curve is proportional
to the buffer intensity. For example, the titration curve for 167° M HAc
(Fig. 4-12) is reproduced in Fig. 4-14 together with a plot of 8 derived from
slope measurements on this curve,

We can generally conclude that the buffer intensity is g maximum at
pH = pK,, that is, when [Ac™] = [HAc] and that 8 is at a minimum when
f = 1, when [HAC)inga = Ca, at the equivalence point of the titration of
HAc with a sirong base. Although we have learned all of these facts
previously, a knowledge of the absolute value of 8 helps us to design
buffers at o given pH with the desired capacity to resist pH change. It is
in this aspect of buffer design that the computational method for deter-
mining B is most useful,

To develop a general equation for 8, let us consider a solution containing

12}
Titration curve
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Fig. 4-14, Titration and buffer intensity curves for 10 M HAc—Ac™ at 25°C.
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a monoprotic acid, HA, and the sclt of its conjugate base NaA to which

C, moleg/liter of strong acid (HCI) are added.
H we neglect ionic strength effects, the egquilibria are

_[H'}AT]

* 0 [HA]
K, = [H*][OH]

Mass Balances

Ca=1[C17] and  C;,=[HA} + [A7]

Charge Balance
[Nat] + [H*} = [A7] + [OHT] + [C]7)
or using C, = [Cl"]
Ca = [Na'] + [H*] — [A"] - [OH]
Since

_—dC, -dC,d[HY
" dpH d[H*] dpH

) B

Substituting in Eq. 4-88 for C, from Eq. 4-85, we obtain

_ (d [Na*]  d[HY] d[A] d[OH] ) ( d [H*]

p= d[HY] "d[HY} d[HY d[HY] d pH
Evaluating each of the differentials, we obtain

d [Nat] _ o

d[H]

dHY]

d{H*]

1

From Eqs. 4-82 and 4-84,

-1 _ Kac‘r,A
A=t 1k,

and

_ [HACa

(A= 111 1 &,

Then

_d[AT] _ d{(—-K.CrJAHY] +K.) + CeaKa
d {H] d [H] ([H*] +K.)?

(4-82)

(4-83)

(4-84)

{4-85)

{4-86)

(4-87)

(4-88)

(4-89)

(4-30}
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From Eq. 4-83
. s
ORI = T
Then
d[OH] d(-K./H') K,
TamEY | dmET T 90
d{HY  d[HY] d [HY] _ ~23d[HY

dpH d(-log[HT) d(n[HIV-2.3 dHVHET —2.3[H"]  (4-92)

Substituting the values of the differentials in Eq, 4-87, we find that
CT,AKa Kw
([H*] +KJ)?  [H']?
CT,AKa
((H*] + K.*

[HY CT,AK;,)
({H*] +K.)?

B=- (0 +1+ ) (—2.3[H*])

Ky

TR (4-93)

= 2.3[H" + 2.3[H+]( ) + 2.3[H7]

= 2.3 ( [H*] + [OH] +

in the event that ionic sirength effects are important, %K, should be used
in place of K, and K, in place of K.

Substituting from Egs. 4-84, 4-88, and 4-89 gives an aliernative expres-
sion for B

M) (4-94)

[HA] + [A7]

Knowing that o, = [HA)/C; , and «, = [A~)/C; 4, substituting into Eq, 4-94,
we can derive a third way of expressing f5:

B =23(H] + [OH ] + aa:Cr,a) {4-95)

B= 2.3( [H*] + [OH] +

This equation, together with the table of o values in Appendix 1 allows
the rapid computation of 8 as a function of pH.

If no weak acid-conjugate base pair were present, derivation by the
above procedure would have yielded the buffer intensity attributable to
- water:

Bno = 2.83([H] + [OHT]) (4-95)
so that Eq. 4-95 can be written
g= ,BHzo + Bua (4-97)

We can also use a similar derivation of 8 for a multiprotic acid, H A,
If the pK, values are separated by more than 2 pH units, the derived
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equation produces results within 5 percent error of the correct value of
7‘8‘12 ‘
Thus
[HnA](HnMA_]
[HnA] + {Hn——1A_]
[(HosAT[Ha2A*]
[H,—A7] + [H,—.A%]

g= 2.3( H*]+ [OH"] +

+ ) (4-98)

or in terms of a values,

B=2.3(H" + [OH 1+ apayCra+ ayasCra+ -+ ) {4-99)
- where
o oAl [H AT [H A
Cra Cra Cra
and

Cra= [HnA] + [Hy A7) + [Hn—2A2~] +o

More than one acid-conjugate base pair may be used to buffer a
solution. A derivation similar to the previous equations yields the equa-
tions applicable to such a solution,

ol o [HANAY | [HBIB] .
B= 2.3( fH*] + [OH"] + [HA] + (A [HB] + (B + ) (4-100)
or
B=0Buo+ Buat Bust - {4-101)

or in terms of a values,
B = 2.3([H'] + [OH"] + g a1,aCr.a + @opet1.8C1a + -« ) (4-102)

where HA and HB are of total concentration Cr, and Ci s and aga and a5
are the a values for HA and A~, and so forth.

Example 4-29

Compute the buffer intensity of a 107 M acetic acid solution at several pH
values to determine the variation of § with pH. Determine the individual
contributions of the acetic acid {8y} and of water {8,,,0) to the total buffer intensity
(B} and plot their variation with pH. How do the computed values of 8 compare
with the values measured from the titration curve in Fig. 4-14? (K, s, = 4.7; neglect
ionic strength effects,) '

2 ]. E. Ricci, Hydrogen Ion Concentration, New Concepts in a Systematic Treatment,
Princeton University Press, Princeton, N.J., 1952,
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Solution

For selected pH values, determine o, and oy from Appendix 1. Using these «
values determine

B = Buo + Buac
= 2.3{[H*] + [OH™]) + 2.3 atox, Cr peac
At pH 4.7
Bup = 2.3(107%7 + 107%7) = 4.58 x 10 ~*molefliter
Brac=2.3(0.5 x0.5 x 1073 =5.75 x10 “*molefliter
B=0.46 X 107*+ 5.75 x 10*=6.2] x 10 ~'mole/liter

See Table 4-6. The values of 84, and Bua. are plotted in Fig. 4-15.

Examination of Fig. 4-15 shows that Bus. has a maximum at pH = pK, and is
symmetrical about this pH. This same phenomenon is also cbserved for other
acid-conjugate base systems, including multiprotic systems. There will be «
maximum at each pK, for the multiprotic species. Also, B0 has a minimum at pH
= pK,/2 and is symmetrical about this pH. When 8,0 and Bus are summed to
give B, Fig. 4-15 shows that By, is predominant at very high and very low pH but
that it coniributes very little to 8 in the pH range 5 to 8 for « 107* M buifer solution.
It should be noted that By, is the buffer intensity of a strong acid-strong base
system.

Example 4-30

A strongly acidic pharmaceutical waste, [H*] = 107" M, is to be neutralized to
pH 6 prior to discharge. Continuous neutralization with 50 percent caustic soda,
NaOH, resulted in an effluent pH that varied widely in the range 4 to 11 because
of the low buffer intensity of the water. A laboratory study showed that the
addition of sodium bicarbonate, NaHCO,, or seda ash, Na,CO,, could be used to
increase the buifer intensity of the solution so that the desired final pH could be

TABLE 4.6 Computation of 8, Example 4-29

pH o Cey B0 Brinc B

4.7 0.50 0.50 4,58 x 10-8 5.75 x 107¢ 6.2 x 10
4.4 0.66 0.33 0.1 x 107 5.0 x 10-* 5.9 x 10
4.1 0.80 0.20 1.8 x 10+ 3.7 x 10+ 5.5 x 10
3.7 g.91 0.08 46 x 10°* 1.9 x 107 8.5 x 10~
2.7 0.99 0.01 46 x 107? 23 x10°° 4.6 x 103
2.0 1.80 0.00 2.3 x 167 0 2.3 x 102
5.0 0.33 © 0.66 2.3 x 1078 51 x 107 53 x 10
3.3 0.20 0,80 1.1 x 10-% 3.7 x 10* 3.8 x 104
3.7 0.09 0.91 46 x 10°° 1.9 x 1074 1,9 x 1074
7.7 0.01 0.99 4,81 x 10® 2.3 x 10 2.8 x 10-5
9.0 0.00 1.00 2.3 x 1078 0 2.3 x 10-%
11.0 0.00 1.00 2.3 x 103 i 2.3 x 103
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Fig. 4.15. Buffer intensity versus pH for 10 M HAc—Ac,

achieved in the neutralization process. Given that a 8 of 0.75 mM/liter is necessary
if the neuiralization system is to continuously produce an effluent with a pH
sufficiently close to 6§, calculate the NaOH and NaHCO, required to achieve the
neutralization. Neglect ionic strength effects.??

Solution
Calculate the NaHCO, required using Eq. 4-99:
,B = 2.3({H+} -+ IOH_] + aﬂa1CT,003+ ala2CT.C03)

From Appendix ! at pH = 6, a, = 0.666 = [HLO}/Creo. o = 0.3 =
[HCO,; )/C o, and a, = 0 = [CO*C 1 co,-

0.75 x 107%= 2.3(107° + 10~® + (0.666)0.334)C 1.co, + (0.33410)C1.c0.)
CT‘CQJ =1.42 x 109M

Thus 1.42 x 1072 mole NaHCOQ, must be added per liter of waste to achieve the
desired buffer intensity.

Next we calculate the required NaOH. In the waste there are 107'* moles
H¥/liter (1.58 x 1072 molefliter). Adjustment of the solution to pH 6 requires that
(1.58 x 107% ~ 1 % 1079 = 1.58 X 1072 mole H%/liter be neutralized. The H* con-
centration neutralized by NaHCO, via the reaction

HCO; + H* -H,.CO;3
is equal to (H,CO3] at pH = &
** This example is based upon information given by R. W. Okey, K. Y. Chen, and
A, Z, Sycip, "Techniques for Continuous Neutralization of Strong Acid Wastes,”

presented ot the 32nd Purdue Indusirial Waste Conference, Lafayette, Ind,,
1978.
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[H,CO%] = agCr.go,= (0.666)(1.42 x 109
= 9.46 X 10 *mole/liter

NaOH required to neutralize the Hf via the reaction,
OH- + HY — H,O

Total H* requiring neutralization 1.58 x 102 M
Neutralization by NaHCO, -9.46 X 107 M
NaOH required =148 x 102 M

Thus 1.42 x 107® mole NaHCO,/liter and 1.48 X 10°2 mole NaOH/liter are required
to adjust the sclution pH to 6.0 and g8 to 0.75 mM/liter.

4,13, THE CARBONATE SYSTEM

We will now turn our attention to a discussion of what is the most
important acid-base system in water: the carbonate system. The chemical
species that make up the carbonate system—gaseous CO,, COy,) aqueous
or dissolved CQ, COyuq carbonic acid, HCOy; bicarbonate, HCO,;
carbonate, CO,%; and carbonate-containing solids—comprise one of the
major acid-conjugate base systems in natural waters. Because of this the
analytical technigues for measuring the capacity of a water to neutralize
strong acid and strong base (alkalinity and acidity, respectively} are
based largely on the specific properiies of the carbonate system. The
carbonate species also buffer natural waters. In addition, individual
species are of interest to us because they participate in important
reactions other than strictly acid-base interactions. Carbon dioxide is a
participant in the biological processes of respiration (CO, produced) and
biocsynthesis by autotrophs or photosynthetic organisms (CO, consumed).
The dissolution of CO, from the atmosphere into water and the release
of CO, from supersaturated waters involves a heterogeneous reaction
between gas and liquid phases, Carbonate ion participates in hetero-
geneous equilibria with solids containing carbonate, notably calcium
carbonate, The formation of CaCO; precipitates is one of the bases of the
precipitation process for water softening. The dissolution of carbonate-
bearing minerals is a major source of inorganic carbon-containing species
in natural waters. Carbonates and bicarbonates form complexes and ion
pairs with metals such as Ca®*' and Mg?'. Because of their almost
universal occurrence and involvement in reactions, the carbonate species
almost always has a bearing on the type and quantity of chemicals
required to treat water and wastewater.

4.13.1. The Carbonate Species and Their Acid-Base Equilibria

The various components of the carbonate system are interrelated by
the following equilibria. (For the moment we will neglect the equilibria
between carbonate sgpecies and metal ions and the involvement of
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carbonate-containing solids (see Chapters 5 and 6)). The temperature
dependence of the constants we will use most frequently is presented in
Table 4-7.

COuoy = COpuay K =Ky=10"5 (4-103)

where K is Henry's constant. ‘
COuuy + HHO=H,COy: K = 1072 (4-104)
H,CO;=H"+HCO;"; Kj=1073° (4-105)
H,CO} = H* + HCOy; K, = 10753 (4-106)
HCO,- =H* + C0,*;  K,,=10713 (4-107)

When we are presented with a problem invelving the carbonate systemn,
we must first make o decision concerning the nature of the system. This
step is important because carbonate species can be involved in homo-
geneous solution equilibria as well as heterogeneous gas/liquid and
liquid/solid equilibria. We must examine our system to see whether it
can be treated as

1. An open system with no solid present.
2. An open system with solid present.

3. A closed system with no solid present.
4

A closed system with solid present.

The use of simple sketches helps us to decide the nature of cur system.
For example,

1. A water sample containing carbonate species is titrated with «
strong acid. During titration the sample is warmed and vigorously
bubbled with «ir to equilibrate the sample with the atmosphere.

TABLE 4.7 Temperature Dependence of Some Important Carbonate Equilibrium
Constants

Tempearature, °C

Reaction S 10 15 20 25 40 60

1. COup +HO = COpuoy pK 1.20 1.27 1.34 I.41 1.47 164 L.B

2, HLO;=HCO; +H*pK,: 6.52 6.46 6,42 6.38 6,35 6.30 6.30

3. HCO, = CO# + H% pK,; 18,56 10.49 1043 10.38 1033 1822 1014

4. CaCOyy = Co¥* + CO* pKe 8.09 8.15 8,22 8.28 8.34 8.51 8.74

5. CaCOy,, + H* = Ca?* + HCOy; -2.47 -2.3¢4 -221 -210 199 —171 -—1.40
plKwo/K. 2

Source: From T, E, Larson and A. M. Buswell, “Calcium Carbonate Saturation Index and Alkalinity
Interpretations,” J. Am. Water Works Assoc., 34: 1664 {1942).
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The system can be sketched as in the following figure. The system
is open to the atmosphere and not in equilibrium with a carbonate-
containing solid.

Peo,

2 =HCO; = H3C0; = COspqy = COa g

2. A water sample containing carbonate species is titrated with strong
acid. The titration is conducted rapidly in « nearly full container
with little shaking. The system can be sketched as in the following
figure. The system is considered to be closed to the atmosphere
{although some CQO, may escape) and iz not in equilibrium with
any carboncate-containing solid,

"

H

3. The hypolimnion of a stratified lake is in contact with sediment
containing calcite, CaCOys). The system can be sketched as in the
following figure. The system is closed to the atmosphere and tends
to be in equilibrium with a carbonate-containing solid.
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; Epilimnion ;

Hypolimnion

€032~ = HCOZ™ = HaCO; = COspu)

Chemicals (e.g., lime, soda ash, strong acid, strong base, and CO,)
are added to the water in a water treatment plant to soften the
water and adjust its pH. The system can be sketched as in the
following figure. Because the surface area to volume ratio of the
freaiment basin is small, the residence time is short, and solid
CaCQ0; is in abundance, the system is considered to be closed to
the atmosphere and it tends toward equilibrium with carbonate-
containing solids. (A closed system assumption is not entirely
accurate because some atmospheric CO, exchange may occur.}

FTT

€052 = HCO5 = HpC0;3 = COz0q

Iy

CaCO3 1y

Nitrification {oxidation of ammonia to nitrate) and oxidation of
organic matter to CO, and water take place in the vigorously
aerated aeration basin of an activated sludge plant. The system
can be sketched as in the following figure. The system is open and
in equilibrium with the atmosphere with a P, of the aerating gus.
It is not in equilibrium with a carbonate-containing solid.

€037~ = HCO3™ = HyC0; = €0, g = €Oz g

NHgY - NOg™ + H+/ \ {CH, 0}, + CO5 + H,0
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From Eq. 4-104 we can conclude that the concentration of hydrated

carbon dioxide, CO,,.,,, predominaies over the concentration of carbonic
acid, H,CO,,

_ 1n-2s _ 1H2CO5 -3
Kn=10 [COmal 1.6 x 10
Thus {H,CO,] is only 0.16 percent of {CO,,,]. Because it is difficult to
distinguish between TO,,,, and H,CO; by analytical procedures such as
acid-base titration, a hypothetical species (H,COj) is used to represent
H,CO; plus COy,y. We will follow this convention, Using Egs, 4-103 and
4.104, we can determine the ionization constant, K, , for H,CO; as follows:
Since '

[H.CO,4] + [COsery] = [H:CO5] (4-108)

where H,COj is a hypothetical species only, and neglecting ionic strength
eifects, the equilibrium constants for ionization of H,CO; and H,CO; can
be written as
(H*[HCO;7] [HHHCO, 1 o,
e = Ka,1 cmd e A S
[H,CO3) [H,CO,]

Substituting Eq. 4-108 in the X, , equation, we obtain

__ [HY[HCOy47]
1T {[H,CO,) + [COxaql)

Now multiplying the numerator and denominator of Eq. 4-109 by [H,CO/]
and knowing that [COy.q)/[HLCO4 = 1 /K, we find that

K

(4-109)

{{HY[HCO; ¥ [H.CO4) _ K —K
([COuap} + [H,CONH,LCOy] (UK +1
Since
1 i
K. S 1pes s 631
i
— =
K.t
therefore,
K;
_ - = 4 Km
K. WK Ki

K, = 1073510728 = 10-62

The implications of this development are important because they point
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out that H,CO, is a fairly strong acid, (K[ = 10~*%), but there is very litile
of it in solution. This point is emphasized because the composite first
dissocidation constant, K, ,, for H,COj is 10792, a value that would give the
impression that carbonic acid is a very weak acid. As we shall see later
when we examine the dissolution.of minerals by CO,, r_:arbonic acid has
some of the properties of a strong acid. Because of the preceding
equilibrium calculations and because [COy,q] == [H,CO4), we can write

[HCO;3] = [COxanl (4-110)

Although equilibrium calculations justify the use of the hypothetical
species, H;COj3, there are some kinetic considerations that must be
addressed. A simple experiment will illustrate the problem.™

Take 200 ml of chilled distilled water and add o piece of dry ice (solid
CO,) to it to increase its dissolved CO, content. Add 3 to 4 drops of
bromothymol blue indicator, which is yellow below pH 6, green at pH 7,
and blue at pH 8 and above. The indicator will turn yellow in the chilled
CO, solution. Now add ! to 2 ml of 0.1 M NaOH (strong base) and swirl
the flask to mix. The solution will be momentarily {seconds} biue, then
return to its original yellow color through an intermediate shade of green.
These color changes indicate that after the addition of strong base the pH
of the solution was gt pH above 8 for a significant time and then gradually
returned to below pH 6. For some reason then, the sirong base that was
added to the solution wuas not neutralized, or remuained unreacted, for a
measurable time period. If we recall our earlier discussions on kinetics,
we realize that slow reaction rates are not characteristic of acid-base
reactions. The explanation for this behavior lies in the slow (relative to
other deprotonation reactions} rate of hydration of aqueous CO,. The
reaction, COy,, + H,O = H,CO; has a rate constant of 0.0025 to 0.03 at
20 to 25°C. By chilling the solution as we did in our experiment, the rate
is slowed even further. From our equilibrium discussions we know that
COyuuq is the major dissolved CO, species. However, it is the minor
species H,CO, that participates in acid-base reactions with OH-

H.CO, + OH- — HCO;,” + H,O

This reaction, like most acid-base reactions, is extremely rapid. Therefore,
on the addition of excess OH™, the available H,CO, is consumed at a
faster rate than it can be produced. The result is that the pH increases
momentarily until the slower CO, hydration reaction can supply more
H.CO; to react with the OH".

The reason for the slow hydration rate lies in the change of molecular
configuration that must occur in CO, hydration. The COy,,, molecule is

4 This experiment is taken from D, M. Kern, "The Hydration of Carbon Dioxide,”
J. Chem. Educ., 37: 14 {1960).
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linear, O=C=0, with waters of hydration attached, while H,CO; has the
form,
HO

AN
c=0

Ve
HO

with associated waters of hydration.

Throughout this text we will use the hypothetical species H,CO; to
represent COy,y plus H,CO;. We will treat it as a dipretic acid, but we
should keep in mind its true nature.

4.13.2. Calculation of Carbonate Species Concentrations in Open and’
Closed Systems

In working problems concerned with carbonate equilibria in waters,
we can take one of iwo general approaches. The first method is to treat
the problem rigorously, This procedure often leads to complex equations,
The second method is to make simplitying assumptions to provide an
easy bul approximate solution. We intend to present both ways of
attacking the problem because it is only by having a fundamental
knowledge of the system that one can develop the ability to make rational
simplifications, '

First, let us examine homogeneous (no precipitates), open systems. In
these systems the carbonate species in solution are in equilibrium with
the CO; gas in the atmosphere above the solution. The normal atmosphere
contains 107% atm of CO,, and when this is in equilibrium with COy,,,
from Egs. 4-103 and 4-110, we obtain

[H,CO3] = [COuaf = KuPeo, = 105X 10738 = 10-5M  (4-111)

Let us now construct a pC-pH diagram for the carbonate system open
to an atmosphere containing Peo, = 1075 atm (Fig. 4-16). Our first step is
to determine the concentration of each carbonate species as a function
of pH. From Eq. 4-111, {H,CO3] =10-5,

—log [H.CO3] =5

Therefore, [H,CO%) versus pH plots as a horizontal straight line at
—log C = 5 as shown in Fig. 4.18,

For [HCO;7], we know that

[H'[HCO,]

KE, = *
' [HCO3)

(4-112)

Because [H,CO3} =10-°,

10K,
[HY]

EHCOs_] =
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and
—log {HCO,] =5 — pH + 6.3 = — pH + 11.3 (4-113)

This equation yields the line for [HCO;™} shown in Fig. 4-16. Similarly, for
CO* we know that <

[H1[COs™ ]

Kaz= [HCO, | (4-114)
Combining Eq. 4-111 and the equations for K, and X, ; yield
— ]'OMSK ,1Ka,2
(CO] = =t
—log [COZ"} =5+ pK,; + pKae — 2pH = 21.6 — 2pH (4-115)

This equation yields the line for [CO,?7] shown in Fig. 4-16. Knowing that
Cr.co, = [H,CO3] + [HCO,7} + [COs*] (4-116)

we can obtain the concentration of the individual species at various pH
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Fig. 4-16. Total concentration of carbonates, Cr,co,. versus pH for an open
system at 25°C.




164 Acid-Base Chemistry

from Fig. 4-16, determine Cr ¢, as a function of pH using Eq. 4-116, and
plot ~log Cr o, versus pH. The resulting curve is shown in Fig. 4-16. Note
that [H,COj}] predominates for pH < pK,,, [HCO;] predominates for
pK.. < pH < pK, ., and [CO;*"} predominates for pH > pK, ,. Examination
of Fig. 4-16 also reveals that Cy o, increases rapidly as pH increases
above pK. ;.

Now let us tackle the closed system, with aCrco, = 107°M. Since the
constraint that the system be in equilibrium with a certain partial pressure
of COy, has been removed, we can treat H,CO; as a nonvolatile diprotic
acid. Thus construction of the pC-pH diagram follows the same steps
taken in Section 4-8 for the diagram of the hypothetical diprotic acid H.A
{Fig. 4-5). The diagram is shown in Fig. 4-17.

Let us first determine the composition of 107* M solutions of H,COj,
sodium bicarbonate, NaHCO,, and sodium carbonate, Na,CO, in both
systems, The proton conditions for the closed system are

H.CO;: [H*] = [OH"] + [HCO;] + 2[CG;2]
or approximately

[H*] = [HCO47]
NaHCO,: [H*} + [HCO3] = [COs*] + [OHT}

i
N
/4

—log concentration, pC
=
I
b

HCO;™ y’

1ok oH™ C0o4%~ H* H,CO3 -]
11 - —
o L1 S R R S B |

Fig. 4-17. The pC-pH diagram for a 10~* M carbonate solution at 25° C.
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or approximately

[H,CO;3] = [OH}
Na,CO;y: [H*] + 2[H,CO;] + [HCO,7] = [OH"]
or approximately

[HCO;] = [OH]

These proton conditions are met at points A, B, and C, respectively, in
Fig. 4-17. The concentrations of the various species in these solutions as
taken from Fig. 4-17 are tabulated in Table 4-8.

The calculations are slightly more complex for the open system. Because
CO, can enter the solution or be evolved, Cy ¢o, is an unknown. To make
comparisons with the closed system solution, let us consider {1} distilled
water, (2} distilled water + 1075 mole NaHCO,/liter, and (3) distilled water
+ 107® mole N, COy/liter, each in equilibrium with the atmosphere. When
atmospheric CO, is in equilibrium with distilled water, Henry's law gives
[H,CO3l.

{H:CO3) = KiPoo,
108 x 1073% = 107° M
The proton condition is
[H*] = [HCO,] + 2[CO27) + [OH]

or approximately [H*] = [HCO,7], and is satisfied at point A on Fig. 4-186.
Examination of the figure shows that Cr co, = 107*°. The solution compo-
sition is given in Table 4-8.

TABLE 48 Comparison of Composition and pH of Open and Closed
Carbonate Systems

Solution Closed System (Fig. 4-17)
' [HY] [OH] [HCO3 [HCO,] [CO2] pH  Creo

10— M H,CC} 10-57 10-83 10-%1 19757 107194 5.7 10-50

1075 M NgHCO, 1077  10-%4 107%* 10°° 10778 7.6 1g-s¢

105 M Na,CO, 107° 10-¢ 10-7% 10-* 1053 9.0 10-5°
Solution Open System

(H']  [OH7 [HLCOY [HCOs] [CO* 7 pH  Crpo,

103 M H,CO; 1057 1g-83 1g-% 10787 10194 5.7 107
107* M NaHCO, 19-8= -7 10~% 16-¢ 10~ 63 10°%7
105 M Na,CO, 10-87 10-73 1075 10~*7 1g-83 6.6 1075
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The addition of 107 mele NaHCQ,/liter of distilled water followed by
equilibration with the atmosphere at 25°C results in the following charge
balance

[H*] + [Na*] = [HCO;™] + 2[CO4*7] + [OH] (4-117)

where [Na*] = 1 x 1075, Figure 4-16, which is applicable to open systems,
shows that this equation is satisfied at pH 6.3 {(point B) where {Na'] =
1 X 107% = [HCO,7], [HY] << 1075, and [HCO;] == 2[CO2 ] + [OH]. The
concentrations of the various species at this pH are presented in Table
4.8,

When 107° M Na,CO, is added to distilled water, the same charge
balance, Eq. 4-117 results but [Na*] is now 2 X 1075 M. Using Fig. 4-16, we
find the charge balance is satisfied at pH 6.8, where [Na*] =2 x 10~° =
[HCO;7), [Na'} = [HY] and [HCO,7]} == 2[CO,;*7] + [OH"]. The species
concentrations at this pH, taken from Fig. 4-16, are also given in Table
4.8,

Comparison of the closed and open systems in Table 4-8 reveals the
following important distinctions

1. In the open system [H,COj] remains constant.

2. The pH of a 107° M CO,,,, solution and of a distilled water solution
that is equilibrated with the atmosphere is equal. It would be a
useful exercise for the reader to experimentally determine the pH
value of distilled water immediately after preparation and then
again after standing the distilled water overnight in a beaker open
to the atmosphere. For freshly distilled water the pH should be only
slightly below neutrality while after contact with the atmosphere
containing 107*° atm (Pgy), the pH will drift down to the neighbor-
hood of 5.7,

3. The Cy co, concentration is constant in the closed system but varies
with pH in the open system.

4. Even though the NaHCO, and Na,CO, solutions in the open system
contain higher C; co, than the NaHCO; and Na,CO, solutions in the
closed system, their pH values are significemtly lower. We can
conclude that equilibration of closed solutions of NaHCQO, and
Na,CO; with the atmosphere will cause a depression in pH. If we
were to bubble a 107* M No,CO, solution with air containing
Pco, = 0.0003 atm (107*% atm), then over a prolonged period its pH
would drift down from 9 to about 6.6,

Let us now turn our attention to the calculation of solution composition
following the addition of strong acid or strong base to the ¢losed carbonate
system. The results and methods that we derive from this exercise will
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prove useful in (1) calculating solution composition during water treatment
operations where strong acids or bases are added to carbonate-bearing
waters in processes such as coagulation and stabilization, (2) assessing
pH and sclution composition when acidic wastes are discharged to
receiving waters, and (3) calculating the pH and solution composition at
various stages of the alkalinity and acidity titrations. We will demonstrate
methods of caleulating the solution pH and cemposition following strong-
acid or strong-buse addition when the analytical concentration of car-
bonates, Cr,co, is known.

Example 4-31

Calculate the solution pH, solution composition, and the equivalent fractions,
f, of titrant for a solution containing 107 M Na,CO; to which are added

I. 107% mole HNQ; per liter of solution.

2. 2 x 107® mole HNO, per liter of solution. Assume that a negligible volume
change occurs as a result of the addition of HNO; and that the system is
closed.

Solution
1. The equivalent fraction is calculated as

_ number of equivalents of HNO; added/liter _ 1 x 162

£ Crioo, TIx07

1

To determine the solution composition, we need the mass balance, the
charge balance, and the appropriate pC-pH diagram.

Muass Balances

Crrva= [Na®}=2x1072

Cro, = [NO;7] = 1072

CT.C03= [HQCOS} + [HCOgiI + [0032_] =103
Charge Balance

[Na*} — [NO;] = [HCO;™] + 2[CO;*°] + {OH™} — [HY]

After substituting from mass balances on [Na'l and [NO;7], we can write

1073 = [HCO,™] + 2[CO2] + [OH™) — [HY)
which is the charge balance for a 103 M NaHCO, solution. We can also substitute
[H,CO;] + [HCO,;} + [CO:27] for 103 in the charge balance to obtain

[H,COs} + [H] = [CO4*] + [OH]

which is the proton condition for a solution prepared by adding only NaHCQ, to
distilled water. From the pC-pH diagram for a closed system with Cy co, = 107




168 Acid-Base Chemistry

M, Fig. 4-18, this proton condition is met at pH 8.3 where [H,CO3] = [CO,2),
{HC0O3) == [HY], and (CC,2) == [OH-]. The solution composition is

[H*] = 10-%°, [OH"} = 107, H,CO3} =107
HCO; ) =107% [CO# | =107

2. The equivalent fraction is calculated as

_ number of equivalents of HNO, added/liter _ 2 x 1073 _

f =27 o
Creo, 1x10-* 2
We determine the solution compesition as in part (1).
Mass Balances
Crma = [Nat} =2 x 102
CT.N03 = 2 x 10_3
Cr.co, = H2CO3] + [HCO,7] + [CO4*]
pH
0 1 2 3 4 5 ] 7 8 9 10 11 12 13 14
I 3 | I 1 | 1 | T I ]
1+ —1
2 -
Cr,coy (H2C03}
5 2C0; . —*
}_ \Y
4 —
2 (HCO;™]
§ 50~ _
g
£ 6 .
8 [HCO5 ™}
[*]
|
sl _
9 [OHT] N
ok + —
[COs2~) O\l
11— —
tab—1 ! S B NS N N N S

Fig. 4-18. The pC-pH diagram for ¢ carbonate solution, CT.CDJ: M at
25°C.
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Charge Balance
[Na*} — [NO;] = [HCO; ] + 2[CO; ;} + [OH"1 - [H"]
Substituting mass balances on Na* and NO,™ in the charge balance, we can write
0 = [HCOs) + 2[COF-] + [OH] — [H*]
or
[H*] = [HCQ,7] + 2[CO*] + [OH]
This is the proton condition of a 107 M H,CO;3 solution. It is satisfied at pH 4.7 in
the pC-pH diagram (Fig. 4.18), where [H*] = [HCO,™] and [HCO,™) == 2[COs*T +

[OH]. The solution compesition is {H¥} = 1047, [OH"} = 10723, [H,CO3] = 1073,
[HCO;) = 10747, and [CO2} = 107°3,

Similarly, it can be shown that if one equivalent fraction of strong base
is added to a solution containing Cr,co, moles/liter of H,COj, the pH of a
solution with the same Cr o, but made up with only NaHCO; results,

PHuco,: if two equivalent fractions of strong base are added, the pHof a |

Cr comolar solution of Na,CO;, pHygz-, resuits.

The application of pC-pH diagrams for closed system problems is most
useful when the initial solution pH corresponds to a pure carbonate
solution (i.e., pHeo, for an H,CO; solution, pHyco,- for an NaHCQ, solution
and pHeoz- for an NayCO, solution) and the amount of strong acid or
strong base added is equal to one or iwo equivalent fractions. Such cases
are the exception; however, our coverage of these simple examples has
hopetully instilled into the reader’s mind the nature of the assumptions
that can be made in various pH regions of the carbonate system,
Generally, when strong acid or strong base is added to solutions con-
taining carbonates, the initial pH does not correspond to pHeo,, PHuco,-
or pHeo 2~ and the amount of acid or base added does not correspond to

=]lor2

Example 4-32

A solution contains 107 M Crco, and has o pH of 7.8, No weak acids or weak
bases are present other than the carbonate species, but other anions and cations
are present. Neglecting ionic strength effects, calculate the pH after addition of:

1. 107* mole HClliter.
2. 3 x 107* mole NaQH/liter.

Solution

1. We will solve this problem using one exact solution and one approximate
method of solution.
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Equilibria
[HY[OH] =K., = 10~
[HCO,TJ[H"] _

— 10-6.9
(H.CO;) =Koy =10
2 FH+
SO

Mass Balances
Cr.co, = 1072 = [H,COj3) + [HCO; ] + [CO,>)
Cs = moles/liter of negative charge units other than those of the carbonates
and [OH .18
Ca = molesfliter of positive charge units other than [H*].*®

Charge Balance
Ce + [HY] = (HCO;] + 2[COZ} + [OH] + C,
or
Cs — Ca = [HCO,] + 2{CO2] + [OH] - {HY]
From Appendix 1, a; = 0.1663 and a; = 0.8337. Thus [H.CO3] = ooCreo, =
1.7 x 107" M and [HCO;7} = oCrco, = 8.3 % 107 M,
To calculate [CO.*], we enter the values for [HCO, ] and [H'] in the K,,
equation to find

K,z [HCO,7] _ 107109 x 8.3 x 10~

(5] 10 =A1x107M

[CO) =

The initial charge balance is then

Cgs —C,=[HCO; ]+ 2[CO#) + [OH"] - [HY]
=83x10+24.1 x1077} +10 7107
=83x 107

After the addition of 10™* mole HCl/liter:
Exact Solution

The final charge balance after adding 1074 M HCL,

Ca—Ch=83x10"*-10"=73x 10
7.3 x 10 = [HCO47] + 2[CO4>] + [OH — [HY]
Assuming that 7.3 x 107* = [H*], and [HCO;7] = 2[CO;* 1 + [OH]. we obiain
[HCO; ] = 7.8 x 107
In the mass balance,
Crico, = 1078 = [H,CO4] + [HCO;] + [CO.]

% For example, it 80,2, Ct-, Br, . . . are in solution, C, = 2[8O27] + [CI"] + [Br7]
+ . e
¢ Por example, if Na*, X*, Ca?t ... are in solution, Cg = [Na™] + [K*] + 2[Ca?*]

+ .
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assume that [CO,*"] is negligible .
' 1073 = [H,CO1 + 7.3 x10*
[HCO3l = 2.7 x 1074

Using these values in the K, , equation because it includes both {H,COj;] and
[HCO;™}, we obtain
1083 x 2,7 x10~*
] = = RV 10673
(H'] 7.3 x10°¢ 10 M
From K, [CH} = 10777, From K,, [COZ7] = 107 x 7.3 x 107410757 = 10571,
Checking our assumptions,
[HCO;} =7.3 x 1074 2[CO,*] + [OH]
=92 x 1087 + 1072
and
[H,CO3) + [HCO;] = 1073 [COL )
since

[CO.2] = 10-57

We can see that the assumptions are valid.

Approximate Solution

The strong acid added (107* mole HCliter) is assumed to react completely with
only the strongest base, HCO,~, which is present at significant concentration.
{The bases OH- and CQO,;*" are stronger, but their concenirations are at least 2
orders of magnitude lower.}

HCO; + H* - H,CO;
Final [HCO, ] = initial [HCO ;"] — [H*]added
=83x10*-10=73xI0*M
Final [H,CO;)] = initial {H,CO3] + [H] added
=L7x10*+10=27x10M
From¥.., [Hf] = 10752 x 2.7 x 10~¥7.3 x 10~ = 10757,
pH = 6.73

- This approximate solution is in excellent agreement with the exact solution.
The assumption of complete reaction can be made when the concentration of the
predominant acid and its conjugate base pair is much greater than the H* or OH-
concentrations. Whether this estimnate will be valid can generally be judged very
easily using the appropriate pC-pH diagram and the estimated pH: alternatively,
the solution obtained in this way can be checked using the set of equations that
describe the system.

2. Addition of 3 x 10~* moles NaOH/liter.
This problem can be solved in the same fashion as given in (1). The
approximate solution is slightly different, however, and it is as follows:
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Approximate Solution

The strong base is added in an amount (3 % 107* M) greater than the initial
[H,COj3] (= 1.7 x 10~* M). We assume that the strong base first reacts stoichio-
metrically with all of the H,COj (the [H'] is negligible), then any remaining OH-
reacts with HCQ;™, the weaker acid; thus the reactions,

H,CO; +OH-—-HCO,; + H,O and HCO,;"+0OH —-CO,# +H,0

are both important. Also we can deduce that our final solution will not contain
a significant amount of H,COj3, since we assume that it has all reacted with the
added OH-. Therefore, we should examine the K,, equation for relationships
between concentrations of the major species, that is, HCO, and CQO7,

Final [H,CO3} = initial [H,COj] ~ equivalent amount of NaOH
=17x 10" - LT X107 =

[OH7] remaining after reaction with H,CO; = [OH™] added
— [OH™] reacted withH,CO; =3 x 107* — L7 x 107 = 1.3 x 107,

Final [HCO; ] = initial [HCO;] + [HCO; ] formed from H,CO}
- [HCO,7] reacted with OH™ to form CO,*~

Final [HCO,] = 8.3 x 107* + L.7 x 107 — 1.3 x 10™*
=B7x10*M

Final [CO#7] = initial [CO27] + [CO ) formed = 4.1 x 1077
+ 1.3 x 107 = 1.3 x 10+

From K,,, [H*]. = 107'%% x 8.7 x 107%1.3 x 107¢ = 10-%47,
pH = 9.47

FromK,, and K,,. respectively, [H,CO4} =107%® and [OH"] = 1075 Substitution
into the charge balance and mass balance shows that the values obtained are
satisfactory.

The approximate solution approach is especially useful in certain
practical problems, such as the one illustrated in the following example.

Example 4-33

A stream has a pH of 8.3 and aCreo, of 3 X 107° moles/liter, A wastewater
containing 1 x 1072 M H,50, is to be discharged to the stream. What is the most
waste that can be discharged per liter of stream water, and the corresponding
dilution ratio, if the pH may not drop below 6.7?

Solution

At pH 8.3, pHyco,-, essentially all of the carbonates are in the form of HCO;™.
At pH 8.7, the ratio of [HCO,} to [H,CO;] can be determined from the K, ,
equation,
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Since [CO.#] is very small, the mass balance becomes
Croo, = 3% 107° = [H,CO3] + [HCOy]
Combining the ratioc [HCO, |/[H,CO3] with the mass balance, at pH 8.7,

[H,CO3] = (gg) (38X 10-%) =8.6 X 10~*M

[HCO, ] = (%) (3 %1079 =2.14 x10*M

Assuming o complete reaction between H' and HCCG;~, we obiain
H*+HCO; —H.CO3}
8.6 x 10~* mole H* can be added per liter of stream water, since this will convert

8.6 X 10~* mole of HCO, to H,COj. The waste is 1072 M H,S0,, or 2 x 102 M
H*, Thus

8.6 x 10
2x107*

or 0,043 liter of waste may be added/liter of stream water.

= [.043

4,13.3, Alkalinity and Acidity
Alkalinity is a measure of the capacity of a water to neutralize strong

acid. In natural water this cgpacity is cxttnbutable to bases such as
c_qg_g’entmnons such as s:hcates borates. ammorﬂd phosphates. ‘and
organic bases, Acxdxty isa measure of the capacity of a water to neulralize
strong ba base. In natural waters this ccxpacxty is, usually attnbutable to

GMW3 dnd Sometimes to strong ac1ds, Hamely,
H!, We can define alkalinity and ac1d1ty in twedwa_ﬁs operanonally and
analytxcc:lly (or mathematically). Let us first examine the operational
definition of alkalinity and then proceed to see how this is related to the
mathematical definition when the components of the solution coniributing
to the alkalinity are only carbonate species and OH™.

In the determination of total alkaliniiy « known volume of sample is
titrated with a standard solution of a strong acid to a pH value in the
approximate range of 4 to 5 und usually in the range 4.5 to 4.8, This
endpoint is commonly indicated by the color change of the indicator
methyl orange; therefore, the total alkalinity is often referred to as the
methyl orange alkalinity. The H* added is the stoichiometric amount
required for the following reactions:

H* + OH-=H,0
H* + HCO,” = H,CO;
9H* + CO4" = H,CO}
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The pH at the true endpoint of the total alkalinity titration should be that
of a solution of H,CO} and H,O. Since we will assume that the alkalinity
titration is « closed system {no atmosphere), the solution at the endpoint
of the titration should be an H,COj solution with aCy ¢, that equals the
Cr.co, of the solution being titrated. We refer t6 the pH of such a solution
as pHee, and we call the solution a Cr¢o molar solution of CO..

For the carbonate system we can theoretically identity two more
significant pH values that occur during the course of an alkalinity titration.
These are pHuco, and pHeoz-. They represent, respectively, (1} the pH of
solution to which has been added the stoichiometric amount of H* required
to complete the following two reactions:

H* + OH" = H,0
H* + CO2 = HCO,

(i.e., the solution will have the pH of aC; co,-molar HCO;™ solution), and
(2) the pH of a solution to which hag been added the stoichiometric amount
of H* required to complete only the following reaction:

H* + OH = H,0O

In the loiter case, the carbonate species will be present all as CO2, or
as the form that results when Cy co, moles of Na,CO, is added to H,O (i.e.,
the pH of a Cy ¢p,-molar CO,?" solution}. The value of pHyco,- is about pH
8.3 while pHcoe- is generally between pH 18 and 11 and varies with
Creo, '

It is possible to determine experimentally the amount of acid required
per liter of solution to lower the pH of a solution to pHyge,-. This is the
carbonate glkalinity, This endpoint can be determined with a pH meter
or by the color change of the indicator phenclphthalein so that it is often
referred to as the phenolphthalein alkalinity. The amount of acid required
to reach pHeoe- (the caustic alkalinity) cannot be determined readily in
the laboratory because of the poorly defined endpoint, caused by the
masgking effect of the buffering of water (i.e., the reaction H* + OH- —
H,0O). Caustic glkalinity can be determined by calculation if the carbonate
and total alkalinity are known.

Example 4.34

A sample of water from the overflow of the recarbonation basin that follows a
precipitation/softening process has « pH of 9.0; 200 ml of the water require 1.1 ml
of 0,02 N H,5Q, to titrate it to the phenolphthalein endpoint and 22.9 ml of 0.02
N H,S0, to titrate it further to the methyl orange endpoint. Assuming the sample
contains no calcite particles, what are the total and carbonate alkalinities of the
sample in meq/liter and the total alkalinity in mg/liter as CaCO,?
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Carbonate alkalinity = the meq of acid/liter of sumple required to reach the
phenolphthalein endpoint ’
= 1.1 ml x 0.02 eq/liter x 1000 meqleg X
14200 ml sample volume})
= (.11 meg/liter

Total alkalinity = the meq of acid required/liter of sample to reach the methyl
orange endpoint
= 24 ml x 0.02 eqgfliter x 1000 megleq X
1/(200 ml] sample volume)
= 2.4 meqg/liter

2.4 meg/liter X 50 mg CaCOjy/meq = 120 mg/liter as CaCO;,

If we make the previous approximation of complete reaction and
combine it with the assumption that the alkalinity of a water is due solely
to carbonate species and OH-, we can, to a good approximation, make
some deductions about the initial composition of g solution from the
alkalinity titrations. Thus we assume that by pH 8.3 the reactions

‘OH" + H' > H,O
and

0032“ + Hf » HCO{

Mt M T R i e

are complete, and by about pH 4.3 1o 4.7 the regction
HCO;™ + H' - H,CO3
Sl em e,

is complete. We can also deduce that each mole of CO,*" present will
consume one H¥ when the solution is titrated to pH 8.3 and another H* as
it is titrated from pH 8.3 to approximately pH 4.3. If the volume of acid to
reach pH 8.3 (V) was equal to the volume of acid required to proceed from
pH 8.3 to pH 4.3 (V,.), we would know that the original solution contained
only CO,%~ as the major atkalinity species,

If, when we put phenoclphthalein indicator into the solution, it immme-
diately became colorless {or if the pH was below about 8.3) and we then
required an acid volume of V,,, to reach about pH 4.3, the original solution
would have contained only HCO,  as the major species contributing to
alkalinity.

If the initial solution required ¥V, ml of acid to reach pH 8.3 but no
further acid addition was required to reach pH 4.3, the cxlkcﬂinity was due
to OH™ glone. By similar reasoning we can show that if V;, >V, then the
major alkalinity species are OH™ and CO#; it V,, > V;, then the major
alkalinity species are CO,* and HCO,~. The third possible combination
of major alkalinity-causing species, OH™ and HCO,", does not exist
because there is no pHrange over which these two species are concurrently
the major alkalinity species (see Fig. 4-18). It should be emphasized that
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the concentrations obtained by this procedure are approximate und
significant errors are introduced if the solution pH is greater than about
9.5. These relationships are tabulated in Table 4.9,

Example 4-34 {continued)
We can now determine the major alkalinity species from the titration values.
= L1ml
Vo =22.9ml

Since ¥y, > V,. the major species present are HCO;~ and CO,2, V, = ml acid
required to titrate the CO;* according io the reaction: H* + CO.* —» HCO,;~.
When V,, is added, 1 Hf is added for each CO?"; thus the ucid added in eqg/liter
= the concentration of CO4?~ in moles/liter. From Table 4-9,

1
% (sample volume, mi)

[CO* 1 =V, ml X normality of tifrant in eg/fliter
1 mole CO 2
eqgH*
=11x0.02 x 1/200 ‘ : }
[CO42]1 =0.11 x 10 *molefliter y
Since H* + HCO;~ — H,CO;, the HCO, originally present plus the HCO,~

TABLE 4-9 Approximate Concentrations of Carbonate Species and ﬁy-
droxide from Alkalinity Titration Data

Predominant Form Approximate
Condition of Alkalinity Concentration, M
V, = Vo CO2 [CO2 =V, x Nx V- ¥
V.=10 HCO,~ HCC; ) = Vo X N X V!
Ve OH- [OCH} =V, x N x V¥V
Voo COfdand HCO; - {CO#]1 =V, X N x V=129

o =0
£
[HCO;] = (Vo — Vo) X N X V7
o~ Voo CH™ and CO% [COFT=V,o, x N XV #2
[OHY =V, — Vool X N X V7

<

Where:

V¥, = volume of titrant to the phenolphthalein endpoint, ml
Ve = volume of tilrant from the phenolphthalein endpoint to the methyl orange
endpoint, ml
V = sample volume, ml
N = normality of titrant, egfliter
Note: The accuracy of the OH™ and CO,*" concentrations obtained irom this table

depend upon the value of Cy¢o,. Accuracy is acceptable for Crep, > 2 X 1072 M;
however, results will be significantly in error if Cyeo, < 1 %X 107 M.
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tormed by titration of the sample to the phenolphthalein endpoint will be converted
to H,COj when the sample is titrated to the methyl orange endpoint. Thus, from
Table 4-9,

[HCO3} = (Vimo — Vil X normality of titrant in eq/liter
% 1 mole HCO,7eq X l/sample volume in ml

1
200

= 2.18 % 10*molefliter % /

=(22.9 - 1L.1) x0.02 X 7=

We can make similar definitions and calculations concerning acidity
measurements. For a¢ water in which acidity is contributed solely by H*
and carbonate species, the endpoint of the total acidity titration is at a
pH where a stoichiometric amount of OH~ has been added to complete
the following three reactions:

OH- + H = H,0
OH" '+ HCO,™ == CO2 + H,0
20H- + H,CO% = CO2 + 2H,0

The species present at the endpoint pH are those which result when
N, CO4 equal to the Cy,co, of the sample, is added to pure water. This pH
is pHeoe- and is generally between 10 and 11. The carbon dioxide acidity
endpoint is at pHuco,-. about 8.3. The mineral wacidity endpoint is at
pHeo,. about pH 4 to 5, In the analysis of waters the two endpoints used
in acidity determinations are pH 8.3 (pHyco,-) and pH 4-5 (pHeo). As in the
caustic alkalinity determination the pHeo - endpoint is ill defined. Since
the endpoints at pH 8.3 and pH 4 to § correspond, respectively, to the
color changes of the indicalors phenolphthalein and methyl orange,
carbon dioxide acidity is referred to as phenolphthalein acidity and
mineral acidity is often called methyl orange acidity,’”

Using the assumption of complete reactions,; we can deduce that adding
base to achieve a pH of 4 to 5 will allow the completion of the reaction

H* + OH™ — H,0

and the carbonate species will be in the form that exists when CO, is
added to pure water. Addition of strong base to pH 8.3 will complete the
reactions

H* + OH™ — H,O
and

H,CO; + OH~ — HCO,y™ + H,O

" For wastewaters in which weak acids and bases other than the ccrbonate
system are present, pH 3.7 is used instead of pH 4 to 5. See Standard Methods,
14th ed., 1975.
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Figure 4-19 shows the relationships between the acidity and alkalinity
titration curves and the pC-pH diagram. It shows that 1 equivalent fraction
of strong acid, {f = 1), must be added to lower the pH from pHeg - to
PHico,-, the carbenate alkalinity endpoint. An additional equivalent
fraction must be added to lower the pH from pHyco- to pHeo, the total

T
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=
T
>
o E
QT
oG
T L)

Strong =2 Strong
acid 2 _I'_ g % base
addition| |2 £ E) =3} |eddition
-2

=

|

Carbonate
alkalinity

Caustic
alkalinity

{H2CO3)

Fig. 4-18. Relationship of the pC-pH Dmgmm to the tifregtion
curve for the carbonate system at 25° C
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alkalinity endpoint. These relationships show that for the carbonate

system ‘
total alkalinity - carbonate alkalinity = Cjco,_
e
¢ Example 4-35

Two hundred and fifty ml of a freshly sampled well water (approximately pH

£6.7) requires the addition of 5,8 m! 0.1 N-NaOH to raise its pH toL_B_Tf the same

volume of the water requires the addition of 12.2 ml (V) of 0.1 N'HCI to lower its

pH to 4.3. What are (1) the total alkalinity and total &cidity, {2) the carbon dioxide
acidity, and (3) the approximate concentrations of the major carboncate species?

Solution

L. Total alkalinity is based on the volume of titrant required to lower the pH
of the sample to the methyl orange endpoint, which is approximated by pH
4.3 in this problem.
Total atkalinity = 12.2m! x 100 meg/liter x1/250 ml sample volume
= 4,88 meg/liter
Total acidity is equivalent to the amount of strong base which must be
added per liter to raise the pH to pHege-. In doing so the following reactions
will essentially be completed,
H*+OH-—-H.O

H,CO; + CH-— HCO, + H;O
and
HCO;}V + OH" — COSZ- + Hzo

Although we are not given the volume of titrant to pHCO:", we can deduce
this from the information given. The pH of the sample is approximately
6.7; thus mineral acidity is absent and we can disregard the first reac-
tion. It takes 5.8 ml of 0.1 N NaOH/250 ml sample to complete the second
reaction and raise the pH to 8.3. To complete the third reaction, a further
5.8 m¥/250 ml is required to convert the HCO;™ formed via the second reac-
tion to CO2~. In addition, the HCO,™ present in the sample (which ti-
trated as total alkalinity) will need to be converted to CO* during
the total acidity titration. This will require an additional 12.2 ml of
0.1 N NaOH/250 ml sample, an amount equivalent {o the strong acid required
in the total alkalinity titration. The total amount of base added then is 5.8 7
+ 5.8+ 122 = 23.8 511/250 ml sample. s

e

Total acidity = 23.8ml x 100 meq/liter x %0— ml sample volume

= 9.52 megq/liter'®

'8 Note that total acidity can alse be caleuleated with the aid of Fig. 4-19. That is,
total acidity = CO, acidity + 1 eq fraction = CO; acidity + Crco,, where
Cr1.co, = CO; acidity + total alkalinity. Since 5.8 ml of 0.1 N titrant was required
to titrate to the CO, acidity endpoint and 12.2 ml of 0.1 N titrant was required
1o titrate to the total alkalinity endpoint, total acidity = (5.8 + 5.8 + 12.2) x
100 eqg/liter X (1/250 sample volume} = 9.52 meq/liter.




180 Acid-Base Chemistry

2. Carbon dioxide acidity corresponds to the amount of base required to raise
pH to 8.3,

CO, acidity = 5.8 ml x 100 meq/liter X 2—;—3 ml sample volume
= 2.32 meq/liter

3. Since ¥V, = 0 (initial pH < 8.3) and V., = 12.2 ml, the major total alkalinity
species is HCO,™. Thus

[HCO;] = Ve ml % normality of titrant in meqgfliter
%X 1/ml sample % 1 mole HCO JeqoiH™*

1
=12.2 x 100 X 250

= 4.88 mM/liter

Since the mineral acidity = 0 (initial pH >4.3) and base (5.8 m]) is required
to reach pH 8.3, the major acidity species is H,COj. Also note that 1 OH-
is required to convert each H,COj to HCO,; .

[H,CO3)] = 5.8 ml X normality of titrant in meg/liter X 1/mlsample volume
X I mole H,COj%/eqof OH

1
—SBXIOUXﬁa

= 2.32 mM

4.13.4, Alkalinity and Acidity Endpoints

We have been careful in the preceding discussion of alkalinity and
acidity titrations and calculations to refer to the pH of the various
endpoints®® as "approximate values.” The actual values that correspond
to pHeo,, PHuco,-. and pHgo,2- are not truly fixed values, rather they vary
with the C1,¢cq, in solution. If we treat the titrations as closed systems, the
C1.co, at the endpoint will be the same as the Crco, in the initial solution.
This appears to be o reasonable approach if the solution is not shaken
vigorously and i the titration is conducted rapidly. The variation in
equivalence point pH values is shown in Fig. 4-20.

Reference to Fig. 4-20 and the statement in Standard Methods (14th ed.)
that "the following pH values are suggested as the endpoints for the
corresponding alkalinity concentrations as calciim carbonate: pH 5.1 for
total alkalinities of about 50 mg/liter (1.0 meg/liter), pH 4.8 tor 150 mg/liter
(3 meq/liter) and pH 4.5 for 500 mg/liter (10 meq/liter)” shows that this
variation is significant indeed for pHco,. Figure 4-20 shows that pHeoz-
also is strongly dependent on Cy ¢, while pHyco,- is much less dependent.

* The reader should keep in mind the difference between endpoint pH and
equivalence point pH, The equivalence point pH is the theoretical pH at which
a titration is complete while the endpoint pH is an approximation of the
equivalence point pH.

hY
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Fig. 4-20. The pH values for alkalinity and acidity titration endpoints in
a closed system as a function of the initial total carbonate concentration.

The equivalence point pH values can be calculated exactly using
previcusly presented methods, especially the one employing the pC-pH
diagram (e.qg., see Section 4-12-2). Here we will examine approximate
methods for their calculation. For pHeo,, we will check the rationale
behind the Standard Methods statement quoted previously.

At the total alkalinity {and mineral acidily} equivalence point, we
assume that there is present an H,COj solution of concentration Cr co,

which is equal to Cr co, of the sample prior to titration. Therefore, at the
endpoint,

[H,CO;zf = CT,CO:,
Considering only the K, ; equation

¢ = HIECO]
1 [H,COj]

and assuming [H*] = [HCO,], which is the approximate proton condition
for an H;COj solution, :

[HY] = (KaJCT.COa)”a

For « total atkalinity of 50 mg/liter as CaCQ; {1 meq/liter) and an original
sample pH between 7.5 and 9,

[HCO; 1 =1 x 10° M
Titration to pHee, will produce a 107° M H,COj solution with an [H*] of
[H*] = (10783 x 10-3)1/2 = 10485
pH = 4.65
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Similarly, for a total alkalinity of 150 mg/liter as CaCQ; (3 megiliter), we
obtain '

pHeo, = 4.5

and for total alkalinity of 500 mgfliter as CaCO; (10 meg/liter),
PHeo, = 4.2

The Standard Methods endpoint values are higher than the closed
system pHgo, values, perhaps indicating that some allowance has been
made for the escape of CO, during the titration that would result in a
lower H,COj concentration at the endpoint.

The variation of pHeo, with Cr,co, has led to alkalinity titration methods
{employed in Europe) in which the mgjority of the acid is added, the
solution is boiled to expel CQO,, and then, after cooling, the small amount
of remaining acid is added. The pH of the endpoint is then at about pH
5.1 and is independent of alkalinity, since it is governed solely by the
small amount of CQ, generated from the last small acid addition plus the
CO;, in the atmosphere. If a sample is warmed and bubbled with nitrogen
gas (free of CO,) during titration, the equivalence point would be the pH,
where [H,COQ3] = 0 and {H*] = [OH"] which at 25°C is pH 7.

The pHyco,- equivalence point (for carbonate alkalinity and carbon
dioxide acidity) is at about pH 8.3 and varies relatively less than pHeo,
with CT,COQ'

Since at pHyco,- we have an HCO,™ solution, the proton condition is

[H*] + [H,CO3] = [OH] + [CO*]
or approximately, since at pH > 7, [H*] < [OH],
{H,COj3] = [OH] + [CO#7]
Substituting for these terms from K, 4. K., and K, ; respectively, we find

[H*][HCO;] _ Kw  [HCO4 K.,

Kan [HT . {HY
Solving for [H*] and recognizing [HCO;7] = Cr,co, we find that

142
(HY] = (’i—) (KK og)

T.CO,

The first term becomes insignificant compared to the second term when
CT.003 > 10-3M. Thus for CT.CD;, =102 M,

[H*] = (10782 x 107"®-3)1/2 = } g3
pH =283

For the range of alkalinities in which most natural waters fall (1072 to
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1072 M -or 50 to 500 mg/liter as CaCQy), pHyco,- will be very close to 8.3,
At extremely low alkalinities, as Fig. 4-20 shows, the pH will be less than
8.3. ‘
The pHee,~ endpoint (for caustic alkalinity and total acidity) is between
pH 8-11 ond varies significantly with C1,¢o, as shown in Fig. 4-20. Since
at pHeo - we have a CO;*” solution, the proton condition is

2[H,CO;z] + [HCO, ] + [Ht] = [OH"]

At pH == 7, [H,CO;} and [HY] are negligible so that [HCO,"] = [OH].
Substituting from K,. and K,, and recognizing [CO,?7] = Cieo, when
CT.CO3> 10_2, we find

KwKa,z)Hz

[H+] B (CT {vls]

For values of C+ co, < 107% pHeo2- can most easily be determined by using
the pC-pH diagram.

4,13.5. Analylical Definition of Alkalinity and Acidity

Alkalinity and acidity are defined on the basis of the constituent bases
and acids, respectively, which contribute to the alkalinity and acidity.
The various alkalinity and acidity measurements are defined in terms of
the proton conditions of the equivalence points to which the alkalinity
and acidity determinations dre measured. Alkalinity requires the addition
of strong acid (H*"). Thus the presence of alkalinity with respect to «
particular endpoint indicates an excess of species containing less protons
than the reference (or endpoint) species over species containing more
protons than the reference species. Acidity requires the addition of strong
base (OH™), which is tantamount to removing protons. Thus the presence
of acidity with respect to a particular endpoint indicates an excess of
species containing more protons than the reference species over species
containing less protons than the reference species. Table 4-10 summarizes
the various equivalence points, their proton conditions, and the associated
mathematical definitions of acidity and alkalinity for « water containing
only the carbonate species, OH" and B* as buffering components, Each
of the mathematical definitions of atkalinity and acidity can be expressed
in terms of o values; see Table 4-11,

From these expressions we can see that for systems which are buffered
by carbonate species, HY, and OH™ alone, there is a definite relationship
between total alkalinity, pH, and Cy¢o, and between total acidity, pH,
and Cy,co,. For such systems, it two of these quantities are measured, the
third can be calculated. Since many natural waters can be treated as
though they were solely bufiered by carbonate species, H', and OH", the
determination of initial pH and either total alkalinity or total acidity will
allow the computation of C; ¢o, and all species,
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TABLE 4-10

Alkalinity and Acidity Equations and Equivalence Points

Proton Condition

Definition {Alkalinity and
Acidity in eg/liter}

[H7] = [HCO,T] + 2[CC,*] + [OH]
(H*] + [H,CO3] = [CO*] + [OH)

[H*] + [HCO;™} + 2[H.CO3] = [OH]

Total alkalinity = [HCO,7) + 2[CO] + [OH] - [HY
Mineral acidity = [H*] — (HCO,] ~ 2[C0,*] — [OH}
Carbonate alkalinity = [CO*] + [CHT] — [H.CQ5) — [HY]
Carbon dioxide acidity = [H*] + [H.CO3] ~ [CO2] — [OHT)
Caustic alkalinity = [OH™] ~ [HCO,;7] — 2[H.CO3] - [EY]
Total acidity = [H*] + [HCO,"] + 2[H,CO5) - [OH)

Alkalinity and Acidity in Terms of Cy o, and a Values

Equivalence Heference
Point Species

PHeo, H,CO;
HO

PHuco,- HCO,~
Hzo

PHeo- CO
Hgo

TABLE 4-11

Parameter

Total alkalinity
Carbonate alkalinity
Caustie alkalinity
Total acidity

Carbon dioxide acidity

Mineral acidity

Kw
— [H+
[H"'} [ ]

Ky e
COR

CT.CO: (&1 + 20!2) +

Crr.eo, (o —

"[fﬁ - {H*] - CT.CO: (o:1 + 2&'3)

Kw
CT.CO, (0{1 + 20!5) + [H+] b [H+]

o) + 1Y - [i‘:}

Crieo, (o —

HY - ’é{"{% - Cr.co, (oy + 2229

Note: If ionic strength effects are important, K, sheuld be used in place of K., and the «
values should be calculated using %K, rather than K,.
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Example 4.36

What is the total inorganic carbon concentration (in mg carbon/liter} in a water
buffered by the carbonate system, H*, and OH™? The pH on sampling is 7.8 and
the water requires 13.7 ml 0.02 N HCl to lower the pH of 100 ml to 4.5. What is the
major component of the alkalinity? (Neglect ionic strength effects.)

Total alkalinity (eq/iiter) =13.7 ml x 0.02eg/liter X /100 ml sample volume
= 2.74 x 10*eqg/liter

From Table 4-11,

Ky

2-74 x EO_S = CT,COJ(Q1 + 2(,‘{2) + [—I?ITIV -

[H]
=Cypofoy + 205)

From Appendix 1, ap = 0.031, o, = 0.969, and a; = 0. Thus

2.74 x 1072
Cr.co, = Wa
1

_2.74%x10"°
- 0,989

=2.83x107°
Therefore,

Total inorganic carbon concentration = 2.83 x 107 mole/liter
) X 12,000 mg carbon/mole
= 33.9 mg Cliter

To determine the major component of alkalinity, we must determine the concen-
trations of each of the alkalinity species in the original sample. Knowing pH =
7.8. we obtain

[Ht} =10—72
[OH™] = 10752
[H.CO3} = Cr.co,a0 = 2.83 x 102 % 0.031 =8.8 x10*M
fHCO, ] =Crco,0 = 2.83 x 1073 % 0.969 =2.74 x10° M
FromK,,,

2.74 X 1073 x 107103
10—7.8

=8.7x107°M

The major species contributing to alkalinity is thus HCO,™,

[COs*] =

Example 4-37

We can use the mathematical definition of alkalinity to provide an exact
solution to the Example 4-34 worked previously by the approximate method of
complete reactions. We found that the total alkalinity = 2.4 X 1072 eg/liter and the
initial pH was 9.0.
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From Table 4-11,

K.
Total alkalinity = Cy,cofay + 2ag) + ] — [H}

At pH 9.0, from Appendix I, &, = 0.952 and «; = 0.048. Thus

10-"

g~ 107

Total alkalinity = 2.4 % 107% = C1,,(0.952 + 2(0.048) +

Cron,=2.28x107°
Now
[CO4*) = asCr,co,= (0.048)(2.28 x 1079 =1.1 x 101
[HCO,;7] = onCrco,= (0.952X2.28 X 107%) =2.17 x10°
and from X, ,,

10-2
[H003) = 1070 x 217 X 51 g5 = 43 X 10

These values check well with those obtained previously using the approximate
eguations in Table 4-9, where

[HLCO3 =0
[HCO;1 =2.18 X 10~ M
[CO2] =1.1 X 10-*M

The relationship between alkalinity, Crco, and pH has been used by
Deffeyes to construct a diagram relating alkalinity to C; ¢, at a series of
constant pH values. This diagram, shown in Fig. 4-21, can be used for a
wide variety of calculations involving the addition and removal of various
species from the carbonate system.

If two of the three characteristics, pH, Cr o, and total alkalinity, of a
water are given, the third characteristic can be determined using the
diagram.

Example 4-38

A water has a pH of 8.5 and a total alkalinity of 1.8 meg/liter. What is its
Cr.co,? The temperature is 25°C.

Solution

From Fig. 4-21, at the intersection of the pH 8.5 line and total alkalinity =
1.8 meg/liter, Cy co, = 1.8 x 107 M (see point A}.

In the Deffeyes diagram coordinate system, the addition of strong acid
{C. moles/liter) and strong base {Cj, moles/liter) can be represented by
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vertical movement in the diagram, since this is a closed system diagram
and strong acid and base addition affect alkalinity without influencing
Cycox given that negligible dilution takes place by the addition. The
addition or removal of CO, causes horizontal movement in the diagram
because this influences Cy co, without affecting alkalinity.® Bicarbonate
addition or removal causes a 45° movement, since 1 equivalent of
alkalinity and 1 mole of C; o, is added or removed per mole of HCO;™.
Carbonate addition or removal causes a 60° (2/1) movement from the
horizontal, since 2 equivalents of alkalinity and 1 mole of Cy o, are added
or removed per mole of CO,*, Dilution decreases Cy co, and alkalinity to
the same extent and therefore resulis in a 45° downward movement in the
diagram. Armed with these tools, we can use the Deffeyes diagram to
solve rather complex problems,

Example 4-39

A water with an alkalinity of 82,5 mg/liter as CaCO, and a pH of 8.0 is treated
with Cly, to oxidize NH,y,, to nitrogen gas (breakpoint chlorination), If the initial
ammonia concentration is 3.5 mg NH;-N/liter, and the product of dmmonia
oxidation is N, gas, what is the pH, total alkalinity, and Cy ¢o, following treatment?
What combination of NaOH and NaHCO; must be used to adjust the pH of the
treated water to 8.0 and the Cy ¢, to 2.0 mM?

Solution

The original water sample contains (82.5 mg/liter as CaCO4/(50 mg/meq)) = 1.65
meg/liter of total alkalinity. The water characteristics, 1.65 meg/liter alkalinity
and pH 8.0 are lecated at point B on Fig. 4-21.

The reaction of chlorine with NH, to produce Ny, is

9NH, + 3Cl, — Ny + 8H* + 6CI-

Thus ! mole of NH;~N produces 3 moles of H* {strong acid) or 14 g NH,-N produce
3 moles H*, Thus 3.5 mg NH;-N/liter produces 3 x (3.5 x 107 g/liter){14 g/mole}
or 0.75 X 107® mole of H*/liter,

The effect of addition of 0.75 x 107° mole H'/liter of sclution, C,, is to move
vertically downward from point B, 0.75 meg/iter in the diagram to point C.
The characteristics of the treated water are thus pH = 6.4, total alkalinity =
8.9 meq/liter, and Cryco, =1.65 mM,

The point pH 9.0 and Cr,¢o, = 2.0 mM lies above an upward 45° movement in the
diagram from peint C, To adjust the sample composition fo the point, we first
satisfy the Cy o, requirement of the final water by adding NaHCO, to point D and
then adding NaOH {(Cy) to move vertically upward from point D ic point E, the
desired final water. The required additions are

® This is an important peint that the reader con verify using the alkalinity
equations, Table 4-8. It is also an important consideration in sampling because
CO, release or uptake after a sample is taken but before total alkalinity is
measured will not affect the total alkalinity value,
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NaHCO,(Cto D) =0.35mM
NaOH{(DioE) =0.78mM

Since NaCH + NaHCO; — Na,CO;, 0.35 mM Na,CO;and (0.75 — 0.35) = 0.4 mM
NaOH could be added instead to produce the same effect.

Further examination of the expressions in Table 4-10 allows the follow-
ing useful relationships to be established:

Total alkalinity — carbonate alkalinity = Cy g0, {4-118)

Proof
From Table 4-10,
[HCO;] + 2[CO2] + [OHT] ~ [H'] + [H,CO3] + [H*j — [OH"] — [CO*]
= [H,CO;j} + [HCO;7] + [CO*]

= CT.CO3
Similarly,
Total alkalinity + carbon dioxide acidity = Cq ¢q, (4-119)
and )
Carbon dioxide acidity —mineral acidity = Cy g, (4-120)

In each of these equations both of the capacity porameters can be readily
determined by titration with ¢ strong acid or base, The relationship in Eq. 4-118
is upplicable for waters with pH > 8.3; Eq. 4-119 is useful for waters in the pH
range 8.3 to 4.3 and Eq. 4-120 applies to waters with pH below 4.3. The diagram
in Fig. 4-19 also shows these relationships.

By employing these relationships, we can compute Cr o, the initial pH, and
individual alkalinity or acidity species based solely on the two appropriate
titration values.

Example 4-40

A 25°C water sample requires 10 ml 0.02 N H,SO, to lower the pH of 100 ml to
4.3. The same volume of water requires 4 mi 0.02 N NaOH to raise its pH to 8.3.
Compute the total inorgunic carbon content, Crep,, the initial pH, and the
concentrations of {HY], [OH7], [H,CO3], {HCO; ), and [CO,*7] in the initial water
sample assuming that alkalinity and acidity are solely due to the carbonate
system, H" and OH".

Solution

Titrations are for total alkalinity and carbon dioxide acidity.

Total alkalinity = 10 ml x 0.02 egfliter X i%é ml sample volume
=2 x 1073 eg/liter
Carbon dioxide acidity = 4 ml X 0,02 eg/liter X 1 ml sample volume

100
= 8 X 104 eqg/liter
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From Eq. 4-119,
Total alkalinity + carbon dioxide acidity = Cy o,
Crco,= 2.8 x10M
From Table 4.11,

Total alkalinity = Crcofo: +2m) + K _ (H7]

[H*]
10—
2x107°=28%x 10" +2e,) + THT [H*)
Assume 2a; << a4, since the pH is less than 8.3, and Cy ¢, > [OH™] — [H*].
2x 1073
%= ggxiga Ot

From Appendix 1, the pH = 6.7. At pH 6.7, from Appendix }, @, = 0.285, ey =0.715,
Thus

[HiCO3) = el r.co,= 0.8 X 107°M

[HCO; 7} = oyCrigo,= 2 X 107°M
Within the limits of accuracy of Appendix I, a; = 0. However, we can use [HCO;7]
and [H*] as caleulated together with K, to find [CO,2] = 5 x 1077,

Alternatively, knowing the total alkalinity (= 2 x 107% and having caiculated

Cr.co, (= 2.8 x 1073, we can use the Deffeyes diagram, Fig, 4-21, to obiain the pH
of 6.75.

If bases other than the carbonates and OH™ are present that react with
protons in the pH range of the alkalinity and acidity titrations, we cannot -
use these calculations and diagrams without modifications. In addition
the analytical definition of acidity and alkalinity must be changed to
incorporate these bases. The following reactions are important in this
regard in waters and wastewaters.

~log K, {25°C})

Silica (silicic acid):
H,Si0C, = H;310, + H*

Boric acid: 9.3
H,BO, + H,O = B(OH),” + H*

Dihydrogen phosphate: 7.2
H,PO,- = HPO2 + H'

Hydrogen sulfide: 7.1
H.5, = HS + HY

Ammonium ion: 9.3
NH,* = NH, + H*

Acsetic acid: 4.7

HAc = Ae + Bt
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Many other organic acids important in water chemistry have pK, values
similar to that of acetic acid, for example, propionic acid and butyric
acid. Many natural waters contain silicates and organic bases that
contribute to the total atkalinity. Wastewaters contain substantial quan-
tities of organic bases, ammonida, and phosphates. Anaerobic digester
supernatant often contains high concentrations of bases similar to acetate,
as well as carbonates, ammonia, and phosphates, For very complex
systems for which a detailed chemical analysis is not available, no
attempt is made to work with the mathematical definition of alkalinity.
However, if the system is chemically defined we can show that these
substances will contribute to alkalinity if, during the titration, some of
the base is converted to the conjugate acid, We can modify the total
alkalinity definition to include these species so that

Total alkalinity, egfliter = [OH"} + [HCQ,7] + 2[CO27] + {H.Si0,7]

+ [B(OH), ] + [HPO2] + [NHy] + £'[Ac] — {HY] (4-121)
where ' is the fraction of [Ac™] tifrated at the total alkalinity endpoint,
H;Si0,~, B(OH),~, HPO~, and NH; will each be completely converted to
their conjugate acids. In terms of a values this expression becomes

Total cﬂk(ﬂinity, eq/liter = [OH_I + a1,COJCT,C03 + zaz,coacf.cos
+ e,5iCr,st + @1,8C1,8 + @2,p0,Cr1.p0, {4-122)
+ oy e, Craam, + (0,00 — 1,n0) Croac — [HY]

where ¢} a, is the fraction of Cy . present as Ac~ at the endpoint of the
titration.

Example 4-41

The Fast Bay Municipal Utility District, California, obtains water from the
Mokelumne River. In January 1968 the total alkalinity of the treated and distributed
water was 20 mg/liter as CaCQ;, the pH.was 9.85, and the silica content was 8
mg/liter as 8i0,. What fraction of the total alkalinity is contributed by the silicate,
by the carbonate system, and by the hydroxide? Here pK,s = 9.5.

Solution

O,

Total alkalinity (eq/liter) = (20 mg/liter as CacC mg CaCOy/meq) X 107 eq/meq

=4 x 10 eqgfliter
From Eq. 4-122,
Total alkalinity = e;,cof1.co, + 2@2,c0Lr.c0, + [OH 7]+ w1,6Crgi — [HY]
C1.s = 8 mg/liter us SiC,60 x 10-° mg Si0,/mole
=133 x 10*M
At pH 9.65, from Appendix 1, a5 = 0.58,

K, 1o

[OH] = iy = jgmvms = 107 = 444 X 10 M
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Thus
Sitica in the form of H;8i0, = o,Crs = 0.58 X 1.33 x 10~*
= 0,77 x 107 eq/liter
Alkalinity due to silicate = 0,77 x 107% eqg/liter
0.77 X 10-4 B
—( 4% 107 ) X 100= 19.2 percent
Alkalinity due to hydroxide = 0,44 x 10~ eqgfliter
0.44 x 10—*
—(W) x 160 = ll.Opercent

Alkalinity due to carbonate and bicarbonate =100 —(19.2 +11.0)
= 9.8 percent

Therefore, in this water ¢ significant fraction of the total alkalinity (almost 20
percent) is due to the silicate system.

Many interesting aspects of the carbonate system occur in connection
with heterogeneous systems containing carbonate solids and soluble
carbonate complexes. These topics are dealt with in the next two chapters.

4.14. PROBLEMS

1. Calculate the pH of the following perchloric acid, HCIO,, solutions:
(a) 10 M.
(b) 10* M.

2. Cualeulate the pH of the following potassium hydroxide, KOH, solutions:
(a} 107* M.
(b} 107° M.

3. Arsenious acid is a weak acid
HAsO, = H* + AsQ,; K, =109

If 10 moles of the herbicide NaAAsO,, are added to 1 liter of distilled water
at 25°C, what is the resulting pH? Determine by solving the appropriate set
of equations analytically.

4. (a} A solution of 107 mole of sodium propionate (CH;CH,COO Na) is added
to 1 liter of distilled water. I the pK, = 4.87 for propionic acid, what is
the solution pH? Solve the appropriate set of equations analytically and
graphically and compare the results.

(b} Propionic acid is a common constituent of anaerobic digesters. If the pH
of the digester contents is 7.6, what percentage of the total amount of
propionic acid is ionized at 25°C?

2. Aqueous free chlorine is hypochlorous acid, HOCI, and hypochlorite ion,
OCl~, with the relative amounts depending on the pH of the solution.
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{a)-Given that pK, = 7.5 for HOCI at 25°C, what is the pH of a solution
prepared by adding 107° mole of NaOCl to 1 liter of water?

(b} What is the pH at which 50 percent of the total free chlorine is present as
HOCI?

{c} What is the pK, for OCl~ and to what reaction does this constant apply?

Neglect ionic strength effects; temperature = 25°C,

A solution of 1072 mole of Na,HPQ, is added to 1 liter of solution.
{a) Write the mass balances for Na and POy, Cry,, andCr e, .
(b} Write the proton condition.

(¢) Write the charge balance.

What pH results when 107* mole of NaH,PO, are added to 1 liter of distilled
water? The temperature = 25°C; assume that g = 107% after the addition.
Compare the value obtained when ionic strength effects are taken into

"decount with that ccxlculcxted when it is neglected. {(See Fig, 3-4 for activity

coefficients.)

What is the pH of a solution that is prepared by adding 10-% mole of Na,CO,
to 1 liter of water? The temperature = 15°C; u = 0. {See Tables 4-2 and 4-7
for equilibrium constants.) Compare this value with that obtained if the
temperature is 25°C.

What is the pH of a 1073 M KHSQ, solution at 25°C; p = 0?

Using either the table or the equations in Appendix 1, calculate

(a) a and «; for hydrofluoric acid, HF, at pH 4.2

(b} g, o, and «, for H,COj at pH 6.6. {Include both approximate (+0.05) and
exact values.}

(€} o @, o, and ag for HPO, at pH 8.0. Assume that activity effects are
negligible and the temperature is 25°C.

Calculate the o values as required in Problem 4-10 given that the ionic
strength is 0,01,

2.5 ¥ 1077 mole of NH;,,, and 2.5 x 10°7 mole NaOH are added to 1 liter of
distilled water at 25°C. What is the pH if g = 0?

102 moles NH,Ac and 1072 moles NaOH are added to 1 liter of water at 25°C,
What is the pH if p = 07

What is the pH of a 25°C sclution containing 10~? moles NaHCQ; and 2 x 1072
mole NH; per liter if p = 1072

A nitric acid solution, pH = 2.7, results from NO, removal from a stack gas.

Neglect ionic strength effects and the temperature is 25°C.

{a) How much Na,CO, must be added to neutralize this solution prior to
discharge? (The final pH is 8.3. Assume that no weak acids are present
in the scrubber water.)

Hint: What is the predominant carbonate species at pH 8.3?

(b} What is the buffer intensity of the final solution?
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18.

17,

18.

18.

20.

21

How much soda ash, Na,CQ,, in moles/liter is required to neutralize a pickle
liquor solution containing 107" mole H,S0,/liter? Assume that the H,80, will
react only with the Na,CO; and that the pH after neutralization is 8.3,

An experiment is io be conducted on breakpoint chlorination (the oxidation
of ammonia by chlorine} in which it is desired to maintain the pH constant
within 0.5 units of the initial pH of 8. Make the assumption that all of the
ammonia is in the NH," form {a reasonable assumption, since the pK, of
NH," is 9.3 and the pH of interest is pH 8). The breakpoint reaction hetween
Cl, and NH; proceeds as follows:

3ClL, + 2NH Y =Ny, +8H* +6C1-

The maximum amount of ammoenia that will be used in the experiments is
12.5 mg as Nftiter (0.89 x 107° moles/liter), Select an appropriate acid-
conjugate base pair and determine the concentration of it that will control
the pH to within 0.5 units of 8.0 during the reaction. Neglect ionic strength
effects; the temperature = 25°C. Determine the buffer intensity of this solution.
(Note: There is a detailed discussion of the breakpoint chlorination reaction
in Chapter 7.)

An industrial wastewater is to be discharged to o receiving stream with a

pH of 8.3 and a total alkalinity = 2 x 107 eqgfliter. The wastewater contains

5 x 107 M H,SO,, and the pH of the siream should not be permitied to drop

below 6.3,

(@) What is the maximum dilution ratio {(volume waste/volume stream water)
that can be used for discharge of the wastewater?

(b} What is the buffer intensity of the solution at pH 6.3?

A sample of natural water contains 1 X 107* M CO:* and 3 x 1073 M HCO;.
() As the pH is lowered during the alkalinity titration, at what pH is the CO,
in solution in equilibrium with atmospheric CO,? )

(b) What is the pH of the total alkalinity equivalence point, pHe,,? (Neglect

dilution effects.) Give your answer to nearest 0.1 pH unit.
(c) U 50 percent of the CO, formed during the titration “escapes,.” what is the
"new"” pH of the total alkalinity equivalence point?

A sample of natural water that has been equilibrated with CaCOyy, is
isolated from its surroundings. Indicate whether the addition of small
cquantities of the following will increuse, decredase, or have no effect on the
total alkalinity or total acidity and state very briefly why. Neglect ionic
strength effects,

(@) HCL, (b} FeCl,.
(e) NazSO,. ) CO,.
(e} Na,CO;.

A natural water has the following partial analysis:

pH = 8.3 [Ca?] =5 x 107* M
{(HCO, ] =3x 10 M [Mg#*] = 1 x 10 M
[COxal =3 x 10 M [SOF}=1x10*M
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(a) What volume of 0.02NH,S0, is required to titrate a 100-ml sample to the
total alkalinity endpoint? What is the total alkalinity in eq/liter and in
mg/liter ag CaCO,?

(b) A waste containing 107* moles NaOH/liter is to be discharged to this
water. The pH cannot be raised above 9.5. What is the maximum number
of liters of waste that can be odded to each liter of the natural water?

A partial water analysis is given as follows:

CO, = 44 mgiliter [ClI"]=1x102*M
[HCO; ] = 2 x 10‘31\:1 [SOA ) =1x10*M

{a} What is the solution pH and CO,*~ concentration?

(b) What is the caustic, carbonate, and total alkalinity (in eqgfliter and in mg/
liter as CaCO,)?

(c) What is the mineral, CO,, and total acidity {in eg/liter)?

(d} What is the pH if 5 x 107* mole OH~ (as NaOH) are added per liter of the
above sample?

Fifty ml of a natural water sample is tirated with 0.02 N H,50,. The titrant

volume required to titrate to pH 8.3 is 6 ml and an additional 8 m! is required

to'titrate to pH 4.3.

{a) What is the caustic, carbonate, and total alkalinity in meg/liter?

{b) What is the mineral, CO,, and tolal acidity in meg/liter?

(e} What is Cre0,?

(d) What is pHeg, and pHeo,s- (to the nearest 0.1 pH unit)?

(e} What is [H*], [OH"], [CO,], (HCO, ] and [H,COj3] in the original sample?
Caleulate using both the approximate method described in Section 4.13.3
and the exact procedure and compare the results.

A solution has o carhonate alkalinity of 1 meg/liter and a total alkalinity of
6 megfliter. The ionic strength of the solution is 107> M and the temperature
is 40°C. Calculate [H*], [HCO; ], and [CO,*7] neglecting ionic strength effects
and compare with the values obtained when corrections are made for ionic
strength effects. Use the constants given in Tables 4.2 and 4.7 for your
calcuiations.

In some regions carbonate-bearing minerals are lacking in the earth and the
lakes in these regions have a low alkalinity., Acid rains, resulting from
conversion of industria]l SO, emissions to H,80Q,, can eause significant pH
depressions in such lakes and may result in fish kills, What volume of acid
rain, pH = 4.0, is required to lower the pH of a lake to 6.7? The lake has «
volume of 20 x 10° f#t%, a pH = 7.0, and an alkalinity of 30 mg/liter as CaCQ;?
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5.1, INTRODUCTION

Complex formation is important in the chemistry of natural waters and
- wastewaters from several standpoints, Complexes modify metal species
in solution, generally reducing the free metal ion conceniration so that
effects and properties which depend on free metal ion concentration are
altered. These effects include such things as the modification of solubility
(see Section B6-5), the toxicity and possibly the biostimulatory properties
of metals, the modification of surface properties of solids, and the
adsorption of metals from solution.

Complex formation is used extensively in water analysis. The deter-
mination of hardness, Ca?" and Mg®* concentration, employs the com-
plexation of these metals with the chelating agent ethylenediaminetetra-
acetic acid (EDTA); the titrimetric finish of the chemical oxygen demand
(COD) test uses the complexing agent 1,10-phenanthroline to detect the
presence of Fe?' and so indicate the endpoint; chloride analysis by.the
mercurimetric method depends on the formation of the complex
 HgCl3q) between Hg®* and the chloride ion.

The objective of this chapter is to present sufficient background infor-
mation to enable the student to understand the principles of complex
formation and stability, Methods for calculating the concentrations of
complexes in fairly simple systems are presented; the approaches to
calculating species distribution in more complicated systems are dis:
cussed together with the results of such computations. A discussion of
complex formation in several dilute aqueous systems is presented to
illustrate important points. The effect of complexation on solubility is the
major topic in Chapter 6.

5.2, NOMENCLATURE AND DEFINITION OF TERMS

Coordination compounds or complexes consist of one or more central
afoms or central ions, usually metals, with a number of ions or molecules,
called ligands, surrounding them and attached fo them. The complex can
be nonionic, cationic, or anionic, depending upon the charges of the
central ions and the ligands. Usually, the central ions and ligands can
exist individually us well as combined in complexes. The total possible
number of attachments to a central atom or central ion or the total possible
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number of coordinated species is referred to as the coordination number.
Ligunds are attached to the central species by coordinate covalent bonds
in which both of the electrons participating in the bond are derived from
the ligand. Thus we can regard the central species as an electron acceptor
and the ligand as an electron donor. The central species is a Lewis acid
and the ligonds are Lewis bases.! Since metal ions have an affinity for
accepting electrons, they all form coordination compounds, with u tend-
ency that increases as the electron-accepting affinity of the metal ion
increases. Molecules and ions with free electron pairs tend to form
complexes whose strength is a function of their ability to donate or share
that pair of electrons.?

There are « few basic rules to follow in naming complexes.® Ligands
are named as molecules if they are neutral. If they have a positive charge,
the suffix "-ium" is used; if the group is negative, the suffix "-0" is used.
Exceptions to this are the terms "aguo” for H,O and "ammine” for NH,.
The prefixes "di-, tri-, tetra-,” and so forth are used to indicate the number
of ligands. The characteristic suffix for anionic complexes is “-ate”; there
are no characteristic suffixes for cationic and neutral complexes, The
oxidation state of the central metal ion is generally given in parentheses
following the name of the complex, (I), {Il}, (-1}, and so forth, These rules
are illustrated by the following examples:

Fe(CN)s*, hexacyanoferrate(ll} ion.
Al(H,O)¢**, hexaaquoaluminum(Ill) ion,
Cu(NH,)2*, tetraamminecopper(Ii} ion.
MgCOs, carbonatomagnesiumi(iI}.

CaB0p, sulfatocalcium(Il).
The superscript "o” on the magnesium dand calcium complexes indicates
the complex is uncharged. )

The coordination number of a metal ion may vary from one ion to
ancther. For example, Ni(ll} has a coordination number of 4 in its complex
with carbonyl (CO), Ni{CO),**; with 1,10-phenanthroline in the complex
Ni(phenanthroline};** the coordination number is 6. Iron(IIl} has coordi-
nation numbers of 6 for water, Fe(H,Q)**, and cyanide, Fe(CN)®~, but 4
for chloride, FeCl,~.

! Substances that can accept a pair of electrons are called Lewis acids and
substances that can donate a pair of electrons are called Lewis bases,

2 F. Basolo and R. G. Pearson, Mechanisms of Inorganic Reactions, 2nd ed., John
Wiley, New York, 1967,

* See F. Basolo and R. G. Pearson for a more complete discussion of nomenclature.
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Ligands that attach to a central metal ion at only one point, such as
H,0. OH-, Cl", and CN", are called monodentate ligands. Ligands that
attach at two or more sites are multidentate ligands or chelating agents.
The complex formed by o chelating agent and a central metal ion is
known as a chelate, Chloride, for example, forms a monodentate complex
with mercuric ion, while carbonate and sulfate cun occasionally be
bidentate—attaching to a central metal ion at two sites:

0 0 0
7N 7N A

M =0 M s

N /S ANIVEIRN
0 o o

The chelating agent EDTA*" can attach at six sites, since each of the
acetate groups and the two nitrogen atoms have free electron pairs
necessary for coordinate bond formation. For example, the EDTA complex
with Ca?* that forms during the titrimetric determination of water hardness
is

H H CH,CO0~
4 \N—é—(l) 7N
ll" ) el | , }\[\ \“
\ ,,OOCHZC \H H, CHCOOT |
Ae : N ’
\\:‘\\ \\ // _ d
T Gabreszmrm Tl

Each mole of the chelating agent 1, 10-phenanthroline, which is used as
an indicator for Fe?* in the titrimetric finish of the COD test, can satisty
two coordination sites with the electron pairs on the two nitrogen atoms
in each molecule. With Fe?* « red-colored complex is formed with three
molecules of 1,10-phenanthroline satistying the coordination number of
6 for the Fe?* ion:

Complexes containing one central ion are called mononuclear com-
plexes; when there is more than one central ion or molecule the complexes
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are polynuclear complexes. When aluminum ions are added to water
buffered at aboui a neutral pH, there is evidence that polynuclear
hydroxoaluminum(IIl} complexes form from the condensation {dehydra-
tion) of mononuclear hydroxoaluminum(Ill) complexes:

Al{H.0)* + H,O == Al(H,0);OH* + H,0
hexaquoaluminum(Il) ion monohydroxopentaaquoaluminum(llt) ion

OH T} 2 HO 24 H 4+
\ A
(H20)4—A1\ + /Al(H20)4 - (H20)4A1\ /AE(H20)4 + 2H,0
H,0 H,d @
mononuclear polynuciear
hydroxoaquoaluminum(IIl} hydroxcaquoatuminum{IIl}
complexes complex

or
2A1{H,0);OH** == Al,(H,0)(OH)** + 2H,O

The bond strength of metal ion complexes varies considerably. Weakly
associated complexes that have one or more layers of water between the
ligand and the ceniral ion are known as jon pairs, for example, CaCO,°,
CaHCO,*, CaS0p, CaOHF, MgCQOy°, and MgSQ.°. In these compounds,
the degree of interaction is only slightly greater than the electrostatic
interactions accounted for by the DeBye-Hiickel theory.

5.3, REACTION RATE

The rates of coordinagtion reactions are characterized by the terms labile
(very fust reactions} and inert (very slow reactions). It is important to
understand that these terms do not, in any way, indicate the stability of
a complex. They describe the kinetics of the interaction of ligands and a
central ion; complex stability is described by the magnitude of the
equilibrium constant of the reaction by which a complex dissociates into
its component central ion and ligands. An inert complex is not necessarily
stable, that is, it does not necessarily have litile tendency to dissociate.
For example, the tetracyanomercurate(ll} complex, Hg(CN),*", is labile but
very stable; while the reverse is true for the ietracyanonickelate(ll)
complex, Ni{CNL?~, which is inert and unstable.®

The substitution reaction in which a ligand replaces o coordinated
water molecule to form a complex in agqueocus solution,

M(H,0), + L == ML(H.O},_ + H,O

*R. G. Wilkins, The Study of Kinetics and Mechanism or Reactions of Transition
Metal Complexes, Allyn and Bacon, Boston, 1974,
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is virtuaily complete within seconds to minutes at typical natural water
concenirations (1072 M) for the following combinations of central metal
ion (M} and ligand (L)

METAL ION LIGAND
Nizt : CH,CO0~
Mn?t, Fe?*, Co?*, Cu?t, Zn?t, Cd*  H,O, F-
Mn?+, Co*t, Cu?t, Zn®*, Cd2+ EDTAH
Co?*, Ni?*, Cu?t, Zn?* NH,

Substances that are not complexes, for example, methylmercury, HgCH,t,
wiil not undergo ligand replacement reactions.

For the same reaction, if Fe?' is the metal and Cl~ is the ligand several
hours are required, but if Fe®* has an OH~ attached to it, that is, FeOH?*,
only minutes are required. The reaction between Fe** and SO or SCN-,
on the other hand, requires only minutes.

Netable exceptions to the statement that coordination reactions occur
rapidly are the reactions involving replacement of H;Q from Cr{H,0)¢*t by
ligands such as SO.2-, which take days to years. Changes in the structure
of polymeric metal hydroxide species may take weeks., :

5.4, COMPLEX STABILITY AND EQUILIBRIUM CALCULATIONS

Equilibrium constants for complexes are usually stated for reactions
written in the direction of complex formation, that is,

Ligand + central metal ion == complex

For example, for the ammine copper complex,

NHg oo, + Cu?t = Cu(NH, P
and

2+

_{CulNHy7} = 10%* = K = stability constant

{Cut*H{NHyapp}
When stated for a complex formation reaction, the equilibrium constant
iz called a formation or astability constant. Conversely, if the equilibrium
constant is staied for the dissociation of the complex it is called a
dissociation or an instability constant. Large values of stability constants
indicate stable complexes.

It is difficult to formulate general rules, or scales of sirength, for
complex stability because so many exceptions to the rules exist, However,
some general statements can be made that aid in predicting what will
take place in agueous solution, A-metal cations, including the alkali
metals, Na* and K*; alkaline earth metals, Mg?* and Ca?t; and other ions
such as AI** and Si** preferentially coordinate with ligands containing
oxygen as the electron donor, such as carbonate, hydroxide, borate, and
so forth. Other metal ions, of the so-called B-metals, which include Ag™,
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Zn?t, Hg?t, Pb**, and Sn?', show a stronger tendency to form complexes
with ligands containing S, P, or N as donor atoms, such as ammonia,
sulfide, and phosphite, rather than with oxygen-containing electron
donors. Within these groups of metal ions, complex stability is propor-
tional to the charge of the metal ion. Alkali metals form the least stable
complexes and indeed rarely complex with any ligand except H,O, while
the transition metal ions, for example, Cr?t, Cr**, Fe?*, Fe®f, and Ni**
have a strong tendency to form complexes with a wide variety of ligands.

Ligands also differ in their ability to form stable complexes, The ligands
phosphate, hydroxide, carbonate, and so forth, are potent complex formers
while the perchlorate, ClQ,~, and nitrate, NO;~, ions show very little
tendency to form complexes. It is for this reason that nitrate or perchlorate
sults are used as swamping electrolytes in experiments where it is
desirable to have a constant ionic strength.® )

We can also make some general statements about the stability of
chelates. Coordination compounds containing five- and six-membered
rings are the most stable. For example, EDTA*" and 1,10-phenanthroline
complexes with five-membered rings are more stable than some carbonate
and sulfate complexes that have four-membered rings. The stability of «
chelate generally increases with an incredse in the number of points of
attachment between the chelating agent and the central metal ion. For
example, the complexes formed between Cu?* and the compounds ethy-
lenediamine,

Hz N:‘CHZ_CHz_;N Hz
Tower”

diethylenetriamine,

H,N—CH,—CH;

5 For a more extensive discussion of the complexing ability of metal ions and
ligands, see the following references: S. Arhland, S. J. Clatt, and W. R. Davies,
Quart. Rev. (London) 12: 165 (1958); and W. Stumm and J. J. Morgan, Aquatic
Chemistry, Wiley-Interscience, New York, 1970,



Complex Stability and Equilibrium Calculations 203

have stability constants, respectively, of ~10", ~10', and ~10%. The
phenomenon of increasing complex stability with the increasing number
of attachments is called the chelate effect.

If we introduce a ligand that forms complexes with two metal ions into
a solution containing equal concentrations of the two metal ions, the
ligand will form complexes preferentially with the metul ion that produces
the complex with the larger stability constant. The titration of hardness
with EDTA illustrates this point. The chelating agent, EDTA*, is gradually
added (by titration) to a solution containing Ca?* and Mg?*. The following
complex-forming reactions can occur;

Ca®* + EDTA* = (EDTA-Ca)*~ K = 10%1%7
Mg** + EDTA* = (EDTA-Mg)*™ K = 10*®7

Because the stability constant of the (EDTA-Ca)*~ complex is two orders
of magnitude greater than the stability constant of the (EDTA-MgF
complex, the reaction between EDTA* and Ca?* is virtually complete
(i.e., all Ca®* is complexed) prior to any reaction between EDTA* and
Mg+, .

Another aspect of complex equilibria that can be understood using a
knowledge of stability constant values is the converse of the previous
situgtion, that is, the competition of a number of ligands for a single
metal ion rather than the competition of a number of metal ions for a
single ligand. The complex with the largest stability constant again forms
preferentially. When « ligand that forms a very stable complex with a
metal ion is added to a solution of the metal ion complexed with another
ligand in « less stable complex, the stronger complexing agent (ligand)
will tend to decompose the existing complex and withdraw the metal ion
into a complex with itself. The weaker complex must be sufficiently labile
for this to occur. This fact is used in the titration of hardness with EDTA.
The solution to be titrated (containing Ca®t and Mg?*) is dosed with the
complexing agent Eriochrome Black T (EBT), or comparable substance,
which forms a complex with Mg** as follows:

i
S |
o~y N # Mg = SOH—(D))—H=h Q0
on~0) o)
2

EBT (blue) EBT-Mg (red)

[EBT-Mg][H*}?
[EBT)[Mg®*]

We can note two things from the above equations:

—_ 10+7
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1. The EBT-Mgcomplex (K = 10*7) is weaker than the EDTA-Mg complex
K = 10+87N),

2. The color of the EBT-Mg complex is red and the color of uncomplexed
EBT is blue. Thus when the FBT-Mg complex is destroyed by, for
example, adding EDTA, the color of the solution will change from
red to blue, It should be possible to detect the endpoint when all
of the EBT-Mg complex has been destroyed.

In the total hardness ancalysis, EDTA is added from a buret into the
solution containing Ca®* and the EBT-Mg complex. We have seen previ-
ously that EDTA forms a stronger complex with Ca®t than with Mg?* so
that the EDTA will first react to form an EDTA-Ca(ll) complex. Only when
virtually all the Ca?' has been complexed will the EDTA start to decompose
the EBT-Mg(Il}) complex. The completion of the reaction with EBT-Mg is
herclded by the color change from the red of the EBT-Mg complex to the
blue of free EBT. It signifies the endpoint of the titration at which «ll of
both the Ca?*t and Mg?* (total hardness) have reacied with the EDTA
titrant,

For complexes that contain more than one ligand or central metal ion,
there dare two ways of writing stability constants, Stepwise formation
constants are equilibrium constants for the reactions in which the central
metal ion consecutively adds one ligand. An overall formation constant
is the equilibrium constant for the reaction in which the central metal ion
combines with all of the ligands necessary to form a specific complex.
We can illustrate these two types of constants using the formation
constants of the chloromercury(ll) complexes as an example. For stepwise
formation we have

Hg?* + Cl- = HgCl+; logK, =17.15 {5-1)
HgCl* + Cl- = HgCl®;  logK,=6.9 (5-2)
HgClye + Cl- = HgCly;  logK;=2.0 {5-3)
HgCl,~ + Cl- = HgCL?~; logK,=07 {5-4)

and for the overall formation reactions we can write

Hg?* + CI-=HgCl*; logp; =7.15 (5-5)
Hg?t + 2Cl- = HgCL?; logfB,=14.05 (5-6)
Hg?t +3Cl-=HgCl,"; logf; = 16.05 (5-7)
Hg®* + 4CI- = HgCl~; log B = 16.75 (5-8) .

where K| is the equilibrium constant for the reaction in which the complex
containing “i” ligands is formed from the complex containing i —1” ligands

and f3; is the equilibrium constant for the reaction in which the complex
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containing i ligands is formed from the metal ion and i ligands. Although

_either type of constant (but not both) may be used to determine the
concentrations of the various complexes in solution, it is somewhat safer
to use the stepwise formation constants, The inexperienced user may not
remember all of the complex species that can be formed when using the
overall formation constants. Such an omission is not possible when the
stepwise formation constants are used.

When one or more of the intermediate species is unknown (or their
stability constant value is not defined), we are forced to use the overall
formation constant. For example, for the series of complexes formed
between the hydrated ferric ion, Fe(H,O)*', and the hydroxide ion we
have

Fe(H,0) + OH- = Fe(H,0)OH* + H,0; K,
Fe(H,0){OH)** + OH™ == Fe(H,O){OH),* + H,0; K,
Fe(H,0){OH),* + OH- = Fe(H,0)4{OH),°): K,

Fe(H,0){OH): %y + OH™ = Fe(H,OWOH), + H,0: K,

The concentration of the species Fe(H,0),(OH)% ., which exists in sclution
is unknown so that while K, and K, are defined, K, and X, are not,

_ {Fe(H,O){OH)**] — 10+
' [Fe(H,0)*1[OH]
Kz — [Fe(Hzo)a(OH)z+] e = jpre-ez
[Fe(H,O){OH)}**}{OH"]
[Fe(Hzo)s(OH)ao(aq)] —7

3 [Fe(H,OMOH),[OH]

_ [Fe(HO)OH), ]  _
' [Fe(Heo)a(OH)aotan]{OH_]

However, for the overall formation constants, we have a defined relation-
ship involving the species Fe(H;0),{OH), .

_ [Fe(HO){OH)*] _ 1gt-as
' [Fe(H,0)+][OH]
‘82 _ IFe(Hzo)za(OH)zt] = 10226
[Fe(H,0)s**][OH}?
Bs= {Fe(Hzo)a(OH)aotaml —
* 7 [Fe(HO)SH[OH s
(Fe(HOMOM) 1 _ | a0

*T [Fe(H,0) 1 [OH}*
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Note that it is common to omit the H;O ligands when writing equations
such as those given here. For example, Fe{H,O){OH}?** is usually written
us Fe(OHP+, We generally follow this practice throughout the remainder
of this text.

The procedures for calculating species concentration in g solution
containing metal ions and ligands are similar to that used for acid-base
problems in Chapter 4; these procedures are illustrated in the following
example.

Example 5-1

The CCOD analysis employs mercuric sulfate, HgSQ,, as a source of Hg** to
complex Cl~ ion and so prevent its oxidation o Cl,,,, by K.Cr,O; during the
analysis. Typically, 0.4 g HgSO, is added to 20 ml of sample along with 40 ml of
other reagents. If a sample contains 1000 mg Cl-/liter, what will he the concen.
tration of each chloromercury{ll) complex and of the free Cl~ ion in the solution?
Recall that in the COD analysis the sulfuric acid concentration is 50 percent so
that the pH is very low {< 1) and hydroxomercury(Il) complexes are not important,
Neglect ionic strength effects and assume a temperature of 25°C.

Solution

The unknowns are [Hg**}, [Cl7], [HgCl*], [HgCl%0], [HaCly], and [HgCl2 ).
{H*} and [OH"] are not of importance because they do not enter into reactions
with Hg?* or Cl™ under the conditions of the COD test. Six equations are needed,.
These are the mass balances on Hg and Cl and the four equilibrium equations,

0.4g HgSO, 1

() Crus = Gyl total volume/1000 mifiiter ** 297 g HgSO4/mole
=224 x10°M(=10""%M)
= [Hg*] + {HgCl*] + [HgClL.9 + (HgCly] + [HgCl &)
@ Cyrg= 1000 mg/liter x (20-ml sctmple/lOD[.) mU/liter) y 1 i
' (60 ml total volume/1000 mliliter) 35,500 mg Cl 7mole

= 9,39 X 1073 M (= 10292 )
= [CI-] + [HgCl*] + 2[HgCl,%] + 3{HgCl,"] + 4[HgCl 2]

9 g, = 107 IHICIL_
@ B =10 genar

— 14.05 — [IIQCIQDlaQ)]
N =
= 16.05 M
© Fo= 1005 = [Hg*J[CIF
— 101575 = .M_]__
O Be= 1077 = ey [cr)e

We will use a trial and error approach to solve this problem, We will make
certain assumptions, find a solution, and then check the assumptions against the
resuits. If the assumptions do not check out, we will make new assumptions and
try again.
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Assumie that the concentrations of all complexes are insignificant in the mass
bualance equations so that '

[ClI] = Crei = 1072 and  [Hg**} = Crp = 10765
Then, from Eqgs. (3) to {6}, _
[HgCl’“] = {J0+715)(10-2-02)(1 0 165} = 10 +3-40

[chl20[aq)] = (1[}+14.05)(10—1.55)(10;2.62)2 —= ID +8.36

[HQC]':J"] = (10+16.05)(10—1.ﬁ5)(10—2.02)3 = 10 +8.34

IHQC]-42_] —= (10+15.75)(10—1 .55}{10—2.02)4 :10+7.02
We can see immediately that the assumption is not valid, since the concentration
. of each complex far exceeds the values of both Cyy, and Cr . Even though the
calculated concentrations of the chloromercury complexes are far too high, we
can glean some useful information from this otherwise disappointing result. We
see that the concentration of the HgCl ., complex is larger than the concentrations
of the other complex species and that Cl- is much less than the concentrations
of gll the complexes. Using this information, let us assume that the HgCli%.q

complex is the sole important Cl.containing species. The Cl mass balance now
becomes '

Cr.oi = 10729 = 2[HgCl g
or
[HgCl,% ) = 10722

Since Crpy = #Cy g we must assume that some free [Hg?'] is present—there is
just not enough Cl~ to complex it all. We therefore agsume that the important Hyg-
containing species are Hg®* and HgCl%,,.

The Hg mass balance becomes

Crug = 10748 = [Hg*'] + [HgCl %0l
Then
[Hg?+] = 107165 — ]9-2:32 = |Q~175
From Eq. (4}
' e .. _ [HgClLP]
[Cl ]2 - 101405 [Hzgz+}

10—2.32
= Jgies 1918

= 1072
[Cl7] = 10—
From Egs. (3), (5), and (6},

[HgCl+] = 10+"[Hg?][C1 -] = 10+7+410-17510~731
[HgC1*] = 10~

[HgCly"] = 10+'&-%5[Hg**][CI "]

[HgCl;~} = 10778
[HgCl2} = 10%'75[Hg?**][CI~]* = 1B*'575[Q ~"-75(10- 7"
fHgCl,>"] = 10142
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Substituting this set of values into the mass balance equations for Cy gy and Cr o
shows again that the calculated concentrations are still too high. Examination of
the new values shows [HgCl*] to have a value close to that of [HgCl, .l
Therefore, it should not be neglected. Taking this into account, the mass balances
become

(17 Crue = Hg**] + HgCl'] + HgCl ) = 107"
(2 Cro=MHgCl*]+ 2HgClf= 1072

From Egs. (1), (2), (3), and (4},
{3} 107185 = [Hg?* {1 + 10715[C1 -] + 10 145C1 -3

10—1.55
1 + 107 %[CI-] + 10%9%(Cl -2

From Egs, (2'), (3'), and (4")
(57 10729 = [Hg?*](105[C1"] + 2 x 10"*94[C1)3)

4} [Hg*]=

and
10—2.02
1075[C17] + 2 X 10" 05[CL- 2

Combining Egs. (4") and (6'} to eliminate [Hg?*] and solve for [C17], we find [Cl]
= 3 x 107%M. Substituting this value in Eq. (5"} and solving for [Hg?*] yields [Hg®**]
= 1.42 x 1072 M. ' ]

Using these values for [C1™]} and [Hg?*] in Egs. (3), (4), (5), and (6), we obtain

[HgClt)=6x10"?
[HgCl,®zq) = 1.58 x 107°
[HgCl,"} = 4.3 % 10°*
[HgCl ] =6x107"®

Checking our assumptions in Egs. (1) and {2), we see that the values obtained
satisfy these equations to within 3 percent accuracy.

®) [Hg*]=

This example shows that the majority of the chioride is tied up as HgCl*
and HgCl,%.q, with minor amounts present as other chloromercurytll)
complexes and a very small amount {3 x 1078 M) as the free Cl” ion.

The implication of this calculation for the COD analysis is that the
oxidation of chloride can be aclmest completely exciuded, since K,Cr, Oy
will not oxidize uny of the chloromercury(ll) complexes. if we were to
conduct a COD analysis on the 1000 mg Cl-/liter solution in the absence
of HgSO, the {following redox reaction would proceed:®

e~ + 14H* + Cr,0.2 — 2Cr* + 7H,0
(2C1~ = Clyaey + 267 X 3
Cr,0.2 + 14H* + 6Cl~ — 2C53* + 3Clo + 7H,0

® See Chapter 7 for an extensive discussion of oxidation-reduction reactions.
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Since we express the COD result in terms of the equivalent amount of
oxygen to complete the oxidation, and express the result as "mg O,fliter,”
it is productive to write the redox reaction in terms of oxygen:

4C1™ —> 2Clyuq + de™
de + 4H* + O, — 2H,0
4H* + 4CH + O, — 2CL, + 2H,0

Thus 32 mg of O, will oxidize 4 X 35,5 (= 142} mg of Cl, If we assume that
the entire 1000 mg Clfliter is oxidized, a COD of 32 x 1000/142 = 225 mg/
liter will result. .
In the presence of sufficient HgSO, the COD of 1000 mg Cl/liter is very
“small, bul not zero, because there is some oxidation of the Cl- present in
equilibrium with chloromercury(ll) complexes. This oxidation removes
Cl- from solution and forces further dissociation of the complexes. For
example,

chlzo(aq) = Hg2+ + ZC].“

Cripps and Jenkins? found that the extent of this oxidation was a function
of the duration of the COD digestion, The lenger that the oxidation was
allowed to proceed, the greater the extent of chloromercury(ll} complex
dissociation and the greater was the COD due to Cl~ oxidation. Formulated
as an empirical “chloride correction factor,” they found that the COD due
to CI™ oxidation was 0.00041 x mg Cl/liter x time of digestion in hours.

5.5, HYDROLYSIS OF METAL IONS—H,0 AND OH~ AS LIGANDS

In agueous solution, free metal ions are complexed with water, The
metal ions are said to be hydrated. The interaction of these hydrated
metal ions with acids and bases is a ligand exchange reaction that is
commonly called hydrolysis, or protolysis, These terms describe the
general reaction in which a proton is transferred from an acid to water,
or from water to a base. This type of reaction involving hydrated metal
cations as the proton-donors or acids occurs readily and is of exireme
importance in natural waters, For example, the stepwise hydrolysis of
the aquoaluminum(IIl) ion can be represented by the following series of
equations:

Al{H,0)¢* + H,O = AlH,0);OH* + H,O* (5-9)

Al(H,0)0H2* + H,0 = Al(H,0){OH),* + H,O* (5-10)
AlH0){OH),* + H,0 = Al(H,0)OH)ys, + HO* (5-11)
AH,0){OH)ae; + H,O = ANH,0)40H),~ + HO* (5-12)

7 1. M. Cripps and D, Jenkins, "A COD Method Suitable for the Analysis of Highly
Saline Waters,” J. Water Pollut. Control Fed., 36: 1240-1246 (1964).
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From these equations it is easy to visualize that the hydrolysis of metal
ions is a stepwise replacement of coordinated molecules of "water of
hydration” by hydroxyl ions. In Eqgs. 5-9 to 5-12 this replacement occurs
by the transfer of protons from waters of hydration to free water molecules
to form an hydronium ion. The hydrolysis reaction can also be written as
the replacement of a water of hydration by a hydroxyl ion, as was done
for the hydrolysis reactions of Fe®* in Section 5-4. The two ways of writing
the reaction are essentially the same because they can be interconverted
by using the reaction for ionization of water,

AlH,0)* + OH~ = Al{H,0){OH)** + H,O; K,=10°
2H O =H,0*+ CH~; K,=10"1
AlHO)* + H,O = AIHO){OH)** + H,OF; K,=10"5"

Note that the equilibrium constants are different but that each defines the
relationship between [Al(H,0)*+] and [Al(H,0);OH?*] as a function of pH.
Equilibrium constants of the hydroxocomplexes of some metal ions of
importance in water chemistry are presented in Table 5.1. This table
shows that Fe(lll) and many other multivalent ions behave similarly to
the aquoaluminum(IIl} ion.

The hydrolysis reactions depicted in Egs. 5-9 to 5-12 are acid-base
(proton transfer) reactions. Because of this, the pH of the solution will
influence the distribution of the various species. In general, the percentage
of the hydrolyzed species increases as the pH increases, just as the
concentration of a conjugate base would increase if the pH of a solution
containing its conjugate acid were raised. All trivalent and most divalent
metal ions are complexed to some extent with OH™ ut the pH of natural
waters. The alkaline earth metals hydrolyze significantly only at high pH

TABLE 5-1 Equilibrium Censtants for Mononuclear Hydroxo
Complexes

log B, log = . log s log B, log K..°

Fes* 11.84 21.28 — 33.0 —-38
AP+ 9 — — 34.3 ~33
Cu?t 8.0 — 15.2 16.1 —~19.3
Fe** 5.7 (9.1¥ 10 9.6 —14.5
Mn*t 3.4 (6.8 7.8 e -12.8
Zn*t 4.15 (10.2) (14.2) (15.5) -17.2
Cd?+ 4.18 8.4 8.1} (8.8) -13.6

% B; is the equilibrium constant for the reaction, Mt + iQH- -»
M{CH)w-,

® K is the equilibrium constant for the reaction M(OH},,, == M™* +
nOH™,

¢ { } indicates an estimated value.
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(pH > 9 to 10). The pH of a solution to which metal ion is added can be
calculated just as it was for acids in Chapter 4. The procedure is
demonsirated by the following example,

Example 5-2

Calculate the pH of a 107% M Hg{ClO,), sclution at 25°. Neglect ionic strength
effects.
Solution

Because ClO, is a very poor complex former, perchloratomercury(ll) complexes
can be neglected. The equilibrium of concem is

(1) Hg®" + 2H,O = 2H* Hg(OH}; logK = -6.3
The spscies HgOH* can also form in solution by the following reaction
Hg?** + HO =H* +HgOHY  logK =87

but the Hg(OH)," complex generally predominates; to simplify this example, we
neglected HgOH'. If this species had not been neglected, our approach would
have been similar to that used to determine the pH of a diprotic acid solution.

Mass Balances
{2) Crus = [Hg**] + {Hg{OH)®] = 107¢
3) Creio, =2 x 107° = [CLO47] = 2C; g

Charge Balance
{4} 2[Hg*] + [H*] = [C1047] + [OH]

Dissociation of Water

(5 K, = 107" = [H*][OH"}

There are five unknowns, [H*), [OH"], [Hg?*']. [Hg(CH);?] and [CIO,], and we
have stated five equations. We will combine these equations to arrive at one
equation in [H'], which we will solve by trial and error.

First let us set

= [Hg(OH),"]
: CT.Hg
Combining Eqs. {1} and (2) yields
10753

([}i'ﬂ']z + 10—5.3)
Then, combining Eqgs. (2), (3), and {4} to eliminate [ClO,~], we obtain

(7) [H*} = 2[Hg(OH)?] + [OH"}]
and substituting for [Hg{OH)?] from Eq. (6), and for [OH"] from Eg. (§),
Ky
[H*]

(s) p =

(H'] -

- ZCCQCT,HQ = U
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10~
{H*]
Solving Egs. (6) and (8} by trial and error yields « solution pH of 4,7.

8 {(H']-

—2% 10_5062=0

The pH found in Example 5-2 is quite low, showing that the mercuric
ion has the property of a weak acid of approximately the same strength
as acetic acid. The acid strength of some metal ions is quite considerable.
For example, the pH of equimolar H;PO, and Fe®* solutions are similar,
The strong acid properties of hydrated metal ions become evident in
processes such as coagulation/flocculation, where hydrated «luminum
sulfate (alum) or ferric chloride is added to a natural water that is buffered
with bicarbonate. The metal ion “titrates” {or reacts with) o stoichiometric
amount of alkalinity, just as the addition of an equal amount of strong
mineral acid would.

Example 5-3

A raw water with a pH of 8.0 and «a total alkalinity of 80 mg/liter as CaCO,
requires a dose of 25 mg/liter aluminum sulfate (Al(S0,}; - HMH0) for effective
coagulation/flocculation, What is the dose of sodium hydroxide (NaOH) in mg/
liter required to maintain the alkalinity of the water at 80 mg/liter as CaCQO,
during coagulation/flocculation? Make the simplifying assumption that the only
hydroxoaluminum(ll) species to form is ANOH),,,; this assumption is valid at
many surface water treatment plants.

Solution

We can treat this problem as ¢ stoichiometric acid/base reaction. Since the
alkalinity for the reaction will come entirely from the NaOH to be added, we use
it as the buase in the reaction.

AlL{SO,); + 14H,O + BNaOH = 2A1OH)y,, + 8Na* + 3502~
The molecular weight of alum is 594 and that of NaOH is 40. Thus

25 mg/liter « 6 mM NaOH
594 mgalum/mM  mMalum

= (1,252 mM NaOQHAiter

is required, or

0.252 mM _ 40 mg NaOH
- e
liter mM

= 10.1 mg NaOH/liter

We assumed in Example 5-3 that when alum was added to water, there
was o stoichiometric reaction with the hydroxide to form aluminum
hydroxide. Although this assumption is good enough for estimating the
amount of natural alkalinity that reacts, or the amount of hydroxide that
must be added to restore that which reacted with the alum, it does not
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accurately represent the detailed equilibrium picture. As we have seen

- already, a variety of mononuclear hydroxoatuminum(IIl) complexes form.
Aqueous solutions of acluminum ions at neutral pH values have also been
reported to contain polynuclear hydroxoaluminum(Ill) complexes,® such
as AL(OHL*", Al (OH),;** and Al{{OH)*. It is thought that such species
are formed by the condensation of mononuclear hydrolysis products (see
Section 5-2). -

Alithough the above species have been proposed as stable species,
other polynuclear hydroxoaluminum(lll) complexes are thought to exist
as short-lived intermediates between the hydrated aluminum ion and
aluminum hydroxide precipitate (A{OH),,) in supersaturated solution,®
We shall indeed see {Chapter 6) that when we consider the presence of
the stable polynuclear aluminum hydrolysis species in the representation
of heterogeneous equilibria, the stability region of the aluminum hydrox-
ide solid is more confined than when their presence is disregarded, The
polynuclear complexes generally have higher OH™ and less H,O content
per mole of aluminum than the mononuclear hydroxoaluminum com-
plexes. Some workers suggest that the higher OH™ content of these
species makes "hydrolyzed aluminum ion” a more effective coagulant in
water freatment than the mononuclear hydrolysis species.” They argue
that the polynuclear species act as short-chain polymers that adsorb to
specific sites on particles, thereby destabilizing them so aggregation can
take place. Although adsorption can take place even it the polymer and
particle are of the same charge, destabilization appears more efficient if
they have opposite charges. The classical “residual turbidity” versus
"alum dose” plot, Fig. 5-1, illustrates how alum functions as a coagulant
for a water of moderate alkalinity. At low alum doses there is no reduction
in turbidity. At these low doses there is insufficient hydroxoaluminum{iIl)
species to provide effective destabilization. The further addition of alum
to the point at which complete destabilization occurs causes a reduction
in turbidity fo ¢ minimum value. The further increase in alum dose will
result in restabilization of the particles because of a near complete
coverage of the particle with aluminum hydrolysis product. The further
addition of alum to very high doses results in the formation of ¢ precipitate
of A{OH)y because the solubility product of A{OH),, is exceeded (see
Chapter 6). This bulky precipitate enmeshes particles in it and settles
rapidly io form the so-called "sweep floc” region of coagulation-floceu-
lation. At most water treatment plants, coagulation/flocculation takes
place in the “sweep floc” range because it is very difficult to vary the

1. 1. Morgan, chapter in "Equilibrium Concepts in Natural Water Systems,” Adv.
in Chem. Series No. 67, American Chemical Soe,, Washington, D.C,, 1967.

¢ W. Stumm and . J. Morgan, Aquatic Chemistry, Wiley-Interscience, New York,
1870, p. 246.

19 W, Stumm and J. §. Morgan, Aquatic Chemistry, Wiley-Interscience, New York,
1970, pp. 256-258.
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Fig, 5-1. Alum dose versus residual turbidity for water coagula-
tion/flocculation. The residual turbidily is that which remains in
a test solution to which alum was added. After mixing to simu-
late that which occurs in a water treatment plant, the sample is
allowed to settle for 30 min before turbidity is measured.

coagulant dose to correspend to changing influent conditions as required
1o operate in the range of complete particle destabilization.

Trivalent iron, Fe(lll), which like aluminum{Ill} is used in weater and
wastewater treatment as a coagulating agent, as well as other multivalent
metal cations (e.g., lead), form polynuclear hydroxocomplexes, These
complexes tend to predominate at high metal concentrations and inter-
mediate to high pH values. For example, Fig. 5-2 is a distribution dicggram
of the hydroxocomplexes of Pb?' in aqueous solution. Below pH 6, Pb**

1.0

T 1 Pb, (OH)s*

Tl [ [Pbg (GHYg* ]

075 1= [pp?) Cr.en

C1,p0
5 050 b

025 - (Pbz(OH)2']

Cypy

O [
5.0 6.0 7.0 8.0
pH

Fig. 5-2. Species distribution of lead in an agueous Ph{ll)
solution Cy ey = 0.04 M, After Olin A., Svensk Kim Tidskr.,
73: 482 (1961). Reprinted by permission of Svensk Kim. Tidskr.

" Bee C. BR. O'Meliq, chapter in "Physiochemical Processes,” by W. J. Weber, Jr..
Wiley-Interscience, New York, 1971, for a complete review and discussion of
coagulation/flocculation, )
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is the major lead-containing species; at higher pH values the polymeric
hydroxocomplexes Ph(OH)*, Pb(OH)*, and Pby(OH)*" predominate.
The equilibria on which the diagram is based are

4Pb%* + 4H,0 = Pb(OH),** + 4H*;  logK = —19.9
8Pb* + 4H,0 = PbOH)2* + 4H";  logK = —23.2
6Pb?* + 8H,O = PbOH)y** + 8H*;  logK = —42.7

Similar distribution dicagrams for concentrations of tetal iron(IIl} of
Crreqn = 102 M and Crreqy = 107" M are presented in Fig. 5-3. The
diagrams are based on equilibrium constanis of mononuclear hydroxo
complexes (see Table 5-1). The equilibrium constant for the dimeric
Fe,(OH)* is 2Fe®t + 2H,0 = Fe,(OH),* + 2H*; log K = —2.91. Like lead,
the fraction of the total iron(lll) present as hydroxo complexes, including
the dimeric Fe,{OH}),*", increases as the pH increases. Also illustrated in
Fig. 5-3 is the effect of total iron(lil) concentration on the predominance
of polymeric hydroxocomplexes of Fe(lll). At pH 2, for example, virtually
no Fe,(OH),** is present in the 107* M Cy, ., solution whereas a significant
amount exists in the 1072 M Cy ¢ up solution.

The previously discussed interaction of hydroxealuminum(ill) polymers
with particle surfaces is but one example of the ways in which the types
of species of metals, especially the complexes, influence the distribution
of metals in the natural water environment. The bulk of the total metal
content of natural waters and wastewaters is usually associated with
particulates either as precipitates {solids) or adsorbed on particle surfaces,
such as clays or organic detritus. In general, hydroxo, carbonato, and

Fe{OH)o*

C1 peum = 107401

Mole percent

CT' FeillD ™ 107 2 M

Fig. 5-3. Species distribution in an aqueous Fe(lll) solution. After
W. Stumm and ]J. J. Morgan, Aquatic Chemistry, Wiley-Inter
science, New York, 1870. Beprinted by permission of John Wiley
& Sons,
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sulfato complexes of metals tend to sorb more sirongly at clay surfaces
than do the free metal ions, For example, James and Healy™ have shown
that the adsorption of cobalt on silica surfaces is a function of the ionic
state of the cobalt (see Table 5-2 and Fig, 5-4). At pH values below 6,
where the cobalt is present entirely as Co?*, there is very little adsorption.

TABLE 5-2 Cobalt Equilibria

Equilibria log K
Co?** + 20H- = Co{OH}y, 14.8
Co{OH}* + H* = Co®* + H,0 9.6
Co(CH)* + H* = Co{OH)* + H,O 9.2
CO(OH)QO = CO(OH)Q(S) 3.7
Co(OH);~ + H* == Co(CH),® + H,O 12.7

From L. G. Sillen and A. E. Martell. Chemical Society
of London, Special Bull., No. 17 (1964).
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Fig. 5-4. Experimental adsorption isotherm for Cofll). Adsorption at
1.2 x 10~*M on silica at 25°C; 15 gfliter S5i0,. Computed hydrolysis data
for this concentraiion are also shown as the percentage of each aquo
complex as a function of pH. Reprinted from R. O. Jomes and T. W.
Healy, J. Colloid and Interface Sci., 40: 42-52 (1972) by permission of
Academic Press.

2R. O. Jumes and T. W. Healy, “Adsorption of Hydrolyzable Metal Ions at the
Oxide-Water Interface, I. Co(ll) Adsorption on 8i0, and TiO, as Model Systems,”
1. Colloid Interfac. Sci., 40: 42 (1972).
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As the pH increases to between 6 to 8.5, the removal of cobalt from
solution by adsorption on the silica particles increases dramatically. In
the pH range from 6 to 8.5 the free Co®*, ion decreases from 100 percent
of the total cobalt to zero, and the predominant cobalt species become the
adsorbable hydroxocobalt(ll) complexes, CoOH* and Co(OH)°,

5.6. COMPLEXES WITH OTHER INORGANIC LIGANDS

Natural waters contain significant concentrations of inorganic and
organic ligands in addition to H,O and OH™. In this section we will look
at some examples of the effects of inorganic ligands on the speciation
and properties of metals in natural waters. The next section of this chapter
will deal with organic ligands.

Reference to Table 1-5 shows that the predominant metal cations in
typical fresh and ocean waters are Nat, Ca?t, and Mg®*; the major ligands
are HCO,-, Cl", and 50,2~. At the typical natural water pH values of
between 6.5 to 8.5, these metals are not strong complex formers in
comparison with metals such as Al** and Fe®",

For complicated systems such as natural waters it is necessary to use
¢ computer to determine the degree of complexation of the various cations
with the ligands available. To illustrate this technique, we determine the
degree of complexation of the various cations present in the ocean and
in average river water,™

Assume the following compositions for ocean and river water at 25°C:

Ccean Average River Water
Cr.natM) 0.47 27 x 104
Crx(M) 102 5.9 x 105
Cr.e. (M} 16— 3.8 x 107
Crg (M) 54 x 1072 3.4 x107%
Cr,m (M) 0.55 2.2 x 1074
C1,50, (M) 3.8 x 102 1.2 x 10~¢
Total alkalinity 2.3 x 107° 9.6 x 10~*
(eq/liter)

pH (units) 7.9 7.8

We neglect interactions with the atmosphere and consider the following
species:

K*, Nat, Ca®t, Mg?, HY, Cl-, SO, H30, . CO,*, HCO,",

H,COj, OH-, CaOQOH*, CaHCO,", MgOH*, MgHCO;*, NaCQ,,

NaSO4, CaCOs, CaSOp2, MgCO,°, MgSO,», NaOHe, NaHCO,¢,
and KSO,~

® These calculations were made by Dr, L. L. Russell, James M, Montgomery
Engineers, Walnut Creek, Calif.
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The equations that describe the system are the mass balances:
Crx = [K*} + [KSO,47]

C1.ca = [Ca?®] + [CaCH*] + [CaHCO ] + [CaCO4 + [CaB0.,)

Crme = [Mg?'l + [MgOH' + [MgHCO;1 + [MgCOy°] + [MgSO 0|

Crua = [Nat] + [NaOH?} + [NaHCO?] + [NaCO,] + [NaSO,7
Crei=[C17]

Cr.co, = [HCO3] + [HCO;7] + [CO;* ] + [CaHCO,*] + [CaCO5%
CT,504 - {SO.{ZA—] + [HSO‘;"} + {CC[SO4°] + [MgSO4°] -+ {NC[SO4_] + [KSO4_]

Charge Balance

[K*] + 2[Ca?*] + [CaOH] + [CaHCO.* + 2[Mg?*] + [MgOHY]
+ [MgHCO,*} + [H*] + [Na*] = [KSO,] + [NaCO4] + [NaSO,7]
+ [HCO, ] + 2[CO:2] + [CL] + [OH)

Alkalinity Equation
Total alkalinity (eqiliter) = [HCO,7] + 2[CO2] + [OH} — [H7]

and the equilibrium relationships;
H,O=H*+ OH~; Ky=10""
HSC, =H'+ 80, K,,=10"2
H,CO; =H*+ HCO;; K,.=1033
HCO,~=H* + CO;*; K,,=10-103
CaOH-=Ca®" +QH~; K =103
CgHCO, = Ca?" + HCO;™; K =102
CuSO, = Cu?® + 80, K=103"
CaCOL = Ca?" + CO2; K =10"32
MgOH'=Mg* + QH~; K =103
MgHCO,* = Mg?** + HCO,~; K = 1g—
MgCO» = Mg?t + CO,>; K =103
MgSOp2=Mg* + 802 K =10"2%
NaOH = Na* + QH~; K = 10797
NaHCO = Na* + HCO,"; K =10+
NaCQO,;~ = Nat + CO,2; K =10
NaSO, =Nat+ 8502 K=10072
K80, =K*+ 80, K = 1070
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Tables 5-3 to 5-8 are the results of the solution of these equations,

VTABLE 5-3 Concentrations of Various Species in Ocean Water (moles/
liter).

Complexed with

Cation Uncomplexed CH- HCO,- CO#* e Xy Total
Cualcium 7.8 x 1073 5.2 x 10+ 6.8 x 1079 1.8 x 1079 21 x 10 102
Magnesium 4.1 x 10-2 5.3 x 10°®° 2.8 x 10 1.5 x 104 1.2 x 1072 5.4 x 1072
Sodium . 4.5 x 10— 5.4 x 10°8 2.2 x 10~ 3.8 x 107° 9.9 x 4.7 x 1!
Potassium 9.6 x 102 — — — 3.6 x 10~ 152
Hydrogen 7.0 x 10°#
Uncomplexed 1.5 x 102 14 x 103 1.3 x 102

TABLE 5-4 Percentage Distribution of Complex Species in Ocean Water.

Complexed with

Cation Uncomplexed OH- HCO;~ CO S04
Calcium 78 — 0.7 0.2 21
Magnesium 76 — 0.5 0.3 22
Sodium 96 2
Potassium 96 4

TABLE 5-5 Concentration of Various Species in Average River Water
(moles/liter).

Complexed with
Cation Uncomplexed OH~ HCO, CO2 S0~ Totatl
Calcium 3.7 x 10-* 51 % mp-® 5.2 % 10-8 1L7x 108 55x 1078 3.8 x 10
Magnesium 3.3 x 10—+ 8.6 x 10-° 3.7 % 10® 24 x 107 5.5 x 10°% 3.4 x 107
Sodium 2.7 x 10-¢ 4,1 x 1o 1.3 % 107 1.8 x 107 1.3 x 107 2,7 x 10~
Potassium 5.9 x 10-% — — — 4.8 % 107 59 % 10
Hydrogen — — — — 1.2 x 107 —
Uncomplexed — — 9.4 x 10~ 43 x 107 L.1x 107 —

TABLE 5-6 Percentage Distribution of Complex Species in Average River
Water,

Complexed with

Cation Uncomplexed OH- HCO,~ CO,;2- 80,2
Calcium 97 1 1 1
Magnesium 97 i 1 1
Sodium 100

Potassium 100
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The results show that only in ocean water are any of the metals in this
model complexed to any significant extent by the inorganic ligands
examined, In addition only suliate is a significant complexing agent and
only caleium and magnesium complexes are important. This type of
calculation gives us confidence in ignoring the complexes of Ca?t, Mg?t,
Na*, and K+ with OH-, HCO,~, Ci~, 8O, and CO,*~, when dealing with
fresh waters of neutral pH values. Increasing the pH value or ligand
concentration, especially sulfate, may require that complexes of these
metals be taken into consideration.

Several analytical methods will differentiate the “free” (hydrated) metal
ions from dissolved complexed metal ions. These methods include specific
ion elecirodes, polarographic, and other amperometric and voltammetric
methods and various types of spectroscopy {see Section 7-10). Specific ion
electrodes only respond to the free metal ion for which they are "specific.”
To determine the relative amounts of complexed and uncomplexed metal
ion in « solution, we can use a “"wet chemical” method to measure the
total concentration of "free + complexed” ions, and then an ion-specific
elecirode to determine the free metal ion concentration {activity). Care
must be taken to eliminate interferences that may atfect these measure-
ments. We deduce the concentration of the “complexed ions” by the
difference between these two measurements. For example, in the EDTA
titration method for hardness,' free and complexed calcium and mag-
nesium ion's are measured.

Methods such ds anodic stripping voltammetry, polarography, and
spectroscopy not only can differentiate between “free” and "complexed”
metal ion species but in some instances can be used to identify the nature
and determine the concentrations of individual complex species.

Inorganic ligands that complex metal ions can alter the effects that
metal ions exert in natural waters. For example, the literature on fish
toxicity contains references fo the effects of water hardness on the toxicity
of heavy metals. The general observation made is that heavy metals are
much less toxic to fish in hard water than they are in soft water. We can
provide an explanation of this result in terms of complex formation
between the heavy metal copper; and the alkdlinity ions (HCO,;~ and
COy?7), since the alkalinity usually increases together with the water
hardness.

The distribution of copper species in a natural water buffered by the
carhonate system is presented in Fig. 5.5. The diagram is based on the
presence of the copper precipitate tenorite, CuO,. If the solution were
not in equilibrinm with this solid, the species distribution weould not be
quite the same; however, radical changes would not occur. Therefore, the
diagram can be used to determine regions where certain species are
important. From Fig, 5-5 it can be seen that only at below pH 6.5 is free

" Standard Methods for Analysis of Water and Wastewater, 14th ed., Am. Publ.
Health Assoc., New York, 1975.
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Fig. 5.5. Copper species distribution in a water containing total inor-
ganic carbon, Cr,co,, = 1077 M.

copper ion, Cu?*, the predominant copper-containing species. At higher
. pH values the carbonatocopper(ll) complex, CuCO,, and the hydroxo-
copper{ll) complexes, Cu(OH};,~ and CulOH),?>", are the major copper-
containing species. The diagram predicts that in the pH range 6.5 10 9.5
{a range that covers the pH span of most natural waters) the major copper-
containing species is CuCOy. Making the assumption that the complex
formation reaction

C'l.].a+ + COaz_ = CuCC)ao(aq); IOgK = _8.8

controls the concentration of Cu?* in this pH range, the Cu?* conceniration
at various alkalinities can be calculated for a variety of pH values (Table
5-7.

It is apparent that alkalinity has a profound effect on the free copper
ion concentration. For example, at pH 7 increasing the alkalinity from 50
to 250 mg/liter as CaCQ, decreases the Cu?t ion level from 25 to 9 percent
of the iotal copper present. Returning to our original observation that
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TABLE 5-7 Eifect of Alkalinity and pH on Cu?* Levels

2+
[g—“—l x1000%) at Alkalinity of

T.Cu

50 mg/liter 100 mgfliter 250 mg/liter

pH as CaCO, as CaCQ, as CaCO,
7 25 14 9

7.5 11 ] 3

8 — 2 0.9

For Cy ¢y values from 8 X 1077 M to 1.6 x 1075 M,

copper is more toxic 1o fish in soft water than in hard water, we should
note that high hardness is usually accompanied by high alkalinity.
Therefore, in hard water a greater fraction of the total copper is complexed
than in soft water. If we assume that the only copper species toxic to fish
is the Cu?* ion, then increasing the fraction of the carbonatocopper(ll)
complex by increasing the carbonate concentration will decrease the
toxicity.

Complex formation influences the concentration of ligands {and their
etfects) as well as metal ions. An important example of this relates to the
toxicity of “"cyanide” to fish. Most toxicity researchers agree that the toxic
component of a “cyanide” solution is undissociated hydrocyanic acid,
HCN. When a complex-forming metal ion is added to a cyanide solution,
the equilibrium between HCN and CN~ will be displaced in the direction
of CN- because the metal ion will remove free CN- from solution,
incorporating it into a cyano metal complex. It is not uncommon to
encounter waste discharges containing both heavy metals and cyanide,
since metal cyanide solutions are used in a variety of metal finishing
processes. Most heavy metals form cyano complexes. For example, the
following equilibria are applicable to the addition of nickel to a cyanide
solution, )

HCN = H* + CN—; K,=186.17 x 107°
Nizt + 4CN- = NHCN)2"; B, = 10%

There is no evidence for the existence of the mono-, di-, and
tricyanonickel{ll) complexes; therefore, we need only consider the
Ni(CN)2~ complex. Figure 5-6 shows the profound effect that this complex
has on the HCN concentration.

At pH 7.5, for example, the solution containing nickel has an HCN level
of about 3 x 10-® M (~0.08 mg/liter) while in the cyanide solution
containing no nickel the HCN level is 4 X 107° (~1,1 mg/liter); that is, ail
of the cyanide present is HCN. Knowing that the component toxic to fish
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Fig. 5-6. Free HCN in equilibrium at 25°C with (a) 10~ M nickel, and
(b) 4 x 105 M total cyanide, Cycn with no correction for ionic
strength. K, for HCN = 6.17 x 10-*%; 8,for Ni(CN),*™ = 10*%, Reprinted
from H. A. C. Montgomery. “Some Analytical Aspects of the Behavior
of Certain Pollutants in Aqueous Systems,” Progr. Water Technol.,
3: 73 (1973) by permission of Pergamon Press.

is HCN, we can guess that the addition of Ni** to a cyanide solution
would have a dramatic effect on its toxicity. Doudoroff et al.” have
provided a striking illustration of this effect using the toxicity to fish of
solutions of nickel, copper, zinc, cadmium, and silver cyanide complexes,
When the median resistance (or immobilization) time of the fish is plotted
against the total cyanide concentration of these solutions (log/log plot),
no sensible relationship could be obtained. However, when the same plot
was made against the concentration of molecular HCN in the complex
cyanide solutions there was a linear relationship between HCN concen-
tration and median resistance time {see Fig, 5-7).

5.7, COMPLEXES WITH ORGANIC LIGANDS

Complex formation involving organic ligands is important in two
general areas of water chemistry. First, in the analysis of various
constituents of water, organic compounds are used as complexing agents.
For example, EDTA is used to determine water hardness by forming

% P. Doudoroff, G. Leduc, and C. R. Schneider, "Acute Toxicity to Fish of Solutions
Containing Complex Metal Cyanides, in Relation to Concentrations of Molecular
Hydrocyanic Acid,” Trans. Amer. Fish Soc., 95: 6-22 {1966).
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Fig. 5-7. Bluegill median resistance (immobilization) times plotted against
free, HCN concentration in various simple and complex cyanide solutions.
Adapted from P. Doudoroff, et al., Trans, Amer. Fish. Soc., 95: 6-22 (1966).
Reprinied by permission of the American Fisheries Society.

complexes with Ca?t and Mg?*; 1, 10-phenanthroline is used as an indicator
in the COD test, forming a complex with Fe?*, and dimethylglyoxime,

CH,—CNOH
CH,—CNOH

can be used for the colorimetric determination of nickel by forming the
red complex

CH N/OHO N=GC—CH
_. N—G
CH;—CNOH ’ e y
2 + Nizt— /Ni\ + 2H*
CH,—CNGCH
2 GH;—G=N—OH N—C—CH,
&
red complex

Second, a wide variety of organic compounds in natural waters and
wastewater can act as complexing agents for metal ions. The nature and
extent of metal ion complexation by natural water organics is not well-
defined, probably because of the poorly defined nature of these organic
compounds and also because of the staggering complexity of these
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multimetal, multiligand systems, Several examples will be given here to
illustrate the importance of complexation by various organic compounds
in determining free metal ion concentration in natural waters and
wastewaters and to illustrate the complexity of the systems,

5.7.1. The Nature of Copper in Water and Wastewater

Copper forms complexes with numerous ligands, both inorganic and
organic that are present in water and wastewater, Table 5-8 gives some
examples of the types of scluble complexes detected by Stiff'® in natural
and treated waters and sewage. Beside complexes with inorganic ligands
(i.e., carbonate and cyanide), the river walers contained significant
ameounts of copper complexed by organic ligands, that is, in the categories
of “amino acid complex” and “inert humic complex.” Amino acid com-
plexes of copper are formed according to the following general eguation:’

+

R—CH—CQ
R—CH—COO~ + Cu = [ o) i
ILHz : HN---Cu
R—CH—COQ
HaN_
R—-GH—CO0- ~
2 ] + Gt — Lu B
NH, N\
H.N 0
R—CH—CO

TABLE 5-8 Distribution of Soluble Copper in Natural and Treated Water
and Wastewater '

Copper Concentration, ug/liter, in the form of

Copper Hardness, Amino Inert Cyanide
added HCO,- mgfliter Acid Humie Rexanol complex,
Sample pafliter pH  mmolelliter as CaCO, Cu®* CuCOy Complex Complex Extractable efc.
Tap water
Stevenage 200 7.51 5.8 320 5.8 202 — — — —_
Settled sewage
Stevenage a0 7.87 9 250 003 35 32 40 24 100
River Arow 80 7.62 5.1 400 9] 435 126 48 - 200
River Lee at
Edmonton 800 8.1% 5.7 340 0.9 148 480 — 170 -

Source: M. |. Stiff, Water Research, 5, 585-599 (1971), Reprinted by permisston of Pergamon Press, Elmsford, N.Y.

8 M. J. Stiff, “The Chemical States of Copper in Polluted Fresh Water and «
Scheme of Analysis to Differentiate Them,"” Water Research, 5: 585-399 (15971),
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For the amino acids leucine, valine, alanine, serine, glutamic acid,
aspartic acid, and tyrosine, the values of log B, range from 7 to ~8; values
of log 3, are in the approximate range of 14 to 16. The amino acid cysteine,
which contains the —SH group forms an exiremely strong complex with
cuprous ion (Cu*) with a log B, value of 19.5.

As we will see later, "humic acids” are an exiremely complex group of
compounds. Because of this no one compound can act as a true model for
this group. However, phenolic and carboxylic acid groups are common
functional groups in humic acids. The substance 3.4-dihydroxybenzoic
acid serves to illustrate one type of complexing group that may bind
metals such as copper to humic acids:

O

A .
H C
\o :
™~
+ Cutt = /Cu + 2H*; log B, = 12.8
OH 8]
OH

3,4 dihydroxybenzoic acid

00

OH

From the values of the stability constants of these orgunic complexes of
copper, it is evident that they must play a significant role in the
complexation of copper in natural waters, Indeed, it is significant to note
that in none of the waters listed in Table 5.8, is Cu?**—the uncomplexed
cupric ion—a major copper-containing species. The picture becomes even
more complex when the distribution of copper between solution and
particulate phases is considered. Beside the copper-contuining precipi-
tates (e.g., tenorite, CuQy,) we must also realize that the types of organic
and inorganic ligand groups which complex with copper in solution also
can exist on the surfaces of particulate solids such as organic detrital
material; there they serve to bind the copper to a solid particle and
transier it from the “soluble copper” category to the “particulate copper”
category. Stiff'” analyzed some polluted river waters in England and
found that between 43 to 88 percent (average 63 percent) of the total copper
present was in the particulate phase.

5.7.2, Complexation by NTA
Nitrilotriacetic acid (NTA) is a triprotic acid with the structure:

CH,COOH
COOHCH,~N

CH,COOH

nitrilotriacetic acid, NTA

7 M. ]. Stiff, Water Research, 5: 585-599 (1971).
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Its sodium salt, N(CH.COONua);, can be used as a component of commercical
laundry detergents. In these products the NTA is « so-called “builder.” Its
tunction is to complex the components of water hardness (Ca?t + Mg?*)
and prevent them from reacting with the detergent molecule itself, thereby
reducing the effectiveness of the detergent. This type of deliberate
complexation is often called "sequestration,” and compounds such as
NTA are known as “sequestering agents.” Commercial laundry detergents
containing NTA were developed because some regions of the United
States and Canada prohibited the use of detergents containing the usual
sequestering agents for Ca?* and Mg?*—the polyphosphates—because of
their suspected contribution to causing wccelerated eutrophication of
surface waters.

The introduction of NTA caused concern in some segments of the
scientific community on several counts, It was thought that NTA introduced
into detergents would find its way into domestic sewage. Being a strong
complexing agent, it will keep toxic heavy metals in solution, thereby
preventing their precipitation as hydroxides, carbonates, phosphates,
sulfides, and so forth, and their subsequent removal by incorporation
into wastewater-derived sludges. If the NTA itseli and the NTA heavy
metal complexes are not readily biodegradable, they will pass through
the wastewater treatment processes, carrying into the receiving waters
both their complexing ability and any heavy metals complexed by them.
Once in the receiving water, free NTA will have the ability to transport
heavy metals from sediments into solution by complexing them. In the
course of time the NTA heavy metal complexes will be biodegraded,
releasing the complexed heavy metal that will cause toxicity in the
receiving water.

Some aspects of these concerns, such as the question of biodegradability
of NTA and its heavy metal complexes, are beyond the scope of this text.
However, NTA appears to be biodegradable in secondary, biological,
waste treatment processes. The concerns dealing with complexation will
be examined here,

Because NTA forms many metal complexes with o wide range of
stabilities, it is important to examine a model or conduct experiments on
systems where the concentrations of the metals and the amount of NTA
available for complexing closely resemble that found in the natural water
system of interest. In addition, the presence of other ligands, both
inorganic and organic, should be considered. Because pH influences the
speciation of NTA and the concenirations of other ligands such as CO,*,
OH~, and so forth, the pH of the system under study should be carefully
controlled in experimental and model systems.

Equilibrium meodels that consider many metals and many ligands are
constructed using the same set of equations used for simple acid-hase
and complexation calculations, First, total concentrations of all compo-
nents are stated; then ali possible species are identified; and mass
balances, a charge balance, and eqguilibrium eguations are written. It is,
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however, tedious and virtually impossible to solve these equuations
manually so that a computer solution is needed. The reader is referred
to published articles for descriptions of computer programs suitable for
the solution of multimetal, multiligand systems.' Here we will examine
the results of such a solution. Consider the system shown in Table 5-9
which represents the composition of a lake water at pH 8. The model does
not consider the presence of organic ligands other than NTA. However,
it is estimated that the stability constants of NTA metal complexes are
significantly greater than other organic-matter metal complexes. Because
of this the result should approximate what might be found in a water
containing « low organic-matter concentration. The acid base equilibria
of NTA, carbonic acid, and phosphoric acid and the complex formation
of all metals with OH~, HCO,~, CO*, PC2~, 802, and Cl- as well as
with NTA®" were considered. The results of the calculations will be
discussed here; for details of the equations used see Childs.' The results
of the computations are presented in Table 5-10, which shows that at pH
8. NTA, just like any other complexing agent, complexes metals in order
of the values of the stability constants of the NTA metal complex. At an
NTA conceniration of 10-7 M, there is only sufficient NTA to result in minor
complexation of only the metals with the largest NTA metal complex
stubility constants. Thus 4 percent of the total Cu(ll) (log K = 13, where
K is for the reaction Cu?** + NTA%* — CuNTA™), 2 percent of the total P(II)

TABLE 5-9
Major Components  Moles/liter Minor Components  Moles/liter
Cica -2 Cr.cun 2x10°®
Cr.ug 2.5 x 104 Cr.zeqm 2 x 10
Crua 5x 10 Cr.sea 2 x 107°
Cr.co, 1073 Crmam 2x10°¢
CT,304 3 x 10 . c-r,znm') 1.5 x 107%
CT.CI 7.5 x 10 CT.Ph(Il‘) 3 >.( 107
CT.Ea(’ID 1.5 x 1077
Crun 107
CT.PO4 10-¢
Crura 107810 2 x 107

® J. N. DeBoice and J. F. Thomas, "Chemical Treatment for Phosphate Control,”
J. Water Pollut. Control Fed., 47: 2246 (1975); F. Morel and ]J. J. Morgan, “A
Numerical Method for Computing Equilibria in Aqueous Chemical System,”
Env. Sci. Technol., 6: 58 {1972); and D. D. Perrin and I. G. Sayce, "Computer
Calculation of Equilibrium Concentrations in Mixtures of Metal lons and
Complexing Species,” Talanta, 14: 833-842 (1967).

® C, W. Childs, “Chemical Equilibrium Models for Lake Water which Contains
Nitrilotriacetate and for 'Normal’ Lake Water,” Proc. 14th Conf. Great Lakes
Res., 198210 (1971), Int!, Assoc, Great Lakes Res.
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TABLE 5-10 Variation of Metal Complexation by NTA with NTA Concen-
_tration at pH 8 o

Percentage of Total Metal Present as
Indicated Complex at Stated NTA

Total . - Leg. Concenltration
Concentration Formation

Cry Complex Constant NTA = NTA = NTA =

M Species of 10°M  3x10°M 2x107*M
Cu(ll) = 2 x 10-* CuNTA- 13 4 82 100
Ph(I) = 3 x 107 PbNTA- 11.8 2 80 100
Ni(ll) = 107 NiNTA- 11.3 1 60 100
Feli) =2 x 10~ S ORNE. lgﬂ 0.4 a4 100
Zn(l) = 1.5 x 10%*  ZnNTA- 10.4 0.2 20 100
H* = 10-* HNTA®- 10.3 ] ] g
Mnflil} = 2 x 10+ MnNTA- 7.4 0 0 100
Ca(ll) = 1072 CaNTA- 6.4 0 <0.1 17
Mg(I) = 2.5 x 16~* MgNTA~ 5.4 o ¢ 2
Sril) = 2 x 10-® SINTA- 5.0 o 0 0
Ba{ll) = 1.5 x 1077  BaNTA- 4.8 0 0 0
Nall) = 5 x 107* NaNTA?* - 2.2 ¢ o 0

Source: C. W. Childs, Proc. 14th Conf. Great Lakes Res., 198-210 (1971). Intl. Assoc. Great
Lakes Res. (Reprinted by permission of the Intemnational Association for Great Lakes
Research.}

(log K = 11.8), and 1 percent of the total Ni(Il) (log K = 11.3} as well as
fractional percentages of Fe(lll) (fog K = 10.9) and Zn(Il) {log K = 10.4) are
complexed with NTA.

As the NTA supply increases to 8 x 107 M, significant complexing of
the above metals takes place; for example Cu(ll), 82 percent; Pb(il), 80
percent; Ni(Il), 60 percent; Fe(lil), 34 percent; and Zn({Il), 20 percent. Again,
since the NTA is not present in a quantity in excess of the combined
concentiration of all the heavy metals, there is incomplete complexing of
each of them. Moreover, the completeness of complexation is in sirict
order of values of the stability constants of the heavy metal NTA
complexes. At a total NTA level of 2 x 10~ all of the heavy metals are
completely complexed by NTA. In addition, some of the major cations,
Ca(ll) and Mg(ll), which form weaker NTA complexes than the heavy
metals, are bound to NTA at levels of 17 and 2 percent, respectively,

It is interesting to note that although the log (1/K, ;) value for NTA is
10.3, {(un equilibrium constant value that is comparable to the log K of the
Zn-NTA complex (10.4)}, only 9 percent of the H* is bound tc NTA at total
NTA levels of 2 x 10~* M, while the Zn{ll) is completely complexed by
NTA. The difference in degree of complexation lies in the relative
concentrations of Zn(ll) and H*. Cy zom is two orders of magnitude greater
than [H¥] at pH 8, that is, 1.5 X 10™° M versus 107* M, Comparison of the
equilibria '
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[Zn-NTAT _ o
[Zn2+][NTA*]

and
[HNTA2}

EINTA

shows that for the same [NTA®*"] concentration, for [H*] = 1072 and [Zn®*]
= }_0"'5‘
[ZnNTA ]
(10‘5)[NTA3—} _ 1010.4 _
[HNTA®]  10%3
(10-9{NTA*]

(1078 [ZnNTA-] = [HNTA*7}(1075(0.1)

0.1

Therefore,
_ [ZnNTA7]
10

That is, higher concentrations of metal ions as well as large complex
formation constant values tend to favor the formation of NTA-metal
complexes,

If we examine the other side of the coin, we can see the way in which
the concentration of NTA and the relative values of the stability constants
of metal ion-NTA complexes determine the distribution of added NTA
between the various metal ion NTA complexes. Figure 5-8 shows that at
very low levels of added NTA the NTA is primarily present as the CuNTA~
complex with minor amounts present as PbNTA™ and CaNTA™ complexes
in descending order of importance. As the quantity of added NTA increases
to levels such as those typically encountered fi.e., ~107% M} in waters
receiving secondary sewage effluent from communities using NTA based
detergents, the Fe{OH),NTA?", Fe(OH)NTA-, and ZnNTA~ complexes start
to be more important but, although decreasing in percentage, the CuNTA
complex is still by far the most significant repository of added NTA. At
added NTA levels of 107* M, CaNTA accounts for close to BS percent of the
NTA in solution, HNTA?" for close to 8 percent, and MgNTA™ for about 2
percent. The heavy metal complexes of NTA account cumulatively for
less than 5 percent of the added NTA. It should be kept in mind, however,
that while these heavy metal NTA complexes only account for a minor
fraction of the added NTA, the heavy metals are completely complexed
by NTA.

Table 5.10 and Fig. 5-8 emphasize the importance of conducting model
studies and experiments on complex multi-metal, multi-ligand systems
at concentrations of metals and ligands that closely resemble the envi-
ronment being studied,

[HNTA?]
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Fig. 5-8. Distribution of nifrilotriacetate in model lake water at pH 8. Aiter
C. W. Childs, Proc. 14th Conf. Great Lakes Res., 198-210, 1971, Reprinted by
permission of the International Asscciation for Great Lakes Research.

The influence of NTA as a complexing agent on the distribution of metal
species can be assessed by comparing the concenirations. of various
metal species both in the presence and absence of NTA,

Table 5-11 shows the calculated distribution of some selected metals
in a water in the absence of NTA, but otherwise of the same composition
as that used to compute the distribution of NTA complexes given in Table
5-10. NTA at 3 x 107%* M effectively draws the metals that are complexed
by the inorganic ligands present from these complexes into NTA com-
plexes. The metals that are poorly complexed by inorganic ligands are
not significantly affected by the addition of this amount of NTA.

5.7.3. Metal lon Association with Humic Substances

5.7.3.1, CHARACTERISTICS OF HUMIC SUBSTANCES Humic sub-
stances are an extremely complex and diverse group of organic materials
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TABLE 5-11 Complexation of Metal Ions by Inorganic Ligands

Percent Complexed with Indicaled Ligand Percent Com-
plexed by
(OH7): (HCOy} (COyM) (COy™), {OHTNCOY (803 (ClD) HTA
Percent  ofter additien
Complezed of
byall 3 x 10°% M
Matal fon Ligands NTA
Culll) = 2 % 10-¢ 2.3 89 o7 97 82
PH{ID = 3 % 1077 1 21 3 1 72 80
Ni(ll} = 107 % 40 3 47 60
Feltll) = 2 x 10~° 8 2 100 34
Zn(Ip = 1.5 x 10~ 2 ] 3 39 20
Mn{lD = 2 x §0* 5 5 ]
Cofll) = 167 2 5 5 To<0.l
Mg(ih = 2.5 x 10+ 1 1 s 5 +]
Sdll) = 2 x 0 5 5 0
Ba(ll) = 1.5 x 1077 5 5 0
Na(l} = 5 x 10~ ] 1}

Sowrce: C. W. Childs, Proc. I4th Conf, Great Lakes Res., 198-210 (1971). Intl. Assoc. Greatl Lokes Res. (Heprinted by
permission of the International Association for Great Lakes Research.)

whose structure is not well-defined. They are a mixture of poorly biode-
gradable decomposition products and by-products of natural organic
matter produced by both plants and animals. Humic substances have
poorly defined physical and chemical characteristies (e.g., melting point,
refractive index, and molecular weight) and have been charoeterized by
Schnitzer and Khan® as “amorphous, brown or black, hydrophilic, acidic,
polydisperse substances of molecular weights ranging from several
hundreds to tens of thousands.” Humic substances account for the bulk
of the organic material in natural waters and scils. In dilule aqueous
solution their “brown or black” color becomes the "yellow-brown” typical
of natural water color and of the color of biologically treated sewage
effluents,

Humic substances have been arbitrarily divided into three diverse
groups of compounds on the basis of their solubility in dilute «cid and
dilute base. Fulvic acids are soluble in both dilute acid (pH 1) and dilute
base. Humic acids are soluble in dilute base but are precipitated by dilute
acid (pH 1). Humin is insoluble in both dilute acid and dilute base. Some
authorities divide humic substances into only two groups: the humic
acids and the fulvic acids, stating that the humins have the same
characteristics as humic acids but that their solubility in base is hindered
because they are associated with clay minerals in natural waters.?’ The
gross chemical and physical properties of humic acids and fulvic acids
are presented in Table 5-12. It is the fulvic acid fraction that appears to

20 M. Schnitzer and 8. U. Khan, Humic Substances in the Environment, Dekker,
New York, 1972.

# R. F. Packham, “Studies on Oirganic Color in Natural Water,” Proc. Soc. Water
Treaf. Exam. 13: 316-329 (1954).
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be the predominant group of humic substances in natural waters. Fulvic

_acids appear to have lower molecular weights than humic acids; they
contain a higher percentage of oxygen and the oxygen appears to be
located in « greater percentage of carboxy! groups.

Although the chemical structure of both the humic acid and {fulvic acid
fractions of the humic substances is not precisely known, the nature of
the major functional groups present is fairly well defined. The following
types of functional groups have been reported:

O
4 N
Carboxy! —C\ Carbonyt /C——O
OH N Vs
OH Ether 7C—O~—C<

Phenolic ©/ /O
—C—0—C—R

Ester
Alcohol —C—0OH
Methoxyl  —0O—CH;

TABLE 5-12 Physical and Chemical Properties of Humic and
Fulvic Acids

Property ’ Humic Acids Fulvic Acids

Elemental Composition
{% by weight)

C 50-60 40-50
H 48 48
O 30-35 44-50
N 2-4 <1-3
5 1-2 0-2
Solubility in
strong acid (pH 1) Not soluble Soluble
Molecular weight range Few 160 — 57 e'ral 180-190,000
. million
. Functional group distribution Percent of oxygen in
5 indicated functional group
.‘ carboxyl —COOH 14-45 58-85
phenol ‘@‘OH 10-38 9-19
[
: alecohol —?—OH 13-15 11-16
E carbonyl —(Ij—_{) 423 411
methoxyl -—0—CH, : 15 -2

Source: M, Schnitzer and S. U. Khan, Humic Substances in the Environ-
ment, Dekker, New York, 1972.
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Fig. 5-9. Suggested chemical structure of fulvic acid. Reprinted from M. Schnitzer
and S. U. Khan, Humic Substances in the Environment, p. 186, Marcel Dekker, New
York, 1972, by courtesy of Marcel Dekker, Inc.

Schnitzer® has proposed that the siructure in Fig. 5-9 represents a
significant portion of the fulvic acid group. The various aromatic ring
siructures are bonded together by hydrogen bonds between the functional
groups on adjacent rings,

This structure does not account for the nitrogen and sulfur content of
humic substances. It has been suggested that these elements are derived
from parts of other types of molecule, for example, proteins, which are
associated with the humic substances. Indeed it hus been proposed® that
humic substances consist of an-aromatic core to which peptides, carbo-
hydrates, metals, and phenolic acids are chemically or physically at-
tached. It can be seen that the structure in Fig. 5-9 is an "open” network.
In fact, there have been suggestions that organic and inorganic materials
associated with humic substances are trapped inside these "holes” in the
humic substance structure.?

5.7.3.2. INTERACTION OF HUMIC SUBSTANCES WITH METALS A dis-
cussion of this topic must always start with a statement of the difficulties

* M. Schnitzer, "Agron. Abstracts,” Am. Soc, Agron, 1971, p. 71.

23 M. Schnitzer and S. U. Khan, Humic Substances in the Environment, Dekker,
New York, 1972,

# M. Schnitzer and 3. U. Khan, Humic Substances in the Erivironment, Dekker,
New York, 1972,
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involved with determining the nature of the association between humic
substances and metals. It is difficult to define the nature of the product
of a chemical reaction when the nature of the reactants is not known. We
are faced with this situation here, since the exact chemical structure of
humic substances is not well defined und this structure can change from
one water to another. For example, Christman® has found that several
waters each with the same color intensity (measured as 100 cobalt-
platinum uniis}®® contained dissolved organic carbon concentrations of
anywhere from 10 to 30 mg Ciliter.

Humic substances undoubtedly have the abilily to combine with {or
bind) considerable quantities of metal ions. For example, many metals
can be enriched into peat (which is a type of soil organic matter of a
humic nature) from soil waters so that the concentration of the metal in
the peat is up to 10,000 times that of its concentration in the water. It has
also been observed that in many natural waters, Fe(lll) is associated with
the color causing organics. Schnitzer” has estimated that a solution
containing 100 mg of fulvic acid/liter can maintain in solution 8.4 mg
Fe(ll) and 4.0 mg Al{lI¥liter. The concentration of Fe(lll} is more than two
orders of magnitude greater than that expected in solution in a water at
~pH 7 in equilibrium with ferric hydroxide.

For this reason there is no question about the ability of humic materials
to combine with metals; it is the nature of the association that is open to
question. Two modes of binding appear to be significant. These are (1)
the formation of complexes or chelates between the functional groups of
the humic substance and the metal, and (2) an association between the
humic substances and « colloidal particle of metal hydroxide (possibly
through sorption on the suriace of the particle} whereby the colloidal
particles are peptized, that is, stabilized, in suspension and prevented
from coagulating or seitling. The formation of one or another of these
associations between humic material and metals may depend on the
intial states of humic matter and metal and their absolute and relative
concentrations. High concentrations of metal (exceeding the solubility
limits of the metal hydroxide) and high metal to humic substance ratios
would seem to favor the formation of peptized particles over soluble
complexes. Indeed Schnitzer® proposes that the {ransport and deposition
of metals such as Fe(lll) in soils is regulaied by humic substance-iron
compounds of various solubilities. Schnitzer suggests that humic sub-

% R. F. Christman, Symposium on Organic Matter in Natural Waters, D. W. Hood,
ed. University of Alaska, College, Alaska, 1968,

% Standard Methods for the Examination of Water and Wastewater 14th ed. Am.
Publ. Health Asscc. New York, 1975, p. 64.

27 M. Schnitzer, “"Metal.Organic Matter Interactions in Soils and Waters,” in
Organic Compounds in Aquatic Environments, S. D. Faust, and ], V. Hunter,
eds. Dekker, New York, 1971, p. 297,

2 M Schnitzer, "“Metal-Organic Matter Interactions in Soils and Waters,” in
Organic Compounds in Aquatic Environments, 8. D. Faust and J. V. Hunter,
eds., Dekker, New York, 1971, p. 297.
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stances dissolve Fe(lll} from iron-containing solids in the soil to form
Fe(lll}-humic substance complexes. At the surface of the soil these
complexes contain o mole ratio®® of Fe(lll):humic substance of 1:1. As the
soil water percolates down through the soil, the Fe{lll)-humic substance
gradually becomes more and more enriched with Fe(lll) {mole ratios of up
to 6:1 have been found) and concomitantly more and more insoluble. At
very high Fe(lll)}-humic substance mole ratios, the complexes precipitate
out to form iron-rich layers in the soil horizon. The high concentrations
of metals such as iron, copper, and uranium in highly organic soils and
deposits (such as peat and coal) are thought to arise also from the
association of metals with natural organics in these materials,

The nature of the complexes formed between humic substances and
metals are not known unequivocally. By blocking various functional
groups on the humic substances and then exposing the modified humic
material to metals in solution, it is possible to obtain an idea of which
functional groups are important in the complexation of metals. Schnitzer
and Khan® report that at pH 3.5, 75 percent of the complexed Fe(Ill), 66
percent of the AIIII), and 50 percent of the Culll} reacted simultaneously
with strongly acidic carboxyl groups and with phenolic groups, A further .
8 percent of the Fe(lll}, 20 percent of the AYIII), and 32 percent of the Cu(ll)
reacted with the more weakly acidic carboxyl groups alone. From these
results we can account for in excess of 80 percent of the complexed Fellll},
AL, and Cu(l) by complexes such as

O OH
XA \

C
. e O
NN vcum= 7O \C|)+H+
Z on ZNo—cu

0
N , \Cu
S 0~
/>ch + Cu (Il = j}
Z o

The experiments also indicated that the alecholic OH groups were not
involved in forming metal complexes.

ar

? To determine mole ratios, it is necessary to know the average molecular weight
of fulvic acid. For the fulvic acid studied by Schnitzer the average molecular
weight was 670,

3 M, Schanitzer and 8. U, Xhan, Humic Substances in the Environment, Dekker,
New York. 1972.
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Although it is impossible to write an exact complexation reaction for
.metal ions ond humic substances, it is possible to derive stability
constanis on an operational basis, that is, for individual preparations of
humic acids and fulvic acids from specific sources. The formation constant
values in Table 5-13 were obtained by Schnitzer and Hansen® for a
particular fulvic acid,

A comparison of the formation constants for metal-fulvic acid complexes
shown in Table 5-13 with those values for the complexes of the same
metals with NTA (Table 5-10) would seem to indicate that the metal-fulvic
acid complexes are much weaker than the metal-NTA complexes. Indeed
some of the values of the constanis for metal-fulvic acid complexes
approach the values for the very weak inorganic ion pairs {e.g., MgCO2°,
logK = 2.9; CaS0O.,° log K = 3.4). Morgan® has pointed out that the values
for the metal-fulvic acid complexes were measured at much lower pH
values than the K values for other complexing agents such as NTA and
EDTA. The stability constants for NTA complexes reported in Table 5-10
are for the totally deprotonated species,

“00C -
\CH ) F/izcoo
\2N/
\CHQ—COO*

a species that is only predominant in solutions with pH of greater than
10.3. H the K values were measured where the species

COOH
CH. GCH,COO-
N S
I
CH,COO-

is predominant (e.g., at pH 7), the K values would be lower because the
protonation reaction would have to be accounted for, Thus at pH > 10.3

Cu? + NTA* = Cu-NTA; K=107 (5-13)

(neglecting [HNTAZ], [H,NTA"] and [H;NTAD, but at 3 < pH < 10.3, the
predominant NTA species is HNTA?~ and the reaction

1

a,3

NTA* + H* = HNTA*"; = 10103 (5-14)

3 M. Schnitzer and E. H. Hansen, Soil Science, 109: 333 (1970).

7. }J. Morgan, Discussion of paper by R. L. Malcolm, E. A, Jenne, and P. W.
McKinley, “Conditional Stability Constants of @ North Caroling Soil Fulvic Acid
with Co?* and Fe®" in Organic Maiter in Natural Waters, D. W. Hood, ed., Inst.
of Marine Science, University of Alaska, 1970, p. 479.
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must be taken into account. Subtracting Eq. 5-14 from Eq. 5-13 yields
Cu?* 4+ HNTA* = Cu~NTA- + H* (5-15)
K =10"x K, 3= 10" x 107103 = 1027

The measured values of the formation constant tor Cu-NTA~ at interme-
diate pH will then be 10?7 which is significantly less than the value of 10"
measured at high pH. The same is true for the humic substance-metal ion
complex equilibrium constunts measured at low pH values. Morgan®
estimates that at pH 2 to 3 the —COO~ groups, which are important in
forming tulvic acid-metal ion complexes, are virtually all in the ~—COOH
or protonated form. Thus to obtain the value of the iormation constant at
intermediate pH for metal ion fulvic acid complexes, when the carboxyl
groups are ionized, we should divide the equilibrium constant values
presented in Table 5-13 by the dissociation constant of the —COQOH group,
that is,

o) 0
/
n—(le—o< + Cwr= R—?H—cf FHY Koy o
OH o
0 O AN
H H Cuz+
0
Y
R~»-CH——C<O + H =R—CH—G" ; 1
b o- 5 OH K
H H
o) 0
7 7
R—CH—¢  + Cut*=R—CH—C ; King oy = How ot
No- cl, ooy ' &

H

If we estimate the value of K, to be ~1 x 107% then the true Kirmation
values for metal ion-fulvic acid complexes would be in the range 107 to
10", which makes them moderately strong to strong complexes. They are,
in general, weaker than the corresponding NTA and EDTA complexes,
which accounts for the observed ability of EDTA to extract metals from
humic materials.

Metal complexes of humic substances are important in natural waters
because as we have already seen, they strongly influence the distribution
of metals between the dissolved .and particulate states. Because of this,
the presence of complexing agents such as the humic substances may

*#71. ]. Morgan, Discussion of paper by R. L. Malcolm, E. A. Jenne, and P. W.
McKenley, “Conditional Stability Constants of a North Carolina Soil Fulvic Acid
with Co?* and Fe*" in Organic Maiter in Natural Waters D. W. Hood ed., Inst.
of Marine Sciences, University of Alaska, 1870, p. 478.
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TABLE 5-13 Formation Constants of Var-
ious Metal lon Fulvic Acid Complexes (Ionic
Strength = 0.1 M)

log X for
Metal pH of Metal Ion-Fulvic
ion Measurement Acid complex?
Fet 1.7 6.1
Al 2.35 : 3.7
Cu?t 3.0 3.3
Ni?t 3.0 3.1
Co?t 3.0 2.9
Pb?* 3.0 2.6
Zn®t 3.0 2.4
Mn?+ 3.0 2.1
Mg?* 3.0 1.9

2 Formation constants, K, are for the reaction
M + fulvic acid — M -« fulvic acid.

influence the biological productivity or the amount of organisms such as
algae and higher plants and animals that a natural water can support.
For example, let us suppose that the growth-limiting nutrient for algae
in a lake is iron, Fe(Ill). Let us assume that there are no humic substances
in the lake water and that the Fe(lll) concentration is controlled by its
equilibrium with ferric hydroxide, Fe{OH),. We shall see from calcula-
tions made in Chapter 6 that at pH 8, the maximum possible Fe(lll)
concentration is 107" M, or 6 x 10~* mg/liter. We also will learn in Chapter
6 that some precipitates like Fe(OH)y,, are notoriously slow to reach
equilibrium becquse they form slowly and dissolve slowly. Thus the
water will eontain only a minute amount of Fe(lll) and as the growth of
algae consumes the Fe(lll), the dissolution of Fe{(OH)y,, to replace the
depleted Fe(lll} may be quite slow. Therefore, we might expect very little
and very slow growth of algae under these circumstances.

Now consider the situation in the presence of humic subsiances that
can complex Fe(Ill). The total amount of dissolved Fe(Ill) must be greater
than in i]_le absence of humic substances because, in addition to the Fe(IIl)
in equilibrium with Fe(OH);,, we have in solution the Fe(lll)-humic
substance complexes. Let us also assume that the Fe(lll)-humic substance
complexes are labile—that is, they will dissociate rapidly to release
Fe(lH). In this situation we have not only seen an increase in the total
dissolved iron but also an increase in the pool of readily available Fe(Iil),
Observations made by Schnitzer* discussed previously have indicated

¥ M. Schnitzer, "Metal-Organic Matter Interactions in Soils and Waters,” in
Organic Compounds in the Environment, 8. D. Faust and ]. V. Hunter, eds.,
Dekker, 1971.
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that the increase in total dissolved iron in the presence of humic
substances can indeed be significant. In our example thelr presence
would increase the amount and rate of algal growth; they might even
increase the Fe(lll} concentration to such a level that it would no longer
be the nutrient in shortest supply that limits growth.

In this hypothetical example the presence of the complexing ability of
humic substances was seen to result in an increase in dissolved iron
species, The presence of complexing agents in a water may not always
have this effect, For example, if the complexing agent (1} forms « stable
and or inert complex with the metal of interest, or {2) is present at «
sufficiently high concentration, it may have the effect of reducing the
level and/or availability of metal ions below that found in the absence of
any complexing agent. In such a situation we would expect a decrease
in the productivity of the water over that of a water in which there was
no complexing agent. As on example of this type of effect, Siegel® quotes
unpublished work of Barber on the etfect of several complexing agents
on the productivity of water from the Gulf of Mexico. The complexing
agents studied were DPTA (diethylenetriaminepentaacetic acid), EDTA,
cysteine, and NTA. We can judge the relative "complexing ability” of
these complexing agents by comparing the formation constant values of
their complexes with Fe(lll). These are DPTA; K = 10?5, EDTA, K = 10%;
cysteine, K = 10" and NTA, K = 10°% At concentrations of 107 M the four
complexing agents stimulated the productivity of the water in the order
expected, that is, the strongest complexing agent (DPTA) stimulated the
productivity the most, and the weakest complexing agent (NTA) stimulated
the productivity the least. When the conceniration of the weakest com-
plexing agent was increased to 107° M, it stimulated productivity more
than did cysteine. However, when the strongest complexing agent (DPTA)
conceniration was increased to 107° M, the productivity of the water was
reduced below the level of the control containing no added complexing
agents. Increasing the conceniration of the next sirongest complexing
agent (EDTA) did not produce the same reduction in productivity, The
productivity of the solutions was therefore in the following order:

10°*M EDTA
10-°M EDTA > 10°*M NTA > 10 M cysteine >
10-¢ M DPTA 10-5 M NTA > contrel > 10— M DPTA

Apparently, DPTA is such a strong complexing agent that 105 M of it will
reduce the metals level to a value below that required for as much growth
as the control; increased levels of the weakest complexing agent, NTA,
increase productivity while a tenfold difference in concentration of a

% A. Siegel, "Metal-Organic Reactions in the Marine Environment," in Organic
Compounds in Aquatic Environments, 5. D. Faust and J. V. Hunter, eds., Dekker,
1971, p. 265, -
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complexing agent of intermediate strength, EDTA, does not change its
_effect on productivity. o

5.8. PROBLEMS

I

10.

Name the following complexes: PtCl32-, Hg(CN)2~, Ni(NH,)**, Fe(PO,,*",
Co(NH,),(H,OF", CaHCO,*.

In order to determine the hardness of a sclution, a small amount of Eriochrome
Black T is added to 100 ml of sample. After addition of 11.2 m] of 0.01 M EDTA
solution, the color of the solution changes from red to blue. What is the
hardness concentration in moles/liter and mg/liter as CaCQO,?

Show that [HgOH'} is negligible in Example 5-2.

A water, pH 5.5, is dosed with 80 mg/liter of alum.Cr o, =1 %1074,

{a) How much hydrated lime, Ca(OH),, is needed so that the pH does not
change during coagulation?

(b) How much hydrated lime must be added to produce a water with a pH
of 7.5 after coagulation?

The calculation in Section 5-8 showed that the only complexes of significance
in a typical natural water are the sulfato calcium and magnesium complexes.
Given ¢ Crga =1 X 107 M, Crye = 5 X 107* M and « very high sulfate
concentration, Cr,sg, = 2 X' 107 M, how much of the Ca and My is complexed
with sulfate?

Given the conditions listed for development of Fig. 5-6, and a pH of 8.5, what
is the fraciion of Cqy; in the form of Ni(CN)? 2

A solution contains 2 % 107° moles Ca®*/liter and 3 X 107* moles Mg?*/liter.

Given the formation constants for CaEDTA* and MgEDTA?" of 10'%% and

1087, respeclively, calculate

(1) The concentration of MgEDTA?* after the addition of 1.5 x 107 moles
EDTA* liter of sample.

(b) The concentration of MgEDTA? after the addition of 2 X 107® moles
EDTA*/liter of sample.

Does the presence of Mg?*t significantly interfere with the determination of

Ca?t by the EDTA titration procedure?

What is the pH of a 107 M Cu{ClQ,), solution? Check your answer to be
certain that CuW{OH),, will not precipitate.

Calculate the PhOH)*" concentration at pH 6 for the conditions given in
Fig. 5-2. (Note: You may wish to use Fig. 5-2 to obtain a good initial estimate
of the species concentrations of interest.)

A natural water contains equal concentrations in the micromolar range of
Fe(ll), Mg(Il}, Cu(ll), and Ph{Il}, as well as 5 mg/liter of fulvic acid. Arrange
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the metals in order of the extent of complexation with fulvic acid and give
your reason for this order.

11. How can one explain the ability of EDTA in solution to extract metals from
dissolved metal-humic acid complexes?

12. Under what conditions will the addition of a trace metal chelating agent cid
the blolegical productivity of a water? Under what conditions will it decrease

biological productivity?*

5.9, ADDITIONAL READING

COMPLEX FORMATION

Basolo, F., and R. G. Pearson, Mechanisms of Inorganic Reactions, A Study of
Metal Complexes in Solution, 2nd ed, John Wiley, New York, 1967.

Beck, M., Complex Formation. Reinhold, New York, 1970,

Benson, D., Mechanisms of Inorganic Reactions in Solution. McGraw-Hill, London,
1968,

Stumm, W., “Metal Ions in Aqueous Solutions,” in Principles and Applications of
Water Chemistry, S. D. Faust and J. V. Hunter, eds. John Wiley, New York, 1967,

Stumm, W., and |. . Morgan, Aquatic Chemistry, Wiley-Interscience, New York,
1970,

Wilkens, R. G., The Study of Kinetics and Mechanisms of Reactions of Transition
Metal Complexes. Allyn & Bacon, Boston, Mass., 1974,

HUMIC SUBSTANCES
Chapters by R. F, Christman and R. A, Minear, A, Siegel, and M. Schnifzer in
Organic Compounds in Aquatic Environments, 3. D. Faust and [. V. Hunter, eds.,
Dekker, New York, 1971.

Gjessing, E. T., Physical and Chemical Characteristics of Aquatic Humus, Ann
ABrbor Science, Ann Arbor, Mich., 1975.

Schnitzer, M., and 8. U, Khan, Humic Substances in the Environment, Dekker,
New York, [972.

* Note: Additional problems on the effect of complexation on solubility appear at
the end of Chapier 6.
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PRECIPITATION AND
DISSOLUTION

6.1. INTRODUCTION

Precipitation and dissolution phenomena are extremely important in

both natural waters and water treatment processes. Dissolution of min.
erals is a prime factor in determining the chemical composition of natural
waters. Natural water chemical composition can be altered by precipi-
tation of minerals and the subsequent sedimentation of these solids from
supersaturated solutions, Water and wastewater ireatment processes
such as lime-soda softening, iron removal, coagulation with hydrolyzing
metal salts, and phosphate precipitation are based on precipitation
phenomena.
_ Bothequilibrium considerations and the rates of reactions are important.
Knowledge of equilibrium relationships permits the calculation of con-
centrations at equilibrium and thus the amount of precipitate or amount
of the material that dissolves can be calculated, In many instances rate
controls the extent of reaction because insufficient time is available for
equilibrium to be achieved.

We must be aware that equilibrium caleculations and log-concentration
diagrams of systems involving heterogeneous equilibria may only provide
us with the boundary conditions of the system rather than the situation
that truly exists. Thus equilibrium calculations involving solids in waters
and wastewaters are generally less representative of the true situation
than acid-base equilibrium calculations for the following reasons.

1. Some heterogeneous equilibria are slowly established.

2. The thermodynamically predicted stable solid phase for a given set
ol conditions may not indeed be the phase that is formed.

3. Solubility depends both on the degree of crystallinity and the
particle size of the solids (which may vary from case to case).

4. Supersaturation may exist; that is, solution concentrations in excess
of those predicted by equilibrium calculations may prevail.

5. The ions produced by the dissolution of solids may undergo further
reaction in solution.

6. There is a wide variation in the reported values of heterogeneous
equilibrium constants,
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Because ot the last reason it is imperative that one be sure of the
conditions under which equilibrium constants were measured prior to
using a particular velue.

In this chapter we will deal with the kinetics and equilibrium ccleu-
lations of heterogeneous systems. Graphical and computational methods
for solving equilibrium problems will be presented. The precipitation of
calcium carbonate will be discussed in some detail, and the chemistry
of phosphorus will be used as a detailed example of several heterogeneous
equilibria that are of relevance to natural waters and treatment processes,

8.2. PRECIPITATION AND DISSOLUTION KINETICS

Precipitation has generally been observed to occur in three steps: (1)
nucleation, (2} crystal growth, and (3) agglomeration and the ripening of
the solids." It is possible for a solution that is only slightly supersaturated
with respect to a solid phase to be stable indefinitely. When the degree
of supersaturcation is increased or when fine particles of a substance are
mixed with this solution, precipitation occurs.

For example, Trussell? reports a simple experiment in which three
solutions containing Ca?* and carbonate species were titrated with NaOH.
The turbidity of the solution was monitored after various increments of
NaOH addition to detect the formation of a CaCQO,,, precipitate. Figure
8-1 shows that it was not until the value of the equilibrium constant for
the precipitation of CaCOsy had been exceeded by 40 to 50 times that
evidence of precipitate formation was shown.

6.2.1. Nucleation

A nucleus is a fine particle on which the sponteneous formation or
precipitation of a solid phase can take place. Nuclei can be formed from
clusters of a few molecules or ion pairs of component ions of the
precipitate, or they may be fine particles unrelated chemically to the
precipitate bui with some similarity of crystal laitice structure. Precipi-
tation from homogeneocus solution (i.e., a solution with no solid phase
present) requires that nuclei be formed from ions in solution, If the nuclei
are formed from the component ions of the precipitate, the initial phase
of precipitation is referred to as homogeneous nucleation; if the foreign
particles are the nuclei, the nucleation is said to be heterogeneous.
Because virtually all aqueous solutions contain fine particles of various
types, most nucleation is heterogeneous,

' Beferences such as A, G. Walton, The Formation and Properties of Precipitates,
Wiley-Interscience, New York, 1967; W. Stumm ond J. . Morgan, Agquatic
Chemistry, Wiley-Interscience, 1970; and A. E. Nielson, "Kinetics of Precipita-
tion,” Macmillan, 1964, should be consulted in addition to references given in
this section.

2 R. R. Trussell, "Systematic Aqueous Chemistry for Engineers,” Ph.D. Thesis,
University of California, Berkeley, California, 1972.
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Fig. 6-1. The influence of the saturation ratio (= [Ca?*HCO* VK,,.cace,) ON
the initiation of crystal formation for CaCQO,.

The formation of nuclei from precipitate ions is an energy-consuming
process because one creates an organized structure with defined surfaces
from a random arrangement of solution constituents. Because of this
energy requirement it is necessary for solutions to be supersaturated, or
have concentrations greater than that predicted by equilibrium with the
precipitate, before the precipitate will form from a homogeneous solution.
This driving force, or necessary degree of supersaturation, tends to be
larger for homogeneous nucleation than for heterogeneocus nucleation
because the precipitate ions can collect on the surface of the foreign
particle, and because the free energy to form a crystallite on « similar
surface is less. In essence the foreign surface serves the same function
as the surface of the precipitate particles; the only requirement is that the
foreign surface be somewhat similar to the precipitate in lattice structure
and distance between adjacent ions.?

6.2.2. Crystal Growth

Crystals form by the deposition of the precipitate constituent ions onto
nuclei. Since water and wastewater treatment processes involving pre-
cipitation often do not reach equilibrium, the rate of crystal growth is of
critical importance. Crystal growth rate can be expressed asg

dC

P —kS(IC —-C*p (6-1)

#1. H. Christiansen and A. E. Nielsen, Acta Chem. Scand. 5: 673 {1351).
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where

C* = saturation concentration, mole/liter
C = actual concentration of limiting ion, mole/liter
k = rate constant, liter” time™ mg™', molef'™™
S = suriace area available for precipitation, mg/liter of
a given particle size
n = constant

For example, Nancollas and Reddy* found that the precipitation of calcium
carbonate from a particular solution corresponded to the rate law:
24
ﬂ%%—] =kS (JCa?*] — [Ca®*]*P {6-2)
where k = 5.76 liter? mg™ mole™ min~'. Of course, a different rate
equation is expected for solutions with other properties,

When the diffusion rate of ions to the surface of the crystal controls the
crystal growth rate, the exponent n has a value of unity; when other
processes such as the reaction rate at the crystal surface are rate limiting,
the exponent may have a value other than unity. The value of k depends
on solution conditions and the nature of the solid being precipitated.

6.2.3. Agglomeration and Ripening

The initial solid formed by precipitation may not be the most stable
solid (the thermodynamically stable phase) for the reaction conditions. I
this is the situation, then over a period of time the crystal structure of the
precipitate may change to that of the stable phase. This change may be
accompanied by additional precipitation and, consequently, a reduced
solution concentration because the more stable phase usually has a lower
solubility than the initially formed phase. The changes in crystal structure
that take place over time are often called aging. A phenomenon called
ripening may also take place whereby the crystal size of the precipitate
Increases. Since very small particles have o higher suriace energy than
larger particles, the solution concentration in equilibrium with small
particles is higher than that in equilibrium with larger particles. Con-
sequently, in a mixture of particle sizes, the large particles will continue
to grow because the solution is still supersaturated with respect to them.
As the conceniration in the solution is lowered through the growth of the
larger particles, the smaller particles dissolve because the solution
concentiration is now below their saturation value, Conversion of small
particles into larger particles is also enhanced by the agglomeration of
particles to form larger particles.

This discussion should indicate that selection of an equilibrium constant
for a precipitating solution is extremely difficult. Equilibrium constants

* G. H. Nancollas and M. M, Reddy, Chapter in Aqueous Environmental Chemistry
of Metals, A. ]. Rubin, ed.. Ann Arbor-Science, 1975.
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reported for individual solids may vary widely because beside the effects
ol the particle size and aging., one must account for factors such as
complex formation, adsorption of impurities at the crystal interface, and
formation of solid mixtures,

6.2.4, Dissolution

According to Walton,® dissolution is nearly always controlled by the
rate of diffusion of the species away from the solids. Accordingly, the
rate law,

aC
—=k3(C*-C)} {6-3)
dt
is followed. On occasion the rate of dissolution of the substance may be
affected by the formation of surface complexes.

6.3. EQUILIBRIUM CALCULATIONS

At the outset of any discussion on heterogeneous equilibria it is
important to realize that heterogeneous equilibrium calculations only
apply when there is an excess of the solid of interest present, If solid is
absent, the equilibrium calculations are not valid for predicting solution
composition; they may only be used to test whether saturation with a
particular solid exists, '

The situations commonly encountered are

1. A solid phase or precipitate in a water containing no other constit-
uents than those derived from the dissolution of the precipitate, The
solutes produced by the dissclution of the precipitate do not react
{form complexes, hydrolyze, etc.) in solution at moderate concen-
trations and at an approximately neutral pH. Very few examples of
this situation exist in water chemistry. Solids such as CaFy,, and
BaSQOy., generally fit into this category under natural water condi-
tions.

2. Precipitates that dissolve to produce reactive solutes. The reaction
may be hydrolysis (protolysis), or complex formation. Examples are
CaCO;,, and Al(OH),, dissolving in water.

3. Solids that dissolve in a solution containing a species that is the
same as one of the species that results from dissolution of the
precipitate, This situation resulis in the so-called common jon effect
in which the presence of a common ion modifies the solubility of
the solid. It may be further complicated by the production or
presence of solutes that recct further with solution constituents.

$ B. G. Walton, The Formation and Properties of Precipitates, Wiley-Interscience,
New York, 1967.
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Examples are CaFyy dissolving in water containing Ca?* ion and
CaCQyy, dissolving in a solution containing CO,?~ ion.

4, More complex systems where a variely of processes such as gas
transfer and redox reactions are superimposed on the dissolution
reactions and reactions of the dissolved solute. These are the types
of situation usually encountered in nature and in water and waste-
water treatment processes; a typical one is the dissolution of
CaCOy from the soil during the passage of sewage effluent in
groundwater recharge. Gas exchange of CO, with the soil atmos-
phere, oxidation of NH,* to NO;~ (nitrification), and reduciion of
NO,™ to Ny, (denitrification) are superimposed on the dissolution
of CaCQOy, and the reaction of CO# after CaCOyy, dissolution in
the soil water (Fig. 6-2).

These four situations are influenced by solution ionic sirength. In
general, the solubility of salts increases with increasing ionic strength.
The magnitude of this effect can be assessed at most ionic strengths of
interest to us using the DeBye-Hiickel, or related, laws.

6.3.1. The Solubility Product

Solubility product is the name given to the equilibrium constant that
describes the reaction by which a precipitate dissolves in pure water to
form its constituent ions,

A,By = zA% + yB*"

H* from
nitrification COzp

H* for CO3 2
denitrification

Ca?*, CO42™, HCOy™

/ / H,CO}
%}V/////m _J

Fig. 6-2. CaCOyg, equilibria in the presence of
alkalinity. Strong acid addition occurs from
nitrification; strong acid removal takes place
with denitrification; and COQOgyy,, addition and
removal occurs through gas transfer.

S
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TABLE 6-1 "Solubility Product Constants at 25°C?

Solid PK Solid pK.,
Fe(OH); {amorph) 38 BaSO, 10
FePO, 17.9 . Cu{OH), 19.3
Fe (PO,), 33 PbCl, 4.8
Fe(OH), 14.5 Ph(OH), 14.3
FeS 17.3 PLSO, 7.8
Fe,, 88 PbS 27.0
AHOH); (amorph) 33 MgNH.PO, 12.6
AIPO, 210 MgCO, 5.0
CaCO, {calcite) 8.34 Mg(OH), 10.7
CaCO; {aragonite) 8.22 Mn(OH), 2.8
CaMg(CQ,), {dolomite} 16.7 AgCl 10.0
CaF, 10.3 Ag,CrQ, 1.6
Ca(CH), 5.3 Ag,S0Q, 4.8
Ca,{PO,), 26.0 Zn(OH), 17.2
CaS0, 4,59 ZnS 21.5
Si0, (amorph) 2.7

2 Equilibrium constants for the reaction A,B,, =zA"* + yB*,

Generally stated, the equilibrium constant, K., is

yt+iz Zz-1y
Kso = .{A_}_{B_l_ (5_4)
{AZBHS)}
The activity of the solid phiase can be taken as unity (see Section 3-3). The
concentration product, °K ., has the same form as the equilibrium constant
except that the concentrations of the species in solution are used instead
of their activities. Accordingly,

KSD
(Ya+¥ (Vee-¥

Assuming that the solution components have activity coefficients of unity
and that the solid has an activity of one, K., = K,,. If the activity
coelficients are not equal to unity, K, # K., and °K, is a function of ionic
strength., Table 8-1 gives many K, values of interest to us.

1t is important to differentiate between the terms solubility product and
solubility. Solubility product is the colloquial term for the equilibrium
constant. Solubility is the amount of a substance in moles/liter or mgfliter
that can dissolve in a solution under a given set of conditions. Solubility
does not equal the solubility product, but the iwo quantities are interre-
lated.

K. = [A"}[B*) = (6-5)
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Example 6-1

Calculate the solubility in mgfliter of CaF, in pure water at 25°C, neglecting
ionic strength effects.
Cal, = Ca®* + 2F-

Solution
(1) K =35 x 10" =K, = [Ca®][F]?

Each mole of CaF, that dissolves in pure water produces 1 mole of Ca?t
and 2 moles of F~. Therefore, if we set $ = solubility in meles/liter, we can

write

2) [Ca?*] =8
and

3y [F]=28

From (1), {2}, and (3)
S(2SP =483 =5 x 10~
Therefore, S = 2.32 x 107 moles/liter.
The molecular weight of CaF, is 78; therefore,

S = 78 g/mole x 2.32 x 107* moles/liter X 10° mg/g = 18.1 mg/liter.

It can be difficult to judge the solubility of a substance from its solubility
product. For example, silver chloride, AgCl, has a K, = 1 x 107'%, and
silver chromate has a K., = 2.5 x 107?. Which silver salt will allow the
greater solution concentration of silver ion, Ag*, at equilibrium? This is
equivalent to asking the question, which salt has the greater solubility?

For AgCl at 25°C, neglecting ionic strength, we have 8 = [Ag*] and S
= [CI7], and

SXS) = K, = 10710
Therefore,
="10"° molefliter

For Ag,CrO,, under conditions where CrO,*~ does not hydrolyze, [CrO 2]
= S and [Ag*] = 28,

(S)i28rP =K, =25x 10"
Therefore,
S = 8.8 x 1075 moles/liter

Thus, although the solubility product of Ag,CrQ, is more than 2 orders of
magnitude smaller than the solubility product of AgCl, it happens that
Ag,CrQ, is about 8 times more soluble than AgCl and [Ag*] is about 17
times greater in the Ag,CrQO,solution. This fuct is used in the argentimetric
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methed for determining chloride.® In this method a solution containing an
unknown amount of chloride is titrated with silver nitrate solution in the
presence of a small amount of the yellov-colored potassium chromate
{used as an indicator). Silver chloride (white) precipitates first, since AgCl
is less soluble than Ag,CrO,. When sufficient Ag™ has been added to
lower the Cl™ concentration to less than 107° moles/liter, the red Ag,CrQ,
starts to precipiiate, indicating the endpoint of the titration.

6.3.2, Eifect of Temperature on Solubility

Temperature affects both the equilibrium position of the precipitation
reaction and the reaction rate. In general, solubililty increases with
increasing temperature with a few notable exceptions such as CaCQO,,
Ca,(PO,),, CaS0,, and FePO,, which are of importance in water chemistry.
The etfect of temperature on equilibrium is presented in Section 3-4 and
the following example illustrates the effect on « typical precipitation
reaction.

Example 6-2

Find K., for FePO, at 50°C given the following information at 25°C for the
reaction,
PePO4(5] = Fea+ + PO437

AH® = —18.7 kcal
AG® = 24.4 kcal

Solution
Knowing AG® = —RT In K, we find

)

Koo 25°%c = €xp [ _}?.1? ] =119x10""®

We can then use the relationship derived by Van't Hoff from Chapter 3,

K, AH®[ 1 1
IHE:T[T_';_T—J (3-27)
Setting
K =K and K» =K.o5c
Then

T, = 323% and T, = 298°K

Kso.50°c _ —-18.7 ri B 1 _
1nKso.2s°c - [ 1.887 x 103 298 323 2.444

Kso.S‘D"C = 1.93 X 10_19

Thus the FePOy solubility decreases with increasing temperature.

® Standard Methods for the Examination of Water and Wastewater, Amer. Publ
Hedalth Assoc., l4th ed., 1976, p. 303.
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6.3.3. The Common lon Effect

When a solution contains an ion that is the same as one of the ions
which result from the dissolution of the solid, the solubility of the solid
will be less than that when the solid dissolves in pure water. The
modification of solubility is called the common ion effect. When calcu-
lating the solubility of the solid in such a solution, we need tc remember
that the solubility is based on ions or species that come only from the
dissolution of the solid.

Example 6-3

The solubility of stannous fluoride, SnF,,. in water at 20°C is 0.012 g/100 ml.
What is the solubility of SnFy, in a 0.08 M Naf solution neglecting ionic strength
effects?

Solution
Let us first calculate the concentration product for the reaction,
SnF,,, = Sn** + 2F-
K., = K, = [Bn?*[F]?
The molecular weight of SnF, is 156.6

_ g 1000 ml 1 mole
5=0012 15001 * Thiter “1566 g

= 7.7 x 10-*moles/liter

Therefore, Y

K, = (7.7 x 10-H7.7 x 10~4 x 2)2
=1.8 x 10~

Now let 8" = moles/liter of SnF,, which will dissolve, If 8 x 1072 mole of F-fliter
is coriginally present,

{F-1={8x10"2+28)
[Snzt] =S
and )
Ko = (8 x 1072+ 259(8) = 1.8 x 107°
For this example let us assume that 25’ is negligible compared to 8 X 1072 Then
Ko =[S']]0.0B]2= 1.8 x 10"

, 1.8x10°°
S'= (0.08)2

Checking our assumption that 8 X 1072 > 25’, we see that 28’ = 5.6 x 107 <<
8 x 1072 The assumption is valid.

= 2.8 x 10 "moles/liter

We see from this example that the seolubility of SnF., is reduced from 7.7
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x 107% molefliter to 2.8 X 1077 mole/liter by the presence of 0.08 M F-. A
similar calculation shown in Example 6-4 for a solution containing 107*

" mole NaF/liter shows essentially no decrease in solubility caused by the

common ion.

Example 6-4

What is the solubility of SnF; in a 107 molefliter Nab solution? Neglect ionic
sirength effects.

Solution
From Example 6-3,

K, = 3.5 % 10°¢
Let {Sn**] = S’. Then '

[F-] = 107* + 28"
and

Ky = (SH107 + 2572

Assuming that 28’ << 1074 we obtain

, 3.5x10-°
Checking the assumption that 258’ <= 104, we find 28’ = 7 x 10-, which is not
<. 1074 The assumption is not valid. We will therefore proceed as we did in the
solution of acid-base equilibrium problems and make the opposite assumption,
that is, assume that 25’ >> 107% Then

S’ =96 x 107

Checking the assumption, we find 28’ = 18.2 X 1074 => 10~*s0 that the assumption
is acceptable and the solubility is 9.6 X 107* mole/liter.

6.3.4. Conditional Sclubility Product

As the name implies, ¢ conditional solubility product is one whose
value depends on solution conditions other than the presence of a common
ion. Conditional solubility products are useful when determining the
solubility of precipitates whose ions interact with solution constituents
through reactions such as complexation or hydrolysis. This type of
behavior is indeed the rule rather than the exception for the systems
encountered in natural waters and ireatment processes. Also, in many
analytical measurements the total concentration of species is determined
rather than the free ion concentration. '

The conditional sclubility product has the form

Ps = (CT.M)(CT,A) (6-6)



254 Precipitation and Dissolution

where

P, = conditional solubility product
C1.m = total concentration of the metal ion M in all of its
complex forms and
Cr.» = total concentration of the anion A in all of its forms

The value of P, may change as a function of solution properties such as
pH and concentration of complex-forming species because the fractions
of C;y and Cr, present as the free cation and anion may vary as a
function of these properties.

The conditional solubility product and K. the solubility product, are
related. For any set of conditions, if ey = fraction of Cty present as the
free metal ion, [M*] = ay (Cr ), and if a, = fraction of Cr , present as free
anion, [A™] = a4 (Cr,4. Then

K. = [M*][A7]

QY
K., = aMaA{CT,M)(CT,A)
Therefore,
Kq = ananP;
Example 6-5

Will CaCOy,, precipitate at pH 9.1 from o solution containing Crc, = 1072 M,
Cr,c0,=107"M? The ionic strength is 1072 and P, = 107°7 at pH 8.1

Solution

(Cr.eaflCrco) =10"2x10*=10"*
Since P, = 10°%7 < 107% the solution is supersaturated and CaCQ,, will
precipitate,

8.3.5. Log Conceniration Diagrams

The presentation of precipitation equilibria on log concentration dia-
grams greatly aids the solution of problems and the understanding of
these equilibria. For example, consider Ca(OH}y,, and sparingly soluble
Mg(OH}y;. both of which are important in water treatment; Ca(OH)y,, or
hydrated (slaked) lime is commonly used to bring about the precipitation
of Ca?* as CaCOy,; and Mg?* as Mg(OH),,). The equilibrium relationships
at 25°C are

CG(OH)Z(S) s CC12+ + ZOH_: logKSQ =—53
Mg(OH)zy = Mg + 20H-;  logK., = —10.74
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Assuming that the activity effects are negligible, that is, activity coeffi-
~ cients are unity:’ )

[Ca?*][OH 2 = 10752
or
log [Ca?*] + 2 log [OH] = -5.3
or
, —log [Ca?*] + 2pOH = 5.3 {6-7)
Similarly, for Mg(OH)ys,
—log [Mg?*] + 2pOH = 10.74 6-8)

Equations 6-7 and 6-8 can be plotted as a log concentration diagram (Fig.
6-3), This diagram can be used handily to solve « variety of problems.

POH 14 12 10 8 6 4 2 0
PH 2 4 6 8 10 12 14
[ ! ] [ | i i
[Mg?'] [ \
| A
2 | —
(H*]
N
B

o 41— s \
o
5 [OH] —log[Ca?*] —0.3
g Zlog[Mg?*] 0.3
§ 6 D —
J
[ =
8
g
[ 2

8 1 ]

10}~ —

2 r ! | | | s

Fig. 6-3. The pC-pH diagram for Ca®* in egsilibrium with Ca{OH),, and
Mg?* in equilibrium with Mg(OH),, at 25°C,

T If the activity coefficients were not equal to unity, we would use K., = K./
(vca®*Nyon) instead of K .,
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Example 6-6
Find the solubility of (1) CalOH)y,, and (2) Mg{OH),, in distilled water.

Solution
1) CO'-(OH}z(s]

In addition to the equilibrium relationship for Ca{OHlys, Eq. 6-7, and K,, for
water, which are presented in Fig. 6-3, the charge balance equation must be
satisfied, that is,

2[Ca?] + [HY] = [CHT]
Assuming that [HY] << 2[Ca?*],
2[Ca**] = [OH"]
0.3 + log [Ca?®*] = log [OH"]
or
pCH = —log [Ca®*] — 0.3

Plotting the line (—log [Ca?*] — 0.3), we find this equation is satisfied at point A
in Fig. 6-3 (pOH = 1.7). The assumption that {H*] << 2{C«?'} is valid at this point.
When pOH = 1.7, from Fig. 6-3 we find —log {Ca®*] = 2. Bince S = [Ca®],

S=102M
(2) Mg(OH)yg,
Similarly, the charge balance for dissolution of Mg(OH),,, in distilled water is
2[Mg®*] + [H*] = [OH"]

which is satisfied at point B in Fig. §-3. At this point, pOH = 3.5. When pOH =
3.5, ~log [Mg?*] = 3.8. Thus

8 = IM92+] = 1038
or
S=16xW*M

Exomple 6.7

Sodium hydroxide is added to a groundwater containing 107* M Mg?* and 1072
M Cd**. At what pH will Mg(OH),,, begin to precipitate? Will Ca(OH),,, precipitate
at this pH? At what pH will [Mg®*] be reduced to 107® M? The temperature is 25°C.

Solution

From Fig. 6-3, we find that the 107 M Mg® solution is in equilibrium with
Mg(OH)y, only at pH 10,65 {(point C). Thus Mg(OH),,, will precipitate when the pH
exceeds 10,65, At this pH, the solution is very much undersaturated with Ca{OH)y;-
{From the diagram we see that more than 1 M Ca®* is required for a saturated
solution.)

Again from the diagram in Fig. 6-3, when [Mg®*] = 107®* M and the solution is
in equilibrium with Mg(OH},,, the pH is 11.85 (pecint D),
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Master variables other than pH and pOH can be used in log concentra-
~ tion diagrams. Diagrams using the negative logarithm of concentrations
of other ions are often useful in the solution of solubility problems. As an
example consider the carbonate salts of Ca?* and Mg®t:

CCICOMSJ i Ca2+ + .0032—; "‘log KSD = 8.34
MgCC)g(s) = MQ'2+ + C032*‘. "109’ Ks,_-, =5

These equilibria can be represented in linear form as follows:

~log [Ca?*] — log [COZ] = 8.34

or
—log [Ca?*] + pCO, = 8.34 (6-9)

and
—log [Mg**] + pCO; =15 (6-10)
where pCO; = —log [CO,®"}. Since the carbonate species is common to

each of the precipitates, it is useful as a master variable. Equations 6-9
and 6-10 are plotted in « log concentration diagram (Fig. 6-4}, which can
be used to solve problems such as those in Examples 6-8 and 6-8,

pCO,
o 2 4 6 8 10 12
] f I T I
(Mg** |
2 [Caz+ I _
L]

O Cy Dy A
e E
5 4 B -
B
g
8 6 [€o;®"] ]
9
]

8 —

10 1 | 1 1 b

Fig. 6-4, The pC-pH diagram for Mg?* in equilibrium with MgCO,, and
Ca?* in equilibrium with CaCQCy;. .
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Example 6-8
" A surface water contains [Ca?'}] = 10 M and [Mg®*] = 5 ~ 107* M. At what

concentration of CO?™ will (1} [Ca*'], and (2} [Mg?*] be reduced by one order of
magnitude at equilibrium?

Solution

1. 1072 M Ca?* is in equilibrium with CaCO;,, when pCO, = 5.3 (point A. Fig.
6-4). To reduce the Ca®t concentration to 107%, pCQ; must be reduced to 4.3,
that is, the CO,*" concentration must be increased to 10743 M at equilibrium
{point 8, Fig. 6-4).

2. Similarly for Mg?*, if [Mg®*] = 5 x 10 at equilibrium, pCO; = 1.7 ([CO,*)
= 107"} M, (point C, Tig. 6-4). When pCO, = 0.7, [Mg®'} = 5 x 107%

Example 6-9
The pH of the initial solution in Example 6-8 is 8.3 and the total alkalinity is 3
% 107 eqgfliter. All of the alkalinity is converted to CO,*~ by adding OH~. After

this conversion, is there sufficient CO,?~ present to begin to precipitate the Ca®*
and the Mg?t?

Solution

After conversion of 3 x 107% eqfliter of alkalinity (all present as HCO;7) to CO2,
pCO; = —log (3 x 1078 = 2.5, From Fig. 6-4, when [Ca?'] = 10* and pCC, = 2.5,
point D, the sclution is supersaturated with CaCO; and it will precipitate. When
[Mg®'] = 5 x 107* (~log [Mg®"] = 3.3} and pCO; = 2.5, point E, the solution is
undersaturated with MgCO, and thus it will not precipitate.

6.4. SOLUBILITY OF SALTS OF WEAK ACIDS AND BASES

Precipitation and dissolution phenomena become more complicated if
the cation of the salt is a weak acid, such as NH,*, or if the anion is a
weak base, such as CN™ or CO,*". AgCN,,,, for example, dissolves as
tollows: :

AgCN,,=Ag*+ CN~; logK,,= —-13.8 (6-11)
and the CN™ ion reacts with water
CN~ + H,O == HCN + OH~; log K, = —4.85.
or alternatively,
1
CN- + Ht = HCN; log—=19.15 {(6-12)
a

Example 8-10 illustrates the eftect of protonation of CN™ on the solubility
of AgCN,
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Example 6-10

Find the solubility of AgCN, in distilled water in a closed system {volatile HCN
can not escape), neglecting ionic strength effects and Ag* complexes.

Solution

The unknowns are S, [Ag'l, [HCN], [CN~], [H*], and [OH]. Six independent
equations are thus required. '

The equilibrium constants for Eqs, 6-11 and 6-12 can be used together with the
mass balances,

S = [Ag*] = Crn (6-13)
= [HCN] + [CN7} =Crcn (6-14)
the equilibrium constant,
K,=10""=[H"]JOH"] {6-15}
and the electroneutrality equation,
[H*] + [Ag*] = [CN"} + [OH] (6-16}

The most straightforward way to solve these equations is to substitute in the
electroneutrality equation to obtain an equation with one unknown, say [H*], and
then to solve it by trial and error, First, combine Eqs, 6-12 and 6.14 to yield

o = ﬁ% (6-17)
and
[CN]=o48 (6-18)
Also,
K
OH-] = =2
{ } [H+]
and
K. =[Ag*]ICNT]
Keo=(8Had) = aS?
Theretore,
S _ (&) 12
[24]
Substituting Egs. 6-13 and 6-18 in Eq. §-16 yields
Kw
H+85=uoS + —lﬁ:]
or
K.\ 12 KN K,
+ pht 1] _ —50 - = -
R o e

For an assumed pH, we can determine a, from Eq. 6-17, or from Appendix 1. Using
these values, we then determine if Eq. 6-19 is satisfied. If not, a new value of pH
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is assumed and the process is repeated. The results of this process are given in
Table 6-2, Plotting the value of Eq. 6-19 versus the assumed pH and extrapolating
will enable good successive estimates of pH o be obtained.® We first plot the -
value of Eq. 6-19 {see Fig. 6-5a) at pH 7 and pH 8. The value changes from positive
to negative at approximately pH 7.7. Further narrowing it down, we plot the value
of Eq. 6-19 at pH 7.7 and pH 7.8, and from the graph (Fig. 6-5b) determine that the
left-hand side of Eq. 6-19 has a value of zero at approximately pH 7.78. Rounding
off to the nearest tenth of a pH unit, that is, pH 7.8, we find that

12
S= (&) =61x107"M

4]

TABLE 6-2 Solution to Eq. 6-19

pH o Value of Eq. 6-19
7 7.08 x 102 1,58 x 10°®
8 6.54 x 102 -4.9 x 1077
7.7 3.39 x 102 1.797 x 107
7.8 4,24 x 102 -2.9 x 108
7.7 N 78
2 b . | 2 |
& \E é l
il 1 | g ] 1
=] —— v E 5 77 NI PH
2 s
s s
(a) ()

Fig. 6-5. Solution to Eq. 6-19.

It is interesting to examine the solubility of salts such as AgCN as a
function of pH. For the purposes of this example let us assume that the
sotution pH is conirolled by the addition of a sirong acid or a strong base.
Because we wish to obtain S as o function of pH, one less equation is
needed than when the solubility of AgCN was determined in distilled
water (Example 86-10). Usually, the electroneutrality equation is eliminated
making it unnecessary to determine or know the amount of strong acid
or strong base added,

Example 6-11

Determine the solubility of AgCN as g function of pH in a closed system.

® The use of a digital computer would further facilitate the solution.
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The six unknowns are S, [Ag*'], {CN~]. [HCN], [H*], and [OH"]. The required
~ number of equations is 5§ (number of unknowns -1},
{l) HCN=H*+ CN~: logK,= —9.15
(2) AgCN=Ag*+ CN~; logK., = -13.8
3 S =[Ag*] = Crag
(4) S = [HCN] + [CN7] = Cyen
(5) K, = [H*[OH"]

Solution
From (4) and (1),
S = [HCN]} + [CNT]
_ [HF]ICNT]
K

a

+ [CN_] = [CN_]([§+] +Ka)

a

or

or
(8) [CN7} = So
From (2) and (3},
K., = [Ag*][CN"]

o K _Ko
[CN ]H[Ag’*'] 8

Substituting for [CN] from (8), we obtain

S « :—Sﬁ
Therefore,
_ gﬂ)ue_[(&) . }1;2
s=(5)" | (%) @k
When [HY] << K,,
S = [K]'?

and
log S = $log K., = 3(—13.8) = —6.9

Thus at pH > 9.15 the solubility is constant at 107%¢ mole/liter, When [H*] > K,

_ KSOIH+} /2
S “[ X, ]

and
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logS =%flogK,, —logK, ~ pH]
logS = ${~13.8 — (~9.15) — pH]
log S =%[— 4.65 ~ pH]

Thus at pH < 9.15 the solubility is ¢ function of pH, increasing as pH decreases.
The solubility variation is shown graphically in Fig. §-6.

&
D

—log concentration, pC

Fig. 6-6. Solubility of AGCN as a function of pH.

Both of the preceding examples were solved for closed systems so that
HCN could not leave the liquid. If the system were open so that HCN
could escape, the concentration at equilibrium would be a function of the
HCN partical pressure; in an open system with no HCNy,, in the atmosphere
above the liquid the equilibrium concentration in solution would be zero.

6.5. EFFECT OF COMPLEXATION ON SOLUBILITY

When any of the constituent ions of a solid participate in complex
formation following dissolution, there will be an increase in the solubility
of the solid, Consider the dissolution of cadmium hydroxide, CA(CH),,.
in water, the pH of which is controlled at 9.0 using strong acid or base.
Cadmium is of particular importance because of the adverse hedlth
effects that it can cause if it is consumed in sufficient quantities. The
following reactions are importarit.

(1) Cd(OH)ye = Cd2* + 20H~;  log K. = —13.85
(2) Cd(OH)ys == CAOH* + OH-;  log K., = —9.49

3) CA(OH)y, = CA(OH)®  log K., = —9.42

(4) Cd(OH)y, + OH- == HCAO,” + H,O;  log K. = ~12.97
(5) Cd(OH)yg, + 20H- = CdO2 + 2H,O;  log K., = —13.97

Since the solution is equilibrated at pH 9, the solubility, Crcq, can
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readily be calculated from the equilibrium equations. Since [OH™] = 1075,
from (1) we {ind |

KSO 10—13.65
247 o —
(C4™1 = on T~ (1o
= 10388 )
From (2),
C + K., 1Q-9-4¢
[COH"] = [OH7] 10—
= 10—4.49
From {3},
[CA{OH)} =K, = 107%%
From (4),
[HCdO,] = K,[OH™] = 10729 x 1078 = 1017%
From (5},

[CdO,>] = K. [OH? = 107127 x (10792 = 102

From the mass balance on cadmium,

Cres = [Cd2*] + [CAOH*] + [CAH(OH)®] + [HCAO;"] + [CdO,2]
— 10—3.65 + 10—4.49 + 10‘9.42 -+ 10—17.97 + 10*23.97
Croa=2.56 X 10 M =8

This vaelue can be compared to a solubility of 107355 or 2,24 x 107%, the
concentration of Cd?* in equilibrium with Cd(OH),. that would result if
there were no complexes. Thus for cadmium hydroxide the formation of
hydroxocadmium(ll) complexes increases the solubility by approximately
14 percent. As the pH is increased, the various complex forms becomé
more dominant; at lower pH values they are not present in significant
concentrations.

Let us now assume that in addition to the hydroxide ion, there is
sufficient Cl~ in solution so that the free Cl™ concentration is 1072 M. To
caleulate Cq o and Cy ¢ the following reactions are important as well as
those for the hydroxo complexes.

Cd?** + Cl- = CdClt; logK,=1.32
CdCl* + Cl- = CdCL": logK, =0.90
CdCl° + Cl- = CdClLy: log K, =0.08
CdCl;~ + CI- = CdCL: logK, = —0.45

The concentrations of the chlorocadmium(Il) compiéxes are
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[CACI*] = [CaH[CITK,
= 107355 X 1073 x 10" = 10-533 M
([CACI][CIIK,
= 10753 x 1079 x 10°9 = 1074 M
[CACL, "} = [CACLe}[ClIK,
= 107742 x 1079 X 10%9° = 10199 M
[CdCl2} = [CACL)[Cl-K

— 10-1D.34 X 10—3 X 10*0.45 — 10—13.79

[CACIy]

The total dissolved cadmium concentration is

Cr.ca = [Cd?*'] + [CAOH] + [Cd(CH),°] + [HCdO, ] + [CdO*]
+ [CACI*] + [CACLe] + [CACl,y7] + [Cd(C1)* ]
=28l x 10M

Thus the presence of 1673 M CI- has increased the total dissolved
cadmium conceniration even further. Although the increase is approxi- -
mately 2 percent in this example because of the Cl- concentration
selected, quite significant increases in solubility are observed in solutions
such as seawater, where the Cl~ concentration is approximately 20 g/liter
or 0.56 M, In seawater of pH 8 the solubility of cadmium hydroxide
(including all hydroxo and chlorocomplexes) is approximately 10*%* M
compared with 107 M if no Cd(il) complexes were formed. This is an
increase of 110 times in cadmium solubility, In seawater the madjor
dissolved species is CdCl,°. The solubilization of metals such as cadmium
and mercury by the formation of soluble chloro complexes has significance
in relation to marine waste disposal. The discharge of freshwater streams
containing these metals in suspension to a saline environment could well
regult in increased dissolved metal levels because of the formation of
dissolved chloride complexes.

The hydroxo complexes, or hydrolysis products, of the trivalent metal
ions and many other divalent metal ions have a dramatic effect on the
solubility of these ions. Consider the following equilibria that relate to
the behavior of Fe?t in pure water:

Fe*t + H,O = FeOH?t + HY; logK; =-2.16
Fe¥* + 2H,O = Fe(CH),* + 2H*; logk = —6.74
Fe(OH)y, = Fe’* + 30H";  logK, = —38

Fe* + 4H,O = Fe(OH),~ + 4H"; logKk = -23
2Fe* + 2H,O = Fe {OH),** + 2H*; logK = —2.85

The effect of these hydroxo complexes on solubility is most conveniently
illustrated by using a pC-pH diagram. To plot these equations on a pC-
pH diagram recquires that they be expressed in terms of soluble Fe(Ill)
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species, H* and Fe(OH)y,). We can rearrange these equations so that each
Fe(lll) species is in equilibrium with Fe(OH),, and then assume that the
activity of the solid Fe{OH),, is unity so that the equilibrium constant is
then in terms of soluble Fe(lll}) and H*. For example, adding the equations,

Fe*t + H,O = Fe(QH}* + H*; logK, = -2.16
Fe(OH),,; == Fe®* + 30H™; logK,, = —38

i
H* + OH™ = H,;0; log( K—) = 14

we obtain
(1) Fe{OH)y, == Fe(OHP* + 20H; logK, = —26.16

Similarly, we can derive equations for [Fe(OH),*], [Fe(OH);7]. and
[Fe{OH),*"]

(2) Fe(OH)y = Fe(OH),* + OH™;  log K., = —16.74
(3) Fe(QH)ysy + OH™ <= Fe(OH), ; logK.,,=-5
(4) 2Fe(OH), = FedOH),** + 4OH~; logK = —50.8

Equations (1) through (4) can be plotted on a pC-pH diagram. For example,
for eguation (1), which describes the behavior of the species Fe{(OH)**
with pH in a solution in equilibrium with Fe(OH)ys),

K = [Fe{OHP*)[OH}2
Taking logarithms, we obtain
log K., = —2B.16 = log {Fe(ORH)**] + 2 log [OH"]
or
log [Fe(OH)**} = 2pOH - 26.18
and since pH + pOH = 14
log [Fe(OHY**] = 1.84 — 2pH

This equation plots as line 1 in Fig. 6-7.
Similarly, for equation (2}, describing the behavior of Fe(OH),* species,
we have

log [Fe(OH),*} = log K, + pOH
or

log [Fe(OH),*} = —16.74 + 14 — pH
log [Fe(OH),*} = —2.74 — pH

This is line 2 in Fig. 8.7. For [Fe(OH),"] we obtain
leg {Fe(CH)T] = pH —18
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Fig. 6-7. Equilibrium concentrations of hydroxo iron(lll) complexes in «
solution in contact with freshly precipitated Fe{OH);, at 25°C.

which is line 3 in Fig. 6-7. For [Fe,{OH),**] we find
log [Fes(OH);*] = 5.2 — 4pH

which is line 4 in Fig. 6-7. The line for Fe®" is obtained from the K,
equation as

log [Fe%*] = 4 - 3pH

and is drawn as line 5 in Fig. 6-7. This completes the pC-pH diagram for
the species considersd.

From an inspection of this diagram we can sketch in the region where
Fe(OH)ay,, will precipitate. Since all of the lines represent the concentra-
tions that may exist at various pH values when in equilibrium with solid
Fe(OH)y,), we can reason that any concentration of a particular species
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above the line in the diagram will be supersaturated with respect to
" Fe{OH)y,, for that species. Moreover we can reason that the Fe(OH),,,
boundary will be somewhere above the line that is at the highest
concentration of iron species at any point in the diagram. For example,
let us examine the situation at pH 4. As we move vertically up the
diagram, we first encounter the line for {Fe(OH), ] at 107'* M; next we
encounter the line for {Fe {OH),**] at 107'"® M; next is the [Fe®'] line at
10-®* M, then the Fe{OH)," line at 107%™ M and last the FeOH?* line at
1075 M. The boundary of Fe{OH),, at this pH is at the point represented
by the sum of these concentrations, that is, Cy rem = [Fe®] + [FeOH?|
+ {Fe(OH),*] + 2[Fe (OH},**] + [Fe(CH),"].

CT.FetHI) = 10_5 + 10_5'16 + 10_5'74 + 2 % 10~10.8 + 16—15
= 10-5-95

By performing such an exercise at various pH values throughout the
diagram, we can sketch in the Fe(OH)y,) boundary. Intuition tells us that
if one species predominates at a particular pH, then its concentrafion
will coincide closely with the Fe{OH); boundary. We can see this
happening in a couple of places in Fig, 6-7. Thus at pH values higher
than 9, Fe(OH),~ predominates and its concentration line is the Fe(OH)y,
boundary in this region. Between pH 5-7 Fe{OH),* is the predominant
species and likewise it forms the solution boundary for Fe(OH)yy,.

We can use pC-pH diagrams that include heterogeneous equilibria for
the rapid evaluation of both the total concentration of «ll species present
as well as to provide a graphic representation of the concentrations of
individual species present at various pH values. From Fig. 8-7, for
example, we can deduce that in the pH range from 4.5 to 8 (which covers
virtually all natural waters), Fe{OH),* is the predominant soluble ferric
iron species. The polymer (dimer) Fe,{OH),** does not predominate at any
pH value, but it is a significant species at pH values below about 2.5. Tt
is important to note that Fe**, ferric ion, controls the solubility of Fe(OH)y,,
only below about pH 2.5. Conversely stated, at typically encountered
natural water pH values in the presence of Fe(OH)y Fe®' is a minor
component of the ferric iron species.

A word of caution in the use of pC-pH diagrams that include hetero-
geneous equilibria is in order at this point. First, we must always realize
that these diagrams are equilibrium diagrams. For them to be validly
applied to the solution of natural water problems, we must assure
ourselves that the solid of interest is present and that a heterogeneous
equilibrium truly does exist. Second. for diagrams that involve solids
containing an anion other than hydroxide, we must stipulate a certain
solution concentration for that anion. For such precipitates (and we shall
consider aluminum phosphate, AIPOy,, as an example later) there is a
unique pC-pH diagram for each concentration of the anion,
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Example 6-12

An acid industrial waste discharge containing a high ferrous iron concentration
is discharged into an oxygenated receiving water that has a neutrat pH and is
well buffered. What problems (if any) can be expected in the stream from increased
dissolved iron? (Assume that only hydroxo complexes are of importance.}

Solution

First, ferrous iron will be rather rapidly oxidized to ferric iron at neutral pH in
oxygenated water; thus only Fe(Ill) species are of interest. Second, since the water
is well buffered and we are adding on acid waste, we should be interested in pH
values below but near neutrality, Using Fig. -7 and knowing that Cy reqm is the
sum of all the concentrations of species present at a given pH, we find that total
soluble Fe(lll) concentration is 1072 to 107" M, or 0.06 o 0.006 pg Fe/liter, a minute
amount, (The major problem may well be caused by the Fe(OH)y,, that precipitates
and either settles to the stream bottom or is carried in suspension.)

Aluminum ion, A¥*, behaves very much like Fe®* in solution except
that it has a greater tendency to form polynuclear species. For the
equilibria that exist in the presence of freshly precipitated aluminum
hydroxide, AOH)y,;, we have

{1} AP* + H,O = AlOHP* + HY; logK, = =3
(2} 7AP* + 17H,O = Al,(OH),;/** + 17H*; logK = —48.8
(3) 13A1°* + 34H,0 = AL {OH).,, " + 34H": logK = —-97.4

(4} A{OH),, = APt + 30H™; logK.,, = —33
(fresh precipitate)

(5} ANOH),, + OH- = AllOH),;  log K., = 1.3
{6) 2AP+ + 2H,0 = AL(OH),** + 2H*; logK = —6.3

These equations can be rearranged so that the concentration of each
complex is expressed as an equilibrium with solid AI{OH),,, as was done
for Fe(OH);,,. The pC-pH diagram plotted from these equations (Fig. 6-8a)
shows that the large, highly charged polymeric species such as Al,,{OH),**
and Al{OH),;** control AI(OH),,, solubility below a pH value of approxi-
mately B.5.

Example 6-13

Compare the concentration of AI(III) in solution with the amount that precipitates
fas ANOH),,] per liter if 150 mg/liter filter alum (Al,(SO,}; 14H,O) is used to
coagulate a water (1) at pH 6.5 and (2) ot pH .

Solution

The molecular weight of A1{SO ), 14H,O is 594. Thus 150 mg/liter Al{SO.}, 14H,0
= {150/534) x 2 = 5.05 X 10~ mmoles Al/liter, or 10733 M,
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From Fig. 6-8a at pH 6.5 and 9 the values of the total aluminum species in
solution can be derived from the boundary of the ANOH)y region, which
corresponds to Craun. At pH 8.5

Cran = 1078 M . 1079 = 107" = 107 ppts.
At pH 9.0
Cramp = 107 M . 107 — 1073 = 107% ppts.

At both pH values the filter alum precipitates as A{OH)y,. However, at
pH 8.5 (which is close to the pH of minimum solubility of AI(OH)y,) the
solution concentration of aluminum species is about two orders of
magnitude less than at pH 9.0. Further, at pH9, 62 percent of the aluminum
added (3,16 x 10795.05 x 107%)(100)] does not precipitate.

Aluminum hydroxide precipitated freshly, for example, when filter alum
is added io water in the water treatment process of coagulation, is more
soluble than the thermodynamically-stable ANOH), phase, gibbsite.
This material has the same composition but a different, more well-defined
crystal structure. The solubility product for gibbsite is

(7) AI(OH)S(S),glhbsite = A13+ + SOHA: log KSO = ‘“36.3

which is slightly smaller than the value of 107 for the freshly precipitated
solid. Combining equation (7} with equations (1}, (2), (3), (5}, and (8} and
plotting yields the pC.pH diagram shown in Fig. 6-8b. A comparison of
the pC-pH diagram for gibbsite with the diagram for freshly precipitated
AXOH),,, shows that gibbsite predominates over a much larger region
than does freshly precipitated AOH),,. Also, in equilibrium with gibb-
site, APt rather than the polymeric Al-species tends to predominate below
pH values of about 5. This observation is consistent with the proposition
that polymeric aluminum species are formed as intermediates between
AP* and the precipitation of A{OH)y,.

Other species can compete with OH™ for coordination sites on Al(II). As
evidence that such competition takes place, it can be shown® that the
amount of OH~ which must be added to a solution te bring about the
formation of AI{OH)y,, is less when phosphates are present in solution
than when they are not. Competitive effects probably cause a difference
‘in coagulation phenomena based on « difference in the ligand concen-
trations in the water being treated.

6.6. COMPETITIVE EFFECTS OF SEVERAL LIGANDS

In the preceding discussions we examined only the equilibrium of
solids with pure water or with sclutions containing an ion common to one

?W. Stumm and [. }. Morgan, "Chemical Aspects of Coagulation,” J. Am. Water
Works Assoc., 54: 971 (1962).
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of the constituent ions of the sclid, This type of situation is rare in natural
waters and wastewaters where there are a wide variety of ligands that
can influence both the solubility of « solid and, irdeed, govern the type
of solid that forms. Two examples of this type of situation will be
presented: the precipitation of ferrous hydroxide, Fe(OH);,. and ierrous
carbonate, FeCQOy,, as may occur during the lime-soda softening of an
iron-bearing groundwater; and the precipitation of aluminum hydroxide,
Al{OH)y),, and aluminum phosphate, AlPOy,. as may occur when alum
is added to wastewater to remove phosphate,

6.6.1. Precipitation of Fe(OH)y) and FeCOy,—pC-pH and
Predominance Area Diagrams

1. pC-pH Diagrams. We approach this problem by determining which

soluble Fe(ll}) species exist in our system which might influence the

solubility of the two solids. The following equilibric are pertinent to this

case!

Fe(OH),y = Fe?* + 20H~; logKs = —14.5 (6-20)
Fe{OH), = FeOH*+ OH™;  log K, = —9.4 (6-21)
Fe(OH)y + OH™ = Fe(OH),; logK,,= -5.1 (6-22)
FeCO,, = Fe?t + CO; logK,, = —10.7 (6-23)
FeCQOy + OH = FeOH™* + CO,%; logK = -5.6 (6-24)

FeCOy,, + 30H™ = Fe(OH),~ + CO;*; logKk =-1.3 (6-25)

Using Egs. 6-20 through 6-25, it is possible to construct two types
diagrams to show the region of pH and total Fe(ll} conceniration over
which each solid phase can exist. The first diagram is the pC-pH diagram
as previously constructed for Al{OH),.); the second type is a predominance
area diagram. The pC-pH diaggram is consiructed as follows:

1. Sketch a diagram for a solution containing «all soluble Fe(ll} species
in equilibrium with Fe(OH)yy. (If carbonato complexes were of
importance, they would be included.)

2. Sketch a diagram showing all soluble Fe(ll) species in equilibrium
with FeCOys) for a constant total seluble carbonate concentration,
Cr.co, = [H,CO3} + [HCO,7] + {CO4%7]. Note that a different diagram
results if we use a different concentration of Cy ¢o,. In the example
we will use Cyco, = 107°M and assume that we are dealing with a
clesed, constant Cr o, system.

3. Combine the above two diagrams to show (i) the variation of soluble
Fe(ll) concentration with pH and (ii) the regions where the FeCOy,
and Fe{OH)y. precipitates predominate.
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Equations 6-20, 6-21, and 6-22 can be used to construct pC-pH diagrams
‘in the same manner as for the Fe(OH)y, and ANOH)y, diagrams con-
structed previously (Figs. 8-7 and 6-8). The equations plofted in Fig. 6-9
and their corresponding line numbers are

log [Fe**] = 13.5 — 2pH; linel
log [FeOH*] = 4.6 — pH: line2
log [Fe(OH);"] = pH — 19.1; line3

The boundary line of Cr . = [Fe?] + [FeOH*] + [Fe(CH);7] is shown
in Fig. 6-9 and defines the cross-haiched area of predominance of
Fe(oH)g(s).

The next step in construction of the diagram is to draw the area of
predominance for FeCOyg. To do this, we must first determine the
variation of [CO:#"] with pi for Crco, = 107°. From Chapter 4, Fig. 4-17,
the variation of [CO,27] with pH is as plotied in Fig. 6-10, line 1, The
FeCOys, solubility product equation, Eq. 6-23 must be satisfied and,
therefore, in a pC-pH diagram it will be a mirror image of the [CO;*] line
such that

log {Fe?*] + log [CO.2] = —10.7

Knowing the variation of [CQO;*"] with pH, we can plot the log [Fe?*] line
in Fig. 6-10 (line 2). If we had a hypothetical system with no other ligands

Cr, ety

Fe[OH)ay

—log concentration, pC

[Fe(OH);™]

[FeQH™ |

0 | 1 |

Fig. 6-9. The pC.pH diagram for soluble Fe(ll) in equilibrium with Fe{OH)y.,
T =25C.
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Fig. 6-10. The pC-pH diagram for soluble Fe(ll} in equilibrium with FeCQOy,
CT.CO; = 10“3 M, T = ZSQC.

save CO,%*, line 2 would represent the boundary of the predominance
region for FeCQy,,. However, the ligand OH- is present in any system in
equilibrium with solid FeCQjy. Assuming for now that Fe{(OH),, is not
present, the additional hydroxo complexes that need to be considered are
Fe(OH)* and Fe(OH);~. Thus, using Egs. 6-24 and 6-25, we obtgin the
equations for [Fe(OH)'] and [Fe{OH);™] in the presence of FeCOy,,

log [FetOHY'] + log {CO,*] = —18.6 + pH
and
log {Fe{OH),7] + log [CO,%*] = —43.3 + 3pH

Obtaining [CO;*] at each pH from Fig. 6-10, we can plot the [Fe{OH)*]
and [Fe(OH),] lines {lines 3 and 4, respectively, Fig. 6-10). The boundary
of the FeCOQ;;, predominance region (cross-hatched) is the line for C gopy.

Combining the predominance regions developed in Figs. 6-9 and
6-10, we obtain Fig, 6-11, From it we can determine the regions for a Fe(ll)
— OH~— CO,;? system in which either FeCQy;, or Fe{(OH)ys predominates,
and the condition under which both solid phases are stable. From this
diggram it can be seen that the only solid below pH 10.5 is FeCOy) and
that Fe(OH),, is the only solid at pH above 10.5. Below pH 10.5, this
figure shows that FeCQy, is less soluble than Fe(OH)yy {Le., Crrem in
equilibrium with FeCQOy, is less than Cy goq in equilibrium with Fe(OH)y)
and FeCOy, is therefore the solid phase that is stable. Solid Fe{OH), in
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Fig. 6-11. The pC-pH diagram for soluble Fe(ll) in equilibrium with FeCOy,
or Fe{OH},,.

contact with solutions in this pH range will dissolve and be reprecipitated
as FeCO;y,. Above pH 10.5, Fe(OH),y becomes the least soluble phase so
that here Fe(ll) is precipitated as Fe(OH),,. That pH 10.5 is the dividing
line between the two predominance areas, and that both phases are
stable at pH 10.5 can be shown by combining Egs. 6-21 and 8-24, thus

1

FeOH* + OH" = Fe(OH)y;  log —=9.4
51

FeCOyq + OH- = Fe(OH)* + CO2~:  logK = ~5.6
Fecoa(s) +20H = FQ(OH)z(s; + Coaz"; logK = 3.8

[COs™]

[OH]?

Taking logarithms and setting {C0,*"] = 10732 M, the CO,*>~ concentration
at pH 10.5 (see Fig. 6-10), we can show that this equation represents o
vertical line at pH 10.5. Thus only at one point [pH = 10.5, pCr reqy = 5.8]
is the solution in equilibrium with both solid phases.

2. Predominance Area Diagrams. To present the equilibria in Egs. 6-20
to 6-25 on a pC-pH diagram, it was necessary to fix the total carbonate
concentration, In the second iype of diagram—the predominance area
diagram—we can show the effect of Crco, and pH on the predominant
Felll) species. This diagram only shows the predominant species at any
particular pH, however—not the concentration of each soluble species.
To sketch such a diagram, it is necessary to fix the maximum total

K =10 =
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conceniration of Fe(ll). We will assume that the maximum [Fe(li)] is 10-%
‘M; this concentiration will only be reached if all precipitate dissolves.
There are 5 different species, and it is necessary to develop equations for
the boundaries betwesn the regions where each of these species predom-
inate. :

There will be 10 possible equations interrelating all these species as
follows:

Fe?t and FeCH*

Fe?* and VFe(OH)z(s)

" Fe?* and Fe(OH),~

Fe?* and FeCOyy,
FeOH* and Fe(OH)yy,
FeOH* and Fe(OH),~
FeOH* and FeCGy,,
Fe(OH)ys, and Fe(OH),
Fe(OH)ye) and FeCOyy,

FeC03(5) and Pe(OH)g_

We will state these equations and draw the lines they represent on a
PC1.co,— PH predominance area diagram; then by deduction we will select
the areas of predominance for each species. Qur approach will be to first
examine the equilibria between Fe?' and the various hydroxe complexes,
since these are independent of Cy ¢, and will allow the establishment of
pH regions of the predominance of the various hydroxo species. The task
of deciding where to draw the lines that describe boundaries between
hydroxo species and FeCOjyy,, will then be made easier. Selection of the
first relationship to plot is arbitrary; in this case we begin with Fe{OH),,
— Fe(OH),™.

1. FG(OH)Q(S) and Pe(OH)gi.

From Eq. 6-22,
10-51 = [Fe(OH); ]
{PG(OH)Q{S)} EOH_}
-51=log 1Fe(OH)T] + pOH

{Fe(OH)y } ~

{
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When precipitate is present in very small amounts and when
[Fe(OH);"] = 107° M (the maximum soluble concentration),

pOH = =51 + 5.0 = -0.1 and pH = 14.1

This line is plotted in Fig. 6-12 (line 1). It is independent of Cy co,
and therefore plots as a vertical line at pH 14.1. When the pH is
below 14.1, Fe(OH),, precipitate predominates with respect to
Fe(OH),” and the concentration of Fe(OH),™ is less than 107° M, We
can therefore disregard any equilibrium relationships with Fe(OH),~
below pH 14.1 because they represent relationships with minor or
insignificant quantities relative to Fe(OH),,,. Likewise above pH
14,1 equations containing Fe{OH),, are not significant. We must
keep these facts in mind because it will allow us 1o greatly simplify
construction of the diagram,

2. FeCH' and Fe(OHl)y,.

From Eq. 6-21,
10-94 = [Fe(OH)Y*[OH"]
{Pe(OH}elsj}
Fe{OH)*
~9.4 =log [OH ] + logm
2(s}
[Fe{OH}*]
OH=log———————-+9.4
P ™ 99 {Fe(OH),)
pH
2 4 6 8 10 12 14 6
0 l | | ] |
2| FECO;(;) ) _
I+ A |
g Q & ®
]
61— _
Fez“ % FE(OH)2|;| FelOH)y"
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“l@
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Fig. 6-12. Predominance area diagram for FeCOy/Fe{OH),/H.O system
at 25°C, C‘{,FE([D =10"5M.
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When the precipitate is present and [Fe(OH)}*] = 10° M, pOH = 4.4
and the pH = 9.6. '

This is drawn as a vertical line {line 2) at pH 9.6 in Fig. 8-12. At pH
values below 9.6, FeOH" predominates. The region of Fe(OH)yy
predominance can be deduced to be hetween pH 9.6 and 14.1.

3. Fe?' and FeOHt.
Combining Egs. 6-20 and 6-21 yields

Fe** + OH" = FeQOH?; logK = 5.1

[FeOH*]
5.1 = log ——— 4 HOH
09 gy TPO

When [Fe?"] = [Fe(OH)'], pOH = 5.1 and pH = 8.9.

This is a vertical line ot pH 8.9 (line 3, Fig. 6-12). At pH < 8.9, Fe?*
predominates. The region of predominance for FeOH' is defined
between pH 8.9 and 9.6.

There is now no reason to determine equations relating the species
Fe?* — Fe(OH),.). Fe?t — Fe(OH);~ and FeOH™* — Fe(OH},~. The boundary
between Fe?* and Fe{OH),, would fall within the FeOH* predominance
region, for example, and because we are interested in only the predom-
inant species, this boundary is not of interest to us. Similar reasoning
can be applied tc the other two pairs of species.

If no carbonates were present, the diagram would be complete and we
would not have gained much more useful information from it than would
be obtainable from the simpler-to-construct pC-pH diagram. However,
since FeCQOy, also can form when carbonates are present the boundaries
between FeCQ,,, and Fe?" and the various hydroxo iron(ll) species must
be determined. Since the FeCQjy,, equilibria involve carbonate, we must
express the variation of [CO;*7] in terms of Cy ¢, und pH.

From Chapter 4, we recall that

Cr,co, = [H,CO3] + [HCO;7] + [CO4*]

K,.=10"53
and
K., = 10713
so that when pH > 10.3,
Cr.co, ={CO:7] (6-26)
When 6.3 < pH < 10.3,
(€O = teokas ©27)

H]+K,.
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And when pH < 6.3,
’ CrcoK.iKap

[H*1?+ [HY)K oy + KanKap
Let us now determine the relationship between FeCO;y, and each of the

Fe?* und hydroxo Fe(ID) species, starting with Fe(OH);~ at very high pH
values and working our way down to lower pH values.

[COs2] = (6-28)

4. FeCOy, and Fe(OH), .
From Eq. 6-25 we obtain

FeCOs(s, + 3OHﬁ — COaz_ + Fe(OH)S_; ].Og K = _1.3

Therefore,
[Fe(OH)a_]
{Pecoﬂ(s)}

At pH > 14, where Fe(OH),™ is predominant, [CO,*} = Cr o,

-13=1log + log [CO,27] ~ 3log [OH]

[Fe(OH);"]
o T log Creo, + 3pOH
(FeCOyy} ~ 20T ™ *P

When [Fe(OH);"] = Crrem = 10° M and when FeCQ,,, is present,
].Og CT,coa =37 _SPOH

This boundary exists only at extremely high C; o, concentrations
and very high pH values. It is not within the limits of our diagram
so we cannot plot it. The region it defines is beyond the limits of
consideration for natural agquatic systems.

5. Peco;;(s) and Pe(OH)g(s}.
Combining Eqgs. 8-21 and 6-24 yields

0032_ + Fe(OH)z(sl = FeCOg,{s) + 20H-

{Fecoats)}
{FG(OH)zcsl}

When both solids are present at equilibrium,

2pOH = 3.8 — log [CO7]

—1.3=log

logK = -3.8=log — 2pOH - log [CO4*]

For pH > 10.3, [CO,*7] = Cy ¢o, and the equation plots as line 4. For
5.3 < pH < 10.3, from Eq. 8-27,

Crcoflo
2pOH = 3.8 — ;Q[W]

which plots as shown—line 5. We only plot this line as far as the
intersection with the boundary line between Fe(OH),, and FeOH?*,
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Beyond this point Fe(OH)y, is not a major species so that boundaries
with it are not considered for this diagram. Examining Fig. 6-12, we
see that we must seek a boundary between FeCO,,, and FeOH* for
the pH range from 9.6 to 8.9.

6. FeCOms) and FeOH™*,
From Eq. 6-24,

[FeOH']
{FeCQOy}
When FeCQys is present, [FeOH'} = 10-° M, and for pH in the
region between 6.3 and 10.3 (from Eqgs, 6-27),

pOH = —0.6 - 109[ ———([;1’}“33%2 2)}

This expression plots as line 6 in Fig. 8-12.

~5.6 = log + log [CO4*] — log [OH ]

Below pH 8.9 the significant boundary wiil be between FeCOjyy,

and Fe?*.
7. PeCO3(5) Cﬁnd F82+.
From Eq. 6-23,
. [Fe?t]
-10.7 =log———— + log [CO*
{FeCO,} 081601

When [Fe?*] = 1075, FeCOy,, is present and the solution is between
pH 6.3 and 10.3, using Eq. 6-27, we obtain

Cr.c0,Ka,2 ]
([H*] + K9

This plots as line 7 in Fig. 6-12. Below pH 8.3, this equation becomes

rg_ Cr.cofa1Kaz jl
57 =log {([Hﬂz T K or + KoiKod)

which plots as line 8 in Fig. B-12 completing the diagram.

—5.7= +10g[

The diagram in Fig. 6-12 shows the pCr,co, and pH regions in which
FeCOQ;,, and Fe(OH)y, will precipitate, and the regions in which Fe(ll) is
soluble. The diagram is a function of Cre.qy. but the approach to
developing diagrams for other C; gy values is identical to that used here.

6.6.2, Aluminum Phosphate Precipitation

Aluminum lon interacts with water to form hydroxo.complexes and
solid ANOH)y,,, and with orthophosphate to form the solid cluminum
phosphate, AIPQy,,. The concentrations of PO%~ and OH~, of course, are
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a function of pH, We would like to examine the amount of total phosphate
‘that could be present in a solution in equilibrium with AIPO,, at various .
pH values. This knowledge is of importance in certain phosphate removal
processes, where aluminum sulfate (Al,(50,),) is added to wastewater to
remove phosphate as AlPQ,,.

We have already examined the precipitation of A(OH),,, from solutions
that do not contain phosphate (see Fig. 6-8). Our approach to this problem
now will be to develop a pC-pH diagram for AIPO,, precipitation
assuming no ANOH),,, precipitates, and then to combine this diagram
with Fig. 6-8 to obtain « diagram that will give us much useful information
about the nature of AIPQ,,, precipitation. We will greatly simplify the
problem by assuming that (1) we need be concerned only with freshly
precipitated A{OH),,. (2) there are no polymeric hydroxo-aluminum(III)
complexes formed, and (3) the only aluminum phosphate solid formed is
AlIPQO, (i.e., that no hydroxoaluminum phosphate will form). We will
examine the importance of these assumptions later.

First, let us consider the interaction of aluminum ion with water, with

. the only important species in solution being Al%, AIOH?*, and AYOH),™:

APt + H,O = AIOH** + HF; logK, = -5.0 (6-29)
AP+ + 4H,0 = Al(OH), + 4H*; logK, = —21.7 (6-30)

Defining C; 5 = [AP*] + [AIOH?*] + [Al{OH),"], we can express [A**] in
terms of Cy ., [H'] and constants as follows:

Corm = [AIF] + =1, H+] [AI*] + iH”'3“[A13+]
+ K1 K4
= [AI® ](1 {H+] H+]4) {6-31)
Kl K -
[Al%*] :CT.M(I g [H,f )

We will now proceed in an identical fashion for the second component
ion of the AlPOy,, precipitate, PO/~

HPO,=H"'+HPO, logK.,=—2.1 (6-32)
H,PO,” =H*+ HPO2"; logKa:= 7.2 (6-33)
HPO2 =H' + PO logKas= —~12.3 (6-34)

Defining Cr,e0, = [HPOJ) + [HPO,] + [HPO.Z] + [POS], we obtain

[POSIHP + [POS){HA)® + [PO4THH
Ka,iKa,ZKa,S Ka,aKa,:! Ka,a

HP T +{H+1+1)-

+[POS]

Crpo, =

(6-35)

PO 1=C
(PO *'”‘(Ka,,xa,zxa,a KuiKos  Kan
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The solubility product equation _
AIPO ., = APt + PO logK., = —21 (6-36)

must also be used because the solution is either saturated or supersa-
turated. Assuming for this case that C+,, =Crpo,. that is, that a stoichi-
ometric amount of aluminum salt is added to the phosphate solution, and
substituting from Eqs. 6-31 and 6-35 into Eq. 6-36, we obiain

K, K, )“

H] " E
HY | HY [HY

-1
* CT'PO‘(KaJKa.ZKa,z * Ka,ZKa.a * Ka.a * 1) (8-37)

K,,=Cra (1 +

Using Eq. 6-37, we can determine Cy po, (= C1,) as a function of pH. This
relationship is plotted in Fig. 6-13. It shows that AIPOs, has a minimum
solubility in the neighborhood of pH 5.5. This information is useful to us
because it indicates that it would be inappropriate to aitempt AIPQ,,
precipitation for phosphate removal from sclutions containing in the
range of 107* to 107* mole PO /iter (which is typical of wastewaters) at

IHHLITHE]
{OH) 31

o { f Wi
o : | H y
3 ““ﬂm m CT' P04 4
,:; F—__AEPOMS‘- t ] i d
— ]
=3
2
|

41— ‘f“—‘ n"’ —i
= fif
— | y
55— Cr.a=Crro S 2 LI‘IL':E_' Cr, m —
{Eg. 6-37) i
v
65— |
7 | | | [ | f [ i i

Fig. 6-13. Concentration of phosphate and aluminum that can exist at
various pH values when AlPO,, is precipitated from or dissolved in pure
water. Concentrations of phosphate and aluminum are controlled by
AlPOy, solubility below pH 5.4, Above pH 5.4 C... is controlled by
AHOH), solubility, and thus Cr,po, concentrations in this range are greater
than Cy 4.



282 Precipitation and Dissclution

pH values below 3 to 4 or gbove 6 to 7. We might deduce from Fig. 6-13
. that the best place to remove phosphate from wastewater by AIPO,,,
precipitation would be at pH 5.5, This pH is just above the pH (= 3.4} at
which we can expect AI{OH);; to precipitate if the solid phase is a fresh
precipitate, but it is somewhat above the pH at which ANOH)y, will
precipitate if the solid phase is aged ANOH);, (see Fig. 6-8b). Figure 8-13
shows the curve for C;pg, in equilibrium with AI®* in the region where
AlOH)y. (fresh precipitate) controls aluminum solubility. This curve is
calculated from Eq. 6.37. It AOH),, precipitates in addition to AIPO,,,.
for example, before equilibrium is achieved, additional aluminum salt
will have to be added to achieve good phosphate removal. Also, removal
by phosphate adsorption onto or incorperation into the AI(OH),,, precip-
itate is possible.\Such removals are not accounted for in Fig. 6-13.

Results of AIPO . precipitation from wastewater agree in general with
the above observations.'™ An optimum pH of about 6 was chserved and
it was necessary to use twice as much aluminum salt as required for
phosphate precipitation hecause ANOH),,, also precipitated. Also, the
Al(OH)ys) was of importance because it aided the removal of the fine,
rather difficult to settle, AIPO.y,,.

According to Fig. 6-13, we do not expect A{OH);,, to form at pH 5 when
Cragy = 1072 to 107* M. Recht and Ghassemi' observed ANOH)ys,
precipitate at pH above 5, however, indicating that our assumption of
only pure, freshly precipitated AIPQy;, to be the only solid phase present
was incorrect. The Al{OH);;, may have been aged somewhat, and it did
contain some phosphate; thus the solid phase was a hydroxealuminum
phosphate, Undoubtedly, there were also polymeric forms of hydroxoal-
uminum complexes present, but in spite of these differences, our calcun-
lations allowed us to make a reasonable assessment of what to expect
when agluminum is used to precipitate phosphate. When making similar
calculations, «all conclusions made should be verified experimentally
because of the limiting assumptions that must be made.

6.7. CALCIUM CARBONATE SOLUBILITY AND WATER STABILITY

6.7.1. Calcium Carbonate Solubility in Open and Closed Systems

Many of the concepts presented in Chapter 5 and in the previcus
sections of this chapter can be incorporated into calculations concerning
calcium carbonate, CaCO,. Calcium ion forms weak soluble complexes
with carbonates, such as CaCO4 and CaHCO;*, and with hydroxides,
such as CaOH* as well as forming the sparingly soluble solid, CaCOy,,.

' H. L. Recht and M. Ghassemi, "Kinetics and Mechanism of Precipitation and
Nature of the Precipitate Obtained in Phosphate Removal from Wastewater
Using Aluminum(IIl} and Iron(lil) Salts,” Report No. 17010EKI 04/70, U.S. Dept.
of Interior, Federal Water Quality Adm., Cirncinnatli, 1970.




Calcium Carbonate Solubility and Water Stability 283

Pure c¢alcium carbonate exists in two distinct crystalline forms. These are
the trigonal solid calcite which in its pure forms has a solubility product
K., of 10783 and the orthorhembic solid, aragonite, which in pure state
has K, = 107*%, both ai 25°C. When CaCOQgy,, precipitation takes place
from scolutions containing high magnesium concentrations, for example,
seawater with a [Ca?*)/[Mg?*] ratio of = 0.9 or from the supernatants of
some andaerobic sludge digesters, a more soluble solid—a so-called
magnesium calcium carbonate—is formed. Chave et al.' found that the
solubility product of calcium carbonate solid increased from 107% to 10753
as the magnesium carbonate content of the solid increased from 3 to 20
percent.

In this section we will consider various situations that involve equilibria
with CaCQjy. The following three cases can serve as models for the
behavior of natural systems in which CaCOQO,,, participates.

CASE ]

CaCQ,,, is dissolving in pure water that is closed to the atmosphere, as shown
in the following figure. An example in nature of this model system is CaCOyy
dissolving from a sediment into the bottom of a stratified lake.

CASE 2
CaCQ; dissolving or precipitating in water open o the atmosphere, as shown

in the following figure. In nature this might apply to CaCOy, dissolving in the

high P¢q, atmosphere of the soil air. When the water rises to the surface (Peg, =

10**agtm) in a spring, CaCQ,, may precipitate in the form of the mineral

travertine,

-

'"X. E. Chave, K. 8. Deffeyes, P. K. Weyl, R. M. Garrels, and M., E. Thompson,
"Observation on the Sclubility of Skeletal Carbonates in Aqueous Solutions,”
Science, 137: 33 (1962). .
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CASE 3

© CaCQyq is in equilibrium with water, open to the atmosphere and to which
various quantities of strong acid or base have been added, as shown in the
following figure. This could model the dissolution of CaCOQOy,, from scil by H*,
{strong acid) produced by the oxidation of ammonia present in sewage spread on
the soil in, for example, a groundwater recharge operation.

Ca Cy
3 COz1g '

H2COg

|1

HCO;

We will consider each of these cases further in the following three
examples,

Example 6-14

Case 1

Find the concentrations of all species, the alkalinity and the hardness of the
solution that results when CaCOy,, is equilibrated with distilled water closed to
the atmosphere. Neglect ionic strength effects and calcium complexation; the
temperature is 25°C.

Solution

The unknowns are Cr ¢q,, 8, [Ca?*], [H,COjl, [HCC,™), [CO,*], [H*], and [OH.
Thus eight eguations are required to define the system.

Equilibria
() K,=10"= [H[OH"]
.. [HYHCO.]
@ Kar=107°= " con]
. [HYCOM]
B Kap=107100= [HCO;7]

&) Ky = 1072 = [Ca®*][CO]
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Mass Balances
8) S = [Ca*]}
(6) S =[HLCO4 + [HCOC,;7] + [CO,M)
(1) S§=Creo,

Charge Balance
(8) 2[Ca?] + [H*] = [OH"] + [HCO,] + 2[CO])

Our approach to sclving these problems will be to express the concentration of
each constituent appearing in the electroneutrality equation in terms of [H*] and
constants and then substitute into this equation. The resulting expression can
then be solved for [H*] by trial-and-error. Then using the determined value for
[H*], the values of each component can be determined. In making these manip-
ulations, the a values given in Appendix 1 are helpful.

oo HLCO _[HCO.]
0 CT.CO; ! ! CT.CO‘-,
_ €0

%27 Chco,

Substifuting equations (1), {5), and the « values into {8}, we obiain

K.
ZS + [I‘I+] = ‘m“i‘ aicT,CC)3+ ZC{QCT,CQJ

From equations (4), (3), and (7).
Koo = (8)eS)

12
(5
Qa

Also from equations (5) and {7), and since CaCO,, is dissolving in pure water,
[Ca®] =Cr.co,

Substituiing these values in (8), we find
Kso uz o Kw Kso w Kso =
@ A3 rm g () ree()
The only unknown in this equation is [H*]. A trial-und-error solution yields: pH
= 9.95, [Ca®} = 1.27 X 104 {HCO,] = 8.9 x 1075, {CO:*] = 3.8 x 1075 [H.COj]

= 2.5 % 107% total alkalinity = 2.5 x 107* eq/liter, total hardness = 1.27 x 10~
molefliter, S = 1.27 x 10~* mole/liter.

Example 6-15

Case 2
Find the solubility of CaCQy, in a distilled water system open to an aimosphere
with, Peg, = 10725 atm. Determine the concentration of each species, the alkalinity,
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and the hardness. Neglect calcium complexation and ionic strength effects; the
temperature is 25°C,

Solution

The unknowns are 8, Cr.co, [H*], [OH]. [HLLO3), [HCO;7], [CO,*), and [Ca®].
Thus eight equations are required.

Equilibria
() K, =10 = [H*[OH]

[H'HCO, ]
(H.COs}

— 10-w3 = BJ[COT]
@) Kyp=10720=Zp o

4) K, = 103 = [Ca®][CO]
(5) [H,CO%} = KuPco, = (10~ "Smole/liter-atm)(10 ~Satm) =10 =5

@ K, =10"%2=

Mass Balances
(8} S = [Ca®']
{7} Creo, = [HCO3] + [HCO,; ] + [COST
Note that § # Cqco, because [H,COjlis controlled not by the dissolution of
CaCOy, but rather by equilibration with the atmospheric Pgg,.
Charge Balance
{8) 2[Ca®'} + [H'} = [OH} + [HCO;7] + 2[CO4]
We will use the same technique as in Example 6-14, namely, finding concentrations

in terms of [H*] and constants and then substituting them in the charge balance
equation. From (5) and using «,, we obtain

[HCO3.=10% = aCr,co,
or

108
CT.CO;, = a_
-0

From (4) and «,,

K K
Ca?t] = so 50
[Ca™ [CO&T  {(:Creo)

s

Substituting 10" ¥a, for Cr ¢,

K sotxg

(Ca®] = 1079
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and substituting into (8) yields

20K 5o 1 — K. E I (l_(z_j

10, + [HY] = [H] + a, p” + 20, o
The only unknown in this equation is [H*]; accordingly, it can be solved by trial
and error yielding pH = 8.3, [H.COj] = [CO4*} = 105M, [HCO,] = 1078 M, [Ca?'}

= 5§ x 107" M, total alkalinity = 1072 eg/liter, total hardness = 5 %X 10°* M, and S
=5 x 10— M.

Note the effect of exposing the solution equilibrated with CaCO;, to
an gtmosphere containing only 1073° atmospheres of CQ,. The pH of the
solution has been depressed from 39,95 to 8.3 while the CaCQOy,, solubility
has increased from 1.27 X 1074 M to 5 x 10~* M (or from 12.7 mg/liter as
CaCO; to 50 mgfliter as CaCO;)—an almost fourfold increase. This
solubility increase is reflected in increases in alkalinity and total hard-
ness. Comparing these two examples illustrates the solvent effect of CO,
on carbonate minerals and provides an explanation for the way in which
groundwaters pick up hardness and alkalinity. Consider the situation in
a limestone strata that is in contact with an atmosphere containing 1072
atm of CO,—a reasonable amount of CO, for soil air. The water will have
a pH of approximately 7.3, and a total hardness and alkalinity of
approximately 125 to 150 mg/liter as CaCQ, at equilibrium.

Example 6-16
Case 8

This case is identical to the second case, except that strong acid or strong base
is added to the system. We must determine the same concentrations, In this
example we will add 107® mole of the strong acid H,S0; per liter of soluticn
although a similar approach to the problem could be taken if a strong base were
added,

Equations 1-7 in Example 8-15 are applicable, together with

8} Crs0,=[B021=1x10"3
and a medified charge balance,
2[Ca?] + [H*] = [OH] + [HCO,7] + 2[CC2} + 2[50,27]
Substituting in the same way as in Example 8-15, we obtain
x 10 n,

ZOCQKSQ Kw 10 '505 5

10-%a, g + p + 2 p” +(2x1073)
Solving by trial and error yields pH = 8.0, [H,CO;z} = 1075, [HCO;] = § x 107¢,
[CO®] = 3.8 % 1078, {Ca®] = 2.5 x 1073, total alkalinity = 5 X 107* éqg/liter, and
total hardness = 2.5 X 107% molefliter.

+[HY =

Two types of problems that often arise in conjunction with water
treatment processes such as softening and water conditioning are: Is this
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solution saturated with respect to CaCQjy,,? If not, is it undersaturated or
oversaturated and what doses of which chemicals must be added to a
water to produce a treated water of specified composition (¢lkalinity, pH,
hardness, and degree of saturation with respect to CaCOy,)?

The latter question is only addressed in an introductory fashion in this
text, and the reader is referred to books on water treatment for a more
detailed discussion of water conditioning. The use of diagrams such as
the Arbatsky'? and Caldwell-Lawrence diagrams is common. More
modern approuaches utilize the computer to solve the equilibria invelved
in these problems. In water conditioning the water is treated as a closed
system with CaCO,, present, bui the calculations may be somewhat in
error because the system does not entirely behave as a closed system.
The composition of the system is computed prior to chemical dosing,
chemicals (e.g., acid, base, CO,, and alkalinity) are added, and the
composition of the system is computed following chemical addition—
again assuming a closed system.

The determination of whether « solution is in equilibrium with CaCQOg,
can be accomplished by calculating the free energy of the solution as
described in Chapter 3.

Example 6-17

Water of the following composition is obtained following a softening/recarbon-
ation process: [Ca®] = 1 x 1073, [HCO,"1 = 2 x 1073, pH = 8.7, temperature =
10°C, = 5 x 1072, Is the water at equilibrium with CaCO;,,?

Solution

Combine the equations' using Table 4.7, Chapter 4 to obtain the necessary
constants,

(1) CaCOqye = Ca?* + COZ  log K., = —8.15

(2} H*+CO# ==HCO;~; log =10.49

1
K&,?

(3) CaCOyy + HF = Ca?* + HCO,; logK = 2.34
From Egs. 3-20 and 3-22,

AG = AG°+RTInQ
AG® = ~RT InK

], W. Arbatsky, "Zeichnerische Ermittlung der Enhdrtungs Verhalinisse von
Wassern. Nach dem Nomegramm von F. W. Staffeldt und dem XKalk-Soda-
Wasserbild” Gas und Wasserfach, 83: 90-92 {1940).

*D. H. Caldwell and W. B. Lawrence, “"Water Softening and Conditioning
Problems,"” Ind. Eng. Chem., 45: 535 {1953).

" Equation (1} could have been used, but the combination equation (3}, is more
appropriate, since HCO, is the major carbonate species at the pH values
typically encountered and it can he more accurately determined,
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Let us {irst caleulate AG® and then Q.
AG® = ~{1.987 x 10-3)(283)1n 10%*

= —3.02 kcal
o= {Ca**H{HCO,}
{H*}
pH = —log {H*} =8.7
so that
{H+} = 10-87
Also,

{Ca*} = (yeaCa®) {HCOs} = (yuco,-HHCOT]
From Fig. 3-4"for o = 5 % 1073,
Veazs & 0.75. ‘}'HCOQ“ = (.93

(0.76)1 x 10340.93)2 x10°%)
Q= 10757

= 6.99 x 102

and using the values of AG® and Q we obtain

AG = —3.02 + (1.987 X 10-%(283)In6.99 %102
= 0.66 kcal

Because AG > 0, the reverse of reaction (3) as written is proceeding spontanecusly
and precipitation of CaCQy, is taking place.

The Langelier Index The problem of determining whether or not a water
is in equilibrium with CaCOy can be approached by determining
whether the so-called Langelier Index (L.1.) {(or Saturation Index, S.1.} is
positive or negative. The L.I. is defined as the difference between the
actual {or measured) pH of a water and the hypothetical pH the water
would have if #t were in equilibrium with CaCQOy,,."®

L.I. =pH, — pH, (6-38)
where

pH, = actual pH of water
pH. = pH of water if it were in equilibrium with CaCQ,, at
the existing solution concentrations'” of HCO,~ and Ca®*

5 Note that the DeBye-Huckel limiting law could also have been used to calculate
the activity coefficients,

1% W. F. Langelier. “The Analytical Control of Anticorrosion Water Treatment,” /.
Am. Water Works Assoc., 28: 1500 (1938).

7 Some determine pH; by using the total alkalinity in place of the [HCO,]
concentration in the existing water. However, this leads to a reversal in sign
for LI, at pH > pX,,. i.e., precipitation occurs if the LI < 0, instead of
precipitation occurring if pH > 0 as is true at pH < pK,,. (See R, E. Lowenthal
and C. V. R. Marais, Carbonate Chemistry of Aquatic Systems: Theory and
Application, Ann Arbor Science Publishers, 1976.) Defining pH, as presented
above avoids this problem. In the pH range normally encountered, the two
approaches are essentially the same, since total alkalinity (eg/liter) = [HCOQ;).
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If g water has a L L. of zeto, it is in eqguilibrium with CaCQyy; if the L.L
is a positive value, the water is oversaturated with respect to CaCOys,
and will tend to precipitate CaCOyy); and if the L.1 is a negative value,
the water is undersaturated with respect to CaCQO;,, and will tend to
dissolve CaCOyy,.

The expression for the value of pH, is derived from the equilibrium
constant of the equation,

KSD
CaCOyy + H* = Ca?* + HOOss K=
a,2
KSO . {CC[2+}{HCOQH} — ‘)’C32+{C(12+} 'YHCOJ'[HCOQ_]

Kae {H*} {H"}

log {H*} = logK,, — logK,, + log [Ca?*]
+ log [HCO; ] + log ¥caz+ + 10g Yheo,~
or
pH = pK,2 ~ PK, + p[Ca®*] + p[HCO;7) — log yeare — log Yhco,~  (6-39)

The total alkalinity in eq/liter can be used interchangeably with [HCO;7]
for waters with pH < 9, When calcium complexes make up a significant
portion of the total calcium concentration, the concentration of these
complexes must be substracted from the total calcium io yield [Ca®tl.
Also, if species such as aqueous silica coniribute to the total alkalinity
(see Section 4.13.5) the portion of the total alkalinity attributable to these
species must be subtracted from the total alkalinity; the difference is then
used to calculate the HCO;~ concentration,

Using the constants, the measured values of [Ca?**] and {HCO,™] and
the values of the activity coefficients as given in Example 6-17, we can
solve for pH; thus:

pH, = 10.48 — 8,15+ 3 + 2.7 + 0.12 + 0.03 = 8.19
Therefore,
LI = pH, - pH, = 8.7 — 8.09 = +0.61

The L.I. is posiiive, so the water is "encrustive” and will tend to
precipitate CaCQOyy,.

The two procedures for assessing the state of a water with respect to
CaCQ;y, are identical. This is shown as follows: Consider the reaction

CaCOjyy + HY = Ca?t + HCO,™
_ {Ca?*}{HCO;} - Year+Yheo, [Ca*][HCO 4]
{H*} {H*}

Q= ?’Ca“')’Hcoa-ICQH]a tHCO;],
{H*},

K
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where [ ] and { } denote equilibrium concentration and activity and [ ],
and { }, denote actual or measured concentrations or activity.

Now

Q _ Yoart¥reo [Ca* ] [HCO, [o{H™}
K yea+¥nco, [Ca®]HCO,] {H'},

From the definition of pH, given above,

[Ca®}; = [Ca®]

and
[HCO;7], = [HCOy]
then
Q_{#1}
K {H'},
Since
 pH, = —log {H*}
pH, = —log {H*},
We have
log% =pH, - pH; =L.L
From Eq. 3-23,

AG =2.3RT logg = 2.3RT(L.L) (6-40)

Thus a positive AG corresponds to a positive L.1,

The question of whether a water is oversaturated, undersaturated, or
in equilibrium with calcium carbonate is important in the water industry,
where processes called water conditioning are used to adjust the state of
CaCOyy, saturation. The importance of the CaCO;, saturation condition
of a water relates to its behavior during transpori, for example, in
distribution systems and conduits and to some extent to its behavior
during granular media filiration. Waters grossly oversaturated with
CaCO; will tend to lay down precipitates of CaCQyy on the interior of the
pipe, reducing its carrying capacity and in extreme cases blocking the
pipe altogether (Fig. 6-14). Waters grossly undersaturated with respect to
CaCQO; tend to dissolve the protective CaCOQy,, coatings of transmission
lines and are often classified as being “corrosive.” Generally, an attempt
is made in practice to maintain the L.I. slightly positive, although in
some areas of the United States and Europe « slightly negative or zero
value is used. If the water is supersaturated, it is desirable to know how
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Fig. 6-14. Water distribution conduit virtually blocked with precipitated CaCQ,.
Courtesy of R. R. Trussell, J. M. Montgomery Engineers, Pasadena, Calif.

much CaCQy, will precipitate or dissolve. The L.I. has limited application
because it tells us only whether precipitation or dissolution, if any, will
tend to take place. Indeed, a water with a L.I. of 0.3 and « high buffer
intensity may precipitate more CaCOQOy,, than one that has LI, of 0.5 and
a low buffer intensity.

Precipitation Potential We can calculate the amount of CaCQ,, that
will precipitate or dissolve as the water equilibrates by applying the two
following principles to calculate equilibrium concentrations:

1. Total acidity does not change as CaCQ;, precipitates or dissolves.

2. Total alkalinity {eq/liter} — calcium (eqg/liter) = constani, as precip-
itation or dissolution takes place.

The total acidity does not change because CO,*~ does not enter into the
equation for i, that is,

Total acidity = 2[H,CO3} + [HCO,™] + [H*] — [OHT]



7

Calcium Carbonate Solubility and Water Stability 293

This i analogous to the fact that the addition or elimination of CO, does
not alter the total alkalinity if it does not cause CaCO;,, to precipitate or
dissolve. The total alkalinity, defined as

Total alkalinity = 2[COy*7] + [HCO,7} + {OH"] ~ [HY]

changes as CaCOy, precipitates or dissolves but total alkalinity (eqg/liter)
— Ca?* {egfliter) does not change because the number of egfliter of Ca®*
removed or added via CaCOj, precipitation or dissolution is egual to the
eq/liter of total alkalinity removed or added. The calculation procedure
is Hilustrated in the following example,

Example 6-18

Calculate the amount of CaCOyy,, in eqfliter and mg/liter as CaCQ,, which will
precipitate as the solution in Example 6-17 is equilibrated. Neglect ionic strength
ettects in this calculation.

Solution

The system is assumed to be closed so no CO; can enter or leave.,

The unknown concentrations after equilibration are {H,CO3}, [HCO;1, [CO%),
(H*], [OH], [Ca?*], and C+ cq,. Thus seven equations are needed to determine the
equilibrium concentrations.

From Example 6-17, before precipitation, we know [Ca¥*], = 1 % 1073, pH =
8.7, and [HCO,} = 2 x 1072, At 10°C, K, , = 107%% K, , = 107, K, = 107" {from
Table 4-7) and K, = 107" {interpolating from Table 4-2}. Using K, and K,,, we
calculate [H,CO3] = 1.1 x 107% and [CO,2"] = 3.2 x 10-%, Using these values in the
equation for total acidity given above, we find total acidity = 2,02 X 1073 eg/liter.
Also, total alkalinity {= 2.07 x 107 eg/liter} — Ca?* {= 2 x 1072 eg/liter) = 0.07 x
1072 eq/liter.

After the solution equilibrates we can calculate the equilibrium concentrations
knowing that total acidity and [total alkalinity ~ Ca®* (egfliter)} does not change.
The equations we need are

(1) Total acidity = 2[H,COj + [HCO,7] + {HY] — [OH7] = 2.02 x 102 eq/liter

(2} Total alkalinity — Ca?* (eq/liter) = 2[CO] + [HCO;] + [OH] — [HY] -
2Ca?] = 7 x 10°*

_ [)HCO, ]
@ £ = TH,COY

HHCO]
[HCO4]

(5) Cr.co,= [HC03] + [HCO; + {CO
6) K. = [H'){OH]
) Ko = [Ca®][CO™]

To solve, substifute into equation (2) to obtain one equation with one unknown,
[H*], and solve by irial and error, just as was done in Examples 6-14, 6-15, and

4 Ki..=
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6-18. Remembering o = [HLO3VCreo, o = [HCOWCrcq, and o« =
{C04#1/Cr.co,. The result from combining equations (3), (4) and (5) and using
equation (7) to obtain [Ca®] =K Aa:Crco,) and substituting into equation (2} is

K 2K
s w, o Sthse | ¥
(8 7x107°=Creof2ar+ ay + [H*T  02Croco, i

and from equation (li)
2,02 x 103 — [H' + (K /HY)

zao + oy

{8) Creo=

We can solve equations (8) and (9 by assuming [H*], obtaining « values from
Appendix 1, calculating Cy,¢q, from equation (9), and then determining if equation
{8) is satisfied. If not, a new value of [H*} is assumed. We can simplify the
procedure somewhat in this case by assuming [HY] and K./[H*] to be small
relative to the other terms in equations (8) and (8). Using this approach, we find
[H*] = 10-2%, From equation (7), [Ca®] = 9.48 x 10~* M.

Subtracting the [Ca?'] at equilibrium from the [Ca®] criginally present yields
the Ca?*, and thus the CaCOQy,, which precipitates per liter of solution.

- [Ca®*orig — [Ca*lequ=1%x10"-9,48 x10~*
) =0.52 X 10~*mole/liter
0.52 x 10~*molefliter x 2 eq/mole =1.04 x10 ~eg/liter
1.04 x 10~% eg/liter x 50,000 mg CaCQyleq = 5.2 mglliter as CaCO,

The theoretical precipitation potential of CaCOj,, found in Example 6-
18 was 5.2 mg/liter, which is within the range of 4 to 10 mg/liter suggested
tor a well-conditioned water by Merrill and Sanks.'® A similar approach
to that given in Example 6-18 can be used to determine the concentrations
of conditioning chemicals to add if they are needed. Such calculations,
as well as calculation of the precipitation potential, are facilitated by the
use of diagrams such as the Caldwell-Lawrence diagrams; use of these
diagrams is discussed by Merrill and Sanks. Water with the desired
precipitation potential is thought to provide a thin protective coating of
CaCOy, on the inside of distribution lines and go aid in preventing their
deterioration by corrosion. The most effective CaCOy, layers appear to
be those uassociated with iron hydroxide and iron carbonate precipitates, ®
A slight supersaturation with CaCOy,, and high alkalinity also provides
the water with pH buffering capacity against CO; generated in the
distribution systems, by slime growths for example, and prevents corro-
sion by preventing low pH values from cccurring {see Section 7-6 for a
discussion of the effect of pH on corrosion), Waters that have a low
calcium conceniration and o low alkalinity, and thus a low buffer

¥ D, T, Merrill and R. L. Sanks, “Corrosion Control by Deposition of CaCO, Films,"
I. Am., Water Works Assoc., 63: 592 (1977); 69: 634 {1977); and 70: 12 (1978).

¥ C. Feigenbaum, L. Gal-or, and J. Yahalom, Corrosion, 34: 65 {1978); and 34: 133
(1978).
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intensity, may require the use of L.I. values as high as 1.0 to prevent

corrosion.” However, good protective films usually do not form under
these conditions; Stumm found that when o high pH was necessary to
create g positive L.1., scale formation was not uniform.?

6.7.2. The Effect of Complex Formation on the Solubility of CaCOg,,,

The following carbonato and hydroxo complexes and their dissociation
constants at 25°C have been reported for Ca?*;

CaCOy =2 Ca?t + CO?; logK, = —3.22 (6-41)
CaHCO,* = Ca?* + HCO;™; logKqy=—1.28 (6-42)
CaOH' = Ca?" + OH~; logK, = —1.49 (6-43)

It should be noted that the reported values of constants for these equilibria
vary widely. The values used here are representative. We can combine
these equilibria with the equation for CalQy,, precipitation and then
plot the resulting equations to determine the effect of these complexes on
total soluble calcium. For CaCQ.?,

CC‘.COQ(S) — CCI2+ + COaz_; log KSG = —-8.3
1
Ca?t + CO2~ = CaCOy; logE = 3.2
. d
CaCOy,, = Cally; log K = —5.1
Thus
105 = [CaCQ,°] = 8.3 X 10°M (0.8 mg/liter as CaCQ,) (8.-44)

whenever CaCOQ;, is in equilibrium with solution. For CaHCO,*,
H* + CaCOyy = CaHCO,*; logK = 3.26

or

[CaHCO,*] = 1.8 x 10°[HY] (6-45)
and for CaOH*

[CaOH'] = 31{Ca?*][CH] (6-48)
Equations 6-44 to 6-46 are plotted in Fig, 6-15 together with the equation

Crca = [Ca®'] + [CaOH'] + [CaHCO;*] + [CaCOy]

and the equation for [Ca?*] determined from K, for CaCQy. The

procedure used to develop the plot is illustrated in the following example,

% T, E. Larson, "Corrosion by Domestic Waters,” {llinois State Water Survey
Bulletin 59, Urbana, I11., 1975,

21 W. Stumm, "Investigations on the Corrosive Behavior of Water,” Am. Soe. Civil
Engrs., J. Sanit. Eng. Div., 86: 27 (1980).
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g

1.0 —

‘—log concentration (M}, pC

Fig. 6-15, Concentration of calcium spe-

cies in equilibrium with CaCOyy at
25°C.

Example 6-19

The pH of a 25°C solution in equilibrium with CaCOyy, is 12. The Cree, is
measured and found to be 10-* M. Assume a closed system and that activities are
equal o concentrations. What is the concentration of dissolved calcium?

The unknowns are Crc,, [Ca?t], [CaOHY], [CaHCO;, [CaCCyl,
{H,CO3). [HCO,7], and [CCO,27). Thers are eight equations.

(1) Creo, = 107 = [H,CO3] + {HCO,7] + {CaHCO;* + [CaCOy] +
[CO:]

(2) Crea = [Ca?'] + [CaHCO,] + [CaCO} + [CaOH*|
@) K, = 1073
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(5) K., =103
5) K., = 10103
(8) [CaCO) = 10751
(7} [CaHCO4'} = 103 [H*]
(8) [CaOH*} = 31[Ca?+}[OH]
Determine [CO;?*"] from equation (1). At pH 12,

' [CO] = [HCO4] == [H,COj]

Therefore, neglect [HCC;"] and [H,COj3}. From equation (7)
[CaHCO,*] = 102 x 1072 = 10737
[CaCOy?] = 10731
1078 = [CO> ] + 10787 4+ 1075

Therefore,
[COSE“] - 10*3
Obtain [Ca®**] from equation (3),
K 10—3.3
24] = ——~%9
(Ca™1= 1007~ 107

[CC[2+} - 10—5.3
From equation (8},
[CaOH*] = 31{Ca?*][OH)
=31 x 1052 x 10-% = 10~5:8
From the calcium mass balance, equation (2),

Cre = [Ca?] + [CaHCO, + [CaCOy) + [CaOH*
—_ 10—5.3 + 10#8.74 + 10—5.1 + 10—5@
= 10784 =] .4 x 1075

If the complexes had been neglected,

K
Crea =[Cd?]) = -

{CO*]
Crico, =[CO] = 1073
10-82
[Ca?] = =107 =5x 10-°M

1073

297

From this calculation it can be deduced that if we had neglected the
calcium complexes in our computation, we would have underestimated

the disseolved calcium by
1.4x 105 -5 x 10 =9x 10°M
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or
9 x 107® x 10° mg/mole = 0.9 mg/liter as CaCO,

This example provides a further illustration of the way in which com-
plexation increases the solubility of sparingly soluble solids. The curves
in Fig. 6-15 show that the consideration of calcium complexes becomes
significant in determining calcium solubility at pH values above 8.

The solubility of calcium is affected by the SO~ complex, and mag-
nesium solubility is affected by OH~, CQO,?, HCO;™, and 502~ complex
formation:

CaSOL=Ca® + 802 logK,= ~2.31
MgCO,°=Mg?* + CO2~  logKy= —3.4
MgOH* = Mg?®* + OH~;  logK,= —2.6
MgHCO, = Mg® + HCO,~;  logK,= —1.2
MgSO.L=Mg? + 8027  logK,= —2.36

The consideration of complex formation by both Ca®' and Mg** is of
significance in determining the lowest achievable residual hardness by
the lime.soda water-softening process. Complexes of Ca?' and Mg?* are
weak enough to be titrated by EDTA, that is, EDTA can breck these
complexes, in the commonly used, complexometric, titration analytical
procedure and so will register as residual hardness. The presence of
complexes may require thai a higher value of L.I. be used to produce a
noncorrosive water, assuming that the concentrations of complexes are
not taken into gccount when the L. is calculated, For example, at pH 9,
the presence of 200 mg SO, /liter will increase the solubility of CaCQy,
from1 X 107*Mto 1.4 X 107*M when Cr,co, = 1 X 107 M. When calculating
the L.I., the concentrations of calcium complexes should be subtracted
from the total calcium concentration to yield the Ca®' concentration. This
value can then be used directly in the L.I. equation, Eq. 6-39.

6.8. PHOSPHATE CHEMISTRY

6.8.1. Reactions of Phosphates

The chemistry of phosphates as relevant to aquatic systems is discussed
as an example of the importance of heterogeneous equilibria in waters.
Phosphorus, present as various forms of phosphate, is of central concern
to @ wide variety of biological and chemical processes in natural waters,
wastewater, and water treatment, Phosphate is a nutrient required for
the growth of all living protoplasm that contains approximately 2 percent
phosphorus on a dry weight basis. -As such, phosphorus can be the
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element in short supply that limits the growths of photosynthetic aquatic
plants, Phosphate is used as a nutrient by organisms in biological waste
treatment processes. Phosphates are used in indusirial water-softening
processes, where their ability to form sparingly soluble calcium salts is
capitalized upon. Also, condensed phosphates are employed as agents
for complexing Ca?* and Fe®' in boiler waters, as "threshold treatment
agents” (e.g., the use of sodium tripolyphosphate which adsorbs on the
surface of calcite crystallites and thus prevents CaCQ;,,) precipitation)
and as builders in synthetic detergent formulations (where tripolyphos.
phate stabilizes dirt particles, and complexes Ca?* and Mg?* to prevent
them from combining with the detergent moleculs).

Several of the more common classes of phosphorus.conigining com-
pounds are presented in Table 6-3. In the orthophosphate anion, the P
atom is centrally bonded to the oxygen atoms, which are located at the
corners of & tetrahedron. The condensed phosphates—the polyphosphates
and metaphosphates—are formed by the condensation of two or more
orthophosphate groups and have the characteristic P—O—P linkage.
While polyphosphates are linear molecules, the metaphosphates are
cyclic. .

Typical concentrations of phosphates found in various waters are given
in Table 6-4, In fresh raw domestic wastewater the phosphate is distributed
approximately as follows: orthophosphaie, 5 mg/liter as phosphorus,
tripolyphosphate, 3 mg/liter as phosphorus, pyrophosphate, 1 mg/liter as
phosphorus and organic phosphates < 1 mg/liter as phosphorus. Second-
ary biclogical treatment, and indeed prolonged contact with the micro-
organisms in raw sewage, ensures the hydrolysis, (“reversion”) of con-
densed phosphates to orthophosphate. Tripolyphosphate, for example,
hydrolyzes as follows:

HP,0,* + 2H,0 = 3HPO* + 2H*

Hydrolysis is catalyzed by H*. Examination of Fig. 2-8 shows that at 10°C
the time for 5 percent hydrolysis of & pyrophosphate solution at pH 4 is
about 1 year; at pH 7 is many years and at pH 10 is over a century! Of
course, catalysis of the hydrolysis reaction by enzymes is important in
nonsterile natural waters. Wastewater effluent and natural waters contain
significant amounts of organically bound phosphate. Indeed, some esti-
mates of the phosphate content of natural waters assign between 30 to
80 percent of the total phosphate to the organically bound category.

Phosphate solubility equilibrium constants and complexation equilib-
rium constants are given in Table 6-5.

The behavior of calcium phosphate precipitates in dilute agqueous
solutions serves to illustrate some of the difficulties that one may face
when attempting to apply equilibrium calculations to predict solution
concentrations of ions in contact with a solid. The calcium phosphate
system by itself is very complex. From Table 8-5 it can be learned that
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TABLE 8-3 Classes of Phosphorus-Containing Compounds of Impoertance
in Aquatic Systems

Acid
Structural Ionization
Representation Constants
Group {Typical) Species of Importance (25°C)
0
" H3PO4, HZPO.{", pKa.I = 2.1,'
Crthophosphate —O0—P—0~ HPG .2, POS2, pK..="7.2,
é)_ HPO,* complexes pK.. = 12.3
(ﬁ " H,P,0,, H,P,0,~, pK,. = 1.52,
- H,P.O2, Kao = 2.4,
Polyphosphates O—}[’—-O—T’—O— H;’zé);‘, PO gKa'i 66,
o o HP,O;* complexes K, = 93
pyrophosphate
(") (H:l) (") H,P;,Omz“, pKa.:! = 2.3,
. HPiO4* pKa: = 8.5
O PO P—0—P_()- 2Fa- a4 '
© | T }T © HP;O4* PyOw™ pK.s= 9.2
0 O O HP,O,4* complexes
tripolyphosphate
0O O~
N\
7N o
Metaphosphates O\L }L//’O HP O, P,O8 PK.3 = 2.1
VA R N
_ 0 G
O
trimetaphosphate
OH
CHZO—ﬁ_OH Very many types, including
Organic 8] phospholipids, sugar
phosphates o} phosphates, nucleotides,
OH phosphoamides, etc.
OH OH

OH
glucose B-phosphate

there are a variety of solids that may form (and many more than listed
may form); there are the acid-base equilibria of phosphoric acid to
consider as well as complex formation of species such as CaHPO,* and
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TABLE 6-4 Typical Concentrations of Total Phosphorus in Water

Domestic waste water 3-15 mgfliter as P . 15 x 10 M
Agricultural drainage 0.05-1 mglliter as P 2-30 x 107 M
Lake surface water 0.01-0.04 mg’liter as P 318 x 107 M

TABLE 6-5 Representative Heterogeneous and Complexation Equilibria
of Phosphates (25°C)

"Heterogeneous Equilibria K s
Calcium hydrogen CaHPO,,, = Ca® + HPO2 + 6.68
phosphate
Calcium hydrogen CaHPOy,, = Ca?t + HPO + 6.66
phosphate
Calcium dihydrogen Ca(H,PO) s = Ca?®* + ZHPO, + 1.14
phosphate :
Hydroxyapatite Cas(PO,),0H,, = 5Ca?* + 3POS + OH- +55.9
B-Tricalcium phosphate B-CasPO,)ys = 3Ca?t + 2PO 2 +24.0
Ferric phosphate FePO,,, = Fe* + PO~ +21.9
Aluminum phosphate AlPOyy) = Al** + PO2 +21.0
Complexation Equilibria pK
With orthophosphate NaHPO,” = Na* + HPC,> + 0.6
MgHPO,* = Mg?** + HPO,* + 2.5
CaHPO,2 = Ca®t + HPO2- + 2.2
MnHPO? = Mn?** + HPO,/~ + 2.6
FeHPO,* = Fe®* + HPO + 9.75
CaH PO+ = Ca®™ + HPO, + HY - 56
With pyrophosphate CaP., 0 = Ca* + PO + 5.6
CaHP,O,” = Ca® + HP,0" + 2.0
Fe(HP 0., = Fe® + 2HP,O~ +22
With tripolyphosphate CaP 0, = Ca® + PO, + 8.1

CaH,PO,*. However, let us consider the magnitude 6f the phosphate
concentration that we would predict to be in equilibrium with hydroxy-
apatite—the thermodynamically stable solid under typical natural water
conditions of solution concentration, pH, and temperature.

From Table 6-5,

Cas(PO)(OH), = 5Ca2* + PO + OH-; K, = 10-55°
[Ca?*]? [PO2]* [OH] = 107552

o
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For typical cond1t1ons of pH 8 and [Ca®* ] = 1.5 x 107* M (150 mg/liter as
CaCQ,)

(1.5 x 1079 [PO> 712 (1075 = 1075
[POF1=12x10"M
or
3.7 x 107° pg/liter as phosphorus

Therefore, we might deduce that if natural waters were in equilibrium
with hydroxyapatite, or stated another way “if the orthophosphate con-
centration of natural waters was controlled by hydroxyapatite,” we would
not be much concerned with problems of algal growth associated with
phosphorus, We would also encounter remarkable success if we were to
precipitate phosphate from wastewater by adding calcium salts such as
lime. Because we know that phosphate levels in wastewater. treated with
calcium salis and in natural waters far exceed the calculated equilibrium
value, we might deduce that hydroxyapatite does not control the ortho-
phosphate level, What then is happening? While the entire answer fo
this question is beyond the scope of this text, some facets of the system
can be explored to illusirate the proctical consequences of the previous
discussion in this chapter on precipitate formation by nucleation, phase
transformation, and crystal growth. A general picture of the nature of
calcium phosphate precipitation is provided by Fig. 6-16.

In a supersaturated solution there is at {first a period of time before any
decrease in dissolved phosphate takes place. This so-called induction
period represents the time for nuclei to form. Ferguson et al.’® showed

Induction
Nucleation, preeipitation of amorphaus phase

/ Phase transformation

Crystal growth of stable crystalline solid -

Digsolved phosphate
concentration

Time

Fig. 6-16. Idealized scheme for calcium phosphate precipita-
tion kinetics.

1. F. Ferguson, D. Jenkins, and A. B. Menar, "Chemical Processes for Phosphate
Removal,” Water Research, 5: 369381 (1971).
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Crca =2x107% M pH=78 Crystals added to solution
€y, co;=5 x 10~3 M Temperature= 265t 1°C of approx. original composition

! T I ! ] | | I

| '

0.25

0.20
.15

0.10

Phosphate concentration, mg/liter

0.05

i | I
0 50 100 150 200 250 300 350 400 450

Time, hr

Fig. 6-17. Effect of crystcri seeding on rate of calcium phosphate precipi-
tation. ]. F. Ferguson et al., Water Research, 5: 369-381 (1871). Reprinted
by permission of Pergamon Press.

that if a crystal seed of precipitated calcium phosphate were added to a
solution supersaturated with respect to hydroxyapatite, there was «
virtual elimination of the induction period as the precipitate gcted as a
nucleus for further precipitation as shown in Fig. 6-17.

Following nucleation the formation of an amorphous precipitate occurs.
The term amorphous refers to a solid that does not have a well-organized
crystal structure and is almost always more soluble than the correspond-
ing crystatline solid. The amorphous nature of calcium phosphate pre-
cipitates may indeed be an important reason why phosphate solution
concentrations are present in natural waters at higher levels than
predicted by equilibrium with the crystalline solid. For the example of
calcium phosphate precipitation given, we can see that precipitation not
only results in an amorphous solid but also a precipitate whose solubility
is greater than the thermodynamically stable phase. Such a solid is not
stable and will transform, albeit slowly, to the stable solid phase.
However, the first-formed solid may he stable enough to control solution
phosphate concentrations in a pseudo-equilibrium or steady state situa-
tion. An example of such a system is provided by the work of Menar and
Jenkins,” who found that, in the presence of magnesium ion, the residual
phosphate concentration in wastewater after treatment with calcium salts
" A, B. Menar and D. Jenkins, "Calcium Phosphate Precipitation in Wastewater

Treatment,” SERL Report 72-6, Somitary Engineering Research Laboratory,
Universily of California, Berkeley, 1972, .
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could be described by an equilibrium between it and the solid phase 8-
tricalcium phosphate, 8-Caf{POJ,, with a solubility product of 107, Let
us compare two systems at pH 8 and [Ca®*'} = 1.5 X 107 M, one in
equilibrium with hydroxyapatite and the second with g-tricalcium phos-
phate.

From previously, for phosphate in equilibrium with hydroxyapatite,

PO = 3.7 x 1075 pg/liter as phosphorus
For B-tricalcium phosphate,
{CGZ+]3{PO43~]2 = 10—24

iy 142
10 ) =18x10*%M

(PO = ((1.5 X 1079

or
PO~ = 0.5 ug/liter as phosphorus

This shows that the system in equilibrium with the less soluble solid
can contain four orders of magnitude less orthophosphate than the water
in equilibrium with B-tricalcium phosphate.

A further factor important in the control of phosphate levels by calcium
phosphate precipitation is the rate of crystal growth. Ferguson et al.’?
showed that a rate law of the form

ac

— = —kS(C -C*

at { r
was applicable for postinduction periods, or where an induction period
was absent,

where

n = order of reaction
S = available crystal surface area
C = concentration of phosphate, the limiting reactant
C* = equilibrium concentration
1 = time from the end of the induction period
k = aconstant

Since for hydroxyapatite, C* is very low, we can assume it to be zero.
Also, we can assume that S is a constant if g constgnt amount (excess)
ol seed particles of hydroxyapatite are present. Thus

dC

— =~ K'Cr
dt

where K’ is a constant.

21. ¥. Ferguson, D, Jenkins, and J. Eastman, “Caleium Phosphate Precipitation
at Slightly Alkaline pH values,” J. Water Poilut. Control Fed., 45, 620-631 (13873).
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By carrying out calcium phosphate precipitation in solutions containing
various levels of carbonate, Cq cga which was shown to affect precipita-
tion, an empirical rate expression was determined as follows:

dC _ __( _&) e
dt \Cr.co,

where C and Cy co, are in units of millimoles/liter and t is in hours. The
form of this rate eguation has important practical implications for phos-
phate removal by calcium phosphate precipitation at slightly alkaline pH
values. In addition to being an inverse function of the alkalinity (Cr o)
the rate and extent of calcium phosphate precipitation are strongly
dependent on reactor configuration. Reactors that feature a recycle stream
are far more efficient than equivalent reactors that do not because of the
presence of much larger surface area of preformed precipitate contributed
by the recycled stream. The concentration exponent of 2.7 tells us that the
rate is extremely sensitive to concentration. Thus reactors that have
regions of high concentration will have precipitation rates greater than
equivalent reactors that.are mixed throughout. Plug-flow reactors are
therefore more efficient than CSTR (completely stirred tank reactors).
These features are illustrated by Fig. 6-18, which shows the predicted
phosphate removal by flow types of reactors at various average hydraulic
detention times.

100 T T i T L T pe——

gop— Tubular with solids recycle

soj— §=02

L]

0
60—
80—
40—

-] I"':D

=30

Tubufar reactor

CSTR with
solids recycle

G!
—*<30
0

30—

Phosphate removal, percent

20—
10—
0

6.1 0.3 1.0 3 10 30 100
Hydraulic detention time, hr

Fig. 6-18. Predicted phosphate removal versus hydraulic detention time
for four reactor types. The dashed line indicates the limits of practical
application, 2 hr =t #< 8 hr, 80 to 100 percent removal. Assumed condi-
tions include CT.Ca =2.0 mM, CT.PO‘ =0.25 mM, C:'r,(:o‘1 =1.3 mM, pH = 8.0,
temperature = 25°C, recycle flow/throughput flow, g/Q = 0.2; solid resi-
dence time/liquid residence time, 6,/6=3.0, K’ = 4.1, and n = 2.7, From
1. F. Ferguson et al., J. Water Pollution Control Fed., 45: 620-631 (1973).
@ 1873 Water Pollution Control Federation, reprinted with permission,
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6.8.2. Magnesium Ammonium Phosphate Precipitation

The conditional solubility product of magnesium ammonium phosphate,
struvite (MgNH,PO,,) illustrates a situation where more than one of the
dissolving species is affected by solution pH. These species are the
ammonium ion (NH,*} and the phosphate ion (PO,*7). Because an increase
in pH will decrease the ammonium ion concentration and increase the
phosphate ion concentration, it follows that there should be a pH value
where the solubility of MgNH,PO,, is a minimum, that is, the pH where
the product [Mg®'][NH,*}[PC,* ] is @ minimum. Where is this point?

We can attack this problem by writing equations for the pH-dependent
reactions involving each of the species in the precipitate. Thus

NH4+: NHg(aq] + H+,' log Ka =-9.3

POS + HY=HPO2;  log (El—) ~12.3

a,3

HPO2~ + Ht = H,PO,~; log (Kl Z) =17.2
ar

1
H,PO,~ + H* = H;PO,; log (K ) =2.1
al

1
Mg?* + OH~ = MgOH*; log (K ) =2.1
d,Mg

Defining the ionization fractions for Mg?*, NH,* and PO2~ as aye: =
[Mg”]/CT,Mg, Qnp+ = [I‘;([I'IR-].I{C-r,r,”.g:A and Upo3- = EPOEM]/CT,po‘, we can write
the solubility product of MgNH,PO,, as

K., = {Mg?*}{NH,*}{PO2"}
= Yge+ [Mg®lyan, [INHs Fypo - [POS]
= 'yMg“CT’MgaM92+y”“‘4*CT,NHaaNHf’yPOf“CT,PO.anO; B

where Ci ug, Crum, and Crpo,-are the total analytical concentrations of
magnesium, ammeonia nitrogen, and orthophosphate, respectively. We
can define the conditional solubility product as

KSG

Uprg2t ONH P QY M2t YNH Y PO

P,= CT.MgCT,NH,gcT.PO., =

Then P, is a function of pH and its minimum value will occur when the
product {amge+s) X {eyy+) X {cteog-)is @ maximum. The values of these
ionization fractions are presented in Appendix 1; P, is plotted as a function
of pH in Fig. 6-19, assuming in one case that . = 0 and in the other that
p# = 0.1, Activity coefficients were obtained from Fig, 3-4. We can ses
from this figure that the minimum solubility occurs at about pH 10.7.
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Fig. 6-19. Conditional solubility prod-
U.Ct, Ps = CT,Mg CT.NHQ Cr,pq‘, fOI‘ magne-
sium ammonium phosphate at 25°C.

Magnesium ammonium phosphate precipitation is a recognized prob-
lem in anaerobic sludge digesters, where it precipitates in digester
supernatant recycle lines, especially at elbows and on the suction side
of pumps. This happens at these locations because they are regions of
reduced pressure and CQ, is released from solution. This causes a rise
in pH of the digester supernatant with an accompanying increase in the
product [Mg?*}[NH,*][PO] to values where K, is exceeded. Figure 6-20
is an illustration of a severe case of magnesium ammonium phosphate
(struvite) deposition. This photograph was taken from a digestor recycle
line at the City of Los Angeles Hyperion plant and shows that the cross
gection of a 14-in. pipe has been reduced to less than 4 in. by struvite
precipitation. Similar accumulation of struvite blocked the screens
through which digested sludge was passed prior to discharge to the
ocean. Because the Hyperion plant discharges both digested sludge and
sewage elfluent to the ocean, the solution to this problem was to dilute
the digested sludge with effluent in a volume ratio of about 3:1. Let us
examine the basis for this solution to the problem. Figure 6-2} shows the
flow sheet of the wastewater treatment plant. Table 6.6 presents the
concentrations of ammonia, orthophosphate, and magnesium and the pH
of the raw sludge, digested sludge, and diluted digested sludge.

With the concentrations indicated in Tuble 6-6 we can compute the
product Crug X Cran, X Crpo,and if this significantly exceeds the
conditional solubility product, P, then struvite should precipitate.

For raw sludge,

CIT,MgCT'[\“.':'CT,[QO4 = (5 X 10_3)(5 X 10_3)(4 X‘ 10_2) et 10_6
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Fig. 6-20. Magnesium ammonium phosphate deposition in digester pipeline.

From Fig. 6-13, at pH=5.5and p =0, P, = 107 Because 107*>> 1075, the
raw sludge is highly undersaturated with respect to struvite and it will
not tend to precipitate.

For digested sludge,

C?,MQCT.NH3CT,P04 = 5 X 10—3 X 10_1 X 7 x 10_2
=3.5 x 1075 == 10~*¢

From Fig. 8-19, at pH = 7.5 and p =0, P, = 10774 Because 107%%>> 10775,
the digested sludge is highly oversaturated with respect to struvite and

should tend to precipitate.
For diluted digested sludge,

CrmeCranlrro, = 107X 25X 1072 % 2 x 1072
5 B 10—7 = 10—6.3
From Fig. 6-19, at pH = 7.5 and p = 0, P, = 1077%. Because 10783 > 10773,

the diluted digested sludge is supersaturated with respect to struvite but
not the same degree as the digested sludge. I P, is corrected for activity,
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Fig. 6.21. Flowsheet for digested sludge treatment at the Hyperion plant.

assuming g = 0.1, Py = 107%" go that the solution is actuclly undersatur-
ated.

Thus the dilution provided appears to be adequate to prevent struvite
precipitation. The solution {o the problem is soundly based. The solution
1o this problem at the Hyperion plant represents something of a luxury
because there are not many plants that have the ability to dilute digester
supernatant with secondary effluent and then discharge the mixture, One
such example is the Oakland, California, treatment plant of the East Bay
Municipal Utility District. At this plant @ MgNH,PO,,, scaling problem
developed. Dilution to below P; was not feasible; handling digester
supernatant to keep CO, in solution (and therefore keep pH depressed)
was not practicable. The seolution to the scaling problem was to add o
material that inhibited crystal formation {a polyacrylamide crystal inhib-
itor (Cyanamer P-70, American Cyanamid Corporation) at doses of 10 to
20 mgliter). Such solutions to scaling problems are not as "safe and sure”
as reducing the value of an ion product to below the solubility product of
a scale-forming precipitate; however, they must be used when that

TAEBLE §-6 Values of Constituents in Hyperion Sludges

Diluted Digested

Raw Sludge Digested Sludge Sludge
Constituent mgfliter molesfliter mg/liter moles/lliter mg/fliter moles/liter
Crmg 250 5 x 102 200 5 x 1073 — ~10-3
Ammonia
Nitrogen (total) 75 5 x 1072 ~1400 10 —_ ~2.5 % 1072
Phosphate
Phosphorus {total) 1200 4 x 1072 2000 7 x 1072 — ~2 % 1072

pH 5.5 7.5 7.5
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alternative does not exist, It is useful to remember that thermodynamics
is more reliable than kinetics in the solution of precipitation/scaling
problems.

6.8.3. Iron Phosphate Precipitation from Wastewater

The addition of aluminum salts (see Section 6.6.2) or iron salts to
wastewater for phosphate removal results in the precipitation of alu-
minum hydroxyphosphate (Al (OH),(POJ,} and ferric hydroxyphosphate
{Fe,(OH),{PO,),), respectively. These solids are incorporated into the
sludge or underflow solids streams that in a typical municipal treatment
plant are treated by anaerobic digestion {see Fig. 6-21}. When Fe(Ill) salts,
tor example, FeCl,; and Fe, (SO}, are used as phosphate precipitants with
the objective of removing phosphate, @ question arises concerning the
fate of this precipitate in the highly reducing conditions of the anaerobic
digestion process. Under such conditions FPe(lll) will be reduced to Fe(ll}—
what then is the fate of the phosphate that has been precipitated with the
Fellll}? Does it remain in the solid phase or is it released to solution to be
recycled back through the treatment plant in the digester supernatant
stream?

The early literature on the effect of iron and aluminum salt addition on
phosphate concentrations in digester supernatant seemed to indicate that
phosphate release was not occurring during digestion; rather, after metal
salt addition phosphate levels in digester supernatants decreased.
Singer® proposed that the reason for this was that the sparingly soluble
ferrous phosphate, vivianite, was formed under the conditions of anaer-
obic sludge digestion.

2P0

l
3Fe(lll) — 3Fe(ll) —— Fey(PO. )y,

The method used by Singer to determine the K, value of Fe (PO.)yy is
a useful illustration of typical methods employed for equilibrium constant
measurement. The experimental system is illustrated in Fig. 6-22.

A constant ionic strength medium {0.1 M NaClQO,) was prepared to
eliminate the need for activity corrections. Ferrous perchlorate Fe(ClO,),
and NaH,PO, were added to water through which nitrogen gas was
bubbled to remove all traces of dissolved oxygen and so to produce
reducing conditions. The pH of individual bottles was then adjusted with
Na,CO,; to several values in the pH range 4 to 8, After sealing, the bottles
were stored for 1 month during which time a blue-white precipitate

% P, C. Singer, "Anaerobic Control of Phosphate by Ferrous Iron,” J. Water Pollut.
Conirol Fed., 44: 663 (1972). .
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NazCO3
N2
o
r Na H2 P04
— ! Fetcio, 1,
NaClOy4

Fig. 6-22. Sample precipita-
tion technique used to deter-
mine K, for Fe{PO4,s,. From
b. C. Singer, ]. Water Pollu-
tion Control Fed., 44: 663
(1972). © 1972 Water Pollution
Control Federation, reprinted
with permission.

formed. A final pH measurement was made, the samples were filtered,
and Fe** and Cy po, were measured. Now

Pes(PO‘;)g[s] = 3Fe?t + 2P0437
K., = [Fe?*PP[POS P, p=0.1
We can write the reaction as a dissolution of Fey(PO,)ys by acid. Thus

Pea(PO4)3(s) + 4H' = 3Fe? + 2H2P04_

cKso — [H2P04H]2{Pez+]3
(Ka22Ka)? (H*}¢

o —

(6-47)

where %K, , and %K, ; are the second and third dissociation constants of
phosphoric acid, From Eq. 6-47,
PKso — 2p%Kapz — 2p%K a3 = —8log [Fe®] — 2log [HPO,] + 41og [H*]
PKen — 20%K a2 = 26K + 4PH = —10g [[Fe?"] a0 Crro 7] (6:48)

All quantities in Eq. 6-48 are either known (p°K,.. pK.s. mro,) oF
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Fig. 6-23. Experimental data on solubility prod-
uct of ferrous phosphate. From P. C. Singer,
]. Water Pollution Control Fed., 44: 663 (1972).
© 1872 Water Pollution Control Federation, re-
printed with permission.

analytically measured, (Fe?*, Cqpo,, [H']} except pK .. A plot of —~log
([Fe?'}HC 5, po,02,p0,)) versus pH should give a line with a slope of +4 and
an intercept of pK_, — 2p°K,, — 2p%K.; when pH = (0. Figure 6-23 shows
Singer's data plotied in this fashion.

The intercept at pH = 0 is

pKeo— 2pKa:— 2pK, = —7.1
since pK,,=6.78 and pK,,=11.7
pKe = 29.9; K= 1.3 x10G7% at p=10.1
The determination of K, using the activity coetficients in Fig. 3-4 yields
a value of 8 X 107%. Examination of the solid by X.ray crystallography
provided evidence that it was indeed vivianite. SBimilar study of solids

from digesters that had received sludges from plants employing iron
addition for phosphate removal also revealed the presence of vivianite.
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6.9. PROBLEMS

L.

Strontium, Sr**, is ¢ heavy metal that frequently cquses concern when it is
present in water, Some preliminary calculations are necessary to determine
whether it is feasible o precipitate Sr** as the sulfate., Given that 107* mole/
liter of 82 and 10-% molefliter of SO2 are originally present and that pK,
= 7.8 for 818044,

(a) How much Sr?" will precipitate {moles/liter) if 1 x 10~? mole Na,SO, is

added per liter of solution?
(b} How much SO, and Sr** remain after precipitation?

* {c) Assuming that the residuals calculated in part {(b) are satisfactory, what

factors should be studied experimentally to determine the feasibility of
the process?

A 25°C water sample has the following species present in addition to other
ions: :
[H*] = 10782 mole/liter

[HCO;7] = 10 2mole/liter
[Mg?*] = 10~* mole/liter

(a) To what pH must the water be adjusted to precipitate Mg(OH),?

(b) How many moles of OH™ must be added to reach the pH for precipitation -
ot Mg(OH),? (Assume negligible Ca®* in the solution and that any other
ions or molecules that are present will not react with H*, OH- or the
carbonates). '

The pH of a 25°C groundwater containing 10~* mole/fliter of Mg?** is raised to
pH 12. No further base is added. What will the equilibrium pH and Mg?*
concentration be? (Assume that the concentration is equal to the activity,
and that no other ions are present which will precipitate.}

Sketch the pC-pCO#~ diagram for CaCO; and MgCQ,; at 25°C. Using this
diagram, determine the [CO,*7] in equilibrium with 5 x 10~ M Ca®*. What
concentration of CO;*~ is necessary to begin precipitating Mg** as the
carbonate in a solution containing 3 x 107 M Mg?*+?

Sketch the pC-pOH diagram for Mg(OH), and Ca{OH), at 25°C. To what level
must the pH be raised to precipitate Mg®* from a 3 x 16* M Mg?* solution?
To what level must the pH be raised to reduce [Mg?] to 5 X 105 M at
equilibrium? At what pH will Ca?* just begin to precipitate if [Ca®] = 1 X
162 M?

Find the solubility of Ag,CrOyy, in distilled water at 25°C. Show how the
formation of HCrO,~ affects the calculations. X, for HCrO,™ is 10755

Sketch a pC-pH diagram showing the concentration of Fe?* versus pH in a
25°C solution that is in equilibrinm with solid FeS. Make the simplifying
assumption that the total sulfide concentration is 102 M at each pH, (i.e.,
Crsany = [H:S8] + [HS™] + [S27] = 107 at each pH), and that there are no Felll}
complexes present at significant concentrations.
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Calculate the conditional solubility preduct for CaCOgye, Ps = (Cr.caCricay),
where C1 ¢, and Cr g, represent the total concentrations of these species in
a solution with ¢ = 1072, pH = 8.7, the temperature = 25°C. Include ionic
strength effects. Assume that the only soluble calcium species is Ca®*.

When Cr o, = 107 M and Fe?* = 2 x 107 at what pH will FeCOjy, begin to
precipitate as pH is increased? At what pH will Fe(OH),, begin to precipitate?
The temperature = 25°C.

Water is in contact with solid CaCQ,, Equilibrium conditions exist. What is
the effect of small additions of the following on the calcium concentration
and the total alkalinity of the selution? Neglect ionic strength effects.

{a} KOH. (b) CalNO,),.
{c) KCL {d) NaeCO,.
(e} CO,.

Note: Consider that each addition is independent of the other additions.
Indicate only whether the concentrations will increase or decrease,

Set up the equations necessary to calculate the solubility of calcium
hydroxyapatite, Cai(POL,OH,, in ugueous sclution at 25°C. The complexes
that are of importance are CaHPO,° and CaOH*.

Calculate the solubility of Fes{PO4ys as a function of pH and plot the diagram
of pCr.rem versus pH at 25°C. Assume that Fe POy, is the only solid phase
present and that Fe?t, FeOH™*, FelOH);~, HPO,, HPO,~, HPO,, and PO
are important. For this problem, 2Crrqn = 3Cr.po, Compare the diagram
obtained with Fig. 6-11 to determine for the applicable conditions whether
Fe {PO,ys can be precipitated alone or whether Fe(OH)y,, andfor FeCOy,
are also likely to precipitate.

Groundwater 25°C equilibrates with calcareous (CaCO,) rock in an aimos-
phere that has a CO,; partial pressure of 107"* atm. What is its pH, [Ca®],
total alkalinity, [HCO;™], and total hardness {gssume no Mg?* is present)? A
sample of this water is equilibrated with a Pgo, = 107*% atm (atmospheric
conditions) and CaCOQye,. How much CaCQ, precipitate (dissolves)? What
is the new pH, [Ca??], total alkalinity, and [HCO; 1. Discuss the implications
of this change with respect to water ireatment and the pumping of water.
(Neglect ionic strength effects. Note that the calculated concentrations change
very much with small changes in «,. Therefore an accurate value of o, should
be used.)

Calculate the Langelier Index of a water with the following characteristics:
total alkalinity = 8 x 1074 eq/liter, [Ca®] = 3 x 107* M, pH = 9.6, and total
dissolved solids = 250 mg/liter. Includs ionic strength effects; the temperature
= 25°C.

Calculate the precipitation potential for the water described in Example 6-
18, taking ionic strength effects into account.
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16. List (but do not calculate) the equations required to determine the amount
of Ca{CH), required to precduce a saturated waler from one that has «
negative Langelier Index.

17. List the equations required to determine the amount of Ca{OH), required to

produce a water with a theoretical precipitation potential of 5 mgfliter as
CaCO; from one which has a negative Langelier Index.

6.10. ADDITIONAL READING

J. N. Butlér, fonic Equilibrium, Addison-Wesley, Reading, Mass., 1964,
A. E. Nielson, Kinetics of Precipitation. Macmillan, New York, 1984.

W. Stumm and ]. ]. Morgan, Aquatic Chemistry. Wiley-Interscience, New York,
1970.

A. G. Walton, The Formation and Properties of Precipitates. Wiley-Interscience,
New York, 1967.
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OXIDATION-REDUCTION
REACTIONS

7.1. INTRODUCTION

Oxidation-reduction or “redox” reactions play o central role in many of
the reactions occurring in natural waters and in water and wastewater
freatment processes. The behavior of compounds containing carbon,
nitrogen, sulfur, iron, and manganese in natural waters and treatment
processes is largely influenced by redox reaciions. Redox reactions are
encountered in many of the analyses conducted on water and wastewater;
tor example, the biochemical oxygen demand (BOD) and the chemical
oxygen demand (COD) tests and the analysis of dissolved oxygen are
based on them. Many of the chemicals employed in water and wastewater
freatment processes are used to alter the chemical nature of water and
wastewater constituents by oxidation-reduction processes, such as chlo-
rine, chlorine dioxide, permanganate, hydrogen peroxide, oxygen, ozone,
and sulfur dioxide. Oxidation-reduction reactions catalyzed by enzymes
(microorganisms) form the basis for waste treatment processes like
activated sludge, biolegical filtration, and anaerobic digestion. Such
micrcbially mediated redox reactions are also significant in transforma-
tions of nutrients, metals, and other chemical species in neatural waters.

In this chapter we will examine oxidation-reduction stoichiometry,
equilibria, and the graphical representation of simple and complex
equilibria, and the rate of oxidation-reduction reactions. The applications
of redox reqctions to natural waters will be presented in the context of a
discussion of iron chemistry; the subject of corrosion will provide a vehicle
for a discussion of the application of electrochemical processes; a pres-
entation of chlorine chemistry will include «a discussion of the kinetics of
redox reactions and the reactions of chlorine with organic matter; finally,
the application of redox reactions to various measurement methods will
be discussed using electrochemical instruments as examples.

7.2. REDOX STOICHIOMETRY

The first step in solving any equilibrium problem is to determine the
identity of the reactanis and products and then to present them in a
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balancéd chemical equation. In previous chapters we have seen how to
do this for acid-base, complex, and heterogénecus equilibria using the
principles of stoichiomeiry. In this section we will learn how to write a
balanced chemical equation for an oxidation-reduction reaction. At the
beginning we will not inquire whether such a reaction is possible (this
question will be answered later in our discussion of the thermodynamics
of redox systems).

A redox reaction consists of two parts or half-reactions. These are the
oxidation reaction in which a substance Joses or donates electrons and
the reduction reaction in which a substance gains or accepts electrons.
An oxidation reaction and a reduction reaction must always be coupled
because "free" elecirons cannot exist in solution and electrons must be
conserved. The coupling between the two half-reactions is by the electrons
that are either generated (by oxidation) or consumed (by reduction). We
will use this fact in our technique for balancing redox reactions, which
basically is a stepwise stoichiometric (mass) balancing of each constituent
followed by a balancing of charge {electroneutrality),

Working with each half-reaction, we use the {ollowing procedure for
balancing. ‘

t. Identify the principal reactants and products, that is, species other
than H*, OH", and H,O, in the oxidation halfreaction and the
reduction half-reaction and write each half-reaction in crude form.

2. Then to obtain balanced hali-reactions, balance the atoms other
than hydrogen and oxygen by multiplying the reactants or products
by appropriate integers,

Balance the oxygen using H,O.
Balance the hydrogen with HY,

Balance the charge with electrons.

o o e

Multiply each half-reaction by an appropriate integer so that both
contain the same number of electrons.

=~

Add the two balanced half-reactions.

8. Steps 1 to 7 will sometimes produce an equation that has HY as «
regctant or a product. If it is known that the reaction takes place in
alkaline solution, add the reaction for dissociation of water to the
balanced eguation to eliminate H* and form H,O.

Example 7-1

Balance the redaction in which ferrous iron {Fe?') is oxidized to ferric iron (Fe®")
by permanganate {(MnQ,), which itself is reduced to manganese dioxide (MnOy).
The reaction takes place in alkaline solution.
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Solution
" 1. The reactants and products are

Fe*t =Fe* (oxidation)
MnO,~ ==MnOy,, (reduction)

2. The atoms other than H and O are glready balanced.
3. Balance the oxygen with water.

F62+ gy F63+

MnO,~ =MnOy, + 2H,O
4. Balance the hydrogen with HY,

Fe?t =2 Fel*
4H+ + Mn04_ iMnOﬂs) + ZHQO

5. Balance the charge with electrons, e~

Fe** =Fe¥ + e~
3e~+4H* + MnO 4 =MnO 2(s) + 2H20

6. Multiply the Fe half-reaction by 3, then add the two half-reactions, thus
eliminating electrons

3 % (Fe? =Fe®* + &)
3¢~ + 4H* + MnO, =MnQy, + 2H,0
4H* 4+ 3Fe? + MnQ,~ — 3Fe® + MnO,,, + 2HL0

The equation is now balanced. In some instances it may be desirable to
modify it to take into account other recctions and to make it more useful,
as shown in steps (7) and (8},

7. The reaction takes place in alkaline solution. Add the water dissociation
equation to eliminate H* as a reactant,

4H* + 3Fe? + MnO, =3Fe® + MnOy, +2H0
4H,0 = 4H"* + 40H~
2H,0 + 3Fe®* + MnO,” =3Fe?* + MnO,, + 4OH -

8. Further, we know that in alkaline solution, Fe?* and OH~ will combine to
form Fe{CH)yy. Adding this reaction, we obtain the final equation.

9H,0 + 3Fe® + MnO,~ =3Fe® + MnO,, + 40H~
3 X (Fe®* + JOH ~ == Fe(OH) 515)
2H,O + 8Fe?* + MnO,~ + SOH~=3Fe(OH)y, + MOy

This last step would not have been necessary if in step (1} we had taken
Fe(OH)y, as the product rather than Felt,

From this example we can see how a redox reaction is composed of the
reduction half-reaction and the oxidation half-reaction. We note that
ferrous iron is oxidized (it loses electrons) and permanganate is reduced
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{it gains electrons), Since the ferrous iron is denating electrons for the
reduction of permanganate to MnOyy, it is called « reducing agent.
Conversely, the permanganate, which cecepts the electrons from the
oxidation of ferrous iron, is called an oxidizing agent. We encounter these
terms widely in water chemistry. For example, if you thumb quickly
through Standard Methods for the Examination of Water and Wastewater,
you will discover statements such as "The chemical oxygen demand
{COD) determination is a measure . . . of the orgunic matter . , . suscep-
tible to oxidation by a strong chemical oxidant.” "D.O. (dissolved oxygen)
rapidly oxidizes an equivalent amount of the dispersed divalent man-
ganese solution. ...” “Ozone, a potent germicide, also is used as an
oxidizing agent for the destruction of organic compounds . . . and for the
oxidation of reduced iron or manganese salts to insoluble oxides. . . .”

Before we proceed further we should address one more aspect of
stoichiometry and the balancing of reactions; that is, the question of
equivalent weight (and normality) for oxidizing and reducing agents. One
equivalent weight of an oxidizing or reducing agent is the formula weight
divided by the number of electrons faking part in the half-reaction. For
this reason, o knowledge of the specific half-reaction in which an oxidant
or a reductant participates is needed to determine its equivalent weight
and to make up a solution of desired normality. This is especially
important for some oxidants and reductants that participate in different
half-reactions depending on solution conditions such as pH. It should
also be pointed out that the equivalent weight of a substance from an
acid-base, charge, or precipitation standpoint bears no relationship to its
equivalent weight in g redox system.

Example 7-2

A COD analysis is to be performed using 0,250 N potassium dichromate, How
many grams of K;Cr,O; must be added to 2 liters of water to prepare this solution?
The product of oxidation is chromic fon {Cr3*) and the reaction takes place in acid
solution.

Solution
First, we state tho relevant reactant and product:
Cr2072~ = CIJ+

Next, using the previously described technique, we balance the hali-reaction,
remembering that we are dealing with an acid solution.
Be~ + 14H* + Cr, 0, = 2Cr** + TH,O

Since there are Be~ in the half-reaction, the eguivalent weight of X.Cr,0; is its
formula weight divided by 6. The formula weight of K,Cr,O; is 294.189. Thus

294.189
8

Equivalent weight = =49.0315
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For 2 liters of a 0.250 N solution we require
0.250 eg/liter x 2 liter x 48.0315 g/eq = 24.516 g

This checks nicely with the instructions given in Standard Methods for preparing
0.250 N K,Cr,O,—the addition of 12.253 g of K,Cr, O, to 1 liter of water is stipulated.

Example 7-3

The United Kingdom Department of the Environment' proposes a test method
for "permanganate value” in which a diluted waste is oxidized for 4 hours at 27°C
by a dilute acidic solution of potassium permanganate. The reagents for this test
include 0.125 N potassium permanganate, KMnQ,. The instructions for preparing
this reagent call for the addition of 4.0 g KMnOQ; to 1 liter distilled water. What
is the rationale behind the recipe for this solution?

Solution

We must find what fraction of the formula weight of KMnO, corresponds to the
situation that 4 g/liter KMnO, = 0.125 eg/liter (i.e., 0.125 N).

Formula weight of KMnO, = 158

One eighth of the formula weight of KMnO, = 18.75.

Thus, if there were one electron involved in the half-reaction, we would need
to add 19.75 g (or approximately 20 g KMnQ,) to 1 liter to make a 0.125 N solution.
However, the instructions only call for 4 gfliter. If we let x be the number of
slectrons involved in the half-reaction, then

2

p.4

and x = 5.
Searching the literature we find the reaction where permanganate forms
mdanganous ion,

MnQ,” + 8H* + S~ = Mn?* + 4H,0

This fits the bill, since it has Se~ and it takes place in acid solution.
Using the result of this computation, we can see that if the reaction from
Example 7-1,

MnO( + 4HY + 3o~ = MHOQ(S) + 2Hgo

in which MnO,~ has an equivalent weight of 3, instead of 1, of the formula weight,
had been used to compute the normality of the permanganate solution, we would
obtain a golution with an entirely different composition, This raises the question
of expressing concentrations of standard solutions (especially those used in
oxidation-reduction reactions) in terms of normality, Imagine the mental anguish
experienced by the chemist confronted with « bottle labeled ! N KMnO,. How
does he know which reaction the normality is based upon? He does not, unless
ke made it up himseH and can remember how much KMnO, he put in the bottle
or unless he knows for what reaction the KMnO, is intended. 1t is therefore poor

* Analysis of Raw, Potable and Wastewater, London, H.M.S.0., Dept. of the
Environment, 1972, p. 125.
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practice io label bottles with “normality.” If you use molar concentrations or
weight concentrations, there will be no confusion.

The equivalent weights of oxidizing agents play an important practical
role in water chemistry in the computation of the relative oxidizing
capacity of various chlorine compounds. The strength of chlorine-con-
taining disinfectants is often expressed in terms of “percent available
chlorine,” and incredible though it may seem, some of these agents have
more than 100 percent available chlorine. The derivation of “percent
available chiorine” is based on the half-reaction

%e~ + Clyg = 2CI-

in which chlorine gas is reduced to chiorine ions with the consumption
of two electrons. In this equation the equivalent weight of chlorine is 2
% 35.5/2 = 35.5 g. Stated another way, we can say that each unit of
oxidizing power (i.e., each mole of electrons consumed) is associated with
35.5 g of CL,.

Now let us consider another chlorine-containing oxidizing agent, for
example, sodium hypochlorite, NaOCL The half-reaction for NaOCl is

Z2e” + 2H* + NaOQOCl == Cl™ + Nat* + H,0O

In this reaction, each mole - of electrons is associated with the formula
weight of NaOCV2 = 37.25 g of Cl.,

For Cly,, we needed 35.5 g oxidizing agent to accept 1 mole of elecirons;
tor NaOCl we need 37.25 g to do the job. Therefore, on an “electrons
consumed per unit weight” basis, NaOCl is worse at consuming electrons
than Cly,. It is precisely, (35.5/37.25) x 100 = 95 percent as good as Cly,,.
We say that NaOCI has 95 percent available chlorine” meaning, on a
weight-to-weight basis, NaOCl has 95 percent of the oxidizing power of
Clg).

Example 7-4

What is the percent available chlorine in (1) monochloramine, NH.Cl, and (2)
high test hypochlorite, HTH, which is 70 percent by weight calcium hypochlorite,
CalOCl),, given that the Cl in the NH,Cl and HTH is converted to Cl~, and that
the N in NH,CI is converted to NH*?

Solution
i. Monochloramine, NH,Cl

Half-reaction
2e~ + 2H* + NH,Cl = Cl~ + NH,*
-Equivcﬂent weight = formula weight of NH,Cl/2 = 51.5/2 = 25.75
Percent available chlorine = 35.5/25.75 x 100 = 138 percent.
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2. 70 percent Ca(QCl),,
Halfreaction

4o~ + 4H* + Ca{OCD), = 2Cl- + Co?* + 2H,0
Equivalent weight = formula weight of Ca{OCl),/4 = 143/4 = 35.75

Percent available chlorine for Ca{OCl), = 35.5/35.75 X 100 = 99.3 percent.

For 70 percent CalOCl), = 99.3 percent X 70/100 = 69.5 percent.

The unit mg/liter as Cl, is commonly used in the water treatment field, We use
the concept of equivalents to convert from molar or mass concentration of a given
chlorine species, such as HOCl, OCl~, NH,Cl, NHCI,, to mass concentration as
Cl,. One mole each of HOCI, OCl-, and NH,Cl can accept 2 moles of electrons,
just as Cl; can. The balanced half-reaction for NHCI, shows that it can accept 4
moles of electrons. The reaction products for the NH.Cl and NHCI, reactions are
NH, and Cl-. Thus 1 mole of HOC!, OCI-, or NH,Cl is equivalent to 1 mole (71 g}
of Cl, while NHCL, is equivalent to 2 moles (142 g} of Cl,. Thus knowing the
balanced half-recction for a species allows us to convert to "mgiliter as Cl,."

7.3. REDOX EQUILIBRIA

7.3.1. Direction of Reaction

In the previous section we learned how to balance redox reactions.
However, once we had balanced the half-reactions and written a complete
redox reaction we still did not know whether the reaction could proceed
as written. In this section we will explore methods for making such a
determination and in doing so will use many of the concepts and
technigques developed in Chapter 3.

To illustrate the situation, we will examine the redox reaction between
potassinm dichromate, K,Cr,O,, and ferrous iron, Fe?*. This reaction is
utilized in the titrimetric finish of the chemical oxygen demand (COD)
test. The test consists of boiling a sample with a known amount of X,Cr,O;
for 2 hours during which time some of the K.,Cr,O; oxidizes the organic
matier to CO, and water. Following this digestion, the excess dichromate
must be measured. This is done by titrating with a standardized solution
of ferrous ammonium sulfate (o source of ferrous ions) upon which the
following reactions take place:

6e~ + 14H* + Cr,0,7 = 2Cr% + 7TH,0O
6 % (Fe?t - Fe®t +e7)

14H* + Cr,0; + 6Fe®" = 2Cr3 + 6Fe® + 7TH,0 {7-1)

The dichromate is reduced to chromic ion while the ferrous ion is oxidized
to ferric ion. When all of the Cr,0;%" has been reduced, it is possible for
Fe?* to exist in solution, An indicator called orthophenanthroline is added,
which forms a red complex with Fe?* and thereby detects the presence of
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free Fe?*, (Incidentally, for purely aesthetic reasons this is one of the
more delightful titrations to observe. The orange color of Cr,0;*~ changes
through an olive intermediate hue to the deep green color of the chromic
ion and then suddenly, just like a stoplight changing, the green turns to
the red of the orthophenanthroline-Fe?' complex.)

If we were proposing, for the first time, to use Fe? as a reducing agent
to determine the amount of Cr,0;* in a solution, how could we be sure
that the reaction would proceed as written in Eq. 7-1? The first approach
would be to determine the standard free energy change, AG® of the
reaction as written and determine if it was negative. Remember that the
more negaiive the AG® value, the larger the equilibrium constant, K.

From Table 3-1,

Species AGY?, keal/mole
H* 0
Cr, 0+ —3815.4
Fe** | —20.30
Cr¥t —51.5
Fedt —2.52
H:O —56.69

From Eq. 3-13,

AG® = 7AG 0+ BAG rer+ + 2AG 50 — BAGS p2e — AG 0,00~ — 14AG
AG® = 7(—56.89) + 6(—2.52) -+ 2(—51.5} — 6(—20.30) — (—315.4) — 14(0)
AG® = —77.8

and since

AG®= —RT Ink
K = 10572

K is certainiy large and the reaction should be displaced far to the right
at equilibrium,

Neglecting ionic strength effects, we assume that the titration has
proceeded « little way and that the reactant concentrations are [Fe®?] =
1073, [Fe?*] = 107, [Cr*] = 10724, [Cr,0:%] = 107%7 and [H*] = 10+'4,
{These are realistic concentrations for the situation that exists in an
actual COD titration.} Calculating the reaction quotient, Q, as follows,

Q _ {Fes+}6[cr3+}2
~ [Fe**][Cr, O [H*]™

_ {10-3)¥(10-2-4)2 o
B (10-4)5(10“2.7)(101.3)14 = 107 ‘
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we can use Eq. 3-10 to calculate AG at 25°C,
AG = AG°+RTInQ
AG = -77.8 + RT In 10743
=-97.2

Thus the reaction is spontaneous to the right.

7.3.2, Free Energy and Potential of Half-Beactions

Our caleulation has involved the overall redox reaction and thus far we
have done nothing different from our previous thermodynamic {reatment
of other types of equilibria, For the sake of convenience it would be
profitable to be able to examine any two half-reactions and judge from
them independently, in which direction a reaction could proceed spon-
taneously if they were combined.

One way to do this is to determine the AG® values for each half-reaction
and then add them to determine the value of AG® for the complete redox
reaction. Let us examine one of the steps of the Winkler method for
determining dissolved oxygen (DO) as an example of this technigue. The
last step of the Winkler methed is the titration of iodine (Iy.q) to iodide
(I") using thiosuliate, $,0,%", which is itself oxidized to tetrathionate,
8.40:*". The reaction takes place in acid solution. The two half-reactions
are

2e” 4 Iyaq = 2I7 (7-2)
232032_ = 840524 + 26_ (7‘3)
For Eq. 7-2,

AG® = 2AGS,- — AGS,  — 240G,

o
filzaq

and for Eq. 7-3,

AG® = AGis0,e + 28G5e- — 280G s 0,2

In both of these equations we need to know the value of the free energy
of formation of the electron Aa?,e-. Tiﬁnking one step chead to the addition
of Egs. 7-2 and 7-3 to produce overall redox equation, we can see that
AGf .- will cancel out so that it does not really matter what value AG? .-
has. By convention, however, A(_E?,eﬁ is assigned a value of zero and this
assignment permits us to examine hali-reactions independent of the
overall reaction.?

? With e~ we have a situation quite similar to the proton, H*. Free electrons,
similarly to free protons, do not exist in solution for « significant period of time.
The proton is always attached to some molecule or ion in solution as is the
electron. However, it is often useful to consider e~ as a separate entity such as
in a half-reaction just as we did for the proton in acid-base equilibria,
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From Table 3-1,

Species AGF, kcal/mole
e ‘ 0

Iz(aq) +3.93

I~ -12.35
5.0 —-127.2
5.0 —248.3

Thus for Eq. 7-2,
AG® = 2(—12.35) — (+3.93) — 2(0) = —28.63
and for Eq. 7-3,
AG® = —246.3 + 2(0) — 2(—127.2) = +8.1
Therefore, for the overall reaction,
AG® = —?8.83 + 8.1 = —20.53 keal
Thus the reaction,
Lyag + 250,77 =2 8,02 + 2I-

is spontanecus when «ll species are at unit activity, thet is, when Q =
1. The electrons generated in the oxidation of 28,0.% to 8,04°~ drive the
reduction of L., to 2i-.

In a well-mixed solution such as exists during the titration of I, with
S,0,%, all of the participating species are in close contact with each
other. The electron transfer takes place between species in intimate
coniact all throughout the solution. Imagine, however, if we were able to
isolate the oxidation half-reaction and the reduction half-reaction into
two separate containers. We then introduce a piece of platinum wire into
both containers and connect the platinum wires externally from the
solutions through a high-resistance voltmeter. We also ensure that there
is connection between the itwo solutions so that ions formed in one
container can eventually move to the other container and so maintain
electroneutrality in the solutions. Without ion movement between the
compartments, a transfer of e~ through the platinum wire could be
accompanied by o buildup of negative charges in one compartment and
positive charge in the other. Because this would viclate the electroneu-
trality requirements, the reaction would not proceed. The system is
Hllustrated in Fig, 7-1.

As soon as we connect the platinum wires, the voltmeter will register
a voltage reading showing (1) that a difference in potential exists between
the two electrodes, and (2} that electrons are flowing in the external circuit
between the two compartments, assuming that the reactions in guestion
can take place on the platinum surface: We have formed a galvanic cell
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Fig. 7-1. Iodine-thiosulfate cell,

in which the chemical energy of the redox reaction is converted into
electrical energy. We call the potential that develops the electromotive
force (emf) of the cell; if qll species are present at unit activity, the
temperature is 25°C, and the pressure is 1 atm, we assign it a symbol of
E2.. The cell emf for these conditions is the elecirochemical version of
AG" for the reaction. Since it is not necesary for the reaction to take place
in a cell, the symbol E° is often used in place of E¢y; and is identical to
it. Like AG®, the redox potential can be split up into two paris, one for the
oxideation half-reaction and one for the reduction hali-reaction:

Ege[[ = ng + Ecr,ed

where E2, and E.4 are, respectively, the half-reaction potentials for the
oxidation half-reaction and the reduction half-recction.

The E° values for various half-cells, like the AG,° values for various
species, cannot be determined absolutely. Like AG,° values they are
measured with reference to a particular half-reaction that is assigned an
E® value of zero at 25°C and 1 atm. This reaction is the reduction of
hydrogen ion to hydrogen gas:

Hiot+te =iHyy  E°=0 (7-4)
This convention is consistent with the assignment of AG$ = 0 for Hy,, and

H*, since we have previously stated that AG3.- = 0. E° is related to AG®,
and E is related to AG, by

AG° = —nFE°
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or
AG = —nFE {7-5})
where
n = number of electrons involved in the reaction
F = the Faraday® = 23.06 keal/volt-equivalent {or 96,500
coulombs/equivalent)
For Eq. 7-4,

AG® = 3G, — MGy, — AGTe-
AG®=0-0-0

Since AG® = 0, from Eq. 7-5, E° = 0.

The physical setup that defines E° for a half-reaction is a hydrogen gas
electrode (Standard Hydrogen Electrode) connected to an electrode where
the half-reaction of interest takes place {let us say the Iy, + 2~ == 2I7
half-reaction; see Fig. 7-2). The cell reaction for standard conditions, 25°,
unit getivities, and 1 atm Hyy, pressure, is

1 - -
512(&7] +e — I P ?2"[““

tHyyy—H" +e7; Efn+

Hoaq + $Hag > HY +17; Efeu (7-8)

Voltmeter

e

Hag = | Ton
PH2 =1 atm —’ _<_]_ transport
L = | I 1=1 \
1/2 Hg(g| = H" +e 1/2 Iﬂaq] 'i:_ 17
Standard hydrogen
glectrode

Fig. 7-2. Cell for definition of E° for a half-regction.

3 The Faraday. or Faraday's constant, is the charge per mole of electrons, or per
equivalent. In this equation, nF represents the quantity of charge which is
transported through a potential difference of E volts.
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and
En=Ef,r+tEjyu+=Ef~+0

Therefore,
Ege!l = E?z,[‘

Note that the half-reaction of interest is written as a reduction reaction
[l Gecepis elecirons] and that the reaction at the hydrogen electrode
is an oxidation reaction. Under these conditions the value of EY, ;- is called
the standard electrode potential and has the same sign as the emf of the
cell of which it is o component. If E° for the reaction in Eg. 7-6 is positive
and «ll activities are unity, the reaction will proceed spontaneously as
written because AG®, and thus AG, for the reaction is negative. If E° is
negative, the reverse reaction will occur spontaneously. The convention
for defining the standard electrode potential value as E° for the reduction
half-reaction was adopted by the International Union of Pure and Applied
Chemistry {IUPAC) in 1953, and we will use it throughout this text.’ Tuble
7-1 presents a compilation of some E° values relevant to water chemistry.

TABLE 7-1 Standard Elecirode Potentials at 25°C

. 2e(=oa)

Reaction Volt pe n °g
H+ +teT = %Hz(g) 0 o
Nat + e~ = Nay, —2.72 —46.0
Mg?* + 2e~ = Mg, -2.37 —40.0
Cr, 0.7 + 4H' 460~ = 2Cr* + TH,O +1.33 +22.5
Cr3* + e™ = Cr? —0.41 —6.9
MnQO,” + 2H,O + 3¢~ = MnOy,, + 40H" +0.58 +10.0
MnO, + BH* + 5e~ = Mn? + 4H,O +1.51 +25.5
Mn** + e~ = Mn3* +1.65 +27.9
MHOQ(SJ + 4H* + 2~ = Mn* + ZHQO +1.23 +20.8
Fedt + e~ = Fe?* : +0.77 +13.0
Fe?* + 2~ = Foy, ~0.44 -7.4
Fe(OH)y + 3H* + ¢~ = Fe?* + 3H,O +1.08 +17.9
Cu? + e~ = Cut +0.16 +2.7

4 Not ull texts use the IUPAC convention so that caution must be exercised in
using values of E° taken from tables. Notably, the extensive presentation of
half-reaction potentials in Oxidation Potentials, 2nd ed., by W. M. Latimer
{Prentice-Hall, Inc., Englewocd Cliffs, N.J., 1952) employs a convention that is
exacily opposite to that used here; i.e., the half-reaction is written as an
oxidation rather than a reduction, and the E° value has a sign opposite to the
standard reduction potential. In other textbooks, the E° value for the reduction
half-reaction has a sign opposite to the standard electrode potential so that AG
= nFE. ’



Redox Equilibria 329

TABLE 7-1 Standard Electrode Potentials at 25°C

E° o(_;l_l K)
Reaction Volt PEy TR 9
Cu? + 2e~ = Cuy, +0.34 +5.7
Ag?t + e~ = Agt +2.0 +33.8
Ag*t + e~ = Agy, +0.8 +13.5
AgClig + e~ = Agy + CI™ +0.22 +3.72
Au¥ + 3eT = Ay +1.5 +25.3
Zn®t + 2e” = Zny, —0.76 —-12.8
Cd?* + 2¢~ == Cdyy —0.40 -6.8
. HgClys) + 26~ = 2Hgy,, + 2C1- +0.27 +4.56
2Hg*" + 2¢~ = Hg,”" +0.91 +15.4
APt + Be~ = Al ~1.68 —-28.4
Sn* + 2e~ = 8ny, —0.14 —2.37
PbQyg + 4H* + SO + 2~ == PbSQOy,, + +1.68 +28.4
2H,O
Pb? + 2e~ = Phby, -0.13 -2.2
NO,;= + 2H* + 2¢~ = NO,” + H,O +0.84 +14.2
NO,; + 10H* + 8e~ = NH,* + 3H,©O +0.88 +14.9
Ny + 8HY + Be~ = 2NH,* +0.28 +4.68
NG, + 8HY + e~ == NH,* + 2H,O +0.89 +15.0
2NO,~ + 12H* + 10e™ = Ny + 6HO +1.24 +21.0
Oy + 2H* 4+ 2™ = Oy, + HLO +2.07 +35.0
Og(g) + 4H* + de- = ZHEO +1.23 +20.8
Oypaqy + 4HY + 4o~ = 2H,0 +1.27 +21.5
S0 4+ 2H* 4+ 2e- =850, + HO -0.04 ~0.68
5.0 + 2e~ = 28,0,* +0.18 +3.0
S(s} + 2Ht + 2= HQS(Q) +0.17 +2.9
S0# + BH* + e~ = 5, + 4H,O +0.35 +6.0
S0 + 10H" + Be™ = H.5, + 4H,0 +0.34 +5.75
802 + 9H* + 8¢~ = HS~ + 4H,0O +0.24 +4.13
2HOCI] + 2H* + 2™ == Clyaq + 2HLO +1.80 +27.0
Clug + 26— = 2Cl1- +1.38 +23.0
Clyaq + 267 = 2C1- +1.39 +23.5
2HOBr + 2H* + 2e~ == Bry,, + 2H0 +1.59 +26.9
Br, + 2~ = 2Br- +1.09 +18.4
2HOI + 2H' + 2~ = Iy + 2HO +1.45 +24.5
Liag + 26~ = 2I +0.62 +10.48
I,7 + 2e- =3I +0.54 +8.12
ClO; + e~ = CIO,~ +1.15 +19.44
COyuq + 8HT + 8¢~ = CH,,, + 2H;O +0.17 +2.87
B8COxy + 24H* + 24e~ = C H,;0.(glucose) + -0.01 -0.20
BH,O
CQOugp + HY + 2~ = HCOO {formate) -0.31 -5.23

Source: L. G. Sillen and A. E. Martell, “Stability Constants of Metal lIon Complexes,”
The Chemical Society, London, Special Publication No. 16, 1964. W. Stumm and
J. J. Morgan. Aquatic Chemistry, Wiley-Interscience, New York 1370,
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For the I../1° half-reaction the standard electrode potential, E°, is
'+-0.62 volts. This means that the reaction in Eq. 7-6 will proceed spontan-
eously as written if all reactantis and products are at unit activity, and
that Iy, has a greater affinity for electrons than HY, that is, Ix,g is «
better oxidizing agent than H*, In the terminology of the corrosion chemist
we would say that I, is more “noble” than H*,

We can make o similar series of statements about I°. The positive E°
value tells us that I has less tendency to donate electrons than Hy,, that
is, it is a weaker reducing agent than Hyg, or it is less noble than Hyg.

The standard electrode potential for the S,0:*753;0,%" half-reaction is
E° = +0.18 volts. Because E° is positive, the overall reaction

SOefa + 1Hag <= 25,04, + Hia

can proceed spontaneously as written when all reactants and products
are at unit activity,

7.3.3. Combination of Half-Reactions

We can now combine the two ‘half-reactions (Eqs. 7-2 and 7-3) and
determine the value of nFEY,, for the cell in Fig. 7-1 from the two nFE®
values for the half-reactions. This is exactly equivalent to adding AG®
values for the halfreactions. For example, using the values of AG®
previously determined,

AG°kcal) —nFE°
Lyaq + 287 — 21 —28.63 —2F(+0.62)
28,02 — 8,02 + 2e° + 8.1 —9F(-0.18)
Loy + 28,0, — 21° + 8,04 -20.53 —2F(+0.44)

Since —2FE%. = —2F{0.44), EZ., = 0.44 volts.

Note that the value of E° is independent of reaction stoichiometry, that
is, the number of elecirons involved in the reaction. Thus if the reaction
had been written 11, + 5.0, —= I~ + 15,0:%", the value of E° would still
be +0.44. However, the value of AG® would change, since AG®° = —nFE°
and n = 1 rather thann = 2,

In this example and in the previous computations with the cell involving
the standard hydrogen electrode, we added the E° values for the hali-
reactions to obtain the EZ,;, values. This is only possible because the nF
component of the term —nFE® was identical for both half-reactions; that
is, the same number of electrons were involved in each half-reaction.
This will clways be the case when two hali-reactions are added to give
an overall reaction because the equations must be added so that the
electrons cancel. The addition of E° values for half-recctions is not always
correct, however. For example, when we compose a new half-reaction by
adding two hali-reactions, the E° value of the new half-reaction may only
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be computed by the summation of AG® (= —-nFE°) values. In all instances
~nFE® values are additive. '

Example 7-5
Find E° for the half-reaction,
Fe? + 3e~ = Fe,
knowing that
(1) Fe?t + 26~ = Fewy: E° = —0,44 volt
(2) Fe + e~ =Fe?;  E° = +0.77 volt

Solution
Adding (1) and {2), we obtain
Fe® + 3e™ = Pe,
~nFE i pe, = ~BFEReenee, + (~0FES 115029
~8FE a0 50, = —2F(~0.44) — F(+0.77)
Eferrpe,= —0.037 volt

7.3.4. The Nernst Equation

Thus far we have confined our discussion to cells and half-reactions at
standard stale, that is, 25°C, ! atm pressure, and unit activity for «ll
species, To determine the effect of reactant and product concentragtion,
we need to draw further on our analogy between free energy change and
electrode potential or cell emf. Using the free energy equation as
developed in Chapter 3,

AG=AG°+RTInQ (7-1
and dividing each term in the equation by —~nF, we obtain

AG  AG® + RT O
—nF  —-nF  —nfF o

Substituting from Eq. 7-5 yields

E=E°—Iizan (7-8)
nF

which is the Nernst equation. In simplified form it is,

_ 0.059
n
at 25°C, since the term 2.3 RT/F has the value of 0.059. E is the cell

potential and is a function of the reaction quotient, Q. From Eq. 7-5 we
see that E has the opposite sign to AG; thus if AG is negative, E is positive

E=FE° log @
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and the reaction will proceed spontanecusly to the right. Conversely, if
AG is positive, E is negative and the reaction will proceed spontaneously
to the left. f AG =0, E = 0, and from Eg. 7-8 we obtain
RT
E°=—1InkK {(7-9)
nF
because, at equilibrium, Q = K.
The application of the Nernst equation to the reactions that take place
in an electrochemical cell and in solution is illustrated in Examples 7-6
and 7-7, respectively.

Example 7-6

A Daniell cell consists of @ zinc electrode in a zinc chloride solution connected
to a copper electrode in a cupric chloride solution,

K* e~

Salt Bridge

Zn2t or cu?* cr
— | S
Zn = Zn?t +2¢ cu® +2¢7 - Cu
Anode Cathode
{negative) {positive}

What is the equilibrium conslant of the csll reaction at 25°C? From Table 7-1,
E%nﬁ,zﬂ's‘ = —0,76 volt and E%uz+.cu(5, = +0.34 volt.

Solution

Assuming that Zn is oxidized and Cu?t is reduced in the cell, the cell reaction
is

-nFE°
Ing, == Zn%* + 20~ —2F(+0.76}
2e + Cu? = Cu, —~2F{+0.34)
Zng, + Cu? = Zn?* + Cuy —2F(+1.10)

Thus E% = +1.10 volts. [Mote that if we had assumed that Cu, was oxidized
and Zn** was reduced, E%,, would have the same absolute magnitude but the
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opposite ‘sign.] At equilibrium, when no current flows through the circuit, E = 0

and from Eq, 7-8 we have
E*=+4+11= (0'059) logK

2
K = 1gtore

Example 7-7

The Winkler determination of dissclved oxygen involves the formation of MnOgyg,
by the oxidation of Mn?* with oxygen. The MnOy, is then reacted with I~ to form
Lyaq. Determine the E value of a solution that contained 8 mg DO/liter at a point
when half of the MnO,,,, formed by reaction with DO has been reduced to Mn?"
by I~ (which itself is oxidized to Iy,,). The H* concentration is approximately 1 M.
The following reagent concentrations and quantities are used in the determination:

1. MnSO, 2H,O : 2 ml of a 400 gfliter solution per 300-m! sample volume.

2. KI:2 m! of a 150 g/liter solution per 300-ml sample volume.

Solution
Neglect the volume changes caused by the addition of MnSO, and KI solutions.
CT.Mm

400 gfliter MnSO, 2H,O = 2.14 moles/liter
(2 mlf300 mi sample)(2.14 moles/liter) = .43 x 102 M

CT,Il
150 g/liter KI = 0.90 mole/liter h
(2 ml/300 ml sample)(0.80 mole/liter) = 6 x 10* M
Manganous ion reacts with DO to form manganese dioxide,

2 X (Mn2+ + 2H20 :Mno 2(5)+4H+‘f"297)
de~ + 4H* + Oy, =2H,0

2Mn#** + Ogaq + 2HLO =2MnO,,, + 4H*

Thus 8 mg/liter DO [= (8 mg/liter)/(32,060 mg/mole) = 2.5 X 107 moles/liter} will
produce 2 X 2.5 X 10 = 5.0 x 107* mole MnO, /liter.
After reduction of half of the MnO,, to Mn?+ with [,

[Mn?*] = Ct y, — number of moles of MnQ ,/liter
=1.43 x 10—2M — 0.5(5.0 x 104 M}
=1.40 x 10—*M

The reaction of MnQ;,, with I~ yields

2=l + 27
MnQOy, +4H* + 2e~ =Mn?* + 2H,O

MnOyusy + 21 + 4H* w1 o0 + Mn?* + 2H,0
Then
Eon = By + EStnopnar = ~0.62+ 1.23 = +0.61
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1 mole of MnOy produces 1 mole of Iy, Therefore, 2.5 x 107*M MnOy,, produces

2.5 X 107 M Tpq

7] =Cri— 2Laen]
=6 x 1073 — 2(2.5 X 1079
=55 x 10°3M

and

o = - Ma[Mn™)
{MnOy I 1HY*

(5% 107%(1.4 x 1073
T((5.5 % 10791y
Applying the Nernst equation, Eq. 7-8, to the overall reaction, we find that

0,089
n

= 0.116

E=E°

leg@

= +0.61 0;g-g'—silt:\g 0.116

= +0.64 volt

Thus the remaining MnOy,, will continue to oxidize the I,

We can make Eq. 7-8 applicable to a half-reaction by writing the half-
reaction in combination with the standard hydrogen electrode reaction.
For example, for the reduction of cupric copper (Cu?') to cuprous copper
(Cu™,

Cu?*+ e =Cu™; E°=10.16
%Hz(g)ﬁH++e"; E°=D
Cu?t + tH,, = Cut + HY; E°=0.16

Applying Eq. 7-8, we obtain
., AT
E=E°— I—IF In Q

~ RT  {H'}Cu*}
= 018 ?}n {Cu2+}(PH2)II2

Because {H'} and P,  are unity in the standard hydrogen electrode,

RT, {Cu%}

E :D.IS—?lnm (7-10)

and when activity effects are negligible,

{Cu’]
[Cu?h

RT
E=0.18 H?ln
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Thus the Nernst equation for an overall reaction involving the standard
hydrogen electrode is the same as the Nernst equation for the half-
reaction and the potential, E, is « function of the activities of the reactants
and products of the half-reaction other than e™. In the following sections
of this book, we will {cllow the practice of writing the Nemst equation for
half-reactions without explicit reference to the standard hydrogen elsc-
trode.

Furthermore, we will follow the common practice of referring to the
potential E as E, (the redox potential) when the half-reaction is writien
as a reduction reaction. The subscript H is used to emphasize that the
potential only has meaning in reference to the standard hydrogen
. electrode reaction. Using this nomenclature, Eq. 7-10 is written as

RT . {Cu*}
=016 -—""ln-—rit
Eu=0.16 - lnros

Example 7-8
The half-reaction for reduction of sulfate to sulfite is
() SO2 + 2H* + 22~ = 80,2 + H.O

What is the redox potential of this half-reaction, By, at 25°C if it takes place in the
presence of 107 moles SO /liter and 10~* moles SO #7liter at a pH of 8? Neglect
ionic strength effects. '

Solution

From Table 7-1, E° = —0.04 for the reduction half-reaction. Applying the Nernst
equation, Eq. 7-8, we obtain

E, ~E°- 0.059 logQ
n
_ _ 0.059 SO ;2]
= --0.04 = log (M{H+]2[so 42_1)

0.059 10-3
=-0.04 - 1"‘“"[(1::1-‘*)“(10-‘*)]

= —0.50 volt

Note that determining the potential of a half-reaction is the saume as determining
the emf of a cell in which one electrade is the standard hydrogen electrode and
at the other electrode the half-reaction in question proceeds. If the potential is to
be called a redox potential, the latter reaction must be written as a reduction
reaction.

We must be careful not to use Ey values for half-reactions in the same
way as the E values for overall reactions. The value of Ey for a half-
reaction simply tells us the potential relative to the H¥/Hy, half-reaction,
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whereas the value of E for an overall reaction tells us whether or not that
reaction is at equilibrium. Remembering this will eliminate much con-
fusion in the use of E,, values.

7.3.5. Formal Potentials

The E and E° values as used in the Nernst equation are defined in terms
of the activities of individual species. In very dilute solutions in which
there is no formation of complexes, concentration can be used in place
of activity and there is no need to account for the portion of the total
concentration of a species that might be complexed. In many solutions,
however, ionic interactions, complex formation, and acid-base reactions
must be taken into account. Formal potentials, E' and E¥ are often used
for this purpose and apply only to a given set of solution conditions. For
example, for the half-reaction

Fe®*t + ¢~ = Fe?*

the Nernst equation, Eqg. 7-8, is

BT . {Fe*}
Ey=E°——
H F " [Fe*)
whereas the Nernst equation using formal potentials is
RT . Crroam
EJ =F - 1p—128l
" F Crretn

where Cy s and Cr ropp represent the analytical concentrations of Fe(ll)
and Fel(lll}, respectively, regardless of the degree of complexation, ionic
interactions, and so forth, Whereas E° has a value of +0,77 volts, the
value of E* changes as the solution composition changes. For example,
E® = +0.68 volts in ¢ Cr ¢, = 0.1 M, H,80,=1 M solution.

7.3.6. The Eleciron Balance and Equilibrium Calculations

In making equilibrium calculations for redox reactions it is often
necessary to make use of the electron balance. The equation is analogous
to the proton balance and is based on the principle that electrons are
conserved, For example, when Cl, is added to a solution, the following
half-reactions take place:

Cly+2e-—2C1"
Cl, + 2H,O — 2HOCI + 2H" + 2o~

Given that these half-reactions are the only ones of importance and that
no Cl~ or HOCl was present before the Cl, was added, we obtain the
electron balance by establishing an electron reference level (ERL) as the
species that are either oxidized or reduced and with which the solution
was prepared. In this example, the solution was prepared with HO and
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Cl,, but only Cl, is oxidized or reduced so it alone is the ERL. Bach Cl-
formed has one eleciron more than the Cl ot the ERL; each Cl in HOCI
has one electron less than the ERL. Thus the electron balance is

[HOCI] = {CI] -
In the oxidation of Fe?' by Cr,0;%,

8Fe?t — EFe® + Be-
Cr,0O*~ 4+ 14H* + B~ — 2Cr* + 7H,O

The ERL is Fe®* and Cr,0,?. One electron is produced for each Fe®*
formed and three electrons are used in the formation of each Cr®*. Since
. there are no other sources or sinks of electrons and given that no Fe® or
Cr’* was in the solution prior to adding Cr,0;*~ and Fe?*, the electron
balance yields

[Fe®*] = 3[Cr™]

Example 7-9

To 100 ml of 0.01 M K2Cr20; in 1 M H,80,, add 20 mi of 0.1 M Fe?* (in the form
ot terrous ammonium sulfate). Calculate Cy reqne Cr.remmne Cr.cno,. @nd Crcume The
formal potentials are

Fe® + e~ = Fe?; E°" = + 0.68 volis

Cr,0:* + 14H* + 6e~ =2Cr* + 7H,0; E* = 1.33 volts

Solution

There are five unknowns (Ei, Crrenn Cr.ream: Cr.coqmy and Cr o) and thus five
equations are needed. Because 1 M H,80, is used, {H*] can be considered constant
and it is thus not an unknown.

Fer this problem we can write the following equations.

Mass Balances

number of moles of Cr
liter

(1) Crer= Crorm + 2C1.cri0, =

(2)(0.01 molefliter){0.1 liter)
(0.1 + 0.02)liter

= 0.0187 M

_ _ (8.1 molefliter)(0.02 liter)
(2) CT.Fe = CT.Fe(ID + CT,FeGID = (01 T 002)11ter

=0.0167M

Equilibrium Relationships

RT
EL=E" —Fan
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(1.987 x 10~%(298) n Crrem
(1){23.08) Cr.pemm

{1,987 x 1079)(298) In (Cr.cam?®
(6)(23.06) Cr.erpHT™

{3) E4=0.88-

{4 Ey=133-

Electron Balance
(8} Cireaw = 3Creram

Because Cr,0;% is a very strong oxidizing agent, we can assume that the Fe?*
which is added reacts completely. Thus

Cr.ertiiy = 3Ctre= 3(0.0187) = 5,57 x 10-* M
Then from (1),
2C 1 cry0, = 0.0167 — 5.57 x102=1.11 x10*M
or
Crcro, = 5.56 X 1073M
and combining these values with equations (1) and (4) yields

. (5.57 x 10792
= 1.33 — 0.00427 In [ BTG ¥ 10-3}J
= 1,38 volts
At equilibrium, Ej, for the Cr,0,>/Cr®* couple is equal to that for the Fe*/Fe?*
couple, Thus from (3)
1.39 = 0.68 — 0.0257 In giﬁ@
T.Fe(liD

Cr.rem
In Sl — g
Cr.rem

CT Fefl) -
. = jp-122
Cr.reqm
and when Cr,reqq = 0.0167 M,

CT.FeUD = 1,05 x 107

Substituting these values into the mass balances, we see that our assumption of
complete reaction was satisfactory.

7.4. ELECTRON ACTIVITY AND pe

The concept of electron activity is used in the description of oxidation-
reduction equilibriac and especially in the solution of problems that
involve both redox and other equilibria such as acid-base, complexation,
and so forth. In addition, this concept provides a useful basis for the
graphical representation of complicated redox equilibria, The approach
is extremely useful when working with redox equilibria in natural waters,
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However, when problems are concerned with topics such as analytical
methods and corrosion that involve electrochemicat cells, it is often more
convenient to work with potentials and the Nernst equation because this
can be related directly to voltage measurements. Whatever the system or
situation it is beneficial to know how to "do it both ways.” We will instruct
the reader how to readily use both methods interchangeably.

The negative logarithm of electron activity, pe = —~log {&~}, is analogous
to pH, the negative logarithm of the hydrogen ion activity, Whereas pH
is a measure of the availability of protons in solution {(even though no
free protons exist in solution), pe is « measure of the availability of
electrons in solution {even though no free slectrons exist in solution). The
-equations for the development of pH and pe can be compared,

pH

{1) HA=H*+ A~; K,
(2) H+ + Hgo = H30+; Kz

3 HA+HO=HO'+A: K,
By convention, K, = 1. Thus K5 =K.k, = K, and K, = {H*}{A }{HA} or

{A-}
H=pK; +
where pH = —log {H*}, and pK, = —log K,, where K, is for the acid

dissociation half-reaction (with the proton on the right-hand side of the.
equation).

pe
(D M* +e-=M* K,
(2) %Hg(g) = H+ +e; KQ

(3) M2 + sHpq = M*+ H"; K,
By convention, K, = 1. Thus K; =K:K,; = K, and

M)
© T

or

. {M*}
peE = pe —IOQW

where pe = —log {e7} and pe® = log K, where K, is for the reduction half-
reaction (with the electron on the left-hand side of the equation).

For acid-base equilibria the proton exchange reaction between H,O*
and H,O at standard conditions is assigned a free energy change of zero
and an equilibrium constant of unity. It provides the datum to which all
other acid base reactions are referenced. For redox equilibria, the
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reduction of H' to $H,,, at standard conditions is assigned «a free energy
" change of zero and an equilibrium constant of unity. It provides the

reference point for defining pe.

Taking the reduction of ferric ion, Fe®, to ferrous ion, Fe?', as an

example, we can write

E°, ¢ —ono( BFE°
volts ~eXP\ "pT
{1 Fe’t + ¢~ — Fe?* +0.77 K,= 10"
(2} %Hﬁtg) —-H* +e” ¢ K,=1
(3) Fe®t + ’Ing{g] > H* 4+ Fe?* +0.77 K3 = 10"
Writing the equilibrium constant for (1}, we have
{Fe™*}
Ki= =m0
{Fe**}He"}
Taking logarithms, we obtain
{Fe?'} B
logK, = log Foy log {e}
Setting pe = —log {e~} and pe® = log K, we find that
Fe?+
tFe) (7.11)

pe = pe® — log —_{Fe”}

When {Fe®**} = {Fe*t},
pe = pe’ = log X,

For comparison, knowing that {H*} = {H, 4} = 1, we can write for reaction

3

2+
AG.= AG® + RT m({Fe }>

{Fe?*}

w2 (05 ol )

Rearranging this equation and substituting n = 1 yields

F [ F N\ .. . {Fe*
(Z.SRT) Eu= (Z.SRT) B ~log p oy

Comparing this equation with Eq. 7-11 for 25°C, we find that

and

FE,
Pe =g amn) ~ 10-Ew
pe FE = 16.9E°

~(2.3RT)

(7-12)

(7-13)

{7-14)

(7-19)
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where E° is the standard potential for the reduction half-reaction. Several
useiul pe relationships are summarized in Table 7-2.
For any half-reaction,

ox + ne” = red

a similar development shows,

pe = pe® — iIog(@) ©(7-18)
n {ox}
where
1
pe’ =—logk (7-17)
n
where K is the equilibrium constant for the reduction half-reaction. Again
FE,
= =186, °C 7-18
pe (Z.GRT)( 16,9E, at 25°C) (7-18)
and
pe’® = . 16.9E° at 25°C 7-19
pe @ SRT)( 6 a ) (7-19)

where E, and E° apply to the reduction half-reaction. Also, since AG =
—nFE, .

—AG
P€ = o SnRT (7-20)
and
. —AG®
Pe = o 8nRT 7-21)

From these interrelationships we can deduce that pe® is proportional to
the free energy change accompanying the transfer of 1 mole of electrons
from a reducing agent at unit activity to H* at unit activity. Several pe
relationships for use when more than one electron is exchanged are also
summarized in Table 7-2.

Note that pe only applies to a half-reaction; thus its value cannot be
used to indicate position of that hali-reaction with respect to equilibrium,
contrary to the value of E for an overall reaction. However, if two hali-
reactions in the same solution have equal values of pe, those half-
reactions are in equilibrium.

The application of pe is illustrated in the following example,

Example 7-11

The pH of a stabilization pond effluent is measured in the field and found 1o be
7.8 at 25°C. A sample of the eifluent is taken back to the laboratory by an
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TABLE 7-2 pe Relationships

For a one electron exchange reaction For a mutltiple electron exchange
written as a reduction reaction reaction written as a reduction
reaction

M 4+ e - MY E°

M+
pe = pe” — log %

where

ox + ne” -» red; B°

e L fred)
PE = pé n]og fox)

where

pe= —log {7}
pe= _1°g {e_} o — l]. K
pe” = logK pe =5 0d
and and
. _FE° 1 FE°
log K = oorT ;;*@: 2.3RT
Also Also
— FEH — FEH
P& =5 3RT Pe= 2.3RT
= 16.9E, at 25°C =16.9 4t 25°C
. FE° . FE°
Pe = o aRT Pe = 5 8RT
= 16.9 E°ai 25°C = 16.9E° at 25°C
—AG __—AG
P€ =0 aRT Pe = o 3nAT
. —AG oo TAG?
Pe =5 3RT Pe = o 3nRT

inexperienced graduate student who had the misfortune to place the sample
container in full sunlight in the back of a pick-up truck, Photosynthesis occurred
in the sample. On arrival at the laboratory the sample pH was found to be 10.2;
the atmosphere above the sample was found to contain 40 percent oxygen and
the temperature was 25°C. Assuming that the oxygen reduction half-reaction

de= + 4H* + Oy = 2,0

govemed the redox conditions in the sample, what was the change in (1) pe, and
{2) redox potential (E,, volts) of the sample?

Solution

We will solve this problem first using the pe method and then the Nemst
equation.

1. The oxygen reduction half-reaction governs the redox conditions; from Table
7-1, pe® = +20.8. From Eq. (7-16),

1 1
e=pe——log ————
B TR T 9 R HT
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Let us asume that the stabilization pond effluent is in equilibrium with the
normal atmosphere that contains 21 percent oxygen. Knowing that the pH
is 7.8, we find that

pe = 20.8 — % log [ ] =12.83

1
0.21)(10-78)*
When the sample is brought back to the laboratory, P,, = 0.4 atm and pH
= 10.2.

€=20.8 —{lo .
PemEE T T B HTT

. 1
= 20.8 — tlog 0.4 % (10 037
= 10,5
The decrease in pe = 12.83 — 10.5 = 2.33.

2. For the oxygen reduction half-reaction, applying Eq. 7-8, we obtain

., {0.059 1
£ -5~ (A5 os {7 )

From Table 7-1, E° = +1.23 volts,
For the field sample, pH = 7.8 and P,, = 0.21 atm.

0.059 1
EH = }.23 — ("““&_) log(m)

= +0.76 volt
For the sample in the laboratory, pH = 10.2 and Py, = 0.4 aim

Ey=1.23 -(0'059) :

4 log 0.4 e (lom(0.2)4
= +0.62 volt
The decrease in E4 = 0.76 — 0.62 = 0.14 volt.

7.5. GRAPHICAL REPRESENTATION OF REDOX EQUILIBRIA

Graphical presentation of redox equilibria, like the graphical treatment
of acid-base, complexation, and precipitation equilibria is helpful in
understanding complicated problems and in obtaining approximate so-
lutions to equilibrium questions. For redox systems in natural waters the
equilibrium condition is truly a boundary condition. In many cases,
natural systems are not at equilibrium from a redox standpoint. The
diagrams usually present an idea of what is possible, not necessarily of
the existing or imminent situation, The graphical presentations of redox
equilibria are seldom simple because redox reactions usually involve
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changes in solution composition other than electron transfer. Usually, pH
¢hanges must be considered and often complexation and solubility
equilibria must be superimposed on redox equilibrium diagrams to obtain
a realistic picture of the situation.

In this section we will first present the development of a simple diagram
{the so-called pe-pC or E;-pC diggram) for a reaction that involves only
electron transfer in ¢ homogeneous system. Next we will consider the
predominance area diagrams for presenting combined redox and acid-
base equilibria. Finally, we will add a third dimension and consider
systems with multiple phases using the pe-pH predominance area dia-
gram.

7.5.1. The pe-pC Diagrams

Let us first examine un aqueous solution at 25°C in which the half-
reaction between Fe®' and Fe** governs the redox conditions. The solution
is maintained at pH 2 so that Fe’* and Fe?* are the magjor ferric and
lerrous iron species, respectively, and the formation of hydrolysis products
is negligible. There is a total analytical concentration of iron of Cr e =
10 M.

We proceed with the construction of this diagram using methods similar
to those employed for preparing acid-base equilibrium diagrams. Al-
though we use pe in our development of the diagram (Fig. 7-3), we can
show E; versus pC too, since pe has a fixed relationship to E, for example,
at 25°C, pe = 16.9 E, (Eq. 7-19).

Equilibrium Relationship (from Table 7-1}
Fe?t + e~ = Fe?t; E® = +0.77 voli, pe® = 13.0

From Eq. 7-16, neglecting ionic strength effects,

e [Fe?]
TR T e
13 Jog EE
pe=13-log [Feo'] (7-22)
Mass Balance )
Cr.re = [Fe?*] + [Fe3t] = 10 {7-23)

Like the pC-pH diagrams, the first equation we plot is the mass balance,
which in logarithmic form is

—logCrre=4 (7-24)

Equation 7-24 is not a function of pe so it plots as a horizontal line at pC
= 4 (line 1, Fig. 7-3).
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E, volts

Fig. 7-3. The pe-pC diagram for ¢ Fe?'/Fe*' system at 25°C, pH = 2.

Now we will develop the —log conceniration versus pe lines for Fe®t
and Fe?*; In logarithmic form Eq. 7-22 becomes

pe — 13 = log [Fe?**] — log [Fe?t] (7-25)

When pe =3 pe® (= 13), Eq. 7-25 indicates that log [Fe*'] == log [Fe?*]. For
example, when pe = +15, Eq. 7-25 becomes

15 — 13 = log [Fe®*'] — log [Fe®*"] = 2

Thus at pe = +15, [Fe¥] = 100[Fe?'] and therefore [Fe?'] is negligible
compared to [Fe**]. From the mass balance equation,

Cr.re = [Fe®] + [Fe®']
with
[Fe*] = [Fe?*]
Crre = [Fe*] = 107
—log [Fe**] =4 ) (7-26)
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Thus in the region of the pe-pC diagram where pe 3> pe°, the ~log
{Fe*"} line is a horizonial line at pC = 4 (line 2, Fig. 7-3).
Substituting Eq. 7-26 in Eq. 7-25 yields

pe = ~log {Fe*] +9 {7-27)

which again is valid for the region pe = pe’. Equation 7-27 has a slope
of +1 and passes through the point (—log [Fe?*] = 4, pe = 13). This line
is plotted «as line 3 in Fig. 7-3. It is doshed in the region where p« is close
to pe® because here the assumption that pe > pe® does not hold. '

By a similar type of reasoning, « line for —log [Fe®'] versus pe and —log
{Fe?*] versus pe can be developed in the region where pe << pe®, These
are plotted in Fig. 7-3 as lines 4 and 5, respectively. :

Equation 7-25 shows that when pe = pe® = +13, log [Fe?*] = log [Fe®*],
and when

Cree = [Fe¥] + [Fe®*] = 10
we find
[Fe?t] = [Fe®*] = 5§ x 1073
or

—log [Fe?'} = —log {Fe¥*] = 4.3

After plotting these points, we can complete the diagram in the vicinity
of pe = pe® as shown. The straight line portions of each line are connected
with the curved lines in the region approximately one pe unit from pe®,
just as was done for the pC-pH diagrams for acid buse systems. However,
this latter step depends on the slopes of the concentration lines.

It is interesting to plot on the same diagram two equations that show
the redox stability limits of water. Since the reactions of solutes we wish
to examine take place in aqueous solution, we should know whether the
redox reactions we are describing are possible while the solvent, water,
is stable. At high pe, or under highly oxidizing conditions, H,O can be
converted to oxygen. The half-reaction,

4o~ + 4H' + Oy = 2HO; E® = +1.23 volis
Knowing pe® = 16.9 E° at 25°C, Eq. 7-15,
.1 1
pe = pe” ——log Po, [H*
yields
pe = 20.8 + tlog Py, — pPH (7-28)
ForpH = 2,
pe = 18.8 + ¥ log Py, (7-29)
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This equation plots as line 6 in Fig. 7-3 with —log P,, on the —log
. concentration scale, If the pe is controlled by the Oy /H,O half-reaction,
this line shows that a solution in equilibrium with 0.21 atm of oxygen at
pH 2 has a pe = +18.5. (Note: Two half-reactions taking place in the same
solution may not be in equilibrium with each other. If not, the pe calculated
using one half-reaction will differ from the pe calculated from the other
half-reaction.) :

Next the reduction of water to hydrogen gas must be considered as the
lower bound of the stability field of water.

2H,O + 28~ = Hyy + 20H; E° = —0.83 volt
- From Eq, 7-16,
pe = pe® — jlog Py, x [OH]?
Since pe® = 16.9E° = —14 at 25°C,
pe = —14 — ;log Py, + pOH {7-30)
When pH = 2, pOH = 12.and
pe = —2 — 3 log Py, (7-31)

which plots as shown, line 7, Fig. 3.

The pe.pC diagram conveys the idea that both Fe?* and Fe®*' have
regions where they can be the predominant species in water at pH 2.
However, if Fe?* is to predominate and be in equilibrium with the O,/H,O
couple, the solution must essentially be stripped of dissolved oxygen. For
example, at pe values of less than 13, Fe?t will predominate when the
oxygen partial pressure in equilibrium with the water couple is less than
1072 atm,

Example 7-11

1. What is the predominant iron species in oxygenated water at pH 2 and
25°C? Assume o normal earth almosphere and that the iron species are in
equilibrium with the O./H,O couple.

2. What are the predicted equilibrium concentrations of Fe?* and Fe*" under
these conditions for a solution containing 107* M total iron?

3. Does pe change significantly when the pH is changed to 62

4, At pH 2 what partial pressure of oxygen would be in equilibrium with a
solution containing 10° times as much Fé** as Fe®*?

Neglect solids and hydroxo-Fe complexes.

Solution

1. From Fig. 7.3, a solution in equilibrium with Py, = 0.21 atm has pe = +18.6,
At this pe, Fe® predominates.
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At pe = +18.6, [Fe*'] = 107*M and [Fe?'] = 107** M.

As the pH is changed to B, the pe value of the O,/H,C couple will change
because [H] is involved in this equilibrium. From Egq. 7-28

pe=pe +1logPo,—pH
=20.8-0.17 -8
= +14.8

From Fig. 7-8, at pe = +14.6, [Fe®] = 107* and [Fe®'} = 107%¢

Ferric iron is still the major species and the equilibrium concentrations
have not changed significantly from the standpoint of the iron couple.
However, as we shall see later in our discussion of iron chemisiry, the
kinetics of ferrous iron oxidation by oxygen plays a highly significant role
in determining the form of iron found in oxygenated solutions of different
pH values. Just to whet the reader’s appetite, we can state that although
the equilibrium calculations show Fe** as the predominant species at both
pH 2 and pH 8, experiments show that, at pH 2, Fe?* is essentially not
oxidized in oxygenated solutions while at pH 8 its oxidation to Fe® is rapid.

From Fig. 7-3, [Fe?*] = 10° [Fe®*] when pe = +7.0. Since we assume that the
oxygen couple is in equilibrium with the iron, this will also be the pe value
tor the O,/H,O couple, Because the graph for Py, versus pe does not exiend
to pe = 7, we use Eq. 7-29 to calculate P,

pe=+7 = +18.8 +%I<:1gP02
Pg, = 107 atm

Thus Fe?* is only stable at minutely small partial pressures of oxygen and,
based on equilibrium calculations, should be oxidized to Fe®** when there
is any measurable quantity of dissclved oxygen in water.

7.5.2. The pe-pH Predominance Area Diagram

The construction of a pe-pH or E,pH diagram is the next step in
complexity in the graphical representation of redox equilibria. In such
diagrams we establish areas of predominance in a pe-pH coordinate
system for various species involved in redox, acid-base, precipitation,
and complexation equilibria,

We will illustrate the construction of a pe-pH diagram for the aqueous
chlorine system. For the construction of such diagrams we must first state
the ground rules for drawing boundaries between any two species. There
are two basic rules:

1.

Boundaries will only be drawn between the two major species under
a given set of conditions.

A boundary will be drawn between two species at the place where
the concentration of the two species is equal. Thus, on one side of
the boundary, one of the species predominates in concentration
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and, on the other side, the second species predominates, Combining
these ground rules allows us fo state 'that boundaries in « pe-pH
diagram are drawn at places of significant equality,

The first thing to consider is the stability domain of water, For the half-
reaction,

de~ + 4HT + Oy, = 2H,0
we have from Eq. 7-28
pe = +20.8 + ¥log Py, ~ pH
- At Po, = 0.21 atm

pe = 20.6 — pH (7-32)

In the pe-pH diagram this plots as a straight line, line 1 in Fig. 7-4. At a
given pH, if pe lies above line 1, H,O is converted to Oy, If pe lies below
the line, H,O is stable.

For the reduction of water,

2H,0 + 2e~ = Hy, + 20H-
From Eq. 7-30,
pe = —14 — 3log Py, + pOH

and when Py, = 1,

pe = —14 + pOH (7-33)

This plots as a straight line in the pe-pH diagram (line 2, Fig. 7-4). At a
given pH and a Hy,, pressure of 1 atm, if pe is above this line H,O is
stable, while if it is below this line, H,O is reduced to Hy,. As Py,
decreuases, the H;O/H, line is raised thereby making smaller the area of
H.O stability,

Next we must list all the species involved.in the reactions of interest.
For the aqueous chlorine system these are

Claay, HOCL, OCI-, and CI-

Then we set up equations in terms of pH and pe relating each species to
each of the other species, The necessary equilibria can either be obtained
from Table 7-1, or from combining the equilibric in this table. In writing
the redox equilibria, we must remember to follow the golden rule -of
always writing the reactions as reductions. We have four basic equations
to work with.
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Fig. 7-4. The pe.pH diagram for aqueous chlorine; 25°C, Cr ¢ =1 x 107*M.

The formation of aquecus chlorine from hypochlorous acid:
(1) e~ + H* + HOCI = $Cly.y + HO; pe’ = + 27.0

The formation of chloride ion by the reduction of aqueous chlorine:

(2) 26 + Clyey = 2C17;  pe® = +23.5

The dissociation of hypochlorous acid:

(3} HOCl = H*+ OCl~; pK, = 7.5

The value for the total concentration of chlorine-containing species, Cr ¢,
in this example:

) Cro =104M = 2[Clyq] + [HOCY + [OCI] + [Cl]

With these equations we must find relationships in terms of only pe
and pH between

Clz(aq) and HOC!
Clg(aq.] and Cl~

HOCI and OCl-
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HOCland CI-
OCI™ and Cl~
Clyaq and OC1~

Let us first work with the species in the higher oxidation state (i.e., the
better oxidants) and thus develop the portion of the diagram at high pe.

Clyay) anid HOCI
From equation (1) we find
e=pe —lo [Clztaq}l%
Pe=P 9 [HOC[H]
or

[Clz(am]%
[HOC)

At the boundary, when [HOCI] = [Clya,), the ratio [Cly,,|¥[HOC]] is «
tunction of C;,. Now, in this region,

2[Clagqe} + [HOCI] == [OC1] + [Cl7]

pe= +27.0 — pH — log

Substituting in the mass balance, equation (4), yields
Cr.oi = 2[Cly,y] + [HOCIH} = 1071

Now at the boundary, [HOCI] = [Cly.p]; therefore,

3[Clagaq] = 107 and [Clyagy) = 3.3 x 1073
Evaluating the logarithmic term, we find

[Claaolt _  [Claagl? 8.3 x 1079 174
[HOCI] Cq—2[Clyaq] 3.3x10°

Substituting this value in the pe equation, we find

pe = +27.0 — pH — log 174
pe=24.7 — pH (7-34)

This equation plots as line 3 in Fig. 7-4.

Clyaq and Cl-
From equation (2) we obtain

.1, ICIT
E=peg ——
P P T Y Chual
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In this region of the diagram, 2[Cl,.,;] + [Cl7] = [HOCI]] + [OClT].
Substituting in equation {4), we find that
CT.C[ = 10_4 = Z{C}.g} + [Cl—],
and since

[{Claap] = [CI7]
[Claan] = 3.3 %X 107
pe = 23.5 —3log 3.3 x 10~°
pe = 25.7 (7-35)

This equation plots «s « horizontal line (line 4) in Fig. 7-4.
HOC! and OCl~
From equation (3), when [HOCI] = [OCl1},

[OCI]
°Y1HOC]y

pH=7.5 (7-36)

This line {line 5 in Fig. 7-4} is a vertical line at pH = 7.5.
To find the other chlorine species relationships we must use combi-
nations of eguations (1) through (3).

HOCI and CI-
Adding equations (1) and (2), we obtain
AG® = —nFE°
(1} HOCI + H* + e~ = {Clyjzq + HO —F(+1.60)
(2} e + iClyuq > C1- —F(+1.39)
{5) HOCIl + H* + 22— — Cl™ + H,0 —2FE°® = —F{+1.60 + 1.39)
E° = +1.50

and from Eq. 7-15, pe® = 16.9E° = +25.4. Thus

pe =pe —log __erl

7 [HOCY[HY

pe = +25.4 — $pH — $log ([CI}/[HOCI))
When [HOCI] = [C17],
pe= +25.4 — 3pH {(7-37)
This equation is plotted as line 6 in Fig. 7-4,

CCl~ and CI™
To relate OCl~ and Cl-, we subtract equation (3) from equation (5),
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AG® = —nFE°

(5 HOCI + H* + 2¢~ = Cl~ + HO; —2F (+1.50) = —69.2
-3 OCl~ + Ht = HOCI; —BT In 107° = —10.2
(68) OCl™ +2H* + 2~ = Ci™ + H.0; -73.4
E® =79.4/2F = +1.72

pe® = 16.9E° = +29.1

For equation (6) we have

IO &S
Pe=pe =209 oCET?
(Cl7]
- _ _1
29.1 — pH - Ylog roor
When [C1] = [OClT],
pe =29.1 — pH . (7-38)

This equation appears as line 7 in Fig. 7-4.

We can now use reasoning to linalize the drawing of the diagram, For
example, we have not yet dealt with the OCIi~/Cly.,, relationship. This
line will fall somewhere between the OCl™ and Cl, regions in Fig. 7-4.
However, we have already shown that to the right of line 3, and below
line 4, Cly.,, is not a predominant species. Thus we can save ourselves
the time of establishing this line, since we are only interested in
boundaries between predominant species. We can also ask why line 5
terminates at the intersection of lines 6 and 7. Below line 7, Cl~ predom-
inates over OCl~; below line 6, Cl~ predominates over HOCL Again we
are only interested in boundaries between predominant species and we
must therefore terminate line 5 as shown.?

From the dicgram we can draw the following conclusions for o 1074 M
Ct o solution.

1. Clyaq as a predominant species only exists at low pH values (below
pH 0). As C; ¢ increases, similar calculations show the pH value at
which Cly, predominates increases.

2. At higher pH values, Cly,, disproportionates into HOCI and Ci~.

3. Chloride ion is the stable chlorine-containing species in'the pe-pH
range of natural waters, :

® Systems much more complex than aqueous chlorine are time-consuming to
draw. Other advanced texts in this area (e.g., W. Stumm and }. J. Morgan,
Aquatic Chemistry, Wiley-Interscience, 1970} illustrate procedures whereby
such diagrams can be drawn.
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4, Cly,y., HOCI, and OCI™ are stronger oxidants than O, in accordance
with the recction,

2HOCI = 2C1~ + 2H* + O,
which is the sum of the two hali-reactions,

2H,O = 4H" + de~ + Oz{aq:
ZHOCI + 2H* + d4e— = 2C1~ + 2H,O

This reaction is basically the oxidation of water to oxygen by
chlorine, which itself is reduced to chloride ion. The reaction
proceeds only when catalyzed, for example, by uliraviolet light. It
is the reaction that accounts for the "decay” of chlorine sclutions
that are exposed to sunlight.

5. Only Crc = 107* was used in these calculations, but the use of
other values of C; ¢ shows that the boundaries in Fig. 7-4 vary little
with Cy . Thus the diagram in Fig. 7-4 is generally applicable at
other total concentrations as well.

7.5.3. Other Predominance Area Diagrams

In the previous section we used pH and pe as the coordinates of the
diagram. Frequently, the concentration of one species of a system con
significantly affect the concentrations of other species that are present;
in this case a diagram with the concentration of that species as one
variable, together with pH as the other variable, can be most useful. To
develop such a diagram, it is necessary to combine half-reactions to form
overall reactions, thus eliminating pe, or B, as a variable.

For example, let us consider such « predominance area diagram for
agueous bromine species at 25° in which the diagram axes are pH and
the negative log of the bromide concentration,

The overall reactions relating the species of interest are

1. Bryy + HO=HOBr + H* + Br: K, =86 x 107°,
2. HOBr = OBr + H*; pK, = 8.4,
3. Bryg, + Br =Br,~; K =154,

We will use a similar approach to that used for constructing pe-pH
diagrams. Lines representing equality of concentration between signifi-
cant species are sought in the form of equations containing {Br~} and pH
— the two axes of the diagram. The species are

Brz(aq}, Bra_, HOBI, QBr~
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Possible relationships are
HOBr and OBr-

HOBr and Bry,q

HOBr and Br,~

OBr— and Br;~

OBr~ and Bry,g

Bry.q and Bry~

HOBr and OBr~ are related by the K, equation,

a4 (HTHOBr)
- g4 b2 M0 )
K,=10 [HOB1)
When [OBr~] = [HOB1], this equation simplifies to
pH = 8.4

which plots as line 1 in Fi‘g. 7-5.

355

To derive the relationship for HOBr and Br;~ it is necessary to combine

equations (1) and (3). In logarithmic form we have

[HOBi]

—9.4 =2log [Br] — pH + log Bry ]

When [HOBr} = [Bry7],

log [Br7] = —4.7 + 3pH {7-39)

This is plotted as line 2 in Fig. 7-5.

0 T T l ! T E ! T ((I
Br3

L ® @ |
2 -
o :
3?1 3 l_ Brang ?D ]

HOBr OBr~
A _
@)
5 i ! 1 Z 1 | ! 11 |
0 1 2 ki 4 [} 6 7 8 9 10

Fig. 7-5. Predominunce area diagram for aqueous bramine species at 25°C.
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Combining the relationship derived above for [HOBr] and [Bry} with
eduation (2), we obtain

2 log [Br7] — 2pH + log [OBI:} =—17.4
{Brs]
When [OBr7] = [Br;7}
log [Br] = pH -8.9 (7-40)
This plots gs line 3 in Fig. 7-5. 7
Combining equations (1) and (2), we obtain
OBr~]
log [Br7] — 2pH + log {[Brmq,]] = —16.6
When [OBr] = [Bragaaml
log[Br7] =2pH - 16,6 (7-41)

This equation plots in the region where [HOBr] predominates over [OBr)
so that it does not represent a significant equality and is therefore not
shown in Fig. 7-5,

From equation (1) we obtain the HOB1/Br, relationship,

[HOBr]
[Braagl

log (6 x 107%) = log [H*] + log [Br7] + log

When [HOBI] :[Brztaql]
log [Br7] = —8.22 + pH

which plots as line 4 in Fig. 7-5.
From equation (3) we obtain the relationship between Bry.q and Br;,
[Br;]

1.2 = ~log {Br] + logl-grmm——]
2(aq),

When [Br;7] = [Bryaq)] .
log {Br ] = —1.2 {7-42)

This plots as « horizontal line at —log [Br-] = 1.2 (line 5 in Fig. 7-5).

Using the same type of reasoning that was employed in the construction
of the pe-pH diagram in Fig, 7-4, we can map out the significant boundaries
in Fig. 7-5.

The bromide conceniration of most fresh natural waters is =1 mgfliter.
Seawater contains about 70 mg Br/liter (~107* M), Therefore, from this
diagram we can conclude that in most natural waters bromine will be
present as the undissociated HOBr.

Comparing the diagram in Fig. 7-5 with those developed for the other
halogens (Fig. 7-6) used as water disinfectants, chlorine and iodine, we
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Fig. 7-6. Predominance uarea diagrams for
aqueous chlorine and aqueous iodine at 25°C.
{a) Aqueous chlorine; and (b) agueous iodine,
After D. G. Taylor and J. D, Johnsen, chapter
in Chemistry of Water Supply, Treatment and
Distribution, A, ]. Rubin, ed., Ann Arbor Sci-
ence, 1974, Reprinted by permission of Ann
Arbor Science Publishers, Inc., Mich.

see that bromine occupies an imtermediate position as far as (1) the
relative predominance of the trihalide anion (X,7), (2) the relative predom-
inance of the diatomic aqueous halogen molecule [Xy.q). and (3) the
relative predominance of the undissociated hypohalous acid (HOX).

The Cl;~ species does not exist as a predominant species within the
bounds of the coordinates given; Br;™ is important at Br~ concentrations
of greater than approximately 107! M and pH below about 7; I;~ is
important at lower [I7] levels (> approximately 107° M) and up to higher
pH levels, Cly,, is only important in g limited pH range {(below pH 3 and
for Cl~ levels above 1072 M) while Bryaq and I,,, progressively extend
over a greater range of halide and pH values, HOCI and HOBr are the
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major halogen species in oxygenated water at natural water pH values.

"HOI may be a major species, but L., can also be present in significant

quantities. OCl~ and possibly OBr~, but never OI", can be important
species under natural water conditions. These species distributions dare
extremely important from the standpoint of disinfection efficiency. For
example, the ability of “chlorine” to kill coliform organisms is 80 to 100
times greater when the chlorine is present as HOC] than when it is
present as OCl~.

7.5.4. The pe-pH Diagrams Incorporating Solids

The last step in complexity that we will explore in detail for the
construction of diagrams to illustrate redox equilibria involves the ad-
dition of heterogeneous equilibria to redox and ocid-base equilibrium
diegrams. We will illustrate this system with a pe-pH diagram for iron
species in agqueous solution containing no anions other than hydroxide,
We will expand on this diggram later in this chapter during the discussion
of iron chemistry,

First we must identify which solids and solution components are
important. For an unknown system we would achieve this by searching
the literature for relevant reactions and equilibrium data. In this example
the following components are of interest,

SOLIDS SOLUTION COMPONENTS
Fe(OH)y Fed+
Fe(OH), FeQH2*
Fe(OH),*
Fe?t
FeOH?*

The task of diagram construction is broken down into four stages.

1. Boundaries are constructed between the solids of interest if more
than one solid exists.

2. Boundaries are constructed between solids and individual solution
components. A concentration of dissolved component is selected
and the stipulation is made that the solid/solution boundary is valid
for the selected concentration of the indicated solution component.
For our example we will use a Fe concentration of 1077 M (5.6 ug Fe/
liter} although in the later discussion of iron chemistry several
solid-solution boundaries are entered on a single diagram to
represent different solution concentrations of Fe species at the
boundary.

3. The complete solids-solution boundary {(with various solution com-
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‘ponents in different paris of the diagram) is constructed. When
significant boundaries are in doubt, they can be established by
testing various pe-pH coordinates in the equations in Table 7-3 to
determine the species of significance.

4. For the region of the diagram that describes solution (away from
solids predominance areas), the equilibria between solution com-
ponents are plotted for all combinations of solution components.
Significant boundaries are deduced as lines of equal concentration
of solution components.

We will not present many of the detailed considerations required for
deciding significant boundaries between the various solids and species
because this would needlessly complicaie the preseniation. For a fuil
description of the procedure for developing ¢ diagram such as this using
other types of diagrams as aids, see Stumm and Morgon.®

To develop the diagram, we first enter in Fig. 7-7 the stability limits of
water that were established for Fig. 7-4. Next we refer to Table 7-3 that
presents equations that interrelate all species and solids. We would find,
from a detailed study of the diagram construction, that only a few of
these equations describe significant boundaries; moreover, these equa-
tions apply only in specific regions of the diagram.

Line 1 is the boundary between the two solids Fe{OH)y,, and Fe(OH),.
Along this line Fe(OH)y, and Fe(OH)y, are in equilibrium with each other.
At very low pe values, a third solid, Fe(, (metallic iron) may be formed
{e.g., below pe = ~7.4 in the pH range 0-8). We will not consider this
solid as part of the diagram.

We now develop the diagram for the equilibria of the solids Fe{OH)y
and Fe(OH)y,, with soluble species. These lines describe the boundaries
of the two solids. The region to the right of and above these lines is the
area of predominance of the solids. To the left of and below these lines,
dissolved components predomincte. The dividing line between solids and
solution is based on a maximum soluble iron concentration of 1077 M, Of
the 10 equations in Table 7-3 relating solids to soluble Fe-species, only
4 are employed in the diagram construction. The rest describe insignificant
boundaries.

We next proceed to the solution equilibria, (equations 12 through 21 in
Table 7.3). Of these 10 equations, 5 describe significant boundaries and
are plotted in Fig. 7-7.

If we examine Fig. 7-7, we {ind that a Fe(OH),* predominance region
does not appear. However an area occupied by Fe(OHL' does exist but
because of the selection of a solids/solution equilibrium concentration,
Crres of 1077 and because of our rounding off of equilibrium constants,

5 W. Stumm and . ]. Morgan, Aquatic Chemistry, Wiley-Interscience, New York,
1970, .
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TABLE 7-3 Equilibria and Equations for Construction of Aqueous Fe(Il)-Fe(Il) pe-pH Diagram (Figure 7-7)

Line
Number
Boundary Reaction Logk Equilibrium Statement {Figure 7.7)

1. For Boundaries between Two Solids
Fe(OH) ) /Fo(OH)y Fe{OHlyy + H* + e~ — FelOH)y,, + HO +4.62 pH + pe = 4,62 1a
2. For Boundaries between Solids and Solution Components
Fe(OH)y,,/Fe?t Fe(QOH)ys — Fe?* + 20H™ -15.1 pH = +6.5 — }log [Fe?'] 2
Fel(OH)y,, FeOH* FolOH)y,, + H* — FeOH* + 2H,O +4.6 pH = +4.6 — log [FeOH"] 32
Fe{OH),,/Fo** Fe(OH)ys — Fe¥t + 20H™ + e~ —28.2 pe = +0.2 + 2 pH + log [Fe®** 4
Fe(OH)y/FoOH?** Fe{OH);, + H* — FeOH? + H.O + e~ -2.2 pe = +2.2 + pH — log [FeOH™] 5
Fe(OH),,.)/Fe(OH),* Fe(OH)zs) — Fe(OH)," + e~ —B.9 pe = +6.9 + log [Fe(OH),"] 6
Fe(OH)y,) Fe’t Fe(OH)y, — Fe® + 30H- -37.2 pH = +1.6 — } log [Fe™] 7
Fe{OH),.,/FeOH* Fe(OH)y + 2H* — FeOH?* + 2H,O +2.4 pH = +1.2 — } log [FeOH? 8
Fe(OH),,,/Fe{OH),* Pe(OH)yy + H* — Fe(OH),* + H,0 -2.3 pH = +2.3 — log [Fe(OH),"] 9
Fe({OH),.,/Fe?* Fe(OH)yy, + 3H* + e~ — Fe?* + 3H,0 +17.9 pe = +17.9 — 3pH — log [Fe 10
Fe(OH)y,)/FeOH* Fe(OH)gy + 2H* + e~ — FeOH* + 2H,O +9.25 pe = +9.25 — 2pH — log [FeOH"]

11*
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TABLE 7-3 (continued)

Line
Number
Boundary Reaction Log K Equilibrium Statement {Figure 7-7)
3. For Boundaries hetween Solution Components
4
Fo¥*/Fet* Fo'* + e~ —Fe?* +18.1  pe= +13.0 - log F;:a% 128
2+
Fe**FeOH*" Fe’ + H,O — FeQH?*" + H* -2.4 pH=+24 + log% 130
) [FeOHY
Fe*/FeOH* Fed* + H,O + e~ — FeQH*® + HY +4.4 pe = +4.4 + pH — IOQW 14
&+
Fe/Fe(OH),* Fe®* + 2H,O — FelOH),* + H* ~-7.1 pH = +3.6 + ¥log LE%%;%—] 15
+
Fe?/FeOH* Fe? + HyO — FeOH* + H* ~86  pH = +8.6 + log [F[;Sf] ] 165
24
Fe?*/FeQH2* Fe®t + H,O —» FeOH?** + H* + e~ -15.5 pe = +15.5 -~ pH + log%i%]‘ 172
+
Fe™/Fe(OH)," Fe* + 7H,O — Fe(OH),* + 2H* + e~ —202  pe = +20.2 — 2pH + 1og~[?—°([%?]&’—] 18
- [FeOH"
W 2+ -+ 2+ — = —_ e
FeOH'/FeCH FeOH" — FeOH?* + e 6.9 pe = +6.9 — log [FeOH 19
. +°
FeOH*/Fe(OH),* FeOH* + H,O — Fe{OH)," + H* + e~ —-11.6 pe = +11,6 — pH + log-'[%%}:l)—i; 20
24 + + 24 [FeQH*]
FeQH?*/Fe{OH), Fe(OH),* + H* - FeOH?* + H.O +47  pH = +4.7 - log 218

[Fe(OH),*]

* Only these lines describe significant equalities and thus appear in some region of Figure 7-7.
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Fig. 7.7. The pe-pH diagram for a Fe(ll)-Fe(lll) system at 25°C.

the area becomes so small it is difficult to draw in on the scale used,
Equation 21 (Table 7-3) states:
[FeOH2*] = [Fe(OH),*] at pH 4.7

while equation 8 is
pH = 1.2 — § log [FeOH?¥]

which, when [FeOH**] = 1077 M, reduces to pH = 4.7. Thus the solid
phase boundary with FeOH?' is superimposed on the equality line
between [FeOH?*] and [Fe(OH),*]. A small region would exist for Fe(OH),*
had our choice of solution Cr . been smaller than 1077 M,

One striking feature of the diagram is the large area occupied by Fe?*.
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From this observation we might suspect that, in the absence of oxygen,
jron in solution has a very good chance of being present as ferrous ion.
In the later section on iron chemistry we will follow up on this observation,
This is as far as we will go in the details of diagram construction.
However, we will continue to present diagrams (some of greater com-
plexity), knowing that the reader will understand them and appreciate
the time that it takes to construct them. The diagram for the iron system
in Fig. 7-7 only considers the soluble species Fe*, Fe?*, and hydroxo iron
_species. Such diagrams become more useful {as we shall see in the
section on iron chemistry} when other iron-containing sclids and species
such as carbonates and sulfides are introduced. When this is done the
diagram is more complex but the rules of the game are the same. An
additional constraint is introduced in that the total concentration of anion
(e.g., total carbonate carbon or total sulfur) must be specified. There is
an individual diagram for each specified anion level. A further useful
presentation is to draw more than one boundary between solid phases
and solution species. Each boundary represents a different selected total
solution concentration of iron (e.g., 1077, 107%, 107° M, etc). Such diagrams
help us to judge the sclution concentration of species at various pe and
pH values,

7.6. CORROSION

Corrosion is the deterioration of metallic structures, usually with the
loss of metal to solution. It manifests itself in many ways including
rusting, pitting, tuberculation, cracking (or embrittlement) etc. Corrosion
is a costly and wasteful process; it has been estimated that some 25
percent of the annual production of steel in the United States is for the
replacement of material lost to corrosion.”

All refined metals have a tendency to revert to a thermodynamically
more stable form such as those in which they occur naturally on earth.
Thus one of the corrosion products of iron is iron oxide (Fe,O;) which is
one form of iron ore, Almost all types of corrosion can be explained in
terms of electrochemistry (oxidation-reduction reactions); for this reason
we will consider corrosion as an example of the application of redox
chemistry or electrochemistry to a practical situation. We will not present
a detailed quantitative analysis of corrosion and the design of corrosion-
control systems. Other texts should be consulted for this type of infor-
mation.

7.6.1. The Corrosion Cell

For corrosion to occur, the presence of all the components of an
electrochemical cell is required. These components are an anode, o

"R. O. Dean “Corrosion in Irrigation Systems," presented at the 39th Annual Rural
Electric Conference, University of California, Davis, February 1964,
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cathode, an external circuit, or a connection between the anode and

“cathode, and an internal circuit or conducting solution (electrolyte) .

between the anode and cathode, An anode and cathode are sites on o
metal that have a difference in potential between them. If any one of
these components is absent, a corrosion cell does not exist and no
corrosion will occur,

That mysiery often surrounds the process of corrosion is probably
because of the hard-to-recognize forms that the elecirochemical cell takes.
Persons accustomed to the laboratory will visualize an electrochemical
cell as a beaker containing elecirolyte in which to pieces of metal are
immersed and joined externally with a wire. It is difficult to make the
translation between this situation and that of a water pipe running
through alternate marshy and sandy patches of soil, yet both are electro-
chemical cells—and both will be subject to the reactions that go to make
up corrosion.

Figure 7-8 illustrates the general features of a galvanic cell indicating
the direction of current and electron flow. The oxidation (removal of
electrons) or dissolution of metal occurs at the anode, which consequently
is negatively charged. Reduction (consumption of electrons) or deposition
of metal occurs at the cathode, which consequently is positively charged.
We have previously discussed a galvanic cell of this kind in Example 7-
6, where zinc metal was the anode and corroded to form zinc ions; copper
was the cathode and copper ions in the copper chloride solution surround-
ing the cathode plated out as copper metal. We can visualize o similar
situation existing when a copper water pipe is connected to a galvanized
{zinc-coated steel) pipe (Fig. 7-8). The galvanized pipe is the anode and
the copper pipe is the cathode. The electrolyte is the water flowing

S e e W
M) Myt
Ancde Cathods &~ + H* - %H,
{negative {positive or
charge) charge)
e +H + %0,
- %H,0
\. J

Fig. 7-8. Features of a galvanic cell,
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Galvanized (zinc) pipe
{anade; corrodes)

Copper pipe
{cathode;
protected)

Water

Fig. 7-9. Corrosion cell between galvanized and copper pipes
joined together.

through the pipe. The external circuit is the pipe material, and contact
between the zinc and copper is required.

Corrosion cells can be far more subtle. For example, electrical code
states that a neutral wire must be bonded to a water pipe. If it is connected
to a galvanized pipe in one residence and a copper pipe in a neighboring
dwelling, we have the makings of a corrosion cell (Fig. 7-10). The
galvanized pipe is the anode; the copper pipe is the cathode. The common
neuiral wire is the external circuit. The moist soil surrounding the pipes
is the electrolyte. '

Corrosion cells can be produced by the interaction of small, locdl,
adjacent anodes and cathodes on the same piece of metal. These so-
called "local-action cells” form because the surface of a piece of metal is
not uniform. Small variations in composition, local environment, orien-
tation of the grain structure, and differences in the amount of stress and
surface imperfections all may coniribute to the creation of tiny areas of

)

b

T 11

_...__Z\ > > —_ _

Galvanized Corrosion Current Soil Copber
pipe (by ion transport) pipe
{anode} {cathode)}

Fig. 7-10. Corrosion cell between galvanized pipe and copper pipe in
separate residences.
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metal with different potentials. Therefore, a piece of iron is covered with
many tiny corrosion cells, The reader can prove this by immersing a piece
of iron into a dilute solution of HCL The gas that bubbles from the suriace
of the iron is hydrogen being produced at the small local cathodes (Fig.
7-11).

The anodic, cathodic, and net reactions that are taking place are

Fe, — Fe* + 22~ (anode)
26~ 4+ 2Ht — Hy, (cathode)
Fe, + 2H* — Fe?t + Hyy {net)

As we shall see later, differences in the external environment {such as
the amount of moisture, temperature, and dissolved oxygen concentration)
also can produce corrosion cells on the same piece of metal.

7.8.2, The Galvanic (or Electromotive) Series

The galvanic series {Table 7-4) is a listing of metals presented in the
order of their tendency to corrode (or go into solution). The metals are
listed in groups, and the metals within these groups can generally be
used together safely (i.e., without either one corroding significantly). If
metals from separate groups are connected in ¢ situation where a
corrosion cell forms, the metal that is highest on the list will corrode. In
general, the farther apart the metals, the greater will be the potential for
corrosion because the potential difference between them will be greater.
Basically, this list is in the order of decreasing oxidation potentials, but
not exactly so. This is because the behavior of some metals from o
corrosion standpoint is not solely dictated by differences in the electrede
potential. For example, chromium and stainless steel each appear at two
widely separated places in the list. At the higher position where they
occur they are listed as "active”; at the lower position they carry the
designation "passive.” These metals become “active” {more subject to
corrosion) when they are present in an oxygen-starved environment {the
higher listing); they are passive.{less subject to corrosion} when they are
in an environment with oxygen present (the lower listing).

26+ Fe?* 2H% Ze ~ Hy Fe?* + 2¢°

Fig. 7-11. Corrosion of iron in acid solution.
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Potential

Anode Anode Reaction E® (volts)
Magnesium Mgy = Mg?t + 2e~ +2.37
Aluminum Al — AP* + 3o~ +1.68
Zine Zng, — Zn*t + 26~ +0.76
Cadmium Cdy — Cd* + 2e~ +0.40
Steel or iron Fey — Fe?t + 2e” +0.44
Cast iron Fe, — Fe?* + 2e- +0.44
Chromium (active) Crg — G + 3~ +0.74
Stainless steel (active) Fe, — Fe®* + 2¢~ +0.44
Soft solder
Tin Sny — Sn?t 4 20 +0,136
Lead Pb — Pb* + 2o~ +0.126
Nickel Nigy — Ni2¥ + 22— +0.25
Brass
Bronze R
Copper Cug — Cu?t + 2e” —-0.345
Silver solder
Chromium (passive) Crg — Cr8" + 38~ +0.74
Stainless steel (passive) Fee — Fe?* + 2o~ +0.44
Silver Age > AgT + e -0.8
Gold Aug, — At + 3o~ -1.5
Platinum Pigy — Pt%* + 2e~ —1.42

Source: M. ]. Orton and R. O. Dean, “Swimming Pool Corrosion”, paper to San
Francisco Bay Section of the National Association of Corrosion Engineers, October

1963.

The rate of corrosion (loss of metal) is proportional to the amount of
current that flows in the corrosion cell. From Ohm's law we know that, for

direct current,

where

E = potential difference, volts
I = ¢urrent, amperes

E=IR

R = resistance, ohms

and

by
Il
M
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Thus the greater the potential difference (i.e., the greater the seporation
in the galvanic series) and the lower the resistance, the greater will be
the amount of current carried in the corrosion cell. Faraday's law states
that the amount of a material that can be produced electrochemically is
proportional to the amount of charge in coulombs. A coulomb is the
amount of charge transferred when 1 ampere flows for 1 second. One
equivalent of o material on a charge basis (Avagadro’s number of positive
or negative charges) is produced by 1 Faraday or 96,500 coulombs. That
is,

Number of equivalents reacted = current (amp)
X time (sec)/(96,500 coulombs/egquivalent)
It
F
where F = the Faraday constant.
and{ = time in seconds

Table 7-5 translates Faraday's law into practical terms by indicating
the pounds of various metals that would be lost from an anode of the
metal in a corrosion cell with a current of 1 amp flowing for 1 year.

7.6.3. Corrosion Reactions

Reactions occurring during corrosion are conveniently divided iato
those taking place at the anode and those taking place at the cathode.
The reactions may be (and usually are) more extensive and complex than
the primary oxidation reduction half-recctions. Let us consider the cor-
rosion of a piece of iron pipe. The basic galvanic cell is illustrated in Fig.
7-12.

At anodic areas an oxidation reaction releases Fe?* ions into solution,
leaves electrons behind in the metal, and produces a negative charge on
the metal.

Fe &= Fe?" + 2e-

TABLE 7-5 Corrosion Loss by Various

Metals
Metal 1b Lostamp-year

Lead 75
Copper 46
Tin 43
Zinc 23
Iron 20
Magnesium g
Aluminum 3

Carbon 2




Corrosion 369

e—-ﬁ-

. lCurrent —— 1

T
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& -& Fe?*
o o Metal
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Electrolyte than Fe

Anode Cathode

- ' Y,

Fig. 7-12. Galvanic cell for corrosion of iron.

The electrons travel in the external circuit from the anode to the cathode;
at the cathode they may recct with HF ions in solution to form hydrogen
gus, which bubbles out of solution,

2H* + 2¢7 = Hyy,

This is the reaction we mentioned previously in our discussion of the
corrosion of iron in dilute HCL It is referred to as "hydrogen evolution
corrosion.”

Alternatively, if there is oxygen in the solution surrounding the cathode,
the cathode reaction may produce water thus:

4e- + 4H* + 02(,343) = 2H20

In both of these cathodic reactions, H is consumed so that the pH rises
and significant amounts of OH™ ions appear. These ions migrate through
the electrolyte toward the anode, thus conducting current through the
solution, At the anode, if no oxygen is present and pH becomes sufficiently
high, ferrous hydroxide will precipitate,

Fe?' + 20H™ = Fe{OH)yq
in oxygenated water Fe?* is converted to Fe®t

4Fe?*t + 4H* + Og(aq) = 4Fe® + 2H20
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which in turn may precipitate as ferric hydroxide at the anode:
) Fe¥* + 30OH" = Fe(OH),

Fe{OH);., is sparingly soluble in waters with pH values above 5 to 6
while Fe{OH),,, is much more soluble. The precipitate Fe(OH)s., dehy-
drates to form Fe,O,, ferric oxide, which has the familiar red color of rust.

2Fe(OHly) = Fe,0y, + 3H,0

If the precipitate of Fe(OH)y,,, [or Fe(OH),, which is then oxidized to
Fe(OH);], sloughs off the pipe into the water, red water results. Also,
depending on the CO.2~ concentration and whether oxygen is absent
Fe?* may-precipitate as a carbonate solid.

Fe?t + CO,* — FeCOQ,,, (siderite)

Corrosion of an iron pipe under certain conditions can also manifest
itself in the formation of "pits” and “tubercules” (Fig. 7-13). The OH™
produced by the cathodic reaction not only may precipitate Fe(OH)ys, and
Fe{OH)y,, but can also react with bicarbonate ion (alkalinity) in the water
to produce carbonate ion. In the locally high pH region around the
cathode, both FeCO,,, and calcium carbonate may precipitate

HCO; + OH = H,0 + CO2
Ca?t + COGZ— = CCICOa(S)

The iron and calcium precipitates together form the familiar knarled
tubercules that surround the anodic areas where Fe?* dissolves to form
- pits. However, under other conditions CaCQyj), and possibly iron precip-
itates, may form a thin protective coating over the metal surface.

H,0 H*

ov v
HCOy™ + OH™ = €03%" + H,0
€a%* + C0,% = CaClyy

Fe?* +2 OH™ = FelOHay \

—
Fe

Fig. 7-13, Formation of pits and tubercules in the corrosion of iron
pipe.
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The exterior of iron pipes in marshy {ancerobic) soils are often coated
with o black {film of material that results from o mode of iron corrosion.
The ferrous lons produced at the anode react with sulfide present in the
anaerobic soil (bacteria may reduce sulfate to sullide in the absence of
oxygen). The black ferrous sulfide is produced by reactions,

At the anode,
Fey = Fe?" + 2e~

In the an&erobic soil,
8e~ + 8H* + SO, = HS™ + 4H,0

At the interface between the pipe and the soil,
Fe?t 4 HS- = FeS,,, + H*

7.6.4, Concentration Cells

I adjacent portions of a surface are in contact with a solution having
metal ions of different concentration, a potential will develop that can
result in corrosion, The corrosion process in such a situation will always
tend to equalize the concentrations of metal ion by dissolving metal from
the metal surface. Therefore; we can deduce that the portion of metal in
contact with the dilute solution will become the anode—it will corrode
and c!(‘mtribute metal ions to solution. The part of the metal in the more
concentrated metal ion solution will become the cathode and either metal
ions will plate out on it or some oxidizing agent such as O, will be
reduced af its surface.

To illustrate such a concentration cell let us consider the galvanic cell
made up of a piece of zinc metal with two sites A and B (Fig. 7-14). Site

%%
7 =107 M O 2*1—10 M

Zn = Zn?t + 22~ 202 4+ 267 = Zn
Barrier
that permits
passage of
some ions
[current flow)
but maintains Zn®*
ien gradient

Fig. 7-14. Zinc concentration cell,
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A is in contact with a solution containing 1074 M zinc ion, and site Bis in
contact with & 1073 M zinc ion solution. From the Nernst equation we can
show that site A ig the anode and site B is the cathode, To prove this, we
will write the reaction assuming site A to be the anode and site B to be
the cathode, and then examine the resulting potential to determine if the
reaction will be spontaneous as written.

E° {volis)
at Site A: Zn, — Zn,2t + 207 +0.76
at Site B:  Zng?* + 2 — Zng; -0.76

Zng®t + Zn, — Znt + Zng: 0.0

From Eq. 7-8, neglecting ionic strength effects,

2.3RT
E=E - log @
nF
0.059 [Zn,**]  —0.058 10—
=0 yrlog g T Ty o9y
= 40.03
Since AG = —nFE, AG is negative and the reaction is spontaneous as

written. Site A, in contact with the lower metal ion concentration, is the
anode and site B, in contact with the higher metal ion concentration, is
the cathode.

One of the more common causes of corrosion due to concentration
galvanic cells is the presence of different concentrations of dissolved
oxygen or hydrogen jon at different sites on a metal surface. When caused
by dissolved oxygen, this is often referred to as "differential oxygenation
corrosion.” Some examples of these situations are illustrated in Fig. 7-15.
Common areas for differential oxygenation corrosion are between two
metal surfaces, for example, under rivets, washers, or in crevices. Also
common is the area beneath various types of surface adhesion, which
may be things such as a barnacle, a bacterial slime, or a piece of mill
scale. As with the concentration cell formed by two metal ion solutions
of differing concenirations, the reaction in a differential aeration cell will
proceed in a manner that tends to equalize the oxygen concentrations.
Since oxygen is not produced by either the anode or cathode reqction, the
corrosion will proceed in such a way that the higher oxygen concentration
is reduced. Oxygen participates in the cathodic reaction

O, + 4H* + 4o~ = 2H,0

Thus the part of metal in contact with the higher oxygen concentration
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Bolt
Low DO
Low DO

Metal plate Iron tank,
I High DO High DO

Barnacle

A=, _Low DO L High DO

Metal plate

Metal plate

Piece of mill scale

Low DO

leon plate

Fig. 7-15. Examples of differential oxygenation corrosion.

will be the cathode and the metal in contact with the lower oxygen
concentration will be the anode and will corrode. This is consistent with
the observation that corrosion takes place underneath adhesions on metal
surfaces. . :

Because O, reduction depends on H* concentration, differences in pH
have the same effect as O, concentration differences, Waters that have
a high buffer intensity, 8, also will have less tendency to develop regions
of different pH, and thus will not be as corrosive.

Let us consider the example of a piece of iron with a barnagle growing
on it {Fig. 7-15). Underneath the bamacle the oxygen concentration is
lower than outside the confines of the barnacle shell. The ferrous iron
and pH levels in solution at both places are assumed to be identical. We
will examine the tendency of the corrosion reaction to proceed at both
locations (A under the barnacle and B ocutside the barnacle).

If we assume that the cathode is at A and the anode is at B,

E° (volts)
2Fe — 2Feg?" + 4o~ +0.44
de~ + 4H,* + Oy, — 2H0 +1.27
2Fe + 4H,* + Ozm,A — 2Feg?*t + 2HO +1.71

From Eq. 7-8,

0058, [Fe®’

E,=E,° o
AT T T Y 0 HAT
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Assuming the cathode is at B and the ancde is at A,

E®° {volts)
2Fe — 2Fe, 2" + 4e~ +0.44
de + 4Hg* + Oyue,— 2HO +1.27
9Fe + 4Hg* + Ogaq,— 2Fe,2" + 2H,0 +1.71
From Eq. 7-8,
0,059 [Fe ]2
Ep=Eg — lo
BT T T 9 O He T
For the concentration cell, the potential is E5, where
‘ +0.059 [Feg#]? 0,059 [Fe,2+)2
Ex=Eg—E,= lo - lo
e T A T T 9 00 JHT 4 O He ')
_ _0.058 [Ootaey, HHAY [Fe s’ 2

1
4 %0l Ho T [Fest |2

Given that the pH and Fe?* concentration are the same at both sites, {H,*]
= [HB+]1' ﬂnd EFBA2+] = [Feﬂz+]l Gnd Since [Og(aq]A] <[OZ(HQ)B]J

0.059 [Quaar]
Ex= lo &>
"T T4 O]
Since AG = —nFE, the iree energy change is negative and there is a

greater tendency for the corrosion reaction to take place when B is the
cathode and A, the area of low oxygen concentration, is the anode rather
than vice versa. If Eg has been negative, B would have been the anode,
and if [Ozaq,] = [Oxam,l. Er = 0 and no corrosion would take place.

Calculation of E, and E; for this problem using typical concentrations
such as [Fe?'] = 107° M, [Cuapl = 10 M and pH = 7 show that both
potentials are positive. Because there is oxygen at both sites, it is
necessary to examine the value of the relative potential, Eg, rather than
the individual values of E, and Ea.

7.6.5. Corrosion Control

We have previously mentioned that all of the components of a galvanic
cell must be present for corrosion to occur. Corrosion control functions by
eliminating or reducing the effectiveness of one or more of these com-
ponents., Thus we can control corrosion by eliminating anodes and
cathodes, by eliminating or reducing differences in potential between
metallie sites, and by breaking internal or external circuits. Some of these
objectives are achieved by subtle methods but the secret in corrosion
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control, as in assessing « corrosion problem, is to reduce the situation to
basic principles.

1.

Selection of Materials. The most obvious corrosion-combating meas-
ure in this category is to select nonmetallic materials or materials
low in the galvanic series so that they are more likely to become
cathodic rather than anedic. The choice, however, cannot be based
solely upon the position of a metal in the galvanic series, Under
certain conditions some metals high in the galvanic series form
corrosion products, for example, metal oxides, that cling tenuciously
1o the metallic surface and block further corrosive attack or signif-
icantly reduce the rate of corrosion. They elfectively protect the
base metal beneath an oxide layer and render it "passive.” A good
example of this type of behavior is aluminum whose oxide is always
present at an aluminum surface, Aluminum squcepans are dull and
greyish after use because of the accumulation of the protective
oxide film. Corrosion is very slow beneath the {film. Some ions such
as Cl~ can penetrate the aluminum oxide film gnd promote corrosion
of the underlying metal. The Cl- ion can apparently aid in the
release of aluminum ions, possibly through the formeation of soluble
chloroaluminum complexes, and also aid in the passage of the
electrical current necessary to maintain corrosion. For this reason
aluminum is a poor choice of metal to be in contact with saline
water. The City of San Francisco does not use aluminum light poles
to the west of Twin Peaks because of the chloride content of the
atmosphere close to the Pacific Ocean. When aluminum is immersed
in « dilute mineral acid, the oxide film is dissolved away and rapid
corrosion of the aluminum, accompanied by hydrogen evolution,
occurs.

Other metals also can be "passivated.” For example the presence
of 12 percent chromium in steel renders the steel passive in an
oxygenated environment because it promotes the formation of a
thin but tightly-bound oxide layer. The presence of chromates in
the electrolyte will encourage the formation of y-Fe,0O; on iren
surfaces, isclating the surfaces from corrosion,

Coatings. Paints, cements, bituminous materials, wrappings, and
precipitates, such as calcium carbonate, can all act to combat
corrosion by isolating either or both the anode or the cathode.

Painting for corrosion protection usually involves a thorough
cleaning of the metal surface to remove any corrosion products
followed by application of a primer containing a corrosion inhibitor
such as zine chromate or calcium plumbate; next follows « heavily
pigmented undercoat for the purpose of reducing the permeation of
water to the metal surface {(elimination of the internal circuit—the
electrolyte), finally a third decorative coat that is resistant to the
atmosphere.
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Coating metallic struciures to isolate them from the corrosive
environment is often practiced, especially along buried pipelines
that have anodic and cathodic regions. The cathodic areas are
wrapped. The rationale is that if a small hole develops in the
coating on a cathode, corrosion will proceed at o very low rate from
a large anode to a smatll cathode (Fig. 7-16). The electrons generated
over the large anodic area must be discharged to an oxidizing agent
such as oxygen over a very smuall area. However, if the same small
hole were to develop in a protective coating on an anode there
would be a tiny anode area and a huge cathode, The electrons
generated at the small anode could be rapidly discharged. All the
current is generated from a small area and a pit, or hole in a pipe
develops rapidly (Fig. 7-186).

The protection of metal surfaces with a thin layer of CaCOy, (or
CaCOy, containing iron salts) is one of the objectives underlying
the conditioning of municipal water supplies to have a slightly

- positive Langelier Index prior to distribution (see Sec 6-7). It should

be kept in mind, however, that the pH immediately adjacent to a
metal surface may be different from that in the bulk solution. Thus
a water that has a tendency to precipitate, that is, a positive
Langelier Index, may not actually precipitate on the meial surface
because of localized conditions in the immediate vicinity of the
surface. The coating of meial pipes with scales such as CaCOyy,

-can lead to corrosion problems if the scale accumulation is excessive

or uneven. Uneven deposition and poor adhesion of scale is a
problem, for example, when alkalinity and calcium concentirations

\ Coated cathode
Anode Cathode with hole in
. u} coating

Slow corrosion rate

Coated anodse
Anade Cathode with hole in
caating

Rapid corrosion rate

Fig. 7-18. Corrosion control by coating cathodes.
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are low and pH is high.® Thus scale may be washed off by the
flowing water in the pipe and leave exposed metal areas where
corrosion can proceed.

3. Insulation. It is often necessary to connect two types of metal, for
example, galvanized water service pipes to a hot water heater from
which copper hot water lines emerge. The corrosion cell that would
develop in this case (Fig. 7-9) can be eliminated by inserting a
dielectric coupling between the galvanized pipe and the copper
pipe which effectively breaks the external circuit and eliminates
the corrosion cell. However, this is not common practice because
brass fixtures are used in nearly all sysiems instead of galvanized
material.

4. Chemical Treatment. A wide variety of chemicals and water treat-
ments are used for corrosion control. Corrosion inhibitors usually
act by forming some type of impervious layer on the metallic surface
of either the anode or cathode that impedes the reaction at the
electrode and thereby slows or inhibits the corrosion reaction. For
example, various alkali metal hydroxides, carbonates, silicates,
borates, phosphates, chromates, and nitrites promote the formation
of a stable surface oxide on metals. The presence of these chemicals
in the electrolyte allows any faults in the metal surface or its oxide
film to be repaired. Ii they are used in too small o quantity as anodic
inhibitors, they may promote intense local attack because they con
leave a small unprotected area on the anode where the current
density will be very high. This is particularly true of chromates and
polyphosphates.

Zinc sulfate can be used as a cathodic inhibitor, The Zn*' ions in
solution will react with OH™~ produced by the cathedic reactions or
with carbonates to form sparingly soluble zinc precipitates that coat
the cathode.

We have seen that the presence of dissolved oxygen is important
in several corrosion reactions such as differential aeration corrosion
and the cathodic reaction with H* to produce H,0. The elimination
of dissolved oxygen from the electrolyte will prevent these reactions
from occurring. It is common industricl water ireatment practice to
deoxygenate waters for circulating heating and cooling systems
and boilers. Typical methods are to use sulfur dioxide (SO,) or

odium bisulfite (NGHSO,) with cobalt as a catalyst, hydrazine
{N,H,), or to use o degasifier. Steam degasification is among the
more common physical methods.

5. Cathodic Protection. Cathodic protection is the technigue of con-

¢ W, Stumm, "Investigations on the Corrosive Behavior of Water” Am. Soc. Civil
Engrs, J. Sanit. Engr. Div., 86: 27 (1965).
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verting all of the structural components of interest into cathodes.
it can be achieved in two ways:

C 1. by using a so-called sacrificial anode electrically connected to
0o the material to be protected. The anode matericl is anodic to the
- entire system (less noble than the material to be protected) and will
therefore convert it into a cathode.

2. By impressing upon the system «a d.c current of ¢ magnitude
that opposes the current generated by the galvanic corrosion cell,
In this case a piece of metal {e.g., scrap iron or graphite) is used
as the anode.

These two methods are illustrated in Fig. 7-17. To minimize the
rate of degradation of the sacrificial anode, the external surfuce of
the metal being protected is usually coated with a substance such
S as bitumin, thereby increasing resistance to the current flow.

: ‘; _ Sacrificial anodes for galvanic cathodic protection are commonly

| made from magnesium, which from Table 7-4 one can see is the
least noble (most anodic) of all the metals listed. Zinc is also
utilized, but it has a lower oxidation potential. Good electrical
connections (by soldering or brazing) must be made between the
sacrificial electrode and the structure to be protected.

Galvanizing is another form of cathodic protection. A galvanized
pipe is o steel pipe coated with a thin layer of zinc. Since zinc is
anodic to steel (Table 7-4), the zinc will corrode preferentially to the
iron and so protect it. Moreover, the corrosion products of zine, the
carbonates and hydroxides, adhere to the galvanized surface and
render it passive,

7.7. IRON CHEMISTRY

The redoxreactions of iron are involved in several important phenomena
occurring in natural waters and water treatment systems. The oxidation
of reduced iron minerals, such as pyrite (FeS,), produces acidic waters
and the problem of acid mine drainage. The oxidation/reduction of iron
in soil and groundwaters deterimines the iron content of these waters.
Redox reactions are intimately involved in the removal of iron from
waters, As we have already seen in Section 7-8, the oxidation of metallic
iron is an important corrosion reaction.

The purpose of this section is to expand the discussion on the chemistry
of iron and to use it as an example of redox reactions in natural waters.
The reaction kinetics of redox reactions will be discussed using ferrous
iron oxidation as an example.

7.7.1. Iron in Groundwaters

Iron equilibria in groundwaters can be nicely modeled with a pe-pH
diagram that includes the interaction of iron species with sulfide and
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Fig. 7-17. Cathodic protection with {¢} impressed current and (b) mag-
nesium sacrificial anodes.

bicarbonate. The diegram presented in Fig. 7-18 bears some resemblance
to the pe-pH diagram for iron species in pure water presented earlier (Fig.
7-7). Two more solids are evident: ferrous carbonate {(FeCOy ) and ferrous
disulfide (FeS,). The stability region of ferrous hydroxide (Fe(OH),) has
been reduced in size by FeS;, and FeCQy, It is important to note that
the diagram in Fig. 7-18 has been drawn for a speciiied level of total
inorganic carbon (Cq ¢o, = 107 M) and of total inorganic sulfur (Crs = 1074
M). Another feature of this particular pe-pH diagram is the presentation
of several boundaries between solid and solution phases, each repre-
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senting a different allowable solution concentration of iron, These bound-

aries range «ll the way from 10 M (570 g Fe/liter} to 107° M (0.57 mg Fe/

liter).

’ When a well is drilled into the ground, one may visualize it as passing
vertically down through the pe-pH diagram in Fig, 7-18. Such a "well,”
with three inleis labeled 1, 2, and 3, has been drawn on Fig. 7-18. For our
purposes, constant pH with depth will be assumed,

Intake 1 would be for a shallow well that has its source of water in

aerated (unsaturated) seil, The iron here is near equilibrium with atmos-

pheric oxygen (oxygenated water}, and the predominant iron-containing
mineral is Fe{OH),., The iron content of the water is therefore governed
by the equilibrium:

Fe{(OH)ys, + 3H* = Fe** + SH,O; K=10°

Well

20—

pe

Fig. 7-18. Solubility of iron in relation to pH and pe at 25°C and
1 atm. Crg=10"" M; Cy o, = 107 M. After ]. D. Hem, "Some
Chemical Belationships Among Sulfur Species and Dissclved
Ferrous Iron,” U.S5. Geological Service Water Supply Paper,
Washington, D.C., 1960,
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The iron content of waters from this region is very low because at pH
8, for example, only a fraction of a ug Fe®*/litet is in solution at equilibrium
(see Fig. 6-7). They produce waters with a low pH because they are often
in the biologically octive zone of the soil where considerable CO,
production takes place. Table 7.6. shows a partial analysis for this type
of well water (Fe(OH)s., Zone). The iron concentration shown is more than
predicted, but this may be due to iron contained in organic complexes.

Well inlet 3 (Fig. 7-18) would be for a deep well that draws water from
soil that is in equilibrium with pyrite, FeSy,. In this soil zone the iron is
in the form of ferrous iron and the sulfur in the form of sulfide; iron
disulfide has precipitated. The iron content of the well water will be
controlled by the reaction

FeSygy = Fe?* + 5,2 K = 107%

This reaction will allow the solution of less than 1 pg/liter of iron agsuming
that S,* is the only sulfide species.? Waters of this type have low iron
contents and low sulfate levels, and they often contain traces of hydrogen
sulfide. The analysis for this type of water shown in Table 7-6 shows only
slightly more iron than predicted. Unfortunately, no hydrogen sulfide
determination was made.

Well intake 2 (Fig. 7-18) is in an intermediate zone between the Fe(OH),
and FeByy, regions. In this region the mineral that controls the solution
concentration of iron is ferrous carbonate (FeCOgy), usually the mineral
siderite,

FeCOys + Ht = Fe** + HCO;; K = 104

At pH 6 and [HCO;"] = 10 M, the predicted iron concentration is
approximately 20 mg/liter, Thus waters in this region can have signifi-
cantly higher dissclved iron contents than waters in equilibrium with
Fe(OH)y,) and FeS,, at a comparable pH. In Table 7-6 is shown a partial
analysis for this type of water. Note also the increase in sulfate concen-
tration in the well water from the FeCOy,, zone. This arises because we
can freat the formation of an FeCOy,-zone water as the oxidation of
FeS;, to ferrous sulfate, thus:

2 X (8H;O + FeSys == Fe? + 280, + 16H' + 14e7)
7 X {(de~ + 4H* + O, = 2H,0}
ZHQO + 2FGSQ[5) + 702 = 2Fe2+ + 45042" + 4H*

This equilibrium picture can be used to teach several lessons in well
placement relative to water quality. Wells in the Fe(OH)y, zone have a
high CO, content and a low pH value; they are potentially corrosive, For
wells drilled into the FeS,, zone one must make certain that the surface

# Other polysulfide and sulfide species will exist in the same solution under
certain conditions, but Crr will not be greatly affected.
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TABLE 7.6 Typical Waters from the Three Iron-Mineral Zones

!
S
Bt
b
b
o
D
Ci-
ot
[
i

Constituent as mg/liter of Indicated Fe(OH)y FeCOy4y FeS,,
Species Except Where Noted Zone? Zone® Zone®
: TDS {calculated), mg/liter 163 378 329
kR pH, pH units 4.3 7.4 7.3
o Ca2* 6 42 3.5
L Mg?+ 4.9 17 0.9
Na* % 11 S0 121
X+ 7.6 2.0
Fe (total) 0.18 24 0.08
HCO," 55 102 248
. 502 22 162 48
b cI- .02 31 18
i 510, 82 18 13
Specific conductance, pmho at 25°C 213 B85 534
Source: (Data provided by Dr. John D. Hem, U.S. Geological Service, Menlo Park,
Calif.)
2 Center Point Community Center, 8.5 mi Southeast of Pittsburgh, 23 ft, July 27,
1961.

® Lloyd Justice, Route 2, Dangerfield, Tex., 700 ft, June I, 1960,
© City of Pittsburgh, Well No. 3, 641 ft, July 16, 1963,

. casing extends down to the FeS,, zone so that oxygen-containing water
e cannot enter this zone. In addition, the surface of the casing should be
cemented to prevent corrosion of the casing in the Fe(OH)y,, zone that it
) passes through. This will also prevent oxidizing water from the Fe(OH),
zone from running down the well casing into the FeS,, zone. Screens for
such wells are set only in the FeS,, 2one, and pumping is at a rate that
keeps water above the screens from being drawn down into the FeS,,
| zZone,

e Wells should not be located in the zone where iron solubility is governed
‘ by FeCQy,. since they will produce a water that is unccceptably high in
irom,

7.7.2. Acid Mine Drainage

Reaction kinetics are an interesting aspect of iron chemistry in addition
to the redox and precipitation reactions discussed in the previous section.
The consideration of kinetics is very importont in problems of water-
quality significance such as acid mine drainage and the removal of iron
from water, At pH vglues of greater than 5.5 the rate law for the
oxygenation of ferrous iron is'"

—d[Fe(Il)]

o dt

1 W. Stumm and G. F. Lee, "Oxygenation of Ferrous Iron,” Ind, Eng, Chem. §3:
143 (1861).

= k[Fe(ID)][OH]? P, {7-43)
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where.

k = rate constant
= 8§ (= 2.5) x 10" liter¥(atm-min-mole?) at 20°C"
P,, = partial pressure of oxygen, atm

From this equation we can see that the rate of ferrous iron oxidation is
first order with respect to oxygen and Fe?t and second order with respect

to OH .
The rate equation can be transformed to

—d({Felll)])
[Fe(ID)] dt

~d In [Fe?t}

= k[OH[*Po, = ——

(7-44)

For a constant partial pressure of oxygen we have

—d In [Fe?*
“aI0 e OB = rate

dt
Taking logarithms of both sides and substituting K, /8] for [OH"] we
have

log (rate) = log k" + 2pH (7-45)

A plot of log (rate) versus pH should give a straight line with « slope
of 2. Figure 7-19 shows that this is indeed true for experimental data at
pH 5.5 or above. At pH values below this the rate law appears to approach
the form

~d In [Fe*]

dt !
or, when Pg, is not a constant,

2+
ZdIFel] Lk, [Fet') P (7-46)
dt 2
where k, = 1 x 107% {l/atm-min} at 25°C. This is an extremely slow rate
of iron oxidation. Indeed, below pH 5.5 the rate is negligible (half-life of
many years), so on this basis we conclude that, at this pH, Fe?* is stable
in oxygenated solutions, This conclusion is at odds with the known
phenomenon of acid mine drainage in which pyrite (FeSy) in mine waters
is oxidized very rapidly to Fe?®' at pH values of 2 to 3. Such acid mine
drainage gives rise to waters of low pH, high iron, high hardness, high
TDS and with a brown-yellow color {Table 7-7).

" W, Stumm and J. ]. Morgan, Aquatic Chemistry, Wiley-Interscience, New York,
1970, p. 534.



384 Oxidation-Reduction Reactions

30 r T r T T
2.0
! 1.0 p
) . 0o
:}
. ]
: w
: = 10—
! (=]
pe!
| i
E 2.0
EN
H 3
i i
iy g
- —80—
" ‘ o
L o
il
I
.
o —50}—
| |
3 —8.0
; 1 2

Fig. 7-19. Rate of oxidation of ferrous iron by oxygen. Experimental
points obtained in this study: O, exposed to light; O in darkness.
k" = —d In [Fe(ll}}/dt, Py, = 0.20 atm, and temperature = 25°C. After
P. C. Singer and W. Stumm, "Oxygenation of Ferrous Iron,” U.S.
Dept. of Interior, Fed. Water Quality Adm., Water Polln, Cont. Res.
Series Rept. 14010-06/69, June 1870,

: The classical stoichiometric picture of acid mine drainage is

15; 4FeS;, + 140, + 4H,0 = 4Fe®* + 8H* + 830, {(7-47)
4Fe?t + 8H' + O, = 4Fe** + 2H,0 (7-48)

4Fe® + 12H,0 == 4Fe(OH)y,, + 12H* (7-49)
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- TABLE7.7 Water Quality from Rocmng Creek-Grassy Run
Watershed of Elkins, W.Va,

Parameter Concentration Range
pH 2.43.3
Mineral acidity, mg/liter as CaCOa 204980
Fe, mg/liter 35-260
S0,, mglliter 340-1650

Total hardness, mgfliter as CaCQO, 180-740

The net result of these reactions is that 4 moles of pyrite are oxidized to
produce 4 moles of Fe{OH)y,,, which causes the yellow-brown discoloration
of the water; 12 moles of H* (strong acid) are produced which then react
with calcareous minerals in the scil to give rise to waters that have «
high hardness and high total dissolved solids content. Another reaction
of importance in acid mine drainage is the oxidation of FeS,, by ferric
iron (Fe*). Stoichiometrically, this reaction is

FeSyy + 14Fe®* + 8H,0 = 15Fe?* + 250,™ -+ I6H* . (7-50)

These classical sto1ch10metr1c statements do not give a true picture of
what is happening in acid mine drainage. A more accurate picture'? is
given by the scheme shown in Fig. 7-20. Some pyrite is oxidized by oxygen
to produce Fe?* and this in turn is oxidized by oxygen to Fe**. The ferric
ion may either precipitate as Fe{OH)y,; or be available to oxidize more
FeS,, to Fe?* by the reaction in Eq. 7-50. From our previous discussion
it would appear that the rate-limiting step in this cyclical oxidation of
pyrite would be the slow oxidation of Fe?* at low pH. However, it has
been shown that various microorganisms such as Thiobacillus thiooxi-
dans, Thiobacillus ferrooxidans, and Ferrobacillus ferrcoxidans, are able
to catalyze the oxygenation of ferrous iron. Thichacillus ferrooxidans
catalyzes or mediates the redox reactions of Fe?*

Fe'* = Fe® + e~
as well as
4H,0 + 8, == 804 + 8H* + 8e~
while Ferrobacillus ferroxidans mediaies the couple,
Fe?t == Fe¥f + e~

2K. L. Temple and E. W. Delchamps, "Autotrophic Bacteria and the Formation
of Acid in Bituminous Coal Mines,” Appl. Microbiol, I: 255 (1953).
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FeSys — Fe + 8,
or
o s

é’ﬁ (o)

Fig. 7-20. Mechanism of pyrite oxidation.

The importance of microbial catalysis can be demonstrated by com-
paring the rate of Fe?* oxidation in waters from a mine where acid mine
drainage occurs with the rate in the same water that has been sterilized.
The rate in the unsterilized water was shown to be about 10° times greater
than in the sterilized water.™ From Fig. 7-20 we can deduce that once the
pyrite oxidation cycle has started [i.e., once a small amount of FeSy has
been oxidized by O,] further oxygen is only needed for the microbially
catalyzed oxidation of Fe?" to Fe®*. Further FeS,, is oxidized by Fe®*
according to Eg. 7-50. An ample supply of Fe®** for this reaction is
guaranteed because Fe(OH)y,, precipitates generated by the reaction in
Eq. 7-49 will be present right at the site of iron oxidation.

The observations made above have an imporiant bearing on the
methods for controlling acid mine drainage. Sealing mines to keep out
oxygen will not necessarily be successful for two reasons. Oxygen is only
needed initially for FeS,, oxidation and the microorganisms that catalyze
Fe?* oxidation are microaerophiles, that is, they need only low levels of
oxygen to survive.

7.8. CHLORINE CHEMISTRY

Chlorine is used widely in water and waste treatment both as an
oxidizing agent and «a disinfectant. As an oxidizing agent it is used for
taste and odor control and color removal in municipal water treatment
{oxidation of organics); it is used for oxidation of Fe(ll) and Mn(Il) in
groundwater supplies; in industrial waste treatment it is employed for
cyanide oxidation; in domestic waste freatment its uses include odor
control, sulfide oxidation, ammonia removal, and disinfection. As «
disinfectant it is used in municipal drinking water treaiment and for
wastewater disinfection. Chlorine is employed for slime or bhicfouling

B P. C. Singer and W. Stumm, "Oxygenation of Ferrous Iron,” 1.3, Department
of Interior Federal Water Quality Administration, Water Pollution Cont. Res.
Series Rept. 14010-06/69, June 1970, .
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control in industrial water treatment applications such as cooling towers
“and condensers. Also in a role that may be regarded as selective
disinfection, or selective killing, chlorine is utilized for the control of
filamentous microorganisms (bulking) in the activated siudge treatment
of wastewater, Chlorine is also widely used as adisinfectant in swimming
pools. Some undesirable compounds may be formed under certain con-

ditions when chlorine reacts with organic matter as we will see in Section
7.8.4.

7.8.1. Forms of Aquecus Chlorine

The term aqueous chlorine os it is used in water and wastewater
treatment refers not only to the elemental chlorine species Cl,, but alse
to a variety of other species including hypochlorous acid, HOCI, hypo-
chlorite ion, OCl™, and several chloramine species such as monochlor-
amine, NH.Cl, and dichloramine, NHCI,, Chlorine is used {(or applied) in
several forms. At the present time it is most often used as a gas, Clyg,
generated from the vaporization of liquid chlorine stored under pressure.
A typical use is disinfection of potable water and wastewater. Salts of
HOCI such as sodium hypochlorite or bleach, NaQOCl, and calcium
hypochlorite or HTH (high-test hypochlorite), CalOCl),, are also used. All
these types of “chlorine” find use in swimming pool disinfection. In
addition, organic chlorine-containing compounds such as chlorinated
cyanuric acid,

('n
- N\
D
Ci—N_  N—CI
\C/
|
0

which is stable in the presence of sunlight, are used for swimming pool
disinfection. The chlorinated cyanuric acid will hydrolyze in solution to
yield free chlorine,™

At room temperature and atmospheric pressure, Cl, is a pale-green
gas. [t can be compressed at room temperatures to a yellow-green liquid.
Both the gasecus and liquid chlorine react with water to become hydrated.
Liquid chlorine forms the compound Cl,8H,O, “chlorine ice,” below 9.4°C.

" ]. E. OBrien, J. C. Morris, and J. N. Butler, "Equilibria in Aqueous Solutions of
Chlorinated Isocyanurate,” chapter in Chemistry of Water Supply, Treatment
and Distribution, A. ], Rubin, ed., Ann Arbor Science Publishers, Ann Arbor,
Mich., 1974, .
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Chlorine gas dissolves in water thus
‘ Clyoy = Clymyi Ky =8.2x1072 (7-51)

7.8.2. Chlorine Equilibria

As we have seen previously in the development of pe-pH diagrams,
Clyaq reacts with water, with one atom being oxidized to Ci{+1}, the other
being reduced to Cl{—I). This is often referred to as disproportionation.

Clyap + HHO==HOCI + H*+ Cl~; K,=4x10™ {7-52)
Equation 7-52 is a combination of the two half-reactions,
e~ + 3Clyuaqn = Cl™
H,O + 3Clyuy == HOCl + H' + e~
Cloaqy + HLO=HOCI + H* + Cl1~

The HC] formed is completely dissociated under usual dilute aqueous
solution conditions. Hypochlorous acid, on the other hand, is a relatively
weak acid:

HOCI=H* + OCl~; pK.=7.5 (7-53)

From Egs. 7-52 and 7-53 it is evident that the relative amount of the various

oxidized chlorine species is a function of pH.

From the 25°C pK, value it can be deduced that at pH 7.5 the activities
{HOCI!} and {OC1-} are equal. At pH values below 7.5, HOCl predominates
while above pH 7.5, OCl~ is the predominant species, This is of more
than academic interest because the disinfecting ability of HOCI is
generally regarded to be far greater than that of QCl—; HOCI is about 80
to 100 times more effective at killing E. coli than is OCi™,

We can illustrate the distribution of the various chlorine species with
pH using a distribution diagram in which the fraction of the total aqueous
chlorine that is a particular species (Cly.,., HOCI, or OCl-) is plotted
versus pH for a fixed Cl~ concentration. Figure 7-21 is such a diagram for

Fig, 7-21. Distribution diagram for chlorine species, 25°C, [Cl7] = 1073 M,
Cr.c1 = [Cl} + [HOCI} + [OCL].
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Fig. 7-22. Distribution diagrams for () agqueous bromine and {b) iodine at
25°C,

a fixed [Cl7] of 1073 M (35.5 mg Cl/liter). The diagram shows what
previous diagrams in Figs. 7-4 and 7-8 (pe-pH and predominance area)
have hinted: under typical natural water conditions, HOCI and OCl~ are
the major chlorine species. Cly, is unimportant above pH 2. For com-
parison, Fig. 7-22 shows distribution diagrams for the other two halogens
used as disinfectants {bromine and iodine}. For bromine all three species
(Brasq, HOBr and OBr-} could conceivably be important species under
natural water conditions, With iedine only Iy, and HOI are important,

The diagram for chlorine shows that in the pH range of natural waters
{pH 6 to 9), the relative amounts of HOCl and QOCl~ are very sensitive to
pH. As we have previously mentioned, HOCl and OCl- differ greatly in
their disinfecting ability so that pH control can be a critical factor in
determining the degree of disinfection achieved by a certain level of
chlorine.
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Example 7-12

A chlorine dose of 1 mg/liter as Cl, satisfactorily disinfects a water at pH 7.0.
What dose of chlorine would be required to achieve the same disinfection
efficiency if the pH of the water was 8.57 Assume that HOCI is 100 times more
effective as a disinfectant than OCl™ and that the temperature is 25°C,

Solution
From Fig. 7-21 at pH 7,
ag,=0
otnoc) = 8.76
e~ = 0.24

Since Cr ¢ = 1 mg/liter as Cl,, HOCI = 0.76 mg/liter as Cl,, and OCl~ = (.24 mg/

liter.
The relative disinfection effectiveness, HOCI1 = 100, OCl- = 1.0.

Disinfection effectiveness =concentration x relative disinfection effectiveness
=076 x 100 +0.24 x 1.0
= 78 units per mgfliter of chlorine

From Fig. 7-21 at pH 8.5,

Q‘CIZ = 0
Znocl — 0.09
o~ = U.QE

The disinfection effectiveness is

={.09 x 100 +0.91 x 1.0
= 9.9 units per mg/liter of chlorine

To uchieve the same elfectiveness of disinfection at pH 8.5, we would therefore
need 76/9.9 = 7.7 times the dose applied at pH 7.

7.8.3. Chlorine Reactions with Inorganic Species

The form in which chlorine is added to a water affects some of the
chemical properties of the water. The addition of chlorine gas to a water
will lower its alkalinity because of the production of the strong acid and
HOCI by the reaction in Eq. 7-52, However, if chlorine is dosed as a salt
of hypochlorous acid:

NaOCl — Na* + OCI-

and
OCl- + H,O = HOC1 + OH-

there will be an increase in alkalinity to the extent that OClI~ reacis with
H,O. The use of calcium hypochlorite (HTH} increases both the alkalinity
and the total hardness (Ca®*) of a water

Ca(OCl), — Ca?t + 20CI1-
20C1~ + 2H,0 = ZHOC] + 20H~
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These considerations are important because they show that the form in
which chlorine is added can affect the water ¢hemistry in different ways,
The addition of significant amounts of Clyg to a low alkalinily water
could depress pH to an unacceptably low value. Bleach addition would
not cause such « pH depression.- The use of HTH ag « disinfectant in
swimming pools is not to be recommended because the increase in
hardness and alkalinity that accompanies its addition can aggravate
scale (CaCO; precipitation) problems,

If we were to add {or dose) a water with ¢ known amount of one or
another of the forms of chlorine, and then after a time interval (contact
time} were to analyze the water for chlorine (the chlorine residual), we
would find less chlorine present than we added. We say that the water
has o “chlorine demand,” where after a certain contact time,

chlorine demand = chlorine dose — chlorine residual

The chlorine demand is the result of a variety of reactions in which
chlorine is consumed by varicus constituents of the water and by
decomposition. The reactions of chlorine with water constituents can be
conveniently grouped into (1) those promoted by sunlight, (2) those with
inorganic compounds, (3} those with ammonia, and {(4) those with organic
compounds. We will consider each of these iypes of reaction in this
section as an illusiration of the importance of kinetics and reaction
mechanisms of redox reactions,.

I. Sunlight. Aqueous chlorine solutions are not stable when exposed to
sunlight. Radiation in the uliraviolet region provides energy for the
reaction of chlorine with water,

2HOCI + 2H* + 4e~ = 2C1~ + 2H,0
9H,O = 4H' + O, + de~
9HOCL == 2H* + 2C1- + O,

This reaction accounts for a major part of the chlorine consumption in
outdoor swimming pools. It is the reason why bleach is sold in opaque
plastic bottles and it should be the reason that you should never buy
bleach in a clear bottle "on sale” from your neighborhood supermarket,
that is, unless you are interested in purchasing a bottle of salt sclution.
2. Reactions with Inorganics. The reactions beiween chlorine and re-
duced inorganic compounds (e.g., Mn(Il}, Fe(ll), NO,~, S(-1I)} are usually
rapid. Thus when chlorine is used to oxidize ferrous iron to ferric iron, for
example, in groundwater treatment, the reactions,

Cloagy + 2Fe®" = 2Fe®* + 2C1

or
HOCI + Ht + 2Fe** = 2Fe®* + Cl~ + H,O

proceed almost instantaneously at pH values near and above neutrality.
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If we were to conduct an experiment in which a ferrous iron solution
was dosed with increasing amounts of chlorine, we would obtain a plot
of dosed chlorine versus residual chlorine like that in Fig. 7-23. No
residual chlorine appears until all the Fe*t has been oxidized to Fe't,
When this has taken place, chlorine residuals appear and the further
dosing of chlorine results in the appearance of chlorine equal to the
additional dose. Reactions of chlorine with S(—II), Mn{Il}, and NO,™ «all
follow this pattern except that the reaction with Mnfll) only occurs at pH
> 8.5, When present at high pH values, chlorine oxidation of sulfide tends
to form polysulfides. It is @ common complaint of operators of activated
sludge plants that encounter partial nitrification that "It is impossible for
me to maintain a chlorine residual,” Almost without fqil this is becauss
of the presence of nitrite, NO,, in the effluent that chlorine will oxidize
o nitrate, NO;~,

H,O + NO,~ = NO;~ + 2H* + 2~
Ze~ + HY + HOCl == Ci- + H,©
HOCI + NO,” = NO,~ + CI~ + H*

Each mole of NO,~ (46 g as NO,™ or 14 g as N) oxidized requires 1 mole
HOCI (52.5 g as HOCI or 71 g as Cl;). Thus each mg NO,—N/liter will
consume approximately 5 mg/liter of HOC1 as Cl,.
3. Reactions with Ammonia. The reactions of chlorine with ammonia
and organic nitrogen are quite different from those of chlorine with other
inorganic and organic compounds. Let us illustrate the situation with the
most studied of these reactions—that between chlorine and ammonia.
Simply stated, chlorine reacts with ammonia to produce a series of
chlorinated ammonia compounds called chloramines (Table 7-8) and
eventually oxidizes the ammonia to nitrogen gas {Nu,) or a variety of
nitrogen-containing chlorine-free products (Table 7-9).

Chlorine residual,
mag/liter

Chlorine dose, mg/iiter

Fig. 7-23. Chlorine dose-residual curve for Fe?* oxi-
dation.
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TABLE 7.8 Chlorinated Ammonia Compounds

Name Formula
Moncchioramine NH.CI
Dichloramine ' NHCI,
Trichloramine or nitrogen trichloride NCl,

The reaction mechanism is complex, not completely understood, and
the products vary with conditions such as the pH, ratio of Cl, added to
ammonia present, and contact time.

Formation of the chloramines can be depicted as a stepwise process:

NHy,q) + HOCl = NH.Cl+ H,O
NH,CI] + HOCl = NHCI,; + H.O
NHCI; + HOC] == NCl; + H,O

These reactions are written here in terms of HOCI, but Cl; may be used
instead. Since .

Cl, + H:O = HOCI + H* + CI~

a mole of HOCI {or OClI7} can be used interchangeably on « mole-for-
mole basis with Cl; in order to determine the required dosage to achieve
the reaction.

The oxidation of ammonia to the various end products listed in Table
7-9 requires different amounts of chlorine per unit amount of ammonia-
nitrogen oxidized. These "Cl, reduced to NH,;-N oxidized” ratios are
given in Table 7-9 for each possible end product on both & molar and a
weight basis. These ratios are calculated from the pertinent redox reaction
stoichiometry. For example, the two most common end products of

TABLE 7-9 Possible Products of Oxidation of Ammonia by Chlorine

Ratio of Clyreduced
Oxidation Products NH,-N oxidized
Noame Formula Mole Basis Weight Basis
Hydrazine N.H, 0.5 2.54
Hydroxylamine NH,OH 1.0 5.07
Nitrogen _ N. 1.5 7.61
Nitrous oxide N,O 2.0 10.1
Nitric oxide NO 2.5 12.7
Nitrite NQO,~ 3.0 15.2
Nitrogen tetroxide N,O, 3.5 17.7

Nitrate NO,~ 40 20.3
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ammonia oxidation are nitrogen gas and nitrate; for nitrogen gas we have
3Cl, + 2NHy <= Ny + 6HCI

The chlorine reduced to ammonia oxidized ratio, [Cl,)/[NH,], is = 1.50n
a mole basis or 1.5 X {71 g Clymole}{14 g NH,—N/mole) = 7.6 on a weight
basis.

For oxidation to NO; we have

3H:O + NHypy = NO,~ + 9H* + 8e~
(2e-+Cl,=2Cl) x 4
4Cl,; + NHy) + 3H,0 = 8C1~ 4+ NO,;~ + 9HY

The chlorine reduced to ammonic-oxidized mole ratio is 4, while on «
weight basis the ratio is 4 X % = 20.3,

Chloramine formation and oxidation of ammonia by chlorine combine
to create a unique dose-residual curve for the addition of chlorine to
ammonida-containing solutions (Fig. 7-24). As the chlorine dose increases,
the chlorine residual at first rises to a maximum at a [Cl,] dose to [NH]
molar ratio of about 1.0. As the chlorine dose is increased further, the -
chiorine residual falls to a value close to zerd. The chlorine dose
corresponding to this minimum is ealled the “breakpoint” dose, and it
occurs at a molar ratio of 1.5:1 to 2:1, depending upon solution conditions.
The primary reaction that causes the residual chlorine concentration to
decrease and thus to form the breakpoint is the breakpoint reaction,
which can be represented as

2NH,Cl + HOCl = Ny, + 3H + 3Cl~ + H;O (7-54)
Qr as
SHOCI + 2NH;,,, = 3H* + 3Cl~ + 3H,0 + Ny, {7-55)
2
3 o
b=} &
£ 5y
o= ,\‘Zv
52 5
5 "l.léo
Breakpoint Largely “"free” chlorine
“Combined”
chlorine

Chlorine dose, mg/liter

Fig. 7-24. Dose-demand curve for chlorine-ammonia reac-
tion after approximately 1 hr at pH 7 to 8,



Chlorine Chemistry 395

These are not mechanistic representations bui they do account for the

observed stoichiometry of 3 moles chlorine per 2 moles of NH;. If the

observed stoichiometry is greater than 3:2 (or 1.5}, the increase in dose
can generally be atiributed to the formation of some NC;~ and/or NCl,.

An examination of the nature of the chlorine residual present prior to
the breakpoint will reveal that it is composed almost entirely of chlora-
mines. In the jargon of water chemistry these are referred to as "combined
chlorine residual” as opposed to Cl;, OCI~, and HOC! which are known
as "iree chlorine residuals.”

As the chlorine dose is increased in excess of that required to produce
the breakpoint, the increase in residual chlorine will be approximately

_equal to the excess. If we were to examine the nature of the chlorine

residual after the breakpoint, we would find that it is largely free chlorine
with some combined chlorine.

A more detailed examination of the types of chlorine residual would
praduce the picture presented in Fig. 7-25. Prior to the breakpeint,
monochloramine and dichloramine are produced (i.e., under the "hump"
of chlorine residual). Following the breakpoint, free chlorine (HOCI and
OCI") predominate but some dichloramine and trichloramine may be in
evidence. A similar plot for nitrogen-containing species (Fig. 7-26) shows
that there is no free ammonia present at Cl, dose to initial NH; molar
ratios of greater than 1.0 and that nitrogen is not eliminated until the
ratio is equal to or greater than 1.0. The figures further indicate that the
chloramines increase in concentration up to a ratio of 1.0 and thereatfter
decrease. A reaction mechanism must therefore describe the formation
of chloramines and their subsequent disappearance, and the formation
of the known commeon oxidation products, nitrogen gas (N and nitrate
{NO;"). Prior {o examingtion of such ¢ mechanistic model for the breakpoint
chlorination of ammonia, let us look at the rates of some of the important
constituent reactions.

5t 10l
81z
g In Free chlorine
5 % HOCI & OCI™
tls NH,Cl
E £ and trace of Trace of
e = NHCI, NHCI, & NCiy
& 0 L | E il
s } 0.5 1.0 1.5 20
{Cla)y, ./ [NHa

Fig. 7-25. Chlorine residual as a function of chlorine
dose/initial ammonia ratio at near-neutral pH. .
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NH3-N plus chloramine-N

Nitrogen
residual
Initial
NHz-N

NCl3-N

0 0.5 10 1.5 2.0

[Cla]ygge /[NHa-N], iy

Fig. 7-26. Nitrogen residual as a function of the chlorine
dose/initial ammonia ratio at near-neutral pH.

The formation of monochloramine has been shown to be an slementary
reaction as follows. "

HCCI + NHy,q = NH,C1 + H,O {7-56)

with a rate constant of 5.1 x 10 liter/mole-sec. The reaction is first order -
with respect to both HOCI and NH; and second order overall. Since the
reaction occurs between HOCI and NHy.,. pH can be expected to exert
a dramatic effect on the reaction rate. Lowering the pH from 8 to 8 will
increase [HOCI), (pK, = 7.5), and decrease [NHy,,). {pK, = 9.3); raising pH
from the range for optimum reaction rate will decrease [HOCI] and
increase [NH;.,)|. Because of this influence of pH on the speciation of
reactants, the reaction rate can be written in terms of the dissociation
constants of HOCI and NHy,,. From the rate law, we find

_ d[HOCI] _ d[NH,Cl]
dt dt
Let CT,C[(+I) = [HOC].] + [OC]._]. Then
[HOCI] = OyociCr.onsn

where Qpoop = {HOCI]/CT,C[(H;.
Let Cruy, = total ammonia concentration, [NHy,q] + [NH,"]. Then

= k,[HOCH[NH;]

[NH,} = a1.NH3CT.NH3
where A1 NH, = [NHS]/CT,NHG- Then
d[NH.Cl}
dt

15 ], C. Morris, “Kinetics of Reactions Between Aquecus Chlorine and Nitrogenous
Compounds,” in Principles and Applications of Water Chemistry, S. D. Paust
and J. V. Hunter, eds., John Wiley, New York, 1867,

= kiatuoaiCr.erne i Cram,
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6.1 x 107*
4.6 ¥ 107*

mele
* liter-sec

Rate,

Fig. 7-27. Rate of monochloramine formation as a funec-
tion of pH.

The a values at a particular pH can be determined from the mass balances
and equilibrium constants.

Figure 7-27 shows the variation of the rate of monochloramine formation
as o function of pH.

The back reaction in Eq. .7-56--decomposition of monochloramine to
NH; and HOCl—is considerably slower than the forward reaction. It is an
elementary reaction with « rate constant of 3 x 107% sec™.'® The ratio of
forward to back reaction rate constants yields an equilibrium constant for
monochlorgmine formation of 1.7 x 10", Eq. 7-56,

The formation of dichloramins,

NH,Cl + HOCl == NHCL, + H,O (7-57)

is also elementary and thus is first order with respect to each reactant
and second order overall. The reaction is catalyzed by HF. The rate
constant has the general form:

k=34 x 1020 + 5 x 10° [H*])
The formation of NCI;,
NH,C1 + HOCl = NClL, + H,O (7-58)

is first order with respect to each reactant and second order overall.'”” The
rate constant for formation at pH 4.0 is 1.6 liter/mole-sec, a value that is

% 1. C. Morris, "Kinetics of Reactions Between Aqueous Chlorine and Nitrogenous
Compounds,” in Principles and Applications of Water Chemistry, S. D. Faust
and J. V. Hunter, eds., John Wiley, New York, 1967.

77, L. S, Saguinsin and J. C. Morris, "The Chemisiry of Aqueous Nitrogen
Trichloride,” chapter in Disinfection, 1. D. Johnson, ed., Ann Arbor Science, Ann
Arbor, Mich., 1975, .
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about two orders of magnitude less than for NHCI1, and NH.Cl. The rate
of NCl; formation increases significantly as the pH decreases below pH
3 because of the presence of Cly,,,, which is about 10*times more reactive
toward NHCI, than is HOCl. NCl, decomposes by hydrolysis to NHCI; at
pH values greater than 7, with the decomposition rate increasing rapidly
as pH increases in the range 7 to 9. Sanguinsin and Morris' found that
the decomposition reaction could be given us

with a rate law of

—dNCly]

Y = k[NCl,}
wherek = 3.2 X 10-%1 + 5.88 X 107% [OH J}sec™, thus indicating catalysis
by OH™ or reaction of the NC1; with OH™, They also found that NCl; would
react with NH; and thereby be removed from solution.

Because of the effect of pH on the formation of chloramine, pH has a
profound effect on the species of combined chlorine that make up the
"hump"” of the breakpoint curve, At pH 7 and above, essentially only
NH,Cl is present, while below 7, significant amounts of NHCI, are found,
particularly at mole ratios between 1:1 and the breakpoint.'® NHCl, at
mole ratios less than 1:1 is favored only below « pH of approximately 5.
NCl; will not appear in significant quantities under the "hump” unless
the pH is of the order of 4 or lower.

The mechanism of the breakpoint reaction is, as yet, unresolved. The
most comprehensive model is that of Wel and Morris' who proposed a
scheme consisting of reactions that formed chloramines; reactions that
converted chloramines into a hypothetical intermediate, NOH; and re-
actions by which NOH decomposed to form N, and NO;~ (Table 7-10).

Scaunier and Selleck® examined this model and experimentally deter-
mined the rate constants for each of the reactions in Table 7-10. They
concluded that the model fits breakpoint chlorination results. They
suggested, but did not prove, that hydroxylamine (NH,OH) and possibly
hydrazine {N,H,) could be intermediates in the breakpoint reaction—
perhaps the hypothetical NOH of Wei and Morris.

* A. T. Palin, "Water Disinfection—Chemical Aspects and Analytical Control,”
in Disinfection, ]. D. Johnson, ed., Ann Arbor Science, Ann Arbor, Mich., 1975,

*1. W. Wei and ], C. Morris, “Dynamics of Breakpoint Chlorination,” in Chemisiry
of Water Supply, Treatment and Distribution, A. ]. Rubin ed., Ann Arbor Science,
Ann Arbor, Mich., 1974.

0 B. Saunier and R, E. Selleck, "Kinetics of Breakpoint Chlorination and of
Disinfection,” Sanitary Engineering Research Laboratory Report 76-2, University
ot California, Berkeley, May 1976. :
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TABLE 7-10 Model Beactions for Breakpoint

Chlorination

HOC! + NH, — NH,Cl + H,O (n

HOCI + NH,Cl — NHCL, + H,O {2)

HOC! + NHCI, —» NCl, + H,C (3)

NCl, + H,0 — NHCI, + HOCI (4)

NHC1, + H,0 — NOH + 2H* + 2Cl- {5) -
NOH + NH,CI — N, + H,O + H* + CI- {6)

NOH + NHCl, — N, + HOCl + H* + Gl {7

NOH + 2HOC] — NO,~ + 3H* -+ 2CI~ (8)

7.8.4, Chlorine Reactions with Organic Substances

Chlorine at concentrations used for water and wastewater treatment

readily reacts with organic compounds in the water. In some reactions,
such as those with organic nitrogen compounds and phenols, Cl is
substituted for a hydrogen atom, thus producing the chlorinated com-
pound. Chlorine can also be incorporated into a meolecule by addition
reactions, or it may react with a compound to oxidize it without chlori-
nating it. Although some of the chlorinated organics that form during the
chlorination of natural and wastewaters are known, many still remain to
be identified. : ’
1. Reactions with Organic Nitrogen. Chlorine reacts readily with many
organic nitrogen compounds just as it does with ammonia. The organic
amines, which have the group —NH,, —NH—, or —N= as part of their
molecule, are very common. The elementary reaction with methylamine,
CH,NH,, is typical

The rate constant for this reaction, k = 10%*® liter/mole-sec, is higher than
that found for formation of NH,C1,2* Also, the formation of dichlorometh-
ylamine,

HOC! + CH;NHCI — CH;NCI, + H,O

is acid catalyzed just as is the formation of dichloramine from mono-
chloramine. Analysis of other similar reactions showed that as the base
strength of the amine (indicated by the basicity constant X,) increased,
the rate of the reaction with HOC! increased. Amides, compounds in
which the group —OCNH, or —QCNH— is incorporaied, behave in «a
similar fashion fo the amines but do not react as rapidly because they
are not as basic.

2 1, C. Morris, "Kinetics of Reactions Between Aqueous Chlorine and Nitrogen
Compounds” in Principles and Applications of Water Chemistry, S. D. Faust
and J. V, Hunter, eds,, John Wiley, New York, 1967.
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Fig. 7-28. Reaction scheme for the chlorination of phenol, [ ] indicates odor thresh-
old concentration {pg/liter). From R. H. Burttschell, A. A. Rosen, F. M, Middieton,
and M. B. Ettinger, "Chlorine Derivatives of Phenol Causing Taste and Odor,”
]. Am. Water Works Assoc., 51: 205-214 (1958). Reprinted by permission of the Ameri-
can Water Works Association, © 1959.

The reaction of chlorine with organic nitrogen is impertant because it
exerts a demand, that is, it requires that more chlorine be added to
achieve a given level of disinfection. The chlorine atiached to the nitrogen
has not in all cases lost its capacity to oxidize, but it is generally not as
potent an oxidant as HOCI or NH,Cl. Some chlorinated organic nitrogen
compounds react as residucal chlorine, along with HOCl, OCl~, NH,Cl,
and so forth, in the various analytical procedures for residual chlorine.
2. Reactions with Phenols. Chlorine readily substitutes on to phenol,

@—OH, and compounds containing the phenolic group. Because these
compounds can be present in water supplies resulting from industrial
discharges or natural decay processes, and because several of the
chlorinated phenols are very odorous, their formation has long been «
concern of water treatment plant operators. A typical reaction between
HOCI and phenol is shown in Fig. 7-28. The threshold odor numbers of
each chlorinated species indicating the concentrations that will just
produce a detectable odor are also shown. The amount of any species
present at a given time depends upon pH, chlorine dose, phenol concen-
tration, and temperature.?® Predicted threshold odor versus time curves
that show the effect of reactant concentration and pH are presented in
Fig. 7-29. The curves give an indication of the parameters which can be
changed to control « chloropheno! odor problem.

2 @G, F. Lee, “Kinetics of Reactions Between Chlorine and Phenolic Compounds,”
in Principles and Applications of Water Chemistry, S. D. Faust emd J. V. Hunter,
eds., John Wiley, New York, 1967.
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3. Trihalomethane Formation. Trihalomethanes have the general form
CHX, where X can be Cl, Br, or I. CHCl;, chloroform, is of particular
interest because it is a suspected carcinogen. The health effects of the
other species are unknown. A series of reactions demonstrating the basic
steps by which chloroform may be produced during water trectment is as
follows:

0 o-
I oW |

() R—C—CH, = R—C = CH, + H*
T I

(2) R—C = CH, + HOG!l ~> R—C—CH,Cl + OH-
0 o-
I OH-

(3) R—C—CH,Cl = R—C = CHCI + Hf
T i

{4y R—C = CHC! + HOGI > R—C—~CHCL, + OH-
0 o-
Il OH- |

(5 R—C—CHCl, = R—C = CCl, + H*
T i

(8) R—C = CCl, + HOCI = R—C—COl, + OH-
0

| od- |
(7) R—C—CCl, + H,0— R—C—OH + CHOCI,

The slow steps in the reaction are (1), (3), and (5); beccuse these are
favored in the presence of OH™, the reaction proceeds much more rapidly
at high pH than at low pH.

O

Not all compounds that have the acetyl group, —C—CH,, reaect rapidly
enough to pose a problem during water treatment.®® For example, the

reaction with acetone, CH;—C—CH;, at concentrations found in polluted
water supplies is too slow for it to be of concern, However, since there is
organic matter in natural water and wastewater with functional groups
that undergo attack by chlorine to form chloroform rapidly, its formation

21, C, Morris and B. Baum, "Precursors and Mechanisms of Haloform Formation
in the Chlorination of Water Supplies,” chapter in Water Chlorination, Vol. 2,
R. L. Jolley, H. Gorchev, and D. H. Hamilton, Jr., eds., Ann Arbor Science. Ann
Arbor, Mich., 1978.
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iz of concern during water treatment. The major source of these groups
appears to be in the so-called humic substances, which were discussed
in Section 5-7.

Many treated waters contain not only chloroform but other chlorinated
and brominated trihalomethanes such as CHCLBr, CHCIBr,, and CHBr,.
These brominated species form because agueous chlorine converts Br™
ion in the water to HOBr. The bromine compounds then react with the
organic matter in the same way as HOCL* If I is also present in the
weater, presumably HOC] will also oxidize it and the product will react
similarly to HOCI, producing additional trihalomethanes species. Di-
chloroiodomethane is one of the species commonly observed.

4. Addition and Oxidation Reactions. Chlorine can undergo an addition
reaction i the organic compound has a double bond,

AN /s |
c=~c\+ HOCI - —C—C—
OH G

For many compounds with double bonds, this reaction is too slow to be
of importance in water treatment.?® However, more must be learned of the
characteristics of some of the substances that are found in water before
we can be certain that this will always be the case,

Chlorine can also oxidize organic compounds as follows:

o
I
R—CHO + HOC! — R—G—OH + H* + CI-

For example, continued reaction of Z,4,6-trichlorophencl (see Fig. 7-28)
will break the aromatic ring of the phenol forming 2.carbon residues,

such as oxalic acid, HO—C—C—O0OH, and Cl-, and coniinued reaction
with chlorine results in conversion of the 2.carbon residues to CO, and
H,0. ‘

The oxidation reaction with a carbohydrate (e.g., laciose) or with a fat
or fatty acid such as oleic acid is generally quite slow. The organic
compound is eventually converted to CO, and H,O. The reactions are
generally far too slow to be considered significant in the context of the
reaction times involved in various chlorination practices. The dose-
residual curves presented in Fig, 7-30 represent the slow progress of the

% 1, C. Morrig, "The Chemistry of Aqueous Chlorine in Relation to Water Chlori-
nation,” in Water Chlorination—Environmental Impact and Health Effects, Vol.
1, R. L. Jolley, ed., Ann Arbor Science, Ann Arbor, Mich., 1978,

25 J, C. Morris, "The Chemistry of Aqueous Chlorine in Relation to Water Chlori-
nation," in Water Chlorination—Environmental Impact and Health Effects, Vol.
1, R. L. Jolley, ed., Ann Arbor Science, Ann Arbor, Mich., 1978.
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Cly residual after 1 hr

Cl; residual after 24 hr

Cls residual
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maonths

Chlorine residual,
mg/liter

Chlorine dose, mo/liter

Fig. 7-30. Chlorine dose-residual curves for lactose oxida-
tion.

reaction. The pertinent half-reactions and the net reaction for lactese
{Cy:H,.0,4) are

13H,0 + CoHy0, = 12C0, + 48H*+ 48~
48~ + 24H* + 24HOCI = 24C1- + 24H,0
CoHzO4y + 24HOCI = 12CO, + 11H,0 + 24C1- + 24H*

7.8, BIOLOGICALLY IMPORTANT REDOX REACTIONS

Many of the phenomena encountered in natural waters and many of
the processes that make up wastewater treatment are due to redox
reactions that are catalyzed (or mediated) by biological systems, for
example, bacteria, algae, and other microorganisms. It is important to
realize that microorganisms, like inanimate objects, must obey the laws
of thermodynamics. One might wonder about this statement in view of
the well-known observation that photosynthetic organisms have the
ability to synthesize organic matter from CO, and H,O-a reaction that
is not thermodynamically spontaneous. However, it must be realized that
photosynthetic organisms must have an input of energy {(sunlight) to drive
the reaction. They are able to mediate a reaction that goes in the opposite
direction to thermodynamic predictions only because they have devised
a means of capturing energy from an external source and using it to
reverse the internal energy gradient of the system. Because photosynthetic
organisms are dactive in most natural waters and in some waste treatment
systems we must be careful in some calculations, to treat them as steady-
state open systems with an energy input from a source external to the
system, rather than as closed systems.

Microorganisms (or any other organisms) do not perform chemical
reqactions, they catalyze them and use them for purposes such as deriving



Biologically Important Redox Reactions 405

energy for metabolic processes or source materials for biosynthesis.
Nevertheless the importance of the microbial catalysis of redox reactions
cannot be stressed enough. We have already seen that the preduction of
acid mine drainage is made possible by the microbial catalysis of an
oxidation that in the absence of microorganisms would proceed very
slowly if at all. In this section we will exumine the reactions of the
nitrogen cycle, the sequence of the use of various electron acceptors in
biological systems, and the relationship between the amount of energy
obtained from redox reactions by microorganisms and the amount of cell
material {yield) that they can produce.

7.9.1. The Nilrogen Cycle

The way in which nitrogen circulates on the earth’s surface and in its
atmosphere is usually depicted as the nitrogen-cycle (Fig. 7-31). Many of
the reactions in the nitrocgen cycle are microbially catalyzed redox
reactions. These are the oxidation of NH,* to NO,” and then to NO,;~
{nitrification), the reduction of NO,~ to NO,” and then to NH,* (nitrate
reduction), the reduction of NO;~ to Ny, (denitrification), and the reduction
of Ny oy to NH* (nitrogen lixation). The incorporation of NH,* into nitrogen-
containing organic matter (amination) or its release (deamination or
ammonification) is the only nonredox reaction involving « nitrogen
transformation in the entire nitrogen cycle.

The various redox reactions of inorganic nitrogen containing species
are presented in Table 7-1. These reactions can be used to construct a pC-

Al
%«\\ \\\oaUOﬂ

o NH,
¥ & o
Rt e
Organic ?‘d\o A°
Nitrogen ©"

Fig. 7-31. The nitrogen cycle.
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Fig. 7-32. The pC-pe diagram for nitrogen system, Cry = 1079, in
equilibrium with Py, = 0.77 atm.

pe diagram for a model system at pH 8 coniaining a total dissolved
nitrogen concentration of 10° M (Crn = 107° = 2[N,ue] + [NH.] +
[NO;"1 + [NO;]). In the pe range where Ny., predominates, the solution
is upproximately in equilibrium with an atmosphere containing a partial
pressure 0f 0.77 atm of Ny,—the typical Ny, content of the normal surface
earth's atmosphere (Fig. 7-32). Marked on the pe axis is the pe value of
water in equilibrium with an atmosphere containing 0.21 atm of O, at pH
8 (pe = +12.5) and the pe value estimated for the interior of a photosynthetic
cell (pe = —7.0to —7.5, estimated from the pe of the reaction in which CO,
is converted to glucosse).

Since all of the major nitrogen-containing species, NH,*, Ny.q, and NO;~
have regions of predominance within the pe range over which microbially
catalyzed reactions can occur, it would be expected that their intercon-
version would be rapid. Moreover, one would predict from Fig, 7-32 that,
in oxygenated water at pH 8, «ll dissolved nitrogen gas should be
converted to NO,~, If this were indeed the case, then the earth’s aimosphere
would be virtually devoid of Ny, and NO;~ would be o major agqueous
species. We know that neither of these predictions are accurate, since
the earth’s atmosphere contains Py, = 0.77 atm and nitrate is « very minor
component of natural water. The disparity between prediction and ob-
servation stems from the slowness and complexity of reactions involving
Nyo). Nitrogen gas consists of two atoms of nitrogen joined by a triple
bond (N=N). The other nitrogen-containing species in the nitrogen cycle
all contain one nitrogen atom. Therefore, to form NO,~, NO,", or NH,*
from Ny,q or Na,, the very strong N=N bond must be broken. Because of
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this the rate of these reactions is guite slow, However, the conversion of
N, to NH,* does take place in organisms that fix Ny

Nag + BHY + 8¢~ — 2NH,*; pe® = +4,68

Since this reaction, at pH 8, is only spontaneous below pe = -6, it is
necessary for the microorganisms to generate a highly reducing local
environment (such as that produced by photosynthesis) to drive the
nitrogen fixation reaction. Such environments exist in the interior of
photosynthetic cells including the blue-green algae that fix nitrogen (e.g.,
Microcystis, Anabaena, Aphanizomenon) and in the symbiotic association
in root nodules between bacteria of the genus Rhizobium and certain
leguminous plants,

Denitrification [the conversion of NO;~ to Nagpl is a common reaction
catalyzed by many bacteria and proceeds rapidly. However, it appears
that microbial catalysts are unable to catalyze the reverse of the denitri-
fication reaction (Nu.q — NO;7).

From this discussion it is evident that reactions involving the conversion
of Nyaq to NH,* or NO;~ proceed slowly. However, it is a well-supported
observation that the interconversion of the other nitrogen-containing
species of the nitrogen cycle proceeds relatively easily and quite rapidly.
Because of these observations it is profitable to redraw the pC-pediagram
for Cin = 107° and pH 8, omitting Ny, and Ny,,. This is tantamount to
converting the system from an open system in contact with an atmosphere
containing Nyg to a closed system in which Ny, and therefore Ny, is
absent. Such a diagram is drawn in Fig. 7-33. It shows that NH,t, NO,~
and NO;~ are all major species in the very narrow pe range from +4.5 to
+6.2. Such a presentation is consistent with the observation that these
species are easily and rapidly interconvertible (by nitrification and nitrate
reduction}. Alsonote that the pe region over which NO, ™ is the predominant
species is extremely narrow. This is consistent with the observation that
NO,” is a transitory species in natural waters and waste treatment
processes—it only exists in significant quantities over a very narrow pe
range and it is readily interconverted to NO;~ and NH,*,

7.9.2. Eleciron Acceptors in Microbial Systems

It is common in waste treatment practice and in water pollution control
to classify environments or processes as either "aerobic” or "gnaerobic.”
These gross classifications are usually made on the basis of whether or
not dissolved oxygen is present in the water or wastewater. Aerobic
systems are those in which oxygen is present, and anaerobic environments
are those in which oxygen is absent. It is observed that the chemical
reactions that take place and the types of organisms that predominate
are different in aerobic and anaerobic systems. A closer examination of
natural waters and waste treatment processes reveals that the dividing
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Fig. 7-33. The pC-pe diagram for nitrogen species (Cyy = 1073 M, pH
8) omitting nitrogen gas and agueous N,.

line between aerobic and anaerobic environments is not sharply drawn.
To say that a water or process was aerobic would be tantamount to
stating that in the aerobic system the redox conditions are conirolled by
the reaction

Oy + 4H* + 46~ — 2H,O; pe” = 20.8

wheredas in the anaerobic environment (oxygen absent) the redox condi-
tions are controlled by another reaction. When we examine which “other”
reactions are likely candidates for controlling the redox environment of
anaerobic processes, we find that there are many. Table 7-11 lists these
reactions in the order of descending pe® values.

Microorganisms use these reduction reactions to consume the electrons
generated by the oxidation of their energy-yielding substrate. Although
this substrate can be any of a variety of substances, let us take for an
example the oxidation of formaldehyde (CH,O) to CO, and H,O by the
reaction:

COyq + 4H* + 46~ — CH,O + H,O;  pe®= -1.20

This reaction can be coupled with any one of the electron accepting
(reduction) reactions listed in Table 7-11. From the AG® values of these
coupled reactions it can be deduced that the amount of free energy that
a microorganism can obtain from the coupled redox reactions listed in
Table 7-11 is in direct proportion to its pe® value.
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TABLE 7-11 Electron Acceptance Reactions (Reduction Reactions)
. {Energy-Producing Reactions) in Aerobic and Anagerobic Systems

pe° Name of Reaction

Aerobic

Oap + 4HY 4 4e~ — 2H,O +20.8 Aecrobic respiration -
Anaerobic

2NQO;~ + 12H* + 10e™ — Ny, + 6H,O +21.0 Denitrification

NO,~ + 10H* + 8¢~ — NH,* + 3H,O +14.9 Nitrate reduction

CH,O + 2H* + 2~ — CH,OH +3.89 Fermentation

{Formaldehyde) (Methanol)

SO& + 9H' + 8=~ -» H5™ + 4H,O +4,13 Sulfate reduction

COyy + 8H* + 8e~ — CH,,, + 2H,O +2.87 Methane fermentation

This trend is supported by many observations in natural waters andsy
waste treatment systems. It is generally supported by the observation
that "anaerobic” communities cannot develop in oxic (or oxygen-contain-
ing) environments. Using the same substrate, the anaerobic organisms
cannot get as much energy per mole by its oxidation as can the aerobic
organism. Therefore, they cannot grow as fast as the aerobes and they
become overgrown. Some anaercbes, such as the methane fermenters,
are poisoned by oxygen. In this genergl sense, the redox conditions of a
water determine the type of biological community that develops. The
effect is not always as dramatic as indicated, since many organisms—
the so-called facultative aerobes—have the ability to use both oxygen
and nitrate as electron acceptors. They only use nitrate when the
concentration of dissolved oxygen is very low, for the simple reason that
they do not get as much energy per mole out of doing so. Greenwood®
has found that, for soil bacteria, the concentration of dissolved oxygen
in contact with the bacteria must fall to about 4 X 107¢ M {corresponding
to an atmosphere containing 0.3 percent O,} before the use of nitrate as
an electron accepter starts. Horstkotte et al.?” found that dentrification of
nitrate ion in a secondary effluent would proceed in a biofilm when the
solution concentration of dissolved oxygen was approximately 1 mg/liter
{(~3.5 x 1075 M).

When nitrate is utilized, the reaction to produce Ny, (denitrification) is
favored over the reduction of NO;~ through NO,~ to NH,* (nitrate reduction)
for the same reason: it yields more usable energy to the organism that
catalyzes it. For example, in a nitritying activated sludge plant, there is

2% D. J. Greenwood, “Nitrification and Nitrate Dissimilation in Soil. Part 2. Effect
of Oxygen Concentration,” Plant and Soil, 17: 365-378 (1962).

#7 G. A. Horstkotte, D. G. Niles, D. 8. Parker, and D. H. Caldwell, “Full Scale
Testing of a Water Reclamation System,” J. Water Polluf. Control Fed., 46:
181-197 (1974). .
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usually dissolved oxygen and nitrate present in the aeration basin. When
the .activated sludge settles in the secondary sedimentation basin, a
sludge blanket forms in which high concentrations of activated sludge
continue to respire, using electron acceptors. If the sludge is maintained
in this quiescent, unmixed and uncerated, blanket for an extended period
of time, «ll of the dissolved oxygen will be consumed. Then some of the
microorganisms in the activated sludge (those that have the enzyms,
nitrate reductase} will turn to the nitrate for an electron acceptor,
Denitrification (nof nitrate reduction) will occur with the accompanying
production of the sparingly soluble Nu. Small bubbles of Ny, are
produced within the activated sludge blanket (possibly within the acti-
vated sludge floc itself}), and they rise to the surface of the secondary
sedimentation basin, carrying with them particles of activated sludge
which are more often than not carried over into the secondary effluent,
This is the vexing problem of “blanket rising” or “sludge rising.” In this
.example the oxidation of ammonia to nitrate (nitrification) and denitrifi-
cation occur in the same process with the only difference being environ-
ments where dissolved oxygen is present or absent.

There are other such examples. Many unsaturated soils are known to
convert NH,* to Ny, via NO;~ (i.e., niirification then denitrification). They
achieve this because there are local oxic and anoxic environments in the
soil waters that, respectively, allow nitrification and denitrification to
proceed. In siratified lakes, nitrification may occur in the oxygenated
epilimnion (upper layer) and denitrification in the hypolimnion (bottom
water) and in the sediment pore water where dissolved oxygen concen-
trations fall to zero. The nitrification and denitrification process is im-
portant in preserving the fishery in Indian Creek Reservoir in the Sierra
Nevada mountains, This reservoir is fed by the tertiary effluent from the
City of South Lake Tahoe sewage tregiment plant. The effluent has at
times contained 15 to 20 mg NH,"-Niiter. Levels of ammoenia of this
magnitude are toxic to fish, yet in the reservoeir there is a thriving fishery.
This is achieved because the top waters of the lake nitrify the ammonia
to nitrate and this is reduced to Ny, by the anoxic bottom waters. The
summer concentrations of nitrogen species of the reservoir® are approx-
imately 4 mg NO,;—N/liter and 4 mg NH,—N/liter.

When domestic wastewater is treated by chemical precipitation fol-
lowed by carbon udsorption, one of the problems encountered is that the
carbon columns become highly odorous. The odor derives from the
reduction of 30,2 to HS~ by microorganisms growing within the carbon
column on biodegradable adsorbed organic matter. This is the sulfate-
reduction reaction. Attempts to alleviate the situation by injecting air
into the columns have met with liftle success because the oxidation of
sulfide by oxygen is not always « rapid process, especially if the sulfides

# Futrophication of Surface Water—Lake Tahoe's Indian Creek Reservolr, EPA
Report No. 660/3.75.003, February 1975.
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TABLE 7-12 Control Methods for Sulfide in Carbon Adsorption Columns

. Mean Total Sulfide Content
in Carbon Column Effluent,

Sulfide Control Method mg Sfliter
(1) Surface and backwash 2.9
(2} Surface and backwash plus increase of
column influent to 2-6 mg/liter DO 1.9
(2) plus 40 mg Clyiliter to column influent 1.1
(1) plus 5.3 mg NO,—Niliter 0.02
(1) plus 5.4 mg NO,-N/liter 0

Source: L. 8. Directo, C. L. Chen and I. J. Kugelman, “Pilot-Plant Study of Physical-
Chemical Treatment,” J. Water Pollut. Control Fed, 49: 2081 (1977).

are present in a particulate form, One successful method of preventing
the sulfide odor has been to feed sodium nitrate to the carbon column
influent. In the presence of NO,™, sulfide generation ceases because the
microorganisms would rather reduce NO; to Ny than SO 2 to HS -, since
they get far more energy out of it (Table 7-12). The datu in Table 7-12 are
from work conducted by Directo et al. # in which both oxygen and chlorine
were unsuccessfully used to eliminate sulfides from carbon column
effluents. The successful use of nitrate for preventing sulfide production
in the columns is clearly evident.

In Table 7-11 the electron acceptance reaction with the lowest energy
yield for microorganisms is the reduction of CQ,,, to methane, the so-
called methane fermentation reaction. The reaction occurs only under
strictly anaerobic conditions and the organisms using the reaction grow
very slowly compared with cerobic heterotrophic bacteria because they
obtain so little energy per mole of substrate reduced. When the methane
fermentation reaction cccurs, we can predict from Table 7-11 that §O2-
will be absent having been completely reduced to sulfide. Using this
observation and the knowledge that many toxic heavy metals form
insoluble sulfides, Lawrence and McCarty® derived an ingenious tech-
nique for detecting the presence of potentially harmful concentrations of
toxic metals in the sludge fed to anaerobic sludge digestion units at
waste treatment plants. The series of redox, heterogeneous, and acid-
base equilibria shown in Fig. 7-34 control the atmospheric H,S concen-
tration (Pyg) in the digester gas. With a normal (nontoxic level of metals
in the digesting sludge, the Py,s value will be constant and can be

291.. 8. Directo, C. L. Chen, and 1. ]. Kugelman, "Pilot-Plant Study of Physical-
Chemical Treatment,” J. Water Pollut. Control Fed., 49: 2081 (1977).

%A W. Lawrence and P. L. McCarty, "The Role of Sulfide in Preventing Heavy
Metal Toxicity in Ancerobic Digesters,” . Water Pollut. Control Fed., 37: 392
(1965),
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Fig. 7-34. Schematic of controls on Py,s in an anaer-
obic sewage sludge digester.

measured and recorded. If a high concentration of heavy metals is fed to
the digester, more metal sulfide solids will form and the concenirations
of 82, HS~ and H,S,, will decrease. These will be accompanied by a fall
in P, 5, since its concentration is determined by [H,S5.,,]. By determining
the acceptable range of Py levels in the digester gas, therefore, an early
warning system for toxic levels of heavy metals is available.

7.9.3. Microbial Yields

In the previous section we saw how microorganisms use or become
established to use electron-acceptance reactions sirictly in the order of
the amount of energy per mole of electrons consumed that they can derive
from them. The amount of enérgy available to a microorganism is,
however, a function of both the electron-generating (oxidation) half-
reaction and the electron-acceptance {reduction) reaction. Organisms that
oxidize organic matter (CH,0O) all the way to CO; and H,O (respiration)
obtain more energy per mole than do organisms that only take "CH.O”
as far as, for example, formic acid (an example of a fermentation reaction).
The pe values for the following equations illustrate this:

CO, + 4H' + 4~ > CH,O + HO; pe=-1.20
HCOO~ + 3H* + 2¢~— CH,O + H,O;  pe = +2.82

Organisms that use substrates with lower energy content for energy
generation produce even less energy per mole of substrate oxidized.
The resuli of the various combinations of redox couples used by different
microorganisms for energy generation is that the amount of energy
available per mole of substrate for processes such as the biosynthesis of
new cell material varies widely from organism to organism. Expressed
in microbial terms, we say that the yield (g cell material per g substrate
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consumed) varies widely. McCarty® has related cell yield for various
microorganisms to the amount of free energy produced by coupled
substrate oxidation and electron-aceepting reduction reactions. Some of
his data are plotted in Fig. 7-35. The plot shows that nitrifying organisms
have cell yields on the order of 0.1 cell equivalentsfequivalent of electrons
transferred in the substrate oxidation/electron acceptance reaction, These
microorganisms oxidize ammonia to nitrite and reduce carbon dioxide to
their cell material. The free energy change for this reaction is —13.4 keal/
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Fig. 7-35. Relationship of microbial cell yield to free energy available from
substrate oxidation. After P, L, McCarty, Progress in Water Technology, 7, 1
187 (1975); and P. L. McCarty, chapter in Organic Compounds in Aquatic En-
vironments, 5. D. Faust and ]. V. Hunter, eds., Dekker, New York, 1971.

3 P, L. McCarty, "Energetics and Bacterial Growth,” in Organic Compounds in
Aquatic Environments, 8, D. Faust and J. V. Hunter, eds., Dekker, New York,
1971. .
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mole of electrons, This cell yield can be compared with the value of (.74
for a heterotrophic aerobic microorganism oxidizing fructose to CO, and
H,O and using O, as an electron acceptor. The free energy change for
this redox couple is —28.7 kcal per electron mole.

Not only does the amount of cell material that a microorganism can
produce per unit amount of substrate processed vary with the energy
available from the redox reaction that the microorganism catalyzes, but
also the maximum rate at which various microorgunisms can grow is -
related to the available energy. Table 7-13 shows typical growth rates of
microorganisms growing under various redox conditions. The maximum
growth rates are quite clearly related to the amount of energy available
to the microorganisms from substrate oxidation.

7.10. ELECTROCHEMICAL MEASUREMENTS

The properties of electrochemical cells allow us to use them in a variety
of ways for determining the concentrations of individual ions on physical-
chemical properties. We will not deal with all types of electrochemical
measurements here; rather we will select examples to illusirate the use
of electrochemical techniques in water chemistry. Our examples will
include the measurement of activity (concentration) by potentiometric
methods using galvanic cells and specific ion electrodes, and the meas-
urement of activily (concentration} by elecirolytic cells using techniques
such as polarography and amperometric titration.

7.10.1. Potentiometric Measurements
1. Electrode Systems. The general form of the Nernst equation is
RT = {red}

= EO _——
E nF In {ox}

(7-59)

for the reaction
ox + ne” = red

where "ox” and "red” indicate “oxidized” and "“reduced” species, respec-
tively. This equation indicates that the activities of the oxidized and
reduced species are factors in determining the potential of an electrode.
We can turn this fact to use by measuring the potential of an electrode
at several known activities of reacting species, and then using the
potential/activity relationship to determine the activities in unknown
solutions from potential measurements of these solutions. If we wish to
achieve this objective for the measurement of a single species or a single
ion activity, we have several hurdles to overcome.

First, the measuring instrument, or indicator electrode, must only
respond to the activity of one component of the reaction taking place at
the electrode; this means that the other components of the reaction must
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TABLE7-13 Relationship of Maximum Microorganism Growth Rate Under
Various, Practically Defined Redox Conditions

Typical Free Energy

Maximum Change of Redox
Growth Rate, Reaction AG®n,

Redox Condition day™! kcal/electron mole
Aerobic treatment of domestic sewage? 3.7 —28
Denitrification using methanol® 1.8 —25
Nitrite oxidation in estuary water® 0.65 ~18
Ammonia oxidation in activated shudge® 0.33 ~10
Methane fermentation of acetic acid® 0.13 <-1

2 P. Benedek and 1. Horath, “A Practical Approach to Activated Sludge Kinetics,”
Water Res., 1: 663 (1963).

®H. D. Stensel, R. C. Loehr, and A, W. Lawrence, "Biological Kinetics of
Suspended-Growth Denitrification,” J. Water Pollut. Conirol Fed., 45: 249 (1973).
¢ G. Knowles, A. L. Downing, and M. ]. Barnett, "Determination of Kinetic
Constants for Nitrifying Bacteria in Mixed Culture with the Aid of an Elecirdhic
Computer,” J. Gen. Microbiol., 38: 263 (1965).

¢ A. L, Downing, H. A, Painter, and G. Knowles; "Nitrification in the Activated
Sludge Process,” J. Inst. Sew. Purif., Part 2: 130 {1964).

e A. W. Lawrence and P. L. McCarty, "Kinetics of Methane Fermentation in
Angerobic Treatment,” J. Water Pollut. Control Fed., 41: RI (1969).

be kept constant, Second, the response of the electrode must be specific
to the activity of the ion or species being measured; that is, the electrode
must be highly selective. Third, the so-called indicator electrode must be
made part of an elecirochemical cell with another electrode—the reference
electrode—whose potential remains consiant over the range of conditions
in which the cell is used.

The indicator electrode and the reference electrode are joined externally
through a volimeter {potentiometer) that is of the type which draws very
little current because it has near-infinite internal resistance. Because
there is little current the reaction at the indicator electrode does not shift
perceptibly from equilibrium and there is no significant consumption of
the species of interest at the electrode. The internal contact between the
indicator and reference electrodes is through a salt bridge or liquid
junction that allows the passage of ions but does not permit significant
mixing of solutions, The potential of the cell is

Ecell = Ereference alectrode + Eindicator electrode” + Elunction

where E},ction 15 the potential across the liquid junction. The E terence electrode
and Ejgneien are designed to be virtually constant so that ideally

Iﬂl {red}

Fn {ox} {7-60)

E..i = constant + E° —
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where

constant = Ereference electrode + E]unclinn

and

o RT. {red}
Elndit:ator electrode = E° - E In *ifg;

If we can keep one of the reaction component activities constant at the
indicator electrode, we can use the cell to measure the activity of the
other component. For example, consider the electrode reaction

Agt+e = Agy:  E°=0.799 volt

With a silver metal electrode, {Ag,} is virtually constant and is taken as
unity,
Substituting into Eq. 7-80, we find

Ecen = constant + 0.799 + g}gln {Ag*}

If the activity is approximately equal to the concentration, then
E.on = constant -+ 0,729 + 0.058 log [Ag*]

and the potential of the cell is a logarithmic function of [Ag*]. For every
tenfold change (decade) in [Ag*] concentration, the potential will change
0.059 volt {V) or 53 millivolis (mV). This type of response, that is, the
change in mV reading per concentration decade can be used to judge
whether an indicator electrode is behaving in an ideal or « "Nernstian”
fashion.

2. Calomeli Electrode. The normal hydrogen elecirode [a platinum wire
in 1.288 N HC! solution ({H'} = 1) with Hy,, at 1 atm pressure bubbling
through it] was used to define the standard electrode potential scale (see
Section 7.3.2). This electrode is not convenient to use on an everyday
basis, so a series of secondary reference electrodes has been developed
tor this purpose. One of the most commonly used laboratory reference
electrodes is the saturated calomel electrode. The electrode (Fig. 7-38)
consists of a platinum wire set in a paste that is a mixture of mercury
{Hg ), mercurous chloride (calomel, Hg,Cly}), and potassium chloride
(KCH. The paste is in contact with a solution that is saturated with KCl
and Hg,Clys. The elecirode can be represented as

Hg/Hg:Cly carr KCloo(4.2M)

The salt bridge or liquid junction between the saturated KCUHg.Cl,
solution and the solution being measured can be made through a capillary
tube filled with asbestos fibers (Fig. 7-36). The potential of the saturated
calomel electrode is determined by the reaction

Hggclggs) + 2" — ZHgm + ZC.{_
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Fig. 7-36. The calomel reference slec-
trode. Courtesy of the Cormning Glass
Works, Corning, N.Y.

and is +0.244 volt at 25°C. Since both Hg,Cl,,, and Hg,, have unit activity
the potential of the electrode can be written
RT
E=E°- Fln {Cl-}2

and since {Cl7} is constant (the XCI solution is saturated), the potential
of the electrode should be constant at a given temperature, that is,

E = E° — constant = +0.244 volt at 25°C
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3. Copper/Copper Sulfate Electrode. The copper {Cug), saturated copper
sulfate {CuSQO,) reference elecirode represented as Cu,)/CuSO, ., and
with an electrode reaction of

CuZi+2e =Cuy; E°=+0.34

finds use in the field measurement of potential in applications such as
corrosion control. The electrode is sturdily constructed with a wood outer
case and d screw connection for g liquid junction made from a porous
plug. To satisfy yourself that the electrode is in working order you merely
shake it to hear if you can detect the rattle of the CuSO,, crystals in the
internal CuSO, solution. If they are present, the CuSO, solution will be
saturated. '

4. Glass Electrode. Three indicator electrodes are discussed to illustrate
the various types of construction and modes of operation of these
electrodes. The glass electrode (Fig. 7-37) consists of a bulb of thin glass
{a glass membrane) that is sensitive to changes in HY activity. The inside
of the glass membrane contains a reference solution of fixed [H*], usually
a 0.1 M HCI] solution into which is immersed an internal reference
electrode (usuclly Ag/AgCl). The glass membrane separates the internal,
constant {H*} solution from the test solution of variable {H*}; see Fig. 7-
37. The potential of the glass electrode appears to develop because of an
ion exchange reaction that takes place at the glass surface, Hydroagen
ions selectively exchange at the glass surface, allowing charges to be
transported through the glass, thereby determining the potential differ-
ence between the constant internal {H*} and the variagble external {H*}.
Ion exchange only takes place satisfactorily when the glass electrode
surface is hydrated. Therefore, glass electrodes must be "conditioned” by
soaking in dilute acid prior to use. When the glass elecirode is made part
of a galvanic cell with a reference elecirode, such as the saturated
calomel electrode, the measured potential of the cell is as indicated in
Fig. 7-38 between A and E. The potential of interest is between C and D.
The potentials between A and B and between B and C are constant
because the internal reference solution concentration is constant. The
potential between D and E is approximately constant. Its variation over
a wide range of {H'} is minimized by "standardizing” the electrode
system at {H*} levels that are close to those which are anticipated in the
test solutions to be measured. This process of standardization leads to
the operational definition of pH. We recall that pH is defined mathemat-
ically as '

pH = —log {H'}

where {H*} is the activity of the H* ion.

It is not possible to measure this or any other single ion activity
absolutely because single ions cannot be isolated in solution nor can
potential measurements be obtained from one electrode in isolation. This
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Fig. 7-37. The glass electrode. Courtesy of Corning Glass Works,
Corning, N.Y.

leads to the need for an operational definition of activity and concentration
as determined from electrochemical measurements.
For the glass electrode,

2.3RT

E=E"+ log {H*}

and since pH = —log {H'},
E = E® — 0.059 pH
The potential of the glass electrode/saturated calomel elecirode cell is

Ecai = Ecatomet + Egiass T Ejunction
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or
E . = constant — 0.059 pH

where “constant” = EJ..c + Ecaomer + Ejunctien- L herefore,

_constant  Ee

- - 7.61
PH="7558  ~ 0.059 (7-61)

Equation 7-8l is the operational definition of pH. In the process of
standardization one selects a buffer of known {H*} and immerses the
electrode system in it. The dial of the pH meter (which is basically a high-
resistance voltmeter with « scale that has been converted to read in pH
units instead of millivolts) is set o read the indicated pH of the buffer.
The process is repeated with another buffer solution with a different pH.
The first buffer is reread and the meter readjusted. The iechnique is
repeated until the meter reads the indicated pH of both buffers, By this
technique we have “dialed in” the value of constant/0,059 for the pH range
of interest so that the value of E,;/0.059 will be directly proportional to
the pH.

5, Divalent Cation Electrode, The divalent cation electrode for hard-
ness is a selective ion electrode that detects Co®*t and Mg?** and other
divalent ions in much the same way that the glass electrode detects H*,
Instead of developing a potential across a glass membrane, it develops
a potential over an inert porous disc that is saturated with a water-
immiscible, liguid ion exchanger which is selective for divalent ions,

Hydrated
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Intarnaf Internal Reference
raference electrode
3
r[ ferenge solution Glass Test {e.g., saturated
t;’-ec'm e constant {H*! membrane solution eatomal
PUAGIAGCI: | (o a0 0.1 atHC electrode}
A L B [ D E
Potential of
L glass electrade
L Measured potential on pH meter

Fig. 7-38. Potentials in a glass electrode-calomel electrode system
commonly used for pH measurement. ’
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especially Ca®* and Mg?* (Figure 7-39). The internal solution is a calcium
chloride solution saturated with the ion exchanger. There is an internal
Ag/AgCl reference electrode. The liquid ion exchanger is, for example,
the sparingly soluble calcium salt of dodecyl phosphoric acid dissolved
in a di-n-octyl phenyl phosphonate and immobilized in a cellulose
membrane. The calcium dodecyl phosphoric acid transports Ca®* ions
across the membrane and is responsible for establishing the potential of
the electrode. Because the dodecyl phosphoric acid-Ca®t s¢lt is sparingly
soluble, some Ca®* ion is in solution in equilibrium with it so that the
electrode potential reaches a plateau value at [Ca?*] = 107° This

particular electrode responds to ions other than Ca?' and Mg?*, ions that

may be regarded as interferences. The degree of interference is expressed
by the selectivity constant K, where K, is defined by the equation

E = po 4 0089

log ([Ca?*} + [Mg?*] + K,[X**])

as the relative response produced by ! mole of [X?*] to that produced by
1 mole of either [Ca?*] or [Mg?*]. For the divalent cation elecirode some
selectivity constants are 3.5 for [Fe®?], 3.1 for [Cu?*], and 0.54 for [Sr?*].

The pH affects the operating region of the elecirode. The lower bound
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Fig. 7-39. Divalent cation electrode. Cour-
tesy of Orion Research, Inc., Cambridge,
Mass. ,
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of pH depends on the [Ca?t] + [Mg?*] concentrations and varies from
about 6,5 at 10~®* M divalent cation to about 5 at 10~ M. The upper bound
is about pH 10 and is set by the presence of the MgOH?* ion, which is not
detected by the electrode.

8. Oxidation-Reduction Potential. The measurement of the so-called
“oxidation reduction potential” (ORP) of natural waters, wastewaters, and
waste treatment systems has been advanced by some workers as a useful
index of the state of the system (i.e., aerobic or anaerobic) or the degree
of treatment (i.e., extent of biclogical oxidation of organics in wastewater).
The measurement of ORP has found use in nonbiological situations such
as the control of chlorination and dechlorination of sewage effiuents. The
oxidation-reduction potential is measured in a galvanic cell consisting
of a reference electrode (e.g., calomel) and an indicating electrode of a
highly noble metal (e.g., platinum or gold). The calomel electrode is the
cathode and the inert platinum or gold electrode is the ancde. The anode
is made of a highly noble metal so that the potential for its oxidation is
less than that of any oxidizable solution components. The anode thus is
a site of the oxidation of solution constituents but ideally is not affected
itself.

Oxidation-reduction potential measurements in natural waters and
wastewaters are difficult to interpret. The only potentials that will register
in the ORP cell are those from species that can react at the indicator
electrode surface—we call these electroactive species. In natural waters
only a few reactions proceed at the electrode surface, for example,

Fe’ == Fe?* + ¢~ and Mn(IV} = Mn?* + 2e~

All the important redox reactions involved in the nitrogen cycle, the sulfur
cycle, and the carben cycle are not completed at the indicator elecirode
in an ORP cell. At best, too, the voltage reading produced by an ORP cell
is a reflection of many reactions—it is a “mixed potential” and its value
is difficult if not impossible to interpret in any fundamental chemical
terms. Moreover, when an ORP electrode combination is immersed in a
water the voltage reading will vary with time, usually falling from the
initial reading obtained. This behavior is due to the general process of
polarization and of “poisoning” of the indicator electrode surface by the
accumulation of oxidation products on the surface of the elecirode.

Despite all of these limiiations ORP measurements have been used
widely in biolegical systems where, if they are treated as indices or
"black box measurements” rather than fundamental indicators of a
specific chemical environment, they can be of qualitative use,

7.10.2. Amperometric (Polarographic) Measurements

As the name implies, amperometric techniques involve the measure-
ment of current. The term polarography derives from the fact that the
electrode at which the reaction of interest occurs is in a polarized
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condition. The polarization of an electrode occurs when the products of
a reaction that occurs at it accumulate to such an extent that they limit
the rate of reaction at the electrode. When an electrode is in such a
polarized condition, we can visualize that the concentration of the product
of the electrode reaction is very high close to the electrode surface.
Conversely, the concentration of the reactanis at the electrode surface
will be very low. In fact, for a completely polarized electrode we can
safely assume that at the electrode surface the reactant concentration is
zero. In such a condition the amount of current that the electrode will
pass is directly related to the mass flux of reactant from the bulk of the
electrolyte solution to the elecirode surface ccross the concentration
gradient established by polarization. In turn, the rate of mass flux or
diffusion of reactant is (by Fick's law)} a function of the bulk concentration
of reactant.

dM' Ad '
— = (C — 7-62
dt 5 (C—Cy) ( 2
M' = mass of reactant

t =time
A = area of electrode surface
D = diffusion coetficient of reactant
& = thickness of layer around electrode through
which diffusion takes place
C = bulk concentration of reactant
C, = electrode surface concentration of reactant

For a polarized electrede C; = 0, Therefore,

dM’' ADC
= (7-63)
dt 5
Since the reactants at the electrode are the current-carrying vehicles in
the internal circuit (i.e., in the electrolyte solution), the current generated
in a cell with a polarized electrode can be made a function of the bulk
solution concentration of reactant. When the rate at which the reactant
is supplied by diffusion is just balanced by the rate at which it is
consumed by reaction at the electrods, we can write
Rate of supply of reactant by diffusion = rate of reaction at electrode
ADC 1 (7-64)
) nF )
where

i = current
n = number of electrons in reaction
F = the Faraday constant
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Then

. nFADC
=

5 {7-65)

For a particular electrode system, the same temperature and physical
conditions such as the stirring rate and the same electrede reaction, the
term nFAD/S is a constant and therefore

i=KC (7-66)

The measurement of the current in a cell with a polarized electrode can
therefore be used to measure the concentration of the reactant-producing
polarization. .

Polarographic measurements can be conducted with either galvanic or
electrolytic cells. With galvanic cells the potential required to drive the
reaction «at the polarizing electrode is generated by making the polarized
electrode part of a galvanic cell. With an elsctrolytic cell the potential is
supplied by an external voliage source such as a battery, The indicating
or polarized electrode is usually an inert metal {such as platinum) or a
mercury droplet; the other electrode is usually a reference electrode (e.g.,
a calomel electrode). '

Polarographic methods using the dropping mercury electrode found
wide acclaim for measuring metal concentrations in waters, but the
emergence of atomic absorption spectrometry (AAS} has largely replaced
polarography of this type for metals analysis. However, it should be
realized that the two techniques are capable of measuring different
things, Atomic absorption spectrometry measures the fotal metal content,
that is, all species containing a specific metal, unless some effort is made
to separate one species from another prior to AAS analysis. Polarography
and other electrochemical methods are capable of measuring individual
species, excluding complex forms, for example, if they are involved in
unique electrode reactions,

1. Dissolved Oxygen Elecirode. One of the current wide applications of
polarographic techniques in water chemistry is using solid inert elec-
frodes, sometimes enclosed in ¢ membrane that selectively passes the
reactant of interest, An example of this type of cell is provided by the
“dissolved oxygen probe” or “dissolved oxygen electrode.” This electrode
may be either of the electrolytic or galvanic type discussed above. The
Makereth "oxygen electrode™ for example, is a galvanic cell employing
a lead anode and « silver cathode in an aqueous KHCQO, elecirolyte, all
isolated from solution by an oxygen-permeable polyethylene membrane
{Fig. 7-40). Lead ions (Pb?**) are produced at the anode. This oxidation
drives the cathodic reaction in which oxygen is reduced to OH~. Some

2 F, I. H. Makereth. "An Improved Galvanic Cell for Determination of Oxygen
Concentrations in Fluids,” J. Sci. Instrum., 41: 38 (1364}.
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Pb 24 - - + Ag cathode
anode Pbyg = Pb" "+ 2¢ 4o + 0y _2H20 {polarized)
Po?* .+ 20H”
-+ Pb{OH}pg
KHCO; electrolyte
Solution Oxygen permeable
\ membrana

Fig. 7-40. Schematic of the Mackereth dissolved oxygen electrode.

Fs

OH~ ions migfate to the anz_:de and react with Pb?* to produce Pb(OH)g(s)'.
The overall cell reaction is :

Ouam + 2Pbg + 2H,0 = 2Pb{OH)y,

and its rate is controlled by the rate of supply of oxygen to the silver
cathode. Therefore, the current in the external circuit is controlled by the
rate of the oxygen supply to the cathode. This supply depends on the
diffusion rate of oxygen across the membrane. Since the oxygen concen-
tration inside the membrane is kept low (virtually zero), the diffusion rate
is a function of the oxygen concentration outside the membrane in the
bulk solution. The current is, therefore, proportional to the bulk solution
oxygen conceniration. When using these elecirodes, it is important that
the bulk oxygen concentration close to the membrane does not become
depleted, Therefore, it is essential to stir the bulk solution to ensure that
the layer close io the membrane surface is constantly renewed with water
of a composition representative of the bulk solution.

2. Amperomeiric Titration of Chlorine. The second wide application of
amperometric methods in water chemistry is the use of amperomeiric
titration devices. In these instruments the polarization current is read out
on a dial. A reagent is added that reacts with the polarizing reactant so
that its bulk concentration is decreused. The dial reading decreases.
Reagent is added until there no longer is a decrease in current upon the
addition of further reagent (Fig. 7-41). This indicates that all of the reacting
species has been consumed because the current flowing in the cell no
longer is influenced by a reagent that reacts with it. Free chlorine (HOCI
and OCI17) can be determined by amperometric titration with the reductant
phenylarsine oxide (CsH;AsO). The reaction is

HOCI + CH,AsO + H,0 — HCl + C,H,AsO(OH),
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Current, 7

\_

l"( Endpeint

Volume of reagent added

Fig. 7-41. Amperometric tilration endpoint.

A typical aperometric titrator is shown in Fig. 7-42. Combined chlorine
can also be measured by this technique if the proper solution conditions

are used.®
7.11. PROBLEMS
1. Write balanced equations for oxidation of NH, with HOCI assuming the
following major end products.
{a) Ny and Cl-,
(b) NO,, and ClI-.
(c}) NO,~ and Ci-.

For the three cases, determine the moles of HOCI required per mole of NH;
and the HOCI in mgifliter as Cl, required per mg NH,-N/iter. If the stoichi-
ometry observed in the laboratory is 3.8 moles HOCI/2 moles of NH,, which
of the three cases is likely to predominate?

2. What is the theoretical COD, TOC, and ultimate BOD of the following
solutions? .
(a) 100 mgl/liter of phenol, C;H,OH
(b) 50 mg/liter of ethane, C,H,
(c) 6 mg/liter of NH; (BOD only). Assume that NO; is the nitrogen end
product,
{d) 10 mg/liter of Fe** {COD only). Assume that Fe(OH),, is the ¢nd product.
Note: TOC is the mass of carbon in the organicls) under consideration.
Theoretical COD and ultimate BOD are the amounts of oxygen
required to oxidize the compounds in question to CQ,, H,Q, and
other end products as stated.
3. A solution contains 107* M Cl,, 10° M HOCI, 107 M OCl-, 10~ M NH,Cl, and

10-° M NHCl,. What is the total concentration of chlorine residual in mg/liter
as Cl,?

3 Standard Methods of the Examination of Water and Wastewater, Am. Publ,

Health Assoc., 14th ed,, 1976.
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Fig. 7-42, Amperometric titrator. Courtesy of the Fischer &
Porter Co., Warminster, Pa.

Propionitrile has the general formula CH,CH,CN. Assume that it is completely

oxidized by dichromate in the COD test,

(a) Write the balanced reaction for CH,CH,CN with Cr,0;?". The nltrogen
product of the reaction is NH,.

{b} What is the COD of a 50 mg/liter solution of CH,CH,CN?
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10.

_(c) Add 10.0 ml of a 500 mgfliter solution of propioniirile to a COD flask. Also

add 10.0 ml of 0.25 N Cr,O;% solution plus the necessary reagents. Dilute
to 50 ml total volume. What is the molarity of the Cr,0;% in solution in
the COD flask after the reaction is completed? (Assume 100 percent
oxidation of CH,CH,CHN.}

In the metal plating industry, cyanides are frequently eliminated from waste
discharges by ireatment with chlorine at high pH (alkaline chlorination
process). Two steps are involved: (1) the oxidation of cyanide, CN—, to
cyanate, CNO-, and (2) oxidaiion of CNO~ to N; and CO,.

(e} Write balanced reactions for each of the two steps given that OCl™ is the
oxidizing chlorine species and that Cl™ is formed as the reduced chlorine
species in each step.

(b} How much chlorine, in mg/liter as Cl,, is required per mg/liter of CN- for
aach step?

Ozone (O,) and chlorine dioxide (ClO,) are both strong oxidizing agents.
Given the hali.cell reactions for these species as follows:

O, +2H* + 26~ =0, +HO; E°® =2.07 volts
ClO,+e~=Cl0O,; E®=1.15volis

{(a} Write the stoichiometric equation for the reaction that occurs when O, is
mized with NaClQ,; in aquecus solution.

(b} What is the value of the equilibrium constant for this reaction? Is ozone
« stronger or weaker oxidizing agent than chlorine dioxide?

{(c) What is the standard free energy change for this reaction?

(a) Find the balanced reaction and the corresponding E° for the oxidation of
Fe® by dissolved oxygen, Os.a.

(b) H the water is in equilibrium with the atmosphere with respect to O, {i.e.,
P, = 0.21) and pH = 7, [Fe®**] = 1074 and [Fe?"] = 1077, is the reaction at
equilibrium?

Given:

2e~+ Cl,=2Cl~; E° = +1.86 volts
Cl, + H O =HOCl +H*+ Cl~; K,=38 x1i0* and K, =10"%

calculate E° for the reaction
2e~ + HOCl = Cl- + CQH-

Given:

MnO, + 8H* + 3e- =Mn?" + 4H,;0;  E° = +1.51 volts
Mn?* + 2H,O =2~ +4H* + MnOy,,;  E°= -1.23volis

What is E° for the half-reaction representing the reduction of MnO, to
MnOz{s,?

In the COD test, the Cr,0;% remaining after oxidation of the organic matter
is determined by titration with Fe?*. When Crcro, = 107 Cronm = 1074
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12,

13.

14,

15.
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Crrem = 107% Cr oy = 1075, and [H*) = 1 M, is the reaction for the reduction
of the Cr,0O;* at equilibrium? £ t.amreqn = 0.68 volt; E‘é’,zo;-mr“ = 1.33 volis.)

10~* mole of Cl, is added to 1 liter of water at 25°. What is the pH of the
solution and the HOCI concentration? (Neglect ionic strength effects.}

10~* mole of bromine, Br,, is added fo a liter of water. The resulting pH is 7.0.
Given that the following reactions are at equilibrium,

Br,+ H,O=H"+Br~ +HOB; K,=6 x}0™*
HOBr ==H* + OBr—; K,=3.7x10"*

and that [Br~} = 1.1 x 107, including the Br~ originally present in the sample,
what are the molar concentrations of Br,, HOBr, and OBr~?

The (Oyq) in the atmosphere is in equilibrium with two aqueous solutions,
one at pH 9 and the other at pH 8, What is the pe of each of these solutions?

() The pe of a solution can be controlled by controlling the solution
composition. To show this, calculate '
(1) The pe of a pH 10 solution in equilibrium with the atmosphere at 25°C.
(2} The pe of o pH 10 sclution to which HS~ has been added until [HS"}/
[SO&] = 10 at equilibrium.
{(Note: This solution is nof in equilibrium with the atmosphere.)
(b} Also, assuming that iron species are present in solution, calculate the
[Fe**)/{{Fe(OH);} ratio in the solution in part {a,2),

() Draw the pC-pe diagram for the sulfur system at pH = 10, C; 4 = 107* M
and 25°C. Note that S, is not a stable species under these conditions.
Thus the following reaction can be used,

50, + 9H* + 8¢~ = H3™ + 4H,0

{b) Assume that Oy is in equilibrium with an aqueocus system in which
[HS™] + [8O.2] = 1074, pH = 10, [HS™] = [80,*"], and HS- and 502~ are
in equilibrium with each other. What is the partial pressure of oxygen
under these conditions? Can significant concentrations of HS™ exist in
solution, at equilibrium, if measurable concentrations of dissolved oxygen
{>0.05 mgliter) are present?

As water is transported through an iron disiribution main, it develops a

reddish color. Analysis of the water shows that pH = 7.5, dissolved oxygen

= 5 mglliter, calcium hardness = 100 mg/liter as CaCO,, Na* = 30 mg/liter,

the total alkalinity = 150 mg/liter as CaCQ;, and the temperature = 25°C.

(a} Diagram the “corrosion cell” that is probably causing the red water.
Indicate the important elements of the cell and give the chemical reactions
that are taking place as well as the point in the corrosion cell where they
are occwring,

(b} What is the value of the Langelier index?

{c) Give three specific actions that could reasonably be expected to eliminate
or significantly reduce the problem.
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17. A secondary effluent contains 15 mg/liter of NH;—N. Assume that the oxidation
of NH; to N, is the only reaction which takes place in the effluent.

(@) What chlorine dose (in mgfliter as Cl,) is required to insure a free residual
of 1.0 mg/liter as CI,?

(b} How much chloride ion (in mg/liter) will be added to the effluent, given
the dose in part (a) and given that the reaction with NH; is complete?
(Assume that Cly, is the source of chlorine.}

(c} Assuming that the ammonia was initially present as NH,t and taking
into aceount the hydrogen ion resulting from the addition of Cly,, how
much hydrated lime (Ca{OH),) in moles/liter will have to be added so that
no pH change results from chlorination with the dose in part (a)?
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The accuracy of the non-zero @ values for pH between the pX values is
as given above for diprotic acids, and if more accuracy is required, Egs.
Al-6 to Al-9 can be used. An intermediate level of accuracy is often
acceptable for the value that cannot be determined from the table, in
which case the formula for %K, can be used, for example, K, ; = ((H o)
o, Ko = ([(H)opNay, and K, = {{H Jad a..
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IONIZATION FRACTIONS

Al.l1 IONIZATION FRACTIONS FOR A MONOPROTIC ACID

p°H = pK, * dpH
(or pH = pK, = ApH

when FI 0) Qp — EHA]/CT'A Xy = {A_]JICT,A
pK.-5 1.0000 0.8600
pK.-4 0.9999 0.0001
pK.-3 0.9930 0.0010
pK.-2 0.5801 0.0099
pK, - 1.6 0.8755 0.0245
pK,—- L5 - 0.9694 0.0306
pK, — 1.3 0.9523 0.0477
pK, - 1.2 0.9407 0.0593
pK,—- 1.0 0.9091 0.0809
p°K,— 0.8 0.8633 0.1367
pK,—- 07 ’ 0.8337 0.1663
pK,—- 06 0.7993 0.2007
pK,—- 0.5 0.7599 0.2401
pK,— 0.4 0.7153 0.2847
pK,- 0.3 0.6663 0.3337
pK,~ 0.2 0.6131 0.3869
pK, — 0.1 0.5573 0.4427
Pk, 0.5000 0.5000
pK.+ 0.1 0.4427 0.5573
pK,+ 0.2 0.3869 0.6131
pK.+ 0.3 0.3337 0.8663
pK,+ 04 0.2847 0.7153
pK.+ 0.5 0.2401 $.7599
pK,+ 0.6 0.2007 0.7993
pK.+ 0.7 0.1663 0.8337
pK, + 0.8 0.1367 0.8633
pK,+ 1.0 0.0908 (.8081
pK,+ 1.2 0.0593 0.9407
pK;+ 1.8 0.0477 0.9523
pK,+ L& 0.0306 0.9694
pK,+ 16 0.0245 0.9755
pK, + 2.0 0.0099 0.9901
pK.+ 3.0 0.0010 0.93580
pK, + 4.0 0.0001 £.9999

pK, + 5.0 0.0000 1.0000
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ANSWERS TO
PROBLEMS

CHAPTER 2

1. {(a) 2.5 x 1077 molefliter-sec
(b) 2.5 X 107" moleflcc-sec
(&) 1.5 x 1078 mole/cc-min

2. 170 x 107% sec™"; t = 157 min

3. (o) k = 1.25 x 107% liter/mole-sec
(b} k3, = 3.89 x 107% liter/mole-sec

4 (@) k =22 059
ty t

(b) fgo = 3.322 f1

S, [A]™' versus t is linear whereas In [A} versus t is curvelinear. Thus the rate
is second order.

k = 0.192 liter/mmole-sec
6. t =77 102 sec

7. {a) k; = k, exp [(E./RT\TXT, — T, }}
=k, gt where 0 = exp (E,/RT\T,)
(b} E, = 7.8 kcal/mole
{c) E, = 7.6 kcal/mole

8. E,= 10.7 kcal/mole

9. {a) k = 0.0279 hr™’
t = 165 hr (or 6.8 days)
(b) Total time required = 3(12) + 1.1 = 37.1 hr

10. {a)t = 3.1 X 107* sec
(b) E, = 20.8 kcal/mole

1f. Plot {t/y)"3 versus t {days) and fit this plot with a straight line. Analysis of the
plot in accordance with Eq. 2-45 yields

k = 0.25(base ¢}
k=0.11{base10), and L,=2.8mgliter.



436 Answers to Problems

CHAPTER 3

1. -212.8 keal/mole CH,; —13.26 keallg CH,

2 AI?‘,? = —26.4 kcal/mole

3. Temperature rise = 35.7°C
4.35 kg or 4.35 liter of H,Q at standard conditions will be vaporized.

4. CH,CHCHCOOH + 1044 — CH,COCOCH + H,Oy AH® = —48.9 kcal
5. AG® = —208.2 kcal, the maximum amount of energy available,

6. (a} K =1.83 x 10°°
(b} AG < 0, .. Reaction goes to right.

7. Percent as HNO; = 8.8%

8. K = 10"
[Mg®'] = 8.6 x 104 M

8. AG®" = -37.6 - (-56.7) = +18.1
AH® = —54.96 — (-68.32) = +13.36
AG® = -RTInK

Kop = 1071
nKe _ —AH (_1 _i)
K25 R T4U TZS

(a} Ky = 2.95 x 1o~
{b) AH® is positive, .. reaction is endothermic,

10. (@ K = 10—+ moles
liter-atm

(b) PH;S = 10_3’5 atm

L. (@) AG = -15.7 keal .
. Mn?* ig still being oxidized after 10 days.

(b) At equilibrium, assuming pH = 8.5 and Py, = 0.21 atm
fMn?t} = 2,15 X 107" M

12. (a) g = 0.13
{b) K = 10-5¢8
{c) k., = 0.17

13. {a) AG < 0, .~ Reaction goes to right,
{b) pH = 7.51

14, AG > §, .. Reaction goes to left.
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. \
15, AG® = +31.12 )
Since Pgg, =K = 1.5 X 107, whenever the sludge is exposed to an atmosphere
with a Pgo, of 107>% atm the reaction tends to go to the left.
18. (a) AG3,,, = 3.95 keal/mole
(b) K, = 7.74 x 10*
(c) At 25°C, Po, = 0.20
{Oaag} = 2,62 x 107 M (8.4 mg/liter)
at 50°C, Py, = 0.18
[Oaagl = 1.38 X 10-* (4.5 mg/liter)
at 100°C, Pg,= 0 ‘
[Oﬂaq)] =0
(d) Since 9.5 > B.4 (from part c) the solution is not at equilibrium.
CHAPTER 4
1. (a) pH = 3.0
{b}) pH = 6,98
2. (@ pH =10
(b} pH = 8.0
3. pH 10.1
4. (a) pH = 7.95
(b) 99.8%
5. (a) pH = 9.25
(b} pH = 7.5
(C) pr = PKW - pKa =6.5
B, (@) Crua=2x102M = [Na'}
Creo, = 1 X 1072 M = [HPO,] + [HPO,] + [HPO] + [POS]
(b} [H*] + 2{H;PO4 + [H,PO,} = [POS] + [OHT]
(c) [Na*] + [H*] = [OH"} + [H,PO,] + 2[HPOS] + 3[POS]
7. Approximate proton condition: [H*] = [HPO 7]
When p = 0, pH = 5.6
When g = 1072 y.y = 0.9, y.2 = 0.66 (from Fig. 3-4)
and K,, = 1077
p°H = 5,50 and pH = 5,45
8. Proton condition: [H*] + 2[H,COsl + [HCC,] = [OH]
At 15°C, pH = 8.35
At 25°C, pH = 9.00
9. Proton condition: [H*] = [SO2] + [OH7]

pH = 3.0
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10.

11,

12,

13.

14,

15.

16.

17,

18.

18.

{a) oy = 0.0809; «, = 0.908] (pK,= 3.2)
(b} ap = 0.3337; o, = 0.6663; a, = 0 (approx.)
or ap = 0.00013 (exact) (pK,, = 6.3, pK,. = 10.3)
(c) e = B (approx.), or oy = 1.7 %X 1077 (exact); a; = 0.1367;
oy = 0.8633; a, = 0 (approx.}, or
as = 4.3 X 1075 (exact) (pK,, = 2.1, pK., = 7.2, pKa, = 12.3)

(@ pH = 4.15, pK = 3.11
ag = 0.0848; o, = 0.9152

(b) p°H = 6.55, pK,, = 6.21, pKa, = 10.12
ag = 0.3141; &, = 0.8859; o, = 0 (approx.},
e = 1.B x 10-* (exact)

(c) pH = 7.95, pK,, = 2.01, pK,z = 7.01, pKas = 12.01
oy = 0 (approx.), ap = 1.2 x 1077 (exact); oy = 0.1046;
e, = 0.8954; o; = O (approx.), a; = 7.8 x 107 (exact)

Charge balance: {Na*] + [H*] + [NH,*] = [OH] where
[Na*] = [NHaaq)) + [NH.*}
pH = 7.7

Charge balance; [NH,*] + [H*]} + (Na'] = [Ac™] + [OH]
where [Na’l = 1072 and [Ac¢7] = 107% — [HAc]
vH = 10.6

Proton condition: [H,CO3} + [NH.*] + [{H*] = [CO,*] + [OHT]
pK,; = 6.21, pK,, = 10.12, pKpne+ = 3.3
ch = 9'8r PH = 9-85

(a} Moles Na,CO; required = moles H*/liter = 10727 moles/liter
(b} =96 x 105

2Na,CO,; + H,80, — 2HCO;~ + 4Na* + SO
2 x 107" moles Na,CQOy/liter

H,PO, is an acceptable buffer. 1.85 x 1072 moles of phosphate salt added
to 1 liter of solution, followed by adjustment of the pH to 8.0, will give the
desired result.

B = 5.12 x 107® moles/liter

(a) AtpHB.3, [HCO, ] =2 x 107*M, AtpH =6.3, [HCO,; | =(HLCO) =1 x 1072
HCO, + H* - H,CO} '
Assuming complele reaction of the H* added with HCO,~, 1 x 107% moles

H* can be added/iter. Dilution ratie = 0.1 liter waste/] liter stream.
(b) B = 1.15 x 107 moles/liter ’

(a) As the pH is lowered below 8.9, the solution is supersaturated if no CO,
ascapes.

(b) pHeo, = 4.35

(¢) pHeo, = 4.5



20.

21

22.

23,

24,

25.
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Total Alkalinity Total Acidity ~
{a) Decrease Increase ) )
(b} Decrease Increase
(c} No effect No effect
{d) No effect Increase
(e) Increase No effect
{a) Total alkalinity = 3 x 107% eq/liter

= 3 x 1073 eq/liter x 50,0060 mgCaCQ,leq = 150 mglliter
as CaCQ,
0.015 liter of 0.02 N H,50, must be added.
(b} 0,04 liter can be added per liter of natural water,

L

{a) [CO1=2399%x 10" M
(b} Caustic and carbonate alkalinity = 0
Total alkalinity = 100 mg/liter as CaCO,
(e) Mineral acidity is zero
CO; acidity = 1072 eg/liter
Total acidity = 4 x 1072 eq/liter
(d) pH = 7.0

{a) Carbonate alkalinity = 2.4 meg/liter
Total atkalinity = 5.8 meqg/liter
Caustic alkalinity = 0

Voo — Vi X0.02) (8 —6)0.02)
50 - &0

Total acidity = 8 x 10~ egfliter

(¢} Cro, = 3.2 X 1072 moles/liter

(d) PHC03 = 4,4 pHcon— = 10.8

(e) Approximate procedure:

pH = 10.8, [CO* ] = 2.4 x 10° M, [HCO,} = 0.8 x I07*M

Exact procedure;

pH = 10.55, {CO,*>] = 2.05 x 103, M

[HCO;1 = 1.15 x 1873 M, [H.CO3] = 6.5 x 107 M

b = §,0008 eq/liter

C1,cq, = total alkalinity ~ carbonate alkalinity = 5 x 10*M
po= O

fH*] = 10-%% M, [HCO;} = 4.1 x 107°M, [CO>} =92 x 10*M
p= 0.01;
[HY] = 10-%4 M, [HCO, ] = 4.1 x 10°M, [COF} =93 X 10 M

Predominant reaction: H* + HCO; — H,CO;

[HoCO3] pumsr — [HaCO2] pmero = 0.86 x 10*M = H* added per liter of lake water

Thus 17.2 x 10° fi* of rain are required.
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CHAPTER §

2. 1.12 x 107% moles/liter; 112 mgfliter as CaCO,

3. [HgOH*| = 1 x 107 M {< [Hg(OH);°} = 9.93 X 10~ M)

4, (o) 0.40 x 1072 moles Ca(OH),/liter
{b} The amount in part (a) for coagulation plus 4.02 X 107% moles Ca{OH)./liter
to raise the pH.

5. Using the equilibrium constants for the complexes as given in Section 5-6,
25% of Crc, and 28% of Cry, are in the form of sulfato complexes.

8. Assume 4[Ni{CN},27] == [HCN] + [CN]
Knowing [HCN] + [CN] = 4[Ni*¥
Calculate [Ni?*] = 1.4 x 107

RECN)]
e, — =10
7. (a) [MgEDTA%] = 1.1 x 10~* M
(b) [MgEDTA*"|=7.4x 10° M
[CaEDTA*-]1=1.93x 10 M . 5% of Cic, is not complexed at the
equivalence point for calcium. Note that in the standard procedure for
calcium titration, the pH is such that OH- will complex some of
the Mg?**. Thus, less EDTA than calculated ahove will be associated with
the Mg®" and more will be associated with the calcium,

8. pH = 5.6 {The concenirations of the Cu{OH};~ and Cu(OH),2~ complexes ure
negligible.)

9. From Fig. 5-2, the trimer and hexamer complexes are negligible.

Cree = 0.04 M = (Pb?"] + 4[Pb(OH)**]
[Pb,{OH},*} = 0.004 M

CHAPTER 6

1. {a) 8.4 x 107% moles of SrSQ., will precipitate/liter.
(b} [5r*] = 1.6 x 105M
(SO =102 x 10°M

2. (a) From Fig, 6-3, pH = 10.65.
{b} OH™ added: 7.36 x 10* M

3. 9.88 x 107% moles Mg**/liter will precipitate.

4. Using Fig. 8-4, when —log [{Ca®] = 4.3, pCQO, = 4 (or [CO2] = 1074,
When —log [Mg?'] = 3.5, pCO, = 1.5 {or [CO] = 16719,
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Using Fig. 6,3, when [Mg?*] = 3 x 10—* M, pH = 3.9,
when [Mg**] = 4 x 105, pH = 10.8.

() Neglecting [HCrO,], S = 8.55 X 107%and pH = 7.0
b} Taking HCrO,™ into account,

Koo (2 — 2ay — ap) + [HY]) — K J/H) =0

S = 8.6} x 1075 pH = 8.2

so solubility is increased by 6 x 107 moles/liter.

P, =3.16 x 107

Ay
Draw a diagram following the procedure given for Fig. 6-11. FeCQ,,, will
precipitate at pH 7.3 whereas Fe{OH),, will precipitate at 8.7.

Total Alkalinity {Ca®]
{a) KOH Increase Decrease
(b) Ca(NO,), Decrease ) Increase
{c} KCI No effect No effect
{d) Na,CO, Increase Decrease
{e) CO, Incredse Increase

Reason for (a):
OH- + HCO;~ — CO,*; increase in [CO;* b by this step = X, but the
solution is now supersaturated. Then,

CO,* + Ca? — CaCOyy moles CaCOyg/liter that ppt = Y.
(fCa®, — YN[CO s+ X - Y) =K,

Knowing [Ca**]oX [CO#], = K. by expanding, simplitying and assum-
ing both X and Y are much less than [Ca®'], and {CO* ], we find that

[CO# 1Y

X-Y= [Ca®*1,

and, thus, that X > Y. Then,

[Ca?'] = [Ca?*]y—Y; .. [Ca?*] decreases
[CO.2) = [COs2 e + X — Y; . [CO 427, and thus total alkalinity, increases.

Reason for (e),
Addition of CO, will have no effect on total alkalinity if CaCQy, is not
present. However, it will cause the solution to become undersaturated
with CaCOy,,, because the solution pH is lowered. Since CaCOy, is
present, some will dissolve, thus increasing [Ca?*] and total alkalinity.

ZQDKSO " Kw W1KHPc02 2*1’12K|-|1:’<:02
- — +
Knpcozaz + (7] {HY] + g o

{o) Using constants from Table 6-1, when Pgg, = 107'® aim, using Appendix
I, we find that

pH = 6.98, [Ca®] = 2.25 x 107 M, total alkalinity = 4.55 x 1072 eqg/liter,
[HCO; 7] = 4.55 x 107° M, total hardness = 2.25 x 107> molesiliter
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{(b) When Pco, = 107** atm, solution yields {see Example 6-15)
pH = 8.3, total alkalinity (eg/liter = [HCO;7] = 1073, [Ca?®*} = 5 x 107

Thus 1.75 X 107° moles CaCQOj/liter will precipitate. This precipitation
will tend to occur as CO, is relegsed during treatment or pumping; thus,
CO, release should be controlled,

14, Ll =07
15. p°H =8.18, pH = 8.2]1 [Ca?] = 3.75 X 107* M «at equilibrium.
Precipitation potential = 1 x 1073 — 9,75 x 1074 =25 x 10°M
2.5 x 107 x 10° = 2.5 mglliter as CaCO,.
H ionic strength effects are not accounted for, the precipitation potential is
5.2 mg/l as CaCOQ; {see Example 6-18).
16. Equations 3 to 7 in Example 6-18 plus
Total acidity —2 [Ca®*] = const,
(CT.Cog)lnitial = (CT,COJ)ﬁnaI
ICa? e + CalOH),added, moles/liter = [Ca *¥]
17. First determine (Ca{OH), moles/liter), to saturate the water as in Problem 6-
16. Then, use equations 3 to 7 in Example 6-18 plus
({Total alkalinity} .. = (Total alkalinity) jaa +2 (Ca(OH) ,, moles/liter) ,
(CT,CO3)iinal = (CT.co:)inniaf
Eca2+}linal = [Caz+]sai + 35X 10_5M
Ca(OH), added, molesfliter = {Ca(CH),), + (Ca{OH).).
CHAPTER 7
1. mole ratio req'd wt ratio
{HOCI)/[NH] = [Cl}/[NH,} {Cl,/NH-N)
{a) 3:2 7.6:1
{b) 5:2 12.5:1
(c) 4:1 20:1
Since the stoichiometry is just greater than 3:2, reaction (a) likely predomi-
nates, Formation of a small amount of product such as NO,~, which requires
a larger ratio, probably accounts for the amount of the ratio in excess of
3:2. ‘
2. l(a) COD = 238 mg/liter
TOC = 76.7 mg/liter
Ui, BOD = 238 mg/liter
(by COD = 187 mg/liter
TOC = 40 mgliter
Ult. BOD = 187 mg/liter
(c) Ult, BOD = 22.6 mg/liter
{d} COD = 1.4 mg/liter
3. 2.85 my/liter as Cl;
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{ar} 3CH,CH,CN + 7Cr, 02~ + S6H* —» 14Cr** + 9CO, + 3NH, + 31H,C
{b) COD == 102 mg/liter :
{c) Concentration of Cr,0~ remaining = 4.2 mmoles/liter.

(@) CN~- + OCl- — CNO- + CI~
2CNO- + 30CI~ + 2H* — N, + 3Cl~ + 2CO, + H,O
{b) For step 1: 2.73 mg/liter as Cl, per mg CN/liter.
For step 2: 4.1 mg/liter as Cl, per mg CN/liter.

{a) O; + 2C10,~ + 2H* — O, + HO + 2CIO; .

E® = 0.92 volt
(b) K = 1.3 x 10% .

Because O, will oxidize ClO,™, O; is the stronger oxidizing agent.
(¢} AG® = —nFE° = —42.4 kcal

(a) 4Fe®" + Oyuy + 4HY = 4Fe’ + 2H;O; E° = +0.50
(b} 4Fe?* + Qg + 4H' = 4Fe® + 2H,0; E° = +0,46
From the Nernst equation, E = —0.14 volt
Since E < 0, the reaction is tending to proceed to the left.

E° = +1.05 volt
E°® = +1.70 volt

E" = E” —(0.059/n} log Q@
E® =133 — 0.68 = 0.65 volt

Q- Cr.cad3C 1 cem)®
[HJr]mCT,»:':rer,(CT.Fe(]El)E

E' = 0.51 volt
Since E' > 0, the reduction of Cr,0;?" is continuing,

pH = 4, [HOC]} = 10~*

=10"

[HOBi] = 1 x 107%, {OBr] = 3.7 x 10 M, [Br;] = 1.83 x 1077 M

pH =9 pe =116
It pH = 8, pe = 14.6

(@) (1) pe = 10.6
(2) pe = 7.2
(b} [Fe®*] = 1.2 x 105 M

.

{b) pe = -7, Po, = 107 atm

443

Since Pg, decreases as pe decreases (and as the ratio [H5™)/[SO.*]
increases), the stable form of 8§ is SO when measurable O, is present.

(b) LI =0

{a} 1151 mg/liter as Cl,
(b) Total Cl- = 114.6 mg/liter
(c) 2.14 mmoles Ca(OH)./liter
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USEFUL
DATA

The tables and figure that follow are collected here for the convenience
of students working on the problems in the text, The tables of constants
should not be used for general reference, however, because a critical
review of the research on which they are based has not been made.

TABLE 3-1 Thermodynamic Constants for
Species of Importance in Water Chemistry?

H3, AGS,
Species keal/mole keal/mole

Ca?, —129.77 —132.18
CaCO;yy,, caleite —288.45 —269.78
CaQyy —151.9 —144.4
C.), graphite 0 0
COuxg —94.05 —94.26
CO:any -98.69 -92.31
CH,, —17.889 ~12.140
H.CO%m ~-167.0 —-143,00
HCOg%4 —185.18 —140.31
CO%am --161.63 —126.22
CH,CQO™, acetate —116.84 —89.0

Zq) 0 G
Hz(g) 0 0
Fell, ' —21.0 —20.30
Fell, —11.4 —2.52
Fe(OH)y, ~197.0 ~166.0
Mr, —53.3 —54.4

MnQy,, —124.2 —H1.1
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TABLE 3-1 continued
, HS, AGS,

Species keal/mole keal/mole
Mgz, ~110.41 —108.99
Mg(OH)s) ~9221.00 —199.27
NO3zam —49.372 —26.43
NH,.,, —11.04 —3.978
NHyo) ~19.32 -6.37
NHf.o —31.74 —19.00
HNOa,0 --49.372 —26.41
Ouaar -3.9 3.93
Qe 0 o
OHZ,, —54.957 —37.595
H,O,, —57.7979  —54.8357
H. O —B68.3174 —56.680
$O0%0; ~216.90 ~177.34
HS;o —4.22 3.01
HzS(g) _4.815 _7.892
3 P -9.4 —6.54

Source. R. M. Garrels and C. L. Christ, Solutions,
Minerals, and Equilibria, Harper & Row, New York,
1865; and Handbook of Chemisiry and Physics,
Chemical Rubber Publishing Company, Cleveland,

Chio.

? For a hypothetical ideal state of unit molality,
which is approximately equal to that of unit mo-

larity.
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TABLE 4-1 Acidity and Basicity Constants for Substances in Agqueous Solution at 25°C

Acid ~log K, = pK, Conjugate Base -log K, = pK,

HCIO, Perchloric acid -7 ClO,~ Perchlorate ion 21

HC] Hydrochloric acid ~—3 Cl- Chloride ion 17

H,30, Sulfuric acid ~—3 HSO, Bisulfate ion 17

HNO, Nitric acid 0 NO;~ Nitrate ion 14

H,O* Hydronium ion 0 B0 Water 14

HIO, lIodic acid 0.8 104~ Todate ion 13.2

HSO,~ Bisulfate iocn 2 SO Sulfate ion 12

H,PO, Phosphoric acid 2.1 H,PO,~ Dihydrogen phosphate 11.9
ion

Fe(H,O)**  Ferric ion 2.2 Fe(H,O);OH?*  Hydroxo iron (IIl} com.- 1.8
plex

HF Hydrofluoric ceid 3.2 F- Fluoride ion 10.8

HNO, Nitrous acid. 4.5 NO,~ Nitrite ion 9.5

CH,COOH  Acetic acid 4.7 CH,COO~ Acetate ion 9.3

AlH,0)& Aluminum ion 4.9 Al(H,O),OH**  Hydroxo aluminum (IIT) 9.1
complex

H,CO; Carbon dioxide and car- 6.3 HCO,~ Bicarbonate ion 7.7

bonic acid

DIng 9% 9



HoSem
HPO,~

HCCl
HCNq)
H,BO,
NH,*
H,S810,
CH;OH
HCO,-
HPO 2~

H,Si0,~
HS~
H,0

NH Sragqy
OH-

Hydrogen sulfide
Dihydrogen phosphate

Hypochlorous acid
Hydrocyanic acid
Boric acid
Ammonium ion
Orthosilicic acid
Phenol
Bicarbonate ion
Monohydrogen phos-
phate
Trihydregen silicate
Bisulfide ion
Water
Ammoniec
Hydroxide ion

7.1
7.2

7.5
9.2
9.3
9.3
9.5
9.9
10.3
12.3

12.8

14

14
~23
~24

HS-
HPOA

ocl~
CN-
B(OH),~
NHaaa)
HgSiO4—
CH.O~
CO>
POS-

H,S10,2-
s
OH-

o

Bisulfide ion
Monohydrogen phos-
phate ion
Hypochlorite ion
Cyanide ion
Borate ion
Ammonia
Trihydrogen silicete ion
Phenolate ion
Carbonate ion
Phosphate ion

Dihydrogen silicate ion
Sulfide ion

Hydroxide ion

Amide ion

Oxide ion

6.9
6.8

6.4
4.7
4.7
4.7
4.5
4.1
3.7
1.7

o] njesn

fAdY
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TABLE 42 lon Product of Water

" Temper- pH of a "neutral” solution
ature,°C K., pKw {({H*} = {OH"})
0 0.12 x 10 14,93 7.47
15 0.45 x 10— 14.35 7.18
20 0.68 x 10~ 14.17 7.08
25 1.01 x 10~ 14.00 7.00
30 1.47 x 10— 13.83 6.92
40 2.95 x 10 13.53 6.76

Source, H. S. Harned and B, B. Owen, The Physical Chemistry of
Electrolyte Solutions, 3rd. Ed., Reinhold, New York, 1958.

TABLE 4.7 Temperature Dependence of Some Important Carbonate Equi-
librium Constants

Temperature, °C

Reaction LY 10 15 20 25 40 60
1. COuq + H)O = COyuq: PKy 1.20 127 1.34 1.41 147 164 1.8
2. H,CO; = HCO,~ + H*: pK., 6.52 ‘6,46 6,42 638 635 630 6.30
3. HCO,- = CO# + HY: pK,» 10.56 10.48 10.43 10.38 16,33 10.22 10.14
4, CaCOy,y = Ca® + CO* pKo, 8.09 815 822 828 834 8.5 874
5. CaCOyy + HY = Ca? + HCO,; —2.47 —2.34 —-2.21 —-2.10 -1,99 —1.71 —1.40

P oK 2

Source. T. E. Larson and A. M. Buswell, "Calcium Carbonate Saturation
Index and Alkalinity Interpretations,” J. Amer. Water Works Assoc., 34,
1664 (1942).
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TABLE §-1 Egquilibrium Constants for Mononuclear Hydroxo Complexes
log B¢ log f3. log B: log B, -~ log K.

Fed* 11.84 21.26 33.0 —38

AP+ 9 34.3 -33

Cu?* 8.0 15.2 16.1 —-19.3

Fe?* 5.7 (@.1F 10 3.6 ~-14.5

Mn=+ 3.4 (6.8} 7.8 —12.8

Zn®* 4,15 (10.2} (14.2) (15.5) —-17.2

Cqgz 4.18 8.4 e.n (8.8} —13.6

a g, is the equilibrium constant for the reaction, M™ + i OH~ — M(OH}y~-/+,
b K., is the equilibrium constant for the reaction M(OH),;, == M*" + nOH™,

¢ { ) indicates an

estimated value.

TABLE 8-1 Solubility Product Constants at 25°C?

Solid PX<o Solid K.
Fe{OH)}, (cmorph} 38 BaS0O, 10
FePOQ, 17.9 Cu(OH), 19.3
Fe,(PO.), 33 PbCl, 4.8
Fe(OH), 14.5 Pb(OH), 14.3
FeS 17.3 PbSO, 7.8
Fe.S; 88 PhbS 27.0
AHOH), (amorph) 33 MgNH,PO, 12,8
AlPOQ, 21.0 MgCO; 5.0
CaCO,; (calcite) B8.34 Mg(OH), 10,74
CaCQ, {aragonite) 8.22 Mn(OH), 12.8
CaMg{CO,}, (dolomite} 16.7 AgCl 10.0
CaF, 10.3 Ag,Cr0, 11.6
Ca{CH), 5.3 Ag,50, 4.8
CayPO ). 26.0 Zn(OH), 17.2
CaS0, 4,59 ZnS 21.5
8i0; {amorph) 2.7

? Equilibrium constants for the reaction 4B, = zA"™ + yB™.

AN

N
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TABLE 7-1 Standard Electrode Potentials at 25°C

E° . (—31 K)

Reaction Volt Pel™n'o9
H* + e~ = 3Hyy, 0 0
Na* + e~ = Nay, —2.72 -46.0
Mg?* + Ze~ = Mg, —2.37 —40.0
Cr,0;4 + 14H* + Be— = 2Cr®* + 7TH,O +1.33 +22.5
Cr¥* + e = Cr# —-0.41 -6.9
MnO,~ + 2HO + 32~ = MnQy, + 40H~ +0.59 +10.0
MnO,” + 8H* + S~ = Mn%* + 4H.O +1.51 +25.5
Mn** + e~ = Mn3* +1.65 +27.9
MnO,q + 4H' + 26~ = Mn?" + 2H.O +1.23 +20.8
Fe3t + e~ == Fe?t +0.77 +13.0
FPe** + 2e~ = Fey, -0.44 —-7.4
Fe(OH)y + 8H* + &~ = Fe?t + 3H,O +1.06 +17.9
Cu®t + e~ = Cut +0.16 +2.7
Cu** + 2e~ 2 Cuy, +0.34 +5.7
Ag* + e~ = Ag* +2.0 +33.8
Agt + e” = Agyy +0.8 +13.5
AgCl, + e~ = Ag, + Cl- +0,22 +3.72
Au?t 4 3e~ = Ay +1.5 +25.3
Zn* 4 2~ = Zny, ~0.78 -12.8
Cd?** + 2¢~ = Cd,, ~0.40 —6.8
Hggclg{s) + 267 = 2Hg(g) + 2C1- +0.27 +-4.56
2Hg* + 2~ = Hg,** +0.91 +15.4
AP + Be~ = Al —1.68 —28.4
Sn** + 2e” = Sny -0,14 —2.37
PbOyq, + 4H' + SO, + 2~ = PbSO,, + +1.68 +28.4

2H,O

Pb? + 26~ = Pby -0.13 -2.2
NO;~ + 2H* + 26— == NO,” + H,0O +0.84 +14.2
NO;~ + 10H* + Be~ == NH,* + 3H,O +0.88 +14.9
Ngq + 8HY + 6o~ = 2NH,* +0.28 +4.868
NO,~ + 8H* + be— == NH,* + 2H.,O +0.89 +15.0
2NO;~ + 12H* + 10e™ == Ny, + 8HO +1.24 +21.0
Oyg + 2HY + 26— = Oy + HLO +2.07 +35.0
Oug + 4H* + de— = 2H,0 +1.23 +20.8
Ouap + 4HY + 4o~ = 2H.O +1.27 +21.5
SO + 2H* + 26— = SO + H.O —-0.04 —-0.68
805 + 2 = 25,02 +0.18 +3.0
S + 2H + 20~ = H,5,,, +0,17 +2.9
802 + 8H' + e~ = 8§, + 4H,O +0.35 +8.0
502 + 10H* + e~ = H,8,, + 4H,O +0.34 +5.75
504 + 9H* + 8¢~ = HS~ + 4H,C +0.24 +4.13
2HOCI + 2H* + 2¢~ == Clyaq + 2HO +1.80 +27.0
Clyg; + 26— = 2CI- +1,36 +23.0
Cloag + 287 = 2C1- +1.39 +23.5
2HOBr + 2H* + 2~ = Bry, + 2H.0 +1.59 +26,9
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Table 7-1, continue'd

E° of 1 log K
Reaction Volt pe (ﬁ; °g ) ~

Br, + 2~ = 2Br- : +1.09 +18.4

Z2HOI + 2H* + 2e~ = Iy + 2H,O +1.45 +24.5

Lotaq + 2~ = 21 +0.62 +10.48
I;7 + 2e~ = 3I" +0.54 +9,12
ClO; + e~ = ClO,” +1,15 +19,44
COyqy + BH + 8o~ = CHy,, + 2HO +0.17 +2.87
6CO4y + 24H 4 246~ = CgH ,04lglucose) + —-0.01 -0.20

6H.O )
COuq + H* + 26— = HCOGO(formate} —0.31 —5.93

Source. L. G. Sillen and A. E. Martell, Stability Constants of Metal Ion Complexes.
The Chemical Scciety, London, Special Publication No. 18, 1964.

W. Stumm and J. ]. Morgan, Aquatic Chemistry, Wiley-Interscience, New York,
1970, : .
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Jodium tripolyphosphate, 289, 300
joftening, 147, 156, 159, 174, 243, 271,
287289, 238, 299
jolubility:
aluminum hydroxide, 268270
aluminum phosphate, 278282, 318
cadmium hydroxide, 254 -256, 262264
calcium carbonate, 254, 256258, 282298
closed system, 284285
complex effect, 295298
open system, 285—287
caleium fluoride, 250
calciim phosphates, 299-305
commeon ion effect, 247, 252253
competing ligand effect, 270282
complexation effect, 262282
conditional solubility product, 253-254,
306310
equilibria, 243—-312
characteristics, 243244
equilibrium calculations, 247298
importance in waters, 243
log concentration diagrams, 254258
ferric hydroxide, 215, 264—-268
ferric phosphate, 251
ferrous carbonate, 271-279
ferrous hydroxide, 268, 271-279
ferrous phosphate, 310312
magnesium ammoenium phosphate,
306-310
magnesium carbonate, 256258
nagnesium hydroxide, 254--236
silver chloride, 250—251
itlver cyanide, 258—262

stannous flueride, 252-253
weak acid salts, 258—262
weak base salts, 25§—262
Solubility product, 248251
definition, 248249
measurement, 310-312
relationship to solubility, 249-25]
table of values, 249, 301, 449
Solvent levelling effect, 8888
Specific conductivity, 7677
Specific ion electrodes, 220
Spectroscopy, 220
Standard electrode potential, 328, 450—-451
IUPAC convention, 328
table of values, 328-329, 450-451
Standard free energy of formation, see Free
energy of formation
Stannous fluoride solubility, 252253
Stoichiometric coefficient, 6263, 65
Struvite, 306310
Succinic acid, 129-130
Sucrose hydrolysis, 38
Sulfate reduction, 408, 410-411
Sulfide oxidation, 24, 70
Sulfuric acid, 125
enthalpy of formation, 74
titration curve, 138—139
Surface water composition, 87, 9, 217-220
Swamping elecirolyte, 202
Sweep fioc, 213-214
Synthetic detergents, 4546, 227, 299

Tenorite, 220221
Thermodynamics, 60—82
Thiobacillus ferrcoxidans, 385
Thiokacillus thicoxidans, 385
Threshold odor number, 400—401
Threshold treatment, 299
Titration curve:
carbonate system, 166—183
strong acid, strong base, 136—139
weak acid, strong base, 139-143
Total dissolved solids, 76
Transition complex, 41 -42
B-tricalcium phosphate, 301, 303—305
Trichloramine, 393389
2.4,6, Trichlorophenol, 403
Trihalomethanes, 462403
Tripolyphosphotic acid, 45, 300
Tubercules, 363, 370

V'ant Hoff equation, 72--73, 92, 122, 251
Vivianite, 310312
Voltmeter, 415

Wastewater:
effect on natural water, 10-13
phosphate removal, 281282, 302-305
Water:
conditioning, 167, 287--289, 291-292.
hydrogen bonding, 2
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