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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 solution chemistry of acid-
base reactions, complex formation, precipitation and dissclution reac-
tions, and oxidation-reduction reactions, Although it is wrilten primarily
for students and those individuals who are currently working in environ-
* menta] 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 slementary
chemistry as a background.

This book provides an integrated coverage of chemical kinetic and
equilibrium principles and applies them to water chemistry in its broadest
sense, that is, to natural and poliuted 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 o 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 chemistry, Chapters 2 and 3 may be read for review purposes
only. Chapters 4 to 6, 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 more applications
of the topic in the water or wastewater areas. 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 6. 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 maiter. 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 Chemisiry Laboratory Manual by D, Jenkins, V. L. Snoeyink,
J. F. Ferguson, and J. O. Leckie, 31d 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 manual 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 ], F, Fitzpatrick, B. A&. Minear, and R,
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 Cathy 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° apari, 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,



2 Introduction

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 elements in the same family
of the periodic table us oxygen, that is, hydrogen sulfide, H,3; hydrogen
selenide, H,8e; 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 nagtural 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).



Composition of Several Types of Water 3

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 dissolves 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 hydrologic 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 smaller 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 corrosion
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: 87.13 percent. The polar ice caps and glaciers contain 2.24
percent; groundwater accounts 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 Majer Constituents of Seawcter

Constituent mg/kyg (ppm)
Sodium (Na*) 10,500
Magnesium (Mg?) 1,350
Calcium (Ca?t) 400
Potassium (K1) 380
Chloride (C17} 19,600
Sulfate (SO,2) 2,700
Bicarbonate (HCQ,™) 142
Bromide (Br) 85
Cther solids 34
Total dissolved solids 34,500
Water {balance) 965,517

Source: E. D. Goldberg, “Chemistry—The Ocegans
as a Chemical System” in H. M. Hill, Composition
of Sea Water, Comparative and Descriptive Ocean-
ography, Vol. 2 of The Sea. Wiley-Interscience,
New York, 1963, pp. 3-25. Reprinted by permission
of John Wiley & Sons, Inc.,
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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 (Sr (8 mg/liter), 8i0, (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 {C4 (0.0001 mg/liter),
Cr (0.00005 mg/liter), and Hg (0.00003 mg/liter)) to miniscule (Pa {2 x 10°°
mg/liter)and Ra {1 x 10-'° 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, weater evaporaies and then is transported over land
masses, 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 a 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 CO,, CO, SO,, NO,, and so

TABLE 1-2 Mean Composition of the Atmosphere

Partial Pressure

Gas Percentage by Volume {atm)

M. 78.1 0.781
O, 20.8 0.209
Ar 0.93 0.0093
HO 0.1-2.8 0.028
CO, 0.03 0.0003
Ne 1.8 x 107 1.8 x 1073
He 5.2 x 107 5.2 x 1078
CH, 1.5 x 10- 1.5 x 1078
Kr 1.1 x 107 1.1 x 1078
CO {0.08-1) x 10™* {0.68-1) x 1078
50, 1% 10°* I x 10
N,O 5x10°° 5x 1077
H; 5x 1078 5 x 107
Q, (0.1-1.0) x 1078 (0.1-1.0) x 1077
Xe 8.7 % 107¢ 8.7 x 107°
NO, {0.05-2) x 107° {0.05-2) x 107®
Rn 6 x 107 6 x% 107%

Source: B. A. Mirtov, “Gaseous composition of the atmos-
phere and its analysis,” Akad. Nauk. SSSR, Inst, Priki,
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 mgrkg, respectively, at 25°C)® but some of
the minor constitueants, for example, CO, and SO,, are very scluble (1450
and 94,100 mg/ky, respectively, at 25°C). The composition of precipitation
is quite variable and greatly influenced by atmospheric contaminants.
Precipitation near the oceans contains more SQ,2-, Cl~, Na*t, and Mg**
than precipitation that fulls in the interior of a great land mass. Rain and
snow thdt 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 3
Si0, 0.0 1.2 0.3
Al (IIT) . 0.01
Ca?* 0.0 0.65 1.2 0.8 3.3
Mg?+ 0.2 0.14 0.7 1.2 0.38
Na*t 0.6 0.56 0.0 9.4 0.97
X+ 0.6 G611 0.0 0.0 0.23
NH,* : 0.0 0.42
HCO;~ 3 7 4 0.0
S0, 1.6 2.18 0.7 7.6 6.1
ClI- 0.2 0.57 0.8 17 2.0
NO,~ 0.02 0.0 0.02
NO; 0.1 0.62 0.2 0.0 2.2
Total dissolved solids 4.8 8.2 38
pH 5.6 6.4 5.5 4.4

1. Snow, Spooner Summit, U,S. Highway 50, Nevada (east of Lake Tahoe} altitude
7100 ft, Nov. 20, 1958. J. H. Feth, S. 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 15351, 1964, 39 pp.

2. Average composition of rain from August 1962 to July 1863 at 27 points in North
Caroling and Virginia. A. W, Gambell and D. W. Fisher, Chemical Composition
of Rainfall, Eastern N. Carolina and Southeastern Virginia: U.S. Geological
Survey Water Supply Paper 1535K, 1964, 41 pp.

3and 4. Rain, Menle Park, Calif., 7:00 P.M. Jan, 9 {o 8:00 A.M. Jan. 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., 69:3319-3333 (1964).
S, Station 528U, Belgium, European Atmospheric Chemlslry Network. Average
of 180 sumples L. Granat, On the Relation Between pH and the Chemical
Composition in Atmospheric Precipitation, Tellus, 24, 550-556 (1972).

? The solubility of gas is expressed as the weight of gas (mng) dissolved in 1 kg of
water at a total pressure (partial pressure of the indicated gas plus the vapor
pressure of waler at 25°C} of 760 mm Hg (760 torr or I 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 6.5} 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 recactions can be viewed in general terms
as a giant global acid-base titration in which the acids of the rainwater
(CO,, 8Q,, and NO,)} titrate the bases of the rocks. Since the composition
of the land surfauce 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
exampls, 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 Tuble 1-4,

TABLE 1-4 Typical Analyses of Surface and Gro;.lnd—
waters in the United States

Constituent, mg/liter A B C
Si0, 9.5 1.2 10
Fe(ll) 0.07 0.02 0.08
Ca?* .40 36 92
Mg?+ 1.1 8.1 34
Nat 2.8 6.5 8.2
KF 0.8 1.2 1.4
HCO; 18.3 118 339
504 1.6 22 84
Cl- 2.0 13 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,
Qakiand, Calif, Average data for 1976.

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

C. Well Water, Dayton, Ohio.



Composition of Several Types of Water 7

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,™), and total mineral
content. This type of water is widely used as public water supplies for
cities such as Chicago, Cleveland, Buffalo, 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 because of the intimate contact between the
CO,-bearing water and rocks and soils in the ground and the length of
time for dissolution. 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 80-ft-deep wells used for the public water supply
of Dayton, Ohio. Waters such as this are widely distributed throughout
the heartland of the United States. They usually require softening to make
them acceptable for general domestic use and most industrial uses,

In an earth unpopulated by living things the natural waters formed by
water-air-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 atmosphere 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 as K+, Na*, Ca?®*, and Mg?** are leached
out of the rocks along with silica (SiO,) leaving behind a clay mineral, for
example, montmorillonite, illite, or kaolinite, that is less rich in silica
than the parent rock. These particles of clay minerals can be washed
down the rivers along 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 fo this recction. 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 atmosphere, Siever has summarized
this global chemical scheme in the form of a series of chemical engineering
processes (Fig, 1-1).

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

The interlacking nature of these reactions on a global scale has some
important consequences for the composition of natural waters. For ex-
ample, the concentrations of the major dissolved constituents (Ca?*, Mg®t,
Nat, Cl-, 80,2, HCO,", SiOu.q) vary over a rather narrow range because
of the buffering action of these reactions. (S8ee 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 resulted 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 drifts north
to Scandinavia) and in New England and Eastern Canada (polluted air
from industrial sections of the United States drifts into New England and
Canada).

Man's activities affect water quality in a 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 increases 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 SO,?". 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 contributions 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

~ 60
c
D
5 50
a

Parts per million

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 S. 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 to Secondary Effluent)

Added Increment, mg/liter

Constituent Average Minimum Maximum
Cations
Na* 66 8 101
K+ 10 7 15
NH,* 15 0 36
Ca?t 18 i 50
Mg?* 6 Trace 15
Anions
Cl- 74 B 200
NO;~ 16 —4.7 25.8
NO,~ 1 0.1 2
HCO," 100 —44 265
S0 28 12 57
PO& {total} 24 7 50
P02 (ortho) 25 7.5 40
Cthers
510, 15 9 22
Hardness {as CaCQO,) 79 6 261
Alkalinity (as CaCQy) 81 —36 217
Total solids 320 128 541
pH {in pH units) ~0.86 -1.7 0

Source. J. H, Neal, “Advanced Waste Treatment by Distillation,”
AWTR-7, U.S. Public Health Service Report 993-WP-9, 1964.

Wastewaters from industry, and domestic and agricultural sources
contain a wide variety of organic compounds {see Tables 1-7 and i-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 mgfliter 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 variety 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 aercbic 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



Taary oporojoy) 1eddpy oy; jo ssoinosay I18ibgl, ‘PUR[IDO T 'O PuD ‘SoIqUISK ‘Y 2

‘951 O ‘uorbuysop ‘[pp Iodbg pouoissayord deamg [oerborossny 'gp |, ‘uIsog
‘suIc] "A M wory AsBiol oo -eoInog

1o 085 8y SEg ¥81 0¥ ¥L 14 9z 08541 Ty "Aue see
g1o 898 €9 ogz Z81 g'e 64 9¢ gL L9T%T qmy) ‘ong
80°0 099 11 182 841 9t B4 52 04 6E94 qoif), ‘09sy I8N
¥0°0 o0¥ ¥8 £6 ol ¥E 29 A 89S BETV oD oWy IaN
0 ¥ee ¥s LL 0zt [ ov 86 87 BBEE T00) 'ox9s10(] ADSN
] 16 £'1 09 A g1 6§ e a1 ¥re ‘100 'shuudg angmg joy
uolog SdlL -2 ='0S -“ODH | +ON +2DW +290 spo UOHDI0T uoynig
X
abnisay

wsng 1dary opriojo) reddp ur e jo Anonyd 91 ITAVL

11



12  Introduction

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 acids 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 (1961). 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
affects water in ways that depend on the nature of the materials. For
example, the products of microbial degradation (humic materialg) can
give the water a brown color and can modify 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 types 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 are 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 Industrial
Origin Found in Lower Mississippi River Water®

acetophenocne isopropylbenzene
a-camphanone o-methoxy phenol
dicyclopentadiene - nitrobenzene
1,2.dimethoxybenzene toluene
2,3-dimethylnaphthalene - o-cresol
2.3-dimethyloctane phenyl cyclohexane
n-dodecane 1,3,5-trichlorophenol
‘4.ethyl pyridine vinyl benzene
ethylbenzene xylene

2Source. “Industrial Pollution of the Lower Mississippi River
in Louisiana,” Report 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 natural systems also means
that we may not freat them as equilibrium systems; we must find the
steady state that resulis from the superimposition of the photosynthetic
(nonequilibrium recction) 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 biclogical reactions it affects
water quality. Because photosynthetic organisms consume inorganic
carbon {(CO,, HCO,™, and CO4*7} from solution, they reduce the alkalinity
and increase the pH of waters in which they grow. Substances whose
solubility is inversely related to pH (e.g., Mg{(OH)y, 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 guas,
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 to 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 nutrient 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
controlled by the concentrations of nutrients such as nitrogen (NH,*, NO;7)
and phosphorus (PO7).

In summary, the chemical reactions of atmosphere and the solids in
the rocks of the land surface form dilute mineral solutions 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 occurs. 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 inorganic 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
bhook.

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 w/v (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 wiw 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.

5 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 « 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)

2k mglliter = volume of solution {liter)

mass of substance (mg)
m —
* PP mass of solution {(kg)

mass of solution (kg)

density of solution, p = :
% i ensily of solution, p volume of solution (liter)

m . m 1 /liter
7‘%’\ Conceniration in ppm ( k_g) = concentrat?on n (]itgr) % ;( k;)

ltp = 1 kglliter,

C tration in =g tration in —
oncentration m| —=| = concentra n
xK PP kg liter

For wastewaters and most natural waters (with the exception of seawater
and brines), we can make the assumption that the density of the solution
is unity so that mg/liter and ppm are equivalent. Indeed, these concen-
St S A L e

,,,,,,

tration uniis are used ‘interchangeably 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 o known volume of solution is analyzed rather than « 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, if we were to analyze a solution of
ammonium nitrate (NH,NO,} for ammonium ion (NH,*) and for nitrate ion
(NO;7) and find that 100 ml of solution contained 36 mg NH,* and 124 mg
NO,™, we could compute that the solution contains:

36 mg NH,* y 1600 m!l
100 ml liter

= 360 mg NH,*/liter

and

124 mg NO,~ « 1000 mi
100 ml 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 ammonlum nitrate solution in terms of the
i Tt

amougLof nitrogen they, c contamed we. onfmd

. . mg N
mg NHf-N/liter = 360 mg NH,*/liter X m
% = 280 mg NH}-Nliter
. 4 N
mg NO; -NAliter = 1240 mg NO, /liter X ﬁfﬁ;

= 280 mg NOj -N/liter

This particular method of expressing concentration in terms of a
common constituent is 1f/ej_u1 when a varisty ¢ of dﬁ?erent _components aH
containing Mommon constztuent is present 1n a water und it is desued
MW constltuent Tt is used widely 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 ug-atom per liter of phosphate-
phosphorus is 31 ug PO,-P/liter, 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, /liter, we would be led
to believe that

14 mg NO;5-N
62 mg NO;~

instead of the 10 mg NOj-Nliter.

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 NOj/liter x = 2.25 mg NOj3-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 molarity. the moles of solute per volume of solution
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in liters, and molality, the moles of solute per mass of solvent in kilograms;
W& dssume that the reader is familiar with these.

W . 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 {resh natural waters we can use concen-
trations in terms of moles/liter directly in equilibrium expressions. In
more concenirated solutions it is often necessary to account for the fact
that a substance behaves in chemical reactions as though its concentration
were '_Vs_gn)__e)_vﬁlfmt less than gctual. Wwppamr

acgwntrat1on m substcmce aMe ancdyncal ~or actual,

e

active concentration—that concentration we use in many thermodynamlc
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 concentration, 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 to 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 charge of
an ion, (2) the number of’\rotons or hldroxyl ions. transferred inan ac:d
bww) the number of electrons transierred in_ an ox1dqt10n

reduction reactio

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

molecular weight
ion charge

Equivalent weight =

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

mass of substance per liter

Normality =

_.equivalent weight

e
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We use these definitions of equivalents and normality for determining
the number of equivalents/liter of charge un1ts, “and for determmTﬁ&’tﬂhe
number of eguwalents per liteqr Qfﬁspemes thcxt pctrtmlpate in prec:ipitauon-
dlssoluhoﬁ reEzEtlons The equwcdeﬁts/hter of charge units (or the identical
quantlty, the “moles of charge unitsfliter”} are useful in checking the
accuracy of water analysis. To satisfy the law of electroneutrality, the
total number of equivealents/liter of positively charged ions (i.e., the total
amount of positive charge) must equal 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:
1. 80 mg CQ /liter, given that CO;* participates in the precipitation reaclion,

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 molecular weight of CO,2~ is 80.

gram molecular weight 60 g/mole

Gram equivalent weight = jon charge = 2 eq/mole =30gleq
=30 mg/meq
: 60 mg/liter ]
= =2 t
Normality 30 mg/meq meqg/liter

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

310 g/mole
8 eq/mole

155 mg/liter
51,87 mg/meq

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

Normality = = 3 meqgfliter

2. Equivalent Weight Based on Acid-Base Reactions. The equivalent
R Ot
weight of a sphgancmld -base reactions 1s defined as “the We1ght of
a gggstance that will either replace one H* '(hydrogen 10“') (proton) in an
acid, provide one H*’ for ggg\gpon, or react w1th one H to form an acid.”
Another way Yy of st stc:tmg the samé definition is “that weight of a substange

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

molecular weight

Equivalent weight =
n
where n is /t_he_ﬂmz_mber:_qfﬁpgq}pg___g or hydroxyllons tl_la.t_ react.

I T

Example 1-2

Find the normatiiy of the following solutions:
1. 36.5 mg HClAiter, with respect to the reaction

HCl + NaOH = NaCt + H,O
2. 49 mg H,PO/liter, with respect to the reaction
H,PO, = 2H* + HPO?-
3. 45 mg CQ,* fliter, with respect to the reaction
CO + HO = HCO, + OH
4, 45 mg CO#/liter, with respect to the reaction
COy2 + 2H* = H,CO,

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

. . m molecular weight _ 36.5 g/mole
G _ gra 0 ght _
ram equivalent weight Lea/mole 1 eq/mole

= 36.5 gleq =36.5 mg/meq
38.5 mg/liter
36.5 mg/meq
2. 2H* react per H;PO,. Therefore,

. .+ _ gram molecular weight _ 98 g/mole
Gram equivalent weight Z eq/mole =3 eq/mole

Normality = = | meq/liter

= 49gleq = 49 mg/meq

49 mg/liter

Normality = 19 mgimeq

= 1 megfliter

3. One OH resulis from this reaction, Thus

gram molecular weight
| eqg/mole

Gram equivalent weight =

= 680 gleq =60 mg/meg

45 mg/liter

Normality = 60 mgimeq

= (.75 meqgfliter
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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 COz#~, 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¥* + &

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®t 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 concentration
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. Mass Concentration as CaCO,

A very widespread system for expressing hardness (calcium and
magnesium) and alkalinity (HCO,~, CO*" 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) —>lCC{2+ + CO3 - (1-5)

Each mole of CaCO, 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)
\
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and, since 2H* react per mole of CaCO;, tor this reaction CaCQO; once
again has an equivalent weight of 50. Other bases such as OH™ and
HCO,™ are part of atkalinity and react as follows,

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

Ecch 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 (= egfliter} of these species to “mg/liter as CaCO;" again
as shown in Eq. 1.4,

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

CaCO, + Ht — Ca®*t + HCO,~

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

1.4. ADDITIONAL READING

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

Garrels, R. M., and C. L. Christ, Solutions, Minerals and Equilibria. Harper, New
York, 1965. ‘

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

Stumm, W., and I. 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 aquatic
chemist because in many instances the rate at which a 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, and magnesium hydroxide, and the
chemical oxidation of iron{ll) and manganese(ll}, 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 concentrations 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-disseolution. 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 1962 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 agqueous solution is not rapid.

The oxidation of Fe(ll) 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 concern ourselves only with systems that are uniform in
concentration throughout, In process design the degree and type of mixing are
important in addition to the rate at which chemical species react in uniform
systems.

2P, N, Storrs, R. E. Selleck, and E. A. Pearson, "A Comprehensive Study of San
Francisco Bay, 1961-62, South San Francisco Bay Area, Suisun Bay—Lower San
Joagquin River Areq, San Pablo Bay Area,” SERL Report No. 63-3, 1963, University
of California, 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 to 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.

If natural water phosphate levels were controlled by equilibrium of the
water with the thermodynamically stable calcium phosphate solid—
calcium hydroxyapatite, CasOH{(PO,),—phosphate levels would be so low
that we would not be concerned with phosphate as o nutrient for
photosynthetic aquatic organisms. 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 thermodynamically 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 a little platinum or « 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 absence of
microorganisms while in their presence they occur rapidly. For example,
thermodynamic or equilibrium predictions would lead one to conclude
that ammonica 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 ammeonium ion to nitrite and then to
nitrate will take 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 nitrogen 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 « few exceptions, such as radioactive decay, collisions between
reacting species are necessary for chemical reactions to occur. Although

3 W. Stumm and J. J. Morgan, Aquatic Chemistry, Wiley-Interscience, 1970, pp.
534-538.
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collisions bring the reacting species close enough together for reaction
to occur, not all collisions successfully produce ¢ chemical reaction,

Collisions between two species {a 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 hits another (bimolecular collision) approxi-
mately 10° times per second. Three molecules collide simultaneously
{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
collisions, it is more likely that these are usually responsible for chemical
reactions. :

A similar line of reasoning can be followed for substances reacting in
solution. The number of collisions between species other than the solvent
in « 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 pericd of time. However, in
solution the solvent molecules that surround the colliding species serve
to trap them subsequent to collision by immediately colliding with 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 «
solvent.

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

2.3. ORIENTATION OF REACTANTS

Reactions 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

*J. A, Campbell, Why Do Chemical Reactions Occur? Prentice-Hall, Englewood
Cliffs, N.J., 1965,
*K. I. Laidler, Chemical Kmetzcs, 2nd ed. McGraw-Hill, New York, 1965.
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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
ey © °
CH,C00~ 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
—c%t—l = —k[AP[BI[PPIQ). .. (2-1)
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 react, 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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—d—@;}t—m = —k[HOCI}[NH,]

{a) What is the overcli reaction order?

{b) What percent decrease in reaction ragte 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. Equation 2-2 can be written more explicitly as

d[HOCI] _
dt
wherea = land b = 1.

—K{HOCIJ[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 *Xconcentration™). This derives from «
rearrangement and dimensional analysis of Eq. 2-2 thus,

dHOCI)
K = dt '= molefliter sec _ _liter
[HOCI}'[NHs}'  (molefliter{molefliter) mole sec

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

(dHOCL) _
(dt)urlginal )

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

dMHOCIp _ _ (z)(&) _1
) Kol\g) k=

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

=kyx

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

W k= &E{‘iﬁ%ﬁh - (fNiial) G)

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

. 1 1
@ k= (mg NHalliter)(t)

Since 1 mole NHj/liter = 17,000 mg NHj/liter,
(3) mg NHa/liter = {NH,} x 17,000
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Combining {a), {b), and (c), we have

1
k' _INHJx17,000¢ _ 1

k 1 17,000
[NH,} 1
Since k = 5.1 x 10% liter/mole sec,
, 81 x108 .
S 17 X110 300 liter/myg sec

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

A — products
which has the rate law

diA]l e
ar KA

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
d[A]
dt

Upon integrating, we obtain

- —K[A] = —k e

[A] = [Alo —kt (2-5)

where [A], = the concentration of A att = 0, that is, the initial concentration
of A. The half-life, t,; 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 =
tize Then

. _05IAL,
12 — k

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

diA] _ i
o = kAl (2-6)

Rearranging Eq. 2-6 and solving the integral,

d[A]
IAl, [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
d[A]

—— = ~k[A]" 29

o= kIA] | 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 )=_ ]
o — l\[A]3_1 T ki (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

[%] = i + kt (2-11)
and the half-life is
typ = L
k[A]y

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 — producis {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



The Rate Law 33

[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[A}[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

U e = k1) (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

HyO + CiHuO4y ~» CeHizOs + GeHy20,
sucrose glucose fructose

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

A common experimental technique 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 each 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, Additionul Reading) for procedures on handling more com-
plex problems and for a more detailed treatment of the topic of rate
equations.

Example 2-2

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

MGy,
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 « 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,O,] versus t should
be linear, Figure 2-2 shows that in [H,0,] versus t is linear and I/{H,0,] versus t
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 [HO.] M In {H,0,} /[H,0,)
g 0.032 -3.45 3125
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
50 6.0071 —~4,95 141

The rate constant can be determined from the slope of the plot of In [H.O.]
versus {. From Eq. 2-27,

_Alm[A]  [-4.05-(-3.45] .
slope = B e k= BT R —0.03/min

1
E=+003x §5/sec

k=25x10"Ysec

-3 T l ] T
—_ fa) First-order plot
Cz .
T —4 ]
£
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0 10 20 30 40 50 BG
Time, £, min
140 |- E J ’ T 7]
(b) Second-order plot
120 — 1
100 - -
80 — —1
S
—[2, 60 |
T
a0 ] | i |
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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 finding reaction 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 propetly
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 examination of the stoichiometry of the reaction.
Indeed we can define a particular iype 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

d[A] _
dat

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

—k[A]

CHZ - CHZ — CH3 —CH= CHZ
N
CH,

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

A + A-— products
or

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

dlA]l _ _,rape
ar ~ kA

and
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d[A] _d{B] _ _
& = = ~KIAIE]

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

2NQ; — 2NO + O,

d([NO;] _

— 2
&t k[NO,]

and the formation of iodomethane from bromomethane.
CH,Br -+ I- — CH,I + Br-
bromomethane iodide iodomethane bromide
d[CH,Br] _d[I7]
dt di

= —k{CH,Br][I]

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 « 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

Hyoy + Loy ~> 2Hi,

The reaction is elementary, bimolecular and first order with respect to
both [Ixg] and [Hyg). The rate law is

Ld[HI] _ ~d[L) _ —d[H,]
2 dt 4t dt = k[Hyg][Ixo]

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

Hagy + Brag, — 2HBr,,
The rate law is found by experiment to be

1d{HBr] _ _ k[Hoo]{Bras]"
2 dt 1+ k'[HBrg}/([Bryg)

The reaction is evidently not elementary. Such complex reactions as
these, however, are composed of a series or a sequence of elementary
reactions. 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[5], while at higher sucrose
concentrations the rate of hydrolysis approached a maximum rate that
was apparently independent of sucrose concentration, that is, —d[S)/dt
= 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,
& [EN[S] + k4E)[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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Sucrose concentration, moles/titer

Fig. 2-3. Rate of sucrose hydrolysis by yeast sacchar.
ase as a function of substrate concentration. Adapted
from R. Kuhn in J, B. 8. Haldane, “Enzymes,” Long-
mans Greene and Co., London, 1930. Reprinted by
permission of the Longman Group Limited.

_ELIS
B8] = (e, F ke ] + 5]

It we now assume that the rate of reaction, V, is proportionatl 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 set K, = (k, + k,Vk,,
we obtain

_ Vonax [8]
T K+ [S]

A plot of V versus [S] using this expression, the Michaelis-Menten
equation, gives a rectangular hyperbola—a curve of the form depicted 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 constants that determine the shape of
the V versus [S] curve. The value of ¥, 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

(2-30)
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our initial experimental observations, The value of K, is equal to the
value of [S] when V = Vp./2. We call this value of the substrate
concentration [S}y. (see Fig. 2-3). This can be shown using Eq. 2-3. [f V =
Va2 and [S] =[S]y., for example,

Vmax - Vmax [S]1.'2
2 Km + [S}1.'2

or K = [She

This constant, K, is variously called the hali-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 subsirate. Values of K, for single
substrate-enzyme reactions are generally between 1072 and 107° M. The
significance of this range of values is that it only requires 107° to 107 M
of substrate to allow an enzyme io operate at half of its maximum rate.

In the substrete concentration range where K, = [S], Eq. 2-30 predicts
that

Vmax

m

V= [8] =K' [8]
This is the expression for a reaction 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 reaction rate is related to its effect on the reaction rate constant.
Arrhenius formulated the empirical rate law,

k = Ag!-EaRD (2-31)
Equation 2-31 can be linearized as follows,

E
=] —-== 2-32
Ink=mA T {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 temperature optima. Above a 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 1/T should give a straight line with a slope
of —E,/R and an intercept on the /T axis of In (AWY(EJ/R)),

where

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

E, = the activation energy ond 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 reaction 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
fransition 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

& Reactants ¢

o )

g AH

§ ¥ 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 a reactant at
a given temperature (see Fig. 2-5). :

The effect of temperature on the distribution of energy levels for a 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=NyDexp (E) (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 temperature, °K

D = constant

From this equation and from Fig. 2.5 we can see 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
smualler 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

\_

E
Energy

Number of molecules
with stated 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 1.66 x 107?
35.0 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 = 1.99 cal/mole °K,
E, = 11,400 cal/mole
= l}.4d kcal/mole

Using Eq. 2-32 and cbserving 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 reaction. They act by
modifying the reaction pathway or the nature of the activated complex so
that the reaction 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,

L.

Average energy level

Reactants

Inky=InA —

Eas
RT

Without
catalyst

/
T

With _,7\

catalyst Products

Extent of reaction

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

3.7
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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
[ I
>o + HOM—PmOHI'E‘wOH - 2[HO—I|='—OH} (2-34)
H OH OH OH
Pyrophosphoric Crthophosphoric
acid acid
R T He
4NaOH + NaOQ—P—0—P—0—P—0Na — 3[Na0O—P—O0Na] + 2 0 {2-35)
o} 0 o} 0 v
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?t, and prevent their interaction with the surfactant. Ortho-
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 Eqs. 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 « century at pH 10. In the typical washing machine environment
of 65°C and pH 9, a 5 percent 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 o 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 wastewater
has reverted to orthophosphate by the time that the wastewater reaches
the treatment plant, usually « 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 efficiency 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, Nat,SO,, which reacts with oxygen to form sodium sulfate, Na,SO,,
thus:

2805*" + O, = 280,

thereby depleting the solution of dissolved oxygen. This recction 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 Asscc., 14th ed., 1975, p. 85.
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Fig. 2-8. 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, 1866, 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 turther 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 coal carbonization, cyanide can be oxidized
to cyanate by ozone.

3CN~ + Oy — 3CNO-

The rate of this reaction is more than doubled in the presence of Cu?*,

® D. J. Pye, "Chemical Fixation of Oxygen,” J. Am. Water Works Association, 39:
1121-1127 (1947},

" K. K. Khandelwal, A.]J. Barduhn, and