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Preface

The Geochemistry of Natural Waters: Surface and Groundwater Environments is a textbook
for advanced undergraduate and beginning graduate classes in aqueous geochemistry, envi-
ronmental geochemistry, and groundwater chemistry. The overall purpose of the book is to
give the reader an understanding of the processes that control the chemical composition of sur-
face and ground waters, both natural and polluted. The approach is to combine background
theory with numerous case studies from the literature. I believe the balance between theory
and examples gives the reader real insight into the way natural systems behave.

In the sixteen years since the first edition of this book appeared, the focus of aqueous
geochemistry has changed. One change has been a greatly increased awareness of and interest
in pollution of ground and surface waters. A second change has been the enormous expansion
in the use of computer codes to perform geochemical calculations. Environmental permitting
procedures require predictions of contaminant migration far into the future; such predictions
require both an understanding of underlying fundamental processes and the ability to use com-
puter codes. There has also been renewed interest in rock weathering from the perspective of
its influence on the global carbon cycle and, hence, global climate.

In revising this book 1 have attempted to respond to these changes. A completely new
chapter on adsorption has been added (Chapter 5), a section on organic contaminants has been
added to Chapter 6, and the chapter on trace elements (Chapter 9) has been greatly expanded.
The use of the computer codes WATEQ4F, MINTEQA2, and NETPATH is illustrated and
incorporated into the chapters and the problem sets at the end of the chapters. There is a greatly
expanded chapter on contaminant transport modeling (Chapter 16), and many additional end-
of-chapter problems. An appendix explaining Piper and Stiff diagrams, widely used by hydro-
geologists, has been added. and the appendices with thermodynamic data and equilibrium
constants have been completely revised; they are now largely consistent with the databases of
the WATEQ4F and MINTEQAZ codes.

I have retained the basic theory of carbonate and silicate equilibria more or less
unchanged, as it remains fundamental to understanding aqueous geochemistry. | have also
retained the “case-study” approach to build the bridge between theory and reality in the field.
The order of chapters has been changed to introduce redox equilibria earlier (Chapter 7),

xi



Xii Preface

which leads to a more logical presentation in the subsequent chapters. As with the previous
edition, groups of chapters are more or less self-contained, so the instructor can present the
material in the order that he or she prefers. To allow room for the additional material on sur-
face and ground waters, the chapter on the oceans has been eliminated, and discussions of
processes in the ocean have been reduced in other chapters. Marine chemistry is such a com-
plex subject that [ felt it was unrealistic to try to cover it in one chapter. The book as a whole
is now more tightly focused on freshwater environments.

Many friends and colleagues have contributed to this book in many ways. In addition to
those acknowledged in previous editions, 1 would like to thank Lisa Stillings (University of
Wyoming) and Simon Poulson (University of Wyoming), who read the entire book, and Don
Langmuir (Golden, CO), Diane McKnight (U.S. Geological Survey), J. Barry Maynard
(University of Cincinnati), Eugene Perry (Northern [linois University), Richard Yuretich
(University of Masachusetts at Amherst), Robert A. Berner (Yale University), W. C. Fetter, Jr.
(University of Wisconsin, Oshkosh), and Luis A. Gonzalez (University of lowa), who
reviewed individual chapters. They made many excellent suggestions and caught at least some
of my errors.

Much of the revision for this edition was written while I was a sabbatical guest at the
Centre de Géochimie de la Surface, CNRS, Strasbourg, France. I thank Bertrand Fritz and his

colleagues for their hospitality and support.
J LD
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The Hydrologic Cycle

Approximately 96 percent of the water at the earth’s surface is in the oceans, 3 percent is in the
form of ice, 1 percent is groundwater, 0.0] percent is in streams and lakes, and only about
0.001 percent is in the atmosphere (Berner and Berner, 1996). Although rivers and lakes make
up only a small fraction of the hydrosphere, the rate of water circulation through them is quite
rapid. The amount of water discharging from rivers to the sea each year is about equal to the
total amount of water present in rivers and lakes. The hydrologic cycle is a description of the
way water moves through these various environments (Fig. 1-1).

Fig. 1-1 can be drawn in a more abstract way to illustrate some of the terms used in
describing geochemical cycles (Fig. 1-2). Each box represents a reservoir, an arbitrarily
defined space containing a certain mass of the substance of interest, and the arrows represent
the transfer or flux of material into and out of the reservoirs. The number of reservoirs used to
describe a particular cycle is somewhat arbitrary (compare Fig. 1-2 with Fig. 1-3), depending
on the particular problem being studied. The residence time of a substance (in this example.
water) in a reservoir is obtained by dividing the amount of the substance in the reservoir by the
flux of that substance into (or out of) the reservoir. Thus the residence time of water in the
ocean is (from Fig. 1-2)

13,700 x 10 ¢

—— & = 3550y
(036 + 3.5 % 109 g/y )

and the residence time of water in the atmosphere is

0.13x10%*¢
(3.8 + 0.63) x 10* g/v

= 0.03y = 11 days

If the amount of the substance in a reservoir is not changing with time (i.e., the reservoir is in a
steady state), the residence time represents the average time a molecule of the substance spends
in the reservoir between the time it arrives and the time it leaves. If the reservoir is not in a
steady state, the term residence time is not really appropriate, although it is widely used in the
literature. The term response time is preferable. If, for example, the output from a reservoir
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ceased completely and the input continued. the response time would represent the time required
for the amount of the substance in the reservoir to double. The response time indicates the time
scale on which the amount of a substance in a reservoir will change in response to a change in

the rate of input or output.

The simple box model illustrated here has been used to budget the cycles of many sub-
stances in nature and for predicting the consequences of human inputs into natural systems
(see. e.g., Garrels et al., 1975). In general, if the anthropogenic (human-caused) flux of a sub-
stance is comparable in magnitude to the natural flux, significant changes in the natural system

FIGURE 1-2 Simple schematic
diagram (box model) for the hydro-
logic cycle. (Numbers are from
Garrels and Mackenzie, 1971).
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are to be expected. An example is the injection of carbon dioxide into the atmosphere from the
burning of fossil fuels. The anthropogenic flux of CO, into the atmosphere is a significant frac-
tion of the natural flux, and as a consequence the concentration of CO, in the atmosphere is
steadily increasing.

The atmosphere derives its water from evaporation of the ocean and, to a lesser extent,
from evaporation of water at the surface of the continents. When moisture-laden air is cooled.
the water vapor in the air condenses to form clouds; if the water (or ice) droplets in the clouds
grow sufficiently large, rain or snow (or. in general, precipitation) will start to fall. The atmos-
pheric cooling that results in precipitation is usually caused by adiabatic expansion as air rises.
Air may rise because of atmospheric circulation patterns (as, for example, in the equatorial
belt), or because air is forced to rise over a mountain belt. When moist air from the oceans
blows over a coastal mountain range, there is usually heavy precipitation on the windward side
of the mountains (e.g., the mountains of Oregon, Washington, and British Columbia in North
America, and the mountains of Norway and Scotland in Europe) and relatively little precipi-
tation beyond the mountains.

COMPOSITION OF RAINWATER

Rain is not pure H,0, but instead contains a wide range of dissolved substances. Over the
oceans and near coasts, the main source of dissolved material is sea salt. When waves break,
fine droplets of seawater are injected into the atmosphere. The water evaporates, leaving a
solid aerosol particle, which is transported by winds until it is dissolved by rain. The concen-
trations of sodium and chloride in rainwater in the United States (Fig. 1-4) show the input of
sea salts near the coast and lesser input farther inland.
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Sea salt is only one source of solutes in precipitation, and the ratios of the various solutes
in rain differ to varying extents from the ratios in sea water (Fig. 1-3). The ionic ratios in rain-
fall on the Olympic Peninsula in Washington State, adjacent to the Pacific Ocean, are similar
to those in sea water, but there is an addition of SO27, H*, NHZ and NO7. Rainfall over the
Amazon is similar, but the additions are larger. The additional sulfuric acid appears to come
from oxidation of dimethyl! sulfide and hydrogen sulfide produced by biological processes in
the ocean (Bonsang et al., 1980). The NH, and NO7 probably result from gaseous nitrogen
species released by terrestrial vegetation (Stallard and Edmond, 1981). It is interesting that
these essentially unpolluted rain samples are naturally “acid” (Chapter 13), although much
less so than samples from industrial areas. The total concentration of solutes in Colorado rain-
fall is similar to that of the Olympic Peninsula, but the ionic ratios are very different. The input
of sea salt is much less, as one would expect in view of the distance from the ocean. In
Colorado, the most important ions are calcium and sulfate. Calcium is presumably derived
from dust in the atmosphere. There is some argument as to whether calcium sulfate dust is
derived from the land surface or whether calcium carbonate dust reacts with sulfuric acid in
the atmosphere. Both processes may be important. There is likewise disagreement as to how
much of the sulfate is a result of the burning of fossil fuels and how much is natural. Again,
both are probably important.

The nitrogen species (NH}, and NO7Y ) are derived from plants, agriculture, and automo-
bile exhausts. Animal wastes and fertilizers are sources of both ammonium and nitrate, and
there is some input of nitrate from nitrogen oxides in automobile exhausts from the Denver
metropolitan area to the southeast.

Cations Total

Colorado

Olympic
Peninsula N

Amazon

Pennsylvania, . SO} | NO, J

ey
Colorado { i

Olympic
Peninsula

Qcean

FIGURE 1-5 Relative concentrations (in equivalents) of ions in the ocean and in rainfall from the Amazon basin
(average from Stallard and Edmond, 1981) and from National Acid Deposition Program sites in Central Pennsylvania,
Rocky Mountain National Park in Colorado, and the Olympic Peninsula in Washington State (NADP. 1985}, “Total”
represents the total concentration of cations in microequivalents per liter.



] The Hydrologic Cycle  Chapter 1

Rainfall from the Pennsylvania site illustrates the effect of industrial pollution. The total
concentration is about three times as high as those of the “natural” sampling stations, and the
dominant solutes are sulfuric and nitric acids. Burning of sulfur-containing fossil fuel (mostly
coal) injects sulfur dioxide (SO,) into the atmosphere. Slow oxidation and hydration of SO, in
the atmosphere produces H,SO,. Washout of H,SO, in precipitation is the principal cause of
acid rain (see Chapter 13). Various combustion processes, including the internal combustion
engine, cause oxidation of atmospheric nitrogen to a range of oxides referred to collectively as
NO,. Oxidation and hydration of NO, produces nitric acid. which is the other important
source of acidity in rainfall. NH| concentrations are also generally high in precipitation in
areas affected by atmospheric pollution; the source seems to be largely agricultural, particu-
larly volatilization from animal wastes.

Rainfall also contains a variety of organic acids, notably formic and acetic (Keene and
Galloway, 1984). These decompose rapidly unless the rain sample is immediately preserved.
Most of the low-molecular-weight organic acids result from photodecomposition of larger
organic molecules in the atmosphere.

The composition of rain at any one location may vary greatly with time. The first drops
of rain at the beginning of a storm may contain most of the soluble material available in the
atmosphere; rain toward the end of a storm is relatively dilute. Also, when snow first melts at
the end of winter, most of the accumulated salts from atmospheric deposition over winter are
{lushed out with the initial meltwater. In areas subject to acid deposition, this causes an acid
pulse, which can be very harmful to aquatic organisms.

Solutes are also transferred from the atmosphere to the earth’s surface and hence surface
waters by what is called dry deposition or occult deposition. Conceptually, dry deposition can be
regarded as (1) uptake of gases and very small aerosol particles by vegetation and wet surfaces,
and (2) sedimentation and impaction of larger aerosol particles. Occult deposition is a slightly
more general terin that includes deposition from mist and fog. It has proved exceedingly difficult
to measure occult deposition quantitatively (e.g.. Fowler, 1980). The concentration of gases and
particles in the atmosphere can be measured fairly readily. but not the rate at which they are
removed from the atmosphere. An alternative approach (summarized in Drever and Clow, 1995)
1s to measure throughfall. which is water collected under the forest canopy, and assume that the
solutes represent precipitation plus occult deposition plus elements cycled through the trees. If
the elements cycled through the trees can be estimated independently, occult deposition can be
calculated. There is a general consensus that in areas where the atmosphere is affected by indus-
trial pollution occult deposition is at least as important a source of acidity to surface waters as
rainfall is.

HYDROLOGY

When rain falls on land, the water can follow several pathways (Fig. 1-6). Some of the water
will remain as droplets on vegetation or remain close to the top of the soil and evaporate soon
after the rainfall ends. Some of it will be taken up by the roots of plants and evaporated
through leaves, a process termed transpiration. The term evapotranspiration is used for the
combined processes of evaporation and transpiration. Some of the water may infiltrate into
the soil, where it migrates laterally toward a stream, a process called interflow, or it may per-
colate downward to the permanent groundwater system. When a rainfall is too heavy or pro-
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FIGURE 1-6 Near-surface hydrologic processes.

longed for infiltration to accommodate the water, water will flow on the surface of the ground
as overland flow.

The chemistry of rainwater undergoes drastic changes as it comes in contact with the earth’s
surface. Even before it reaches the ground, rain may pick up solutes from plants (Fig. 1-7), and
much of its acidity may be neutralized. As water passes through the soil zone, it acquires solutes
from dissolution or partial dissolution of minerals, and some solutes (notably nitrogen com-
pounds and phosphate) are extracted from the water by plants. The organisms of the soil release
soluble organic compounds to the water, and these compounds may accelerate the breakdown of
minerals. When rain is not falling, evapotranspiration removes essentially pure water from the
soil, so that any solutes in the water, either brought in by rain or dissolved from soil minerals, tend
to build up in concentration and may even precipitate as solid phases.

As water leaves the soil zone and passes through the groundwater system, the concen-
tration of organic matter greatly decreases (through either bacterial decay or adsorption). the
concentration of elements that are in the form of organic complexes (notably iron and alu-
minum) decreases, and the concentrations of the common major ions generally increase as a
result of reaction between the water and the enclosing rock. Stream waters generally reflect
the composition of near-surface groundwater; an example of the difference between soil water
and ground- or surface water is shown in Table 1-1.

The water in streams and rivers is derived from several sources. When it is not raining and
has not rained for some time, the water in the stream (its base flow) is derived from the perma-
nent groundwater system. During and immediately after a rainstorm, the base flow will be aug-
mented by contributions from interflow, overland flow, and, of course, rain falling directly on
the stream channel. As a stream rises, water often flows from the channel into porous alluvium
that forms its banks, a process termed bank storage. As the stream recedes, water flows back
from bank storage into the channel. Stream water constantly exchanges with water in the pores
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FIGURE 1-7 Comparison of the chemistry of incident precipitation (shaded bars) and precipitation collected under
the forest canopy (throughfally in a deciduous forest in northeastern United States (data from Likens et al,, 1977).

of its bed and banks. The term Ayporheic zone is used for the zone that experiences exchange
with the stream on a reasonably short time scale. The term runoff is generally used for the total
amount of water leaving an area in streams or rivers. The ratio of runoff to precipitation varies
greatly from region to region. depending on climate. geology, and vegetation.

The natural changes in the chemistry of a mass of water as it flows down a river, apart from
the effects of mixing, are generally relatively small compared to changes that take place in the soil
zone or in an aquifer. This is because the residence time of water in a river is relatively short and

TABLE 1-1 Chemical Composition {mg//) of [A] Soil Water {from Antweiler and Drever, 1983]
and [B] River Water (from Miller and Drever, 18773} from Areas Underlain by Volcanic Rocks in
Northwest Wyoming

A B A B
Ca®* 2.5 6 HCO, <5 40
Mg 0.7 1.7 DOC? 120 <2
Na” 3 6.3 Al 2 <0.005
K* 3 0.5 Fe, 1.5 <0.01
Si0, 40 17 pH 5.2 7.5

"DOC is dissolved organic carbon in mg carbon £ It {s a measure of the total amount of organic compounds dissolved in the water. In
the soil water, organic anions are the major anionic species.
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because there is relatively little contact between the water and solid phases. Such changes as do
occur are generally caused by biological processes and affect primarily the nutrient elements
(nitrogen, phosphorus, and potassium). silica (microscopic plants. diacroms, extract silica from the
water to form their skeletons), and certain trace elements. The chemistry of many rivers today is
strongly influenced by inputs of domestic and industrial wastes. Such wastes are often modified
by oxidation and precipitation within the river and adsorption on the river bottom. Pollution may
upset the natural balance of a river by destroying the indigenous biota either through the direct
effects of toxic materials or because oxygen is depleted by decomposition of organic matter.

Groundwater

At some depth below the earth’s surface everywhere, any pores, voids, or open cracks in the rocks
are filled with water. The water table is the surface that divides rocks in which the pores are com-
pletely filled with water from those in which the pores are partially filled with air (Fig. 1-8). The
water table refers strictly to a system in which the pores are connected to the atmosphere and suf-
ficiently large for capillary effects to be insignificant; capillary action in fine-grained rocks will
cause water to rise a short distance above the true water table, causing a capillary fringe. The
region below the water table is called the plueatic or saturared zone; the region above the water
table is the vadose or unsaturated zone. Often the soil and the water in it are considered as a sep-
arate system because the water content and water chemistry in the soil zone fluctuate rapidly,
whereas those of the deeper zones are relatively stable.

The behavior of groundwater systems is generally controlled by the porosity and per-
meability of the rocks involved. Porosity is the fraction (or percent) of the total rock that is
void space; permeability is a measure of the ability of a rock to transmit fluids. A coarse, unce-
mented sandstone will typically have a high porosity and a high permeability because the
pores are large and interconnected. A shale may have a high porosity, but its permeability is
likely to be small because the pores are so small that water can flow through them only very

FIGURE {-8 Terminology of some et e e ey, (3 FOUNG SUT{ACE
subsurface features in permeable .

rock. Soil zone
* Pores partially Unsaturated
S filled with air {vadose} zone

~*' Capillary zone

Water table

Saturated
{phreatic} zone
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slowly. Limestones often have quite low porosities but very high permeabilities because the
“pores” are large solution channels or fractures. Even igneous rocks such as granite may have
significant permeability resulting from fractures and joints in the rock. An agquifer is a water-
saturated rock with sufficient porosity and permeability to be a usable source of water for
wells. An aquitard is a rock whose permeability is too low to allow significant passage of
water on the time scales considered in water-supply development. On a geological time scale,
however, rocks designated aquitards may transmit large volumes of water.

In the simple case of a uniform, permeable rock type in a humid climate, the water
table will be a subdued version of the topography (Fig. 1-9). Streams, lakes, springs, and
swamps represent places where the water table intersects the ground surface. The recharge
area (the area in which the aquifer receives water) for such a system would be the entire area
away from the stream channel. The discharge area (the area where the aquifer loses water)
would be the stream channel, where water might discharge directly, and the area near the
stream where plants might have roots below the water table and remove water by transpira-
tion. Streams may also be a source of aquifer recharge over part of their length, particularly
in arid regions. The level of the water table will fluctuate as the recharge rate (controlled by
precipitation) fluctuates.

Whenever the water table is not horizontal, water will flow {rom areas where the water
table has a higher elevation to areas where its elevation is lower. Flow rates are determined by
the gradient of the water table and by the permeability of the rock. Groundwater flow rates are
often very slow; for example, the flow rate in the main aquifer in central Florida is 2 to 8 m/y
(Back and Hanshaw, 1971).

Where permeable and impermeable rocks alternate, the situation becomes more com-
plicated (Fig. 1-10). A perched water table may occur where saturated permeable rocks are
separated from unsaturated rocks below by an impermeable barrier. A confined or artesian
aquifer occurs when the upper boundary of the groundwater is in contact with an impermeable
rock unit rather than with unsaturated permeable rock. If a well is drilled into a confined
aquifer, the water in the well will rise to a level above the top of the aquifer. The level to which
the water would rise in a series of such wells is the piezometric surface. If the piezometric sur-
face is above ground level (Fig. 1-11), water will flow from the well without pumping.
Artesian water is now extensively used for irrigation in many parts of the world. If the dis-
charge from wells is greater than the natural recharge, the water in the aquifer will be depleted
and the piezometric surface will be progressively lowered.

Recharge area

—
Unsaturated
- — T -

AN
Direction of AN X
groundwater \ Discharge area
flow g

Stream

FIGURE 1-9 Groundwater system in a uniform, permeable rock.
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FIGURE 1-18  Perched and confined aquifers.

Groundwater as a Besource and Groundwater Contamination

Groundwater is widely used as a source of water for various purposes (Table 1-2). In the
United States, approximately 40 percent of the water used for public water supplies is drawn
from groundwater. Contamination of groundwater has become a major concern in recent
years, both because so many people depend on it as a source of potable water and because
once an aquifer is contaminated, it is generally extremely difficult to clean it up and restore the
purity of its water. Groundwater contamination has many sources. Common examples are
leakage from landfills and other waste-disposal sites: leakage from agricultural activities.
including animal wastes, fertilizers, and pesticides; leakage from underground storage tanks
for petroleum products and various solvents; and even deliberate discharge {rom septic tanks.
Septic-tank systems were designed to minimize bacterial contamination of surface waters, but
the design results in remarkably efficient transfer of nitrate (from decomposition of organic
nitrogen compounds) to groundwater.

Recharge Fs‘echy~

7

area o ,/

Flowing /

/artesian well e
e

Piezometric surface

FIGURE 1-11 A simple artesian system in a syncline. The piezometric surface will become depressed if significant
amounts of water are withdrawn from the aquifer.
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TABLE 1-2 Major Water Uses {Excluding Electricity Generation] in the United States {from
Solley et al., 1988). Units Are Millions of Gallons Per Day.

Surface Water Groundwater
134,885 (65%) 73,300 (35%)
Usage % from groundwater
Agriculture 92.750 48,671 34
Public water supplies 21,995 14,660 40
Industrial & mining 19.610 5,267 21
Direct domestic &
commercial 565 3,989 88

NONMETEORIC TYPES OF WATER

Most of the water we observe on the continents is meteoric in origin, that is, it has been
derived from the atmosphere as rain or snow in relatively recent geologic times. Other types
of water do exist and, although they have an insignificant impact on the chemistry of surface
waters at any instant in time, their cumulative effects in transporting solutes may be important
over geological time.

When a sediment is deposited, water is trapped between the grains. If the sediment is
then buried, the water trapped in it would be called connate. In practice, it is generally im-
possible to tell whether the water in the pores of an ancient sediment is really the same water
as was incorporated when the sediment was deposited, so use of the term connate is not rec-
ommended. The term formation water 1s used for a water, often a saline water, occurring in
the pores of a deeply buried sedimentary rock. Use of the term formation water avoids a
specific genetic connotation.

When rock undergoes chemical weathering. clay minerals are formed that contain water
chemically combined in the mineral structure. The sediments containing these clay minerals
become sedimentary rocks, and these rocks may be subjected to heat and pressure, which con-
verts them into metamorphic rocks. During metamorphism, the hydrous clay minerals are con-
verted into less hydrous phases. and water is expelled from the rock. This water is called
metamorphic water. [t appears that as metamorphic water migrates toward the earth’s surface,
it generally mixes with meteoric waters and becomes difficult to recognize. It is probable that
some of California’s carbon-dioxide-rich springs contain a significant component of meta-
morphic water (Barnes, 1970).

The earth’s mantle contains chemically combined water that is gradually being trans-
ferred to the earth’s surface by volcanism. It is probable that the volcanic gases in basaltic
eruptions contain this juvenile water, but the fact is difficult to document because volcanic
magma generally becomes contaminated with water from other sources as it comes up
through the crust.

A final type of water that might appear different in origin is that in hot springs and gey-
sers. In fact, these almost invariably turn out to be meteoric water that has been heated by con-
tact with hot rock (Ellis and Mahon, 1977). Hot springs also occur under the oceans.
particularly at spreading centers. The water in these springs is seawater that has been heated
and chemically altered by contact with hot rock.
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Several terms that are widely used to describe the chemistry of natural waters are defined here

for convenience.

Total dissolved solids (TDS) represents the total amount of solids (milligrams per

liter, mg/?) remaining when a water sample is evaporated to dryness. In principle, it is the
sum of all dissolved constituents. with bicarbonate converted to equivalent carbonate.
Saliniry has essentially the same meaning as TDS, although a slightly more complex defi-
nition is used in oceanography.

Fresh waters are sufficiently dilute to be potable, that is, less than about 1,000 mg//
TDS. Brackish waters are too saline to be potable, but are significantly less saline than sea-
water; the range is approximately 1,000 to 20,000 mg/Z Saline waters have salinities similar
to or greater than that of seawater (35,000 mg// TDS), and brines are waters significantly more
saline than scawater.

A convenient approximate way to measure salinity is to measure the electrical conduc-
tivity {or specific conductance) of a water sample. Conductivity (measured in siemens) is the
reciprocal of electrical resistivity. The more ions a solution contains. the higher its conduc-
tivity. Conductivity cannot be converted precisely to salinity unless information is available on

the proportions of the different ions contributing to the conductivity.

The hardness of a water is the concentration of ions in the water that will react with a
sodium soap to precipitate an insoluble residue. It is usually reported as milligrams per liter of
equivalent CaCO,. From the atomic weights involved:

equivalent CaCO; =

2.5(mg Ca/?y + 4.1(mgM

g/?)

&

Hydrogeologists commonly display water compositions on what are called trilinear
diagrams or Piper diagrams. These are explained in Appendix 1.
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Chemical Background

To understand the geochemistry of natural waters, it is necessary to have some understanding
of physical chemistry. In this chapter we review briefly a few important general ideas, but for
a more complete treatment, consult the books listed at the end of the chapter.

UNITS AND TERMINOLOGY

Several different sets of units are currently used by chemists and hydrologists. To promote
uniformity among ditferent disciplines and different countries, the SI system (System Inter-
national d’Unites) has been introduced, and its use is being encouraged (in some instances
demanded) by many professional organizations. The SI system uses the meter as the basic unit
of length, the kilogram as the basic unit of mass. and the second as the unit of time; derived
from them is the joule as the unit of energy. Some conversion factors among units are provided
in the front endpaper of this book.

This book generally follows the SI system. We have “violated” the SI system by con-
tinued use of the liter (= 107 m?) as a unit of volume and the atmosphere (1 atmosphere =
1.01325 x 10° Pa) as a unit of pressure, and we have retained some examples of calorie-based
units. The conversion between joules and calories is

1 calorie = 4.184 joules

In physical chemistry, concentrations of solutes in aqueous solutions are usually
expressed in molal units (m), that is, moles of solute per kilogram of solvent. A mole of a sub-
stance is its formula weight expressed in grams. Molar units (M) measure concentration in
moles of solute per liter of solution. For most natural waters, molal and molar units are essen-
tially the same; it is only in concentrated brines or at high temperatures that the difference
becomes significant.

Concentrations in solid solutions (and sometimes other solutions) are generally expressed
as mole fractions. The mole fraction of A is simply the number of moles of A in some unit of
solution divided by the total number of moles in that unit.

15
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Example 1
A CaCO4~MgCO; solid solution contains 3 weight percent Mg, What is the mole fraction of
MgCO, in the solid solution?
The formula weights of Mg, Ca and CO, arc 24, 40 and 60, respectively; hence

Wi% MgCO, =~ — =175

Wt% CaCO;y = 100 — 17.5 = 82.5

17.5
Relative number of moles MgCO, = é4 = (.21
) 82.5
Relative number of moles CaCO; = 100 = (.825

The mole fraction of MgCO; is thus 0.20.

Concentrations in geochemistry are often expressed as millimoles per kilogram
(mmol/kg) or micromoles/kg (umol/kg). which. except in concentrated brines, are essentially
the same as molal units x 107 (or x 107"). Weight units such as parts per million (ppm) or
parts per billion (ppb) are also widely used.

lg , B
1 ppm = 10° g = | mg/kg = | g/metric ton
lg L
I ppb = 10 e = | pg/kg = 1 mg/metric ton
o

A useful conversion to remember is
Conc. in ppm = conc. in mmol/kg X formula weight

As units, mmol/kg or pmol/kg are generally preferable to weight units because most calcula-
tions are performed in molal units, and because there is sometimes ambiguity with weight
units. For example, nitrate concentrations are sometimes reported as ppm nitrate (formula
weight 62) and sometimes as ppm nitrogen (formula weight 14) and it is not always clear
which formula weight has been assumed. Concentrations are also reported as milliequivalents
per kg (meqg/kg) or microequivalents per kg (peqg/kg). Equivalents are simply moles multiplied
by ionic charge:
Conc. in meg/kg = conc. in mmol/kg X ionic charge

. v « - . o~ o IR
a solution containing 1 mmol/kg of Ca®* thus contains 2 meq/kg of Ca”".
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Three terms that are widely used in chemistry and geochemistry are svstem, species, and
component. A svsiem represents a group of chemicals we wish to consider. Thus if we are
interested in calcite dissolving in pure water, we would talk about the system CaCO,~H,O. If
CQO, gas were also involved, we would talk about the system CaCO5-H,0-CO,. A “system”
is something of an abstraction, since a real solution would have a container that is not CaCO,,
H,0, or CO,. A species is a chemical entity: ion, molecule, solid phase. and so on. Thus in the
system CaCO,~H,0-CO,, some of the possible species would be (Chapter 3) Ca™", CO,
CO,, H,CO,, HCO, CO;™ H, OH H,0,, H,0,,, CaCOy,,, plus various complexes. A
set of components is defined as a group of entities such that every species in the system can be
written as the product of a reaction involving only the components, and no component can be
written as the product of a reaction involving only the other components. The components
thus represent the minimum number of chemical entities necessary to define the compositions
of all species in the system. When the expression “the system A-B-C” is used, A, B, and C are
always a set of components. Any system can usually be described by several different sets of
components. In the system CaCO,~H,0~CQO,, for example, another set of components would
be Ca0-H,0-CO,. Various sets involving ions could alse be written, but because of the
requirement of electrical neutrality in real systems, it is generally preferable to use uncharged
entities as components.

g1

EQUILIBRIUM THERNMODOYNAMICS

Most of the discussions in this book are based on equilibrium thermodynamics. That is, we
calculate what a particular systern would look like if complete chemical equilibrium were
attained. In natural systems, complete chemical equilibrium is rarely attained, particularly
where biological processes are involved. Nevertheless, the equilibrium approach is useful in
that (1) it often provides a good approximation to the real world, (2) it indicates the direction
in which changes can take place. In the absence of some energy input, systems, including bio-
logical systems, can move only toward equilibrium, and (3) it is the basis for calculation of
rates of natural processes since, in general, the farther a system is from equilibrium, the more
rapidly it will react toward equilibrium, although it is rarely possible to predict reaction rates
quantitatively from thermodynamic data.

A system at equilibrium is characterized by being in a state of minimum energy. A
system not at equilibrium can move toward equilibrium by releasing energy. For systems at
constant temperature (7) and pressure (#), which we shall be dealing with in this book, the
appropriate measure of energy is the Gibbs free energy (G). which 1s related to enthalpy (heat
content) (H) and entropy (S) by the equation:

G=H—-1TS§
The units of G and A are commonly kJ/mol (or kcal/mol); the unit of § is kJ/mol K (kcal/mol.K).
T is the temperature on the kelvin scale. For changes at constant P and 7,
AG = AH — TAS 2-1

When a system moves toward equilibrium, it may release heat, its entropy may increase, or
some combination of heat and entropy change may take place that causes a net decrease in
G. Thus AG is negative for spontaneous processes, and AG = 0 for processes occurring at
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equilibrium. The idea of heat being given off in a spontaneous process is a familiar one; the
concept of an increase in entropy is perhaps less familiar. Entropy is related to disorder.
Consider two vessels filled with nitrogen and argon at the same temperature and pressure
separated by a valve. Initially each vessel contains a pure gas. If the valve is opened, the
gases will spontaneously mix (by diffusion). At equilibrium, each vessel will contain a
50:50 mixture of the two gases. Conversely, if we start with a 50:50 mixture in each vessel,
the gases will never spontaneously separate into pure argon in one and pure nitrogen in the
other. Mixing of the gases did not cause any evolution of heat, and no mechanical work was
performed by the gases. The reason that mixing occurred is that the mixture is more disor-
dered, more statistically probable, than the separate pure gases. In this example, the entropy
term reflects the difference in order.

A quantity closely related to G is the chemical potential (u), which is defined by the

equation:
(ac)
W= o
on

il7p

where the subscript i refers to a particular component in the system and n is the number of
moles of that component being added to the system. The chemical potential is thus the partial
molar Gibbs free energy or the amount (per mole) by which the Gibbs free energy of the
system changes with the addition of an infinitesimal amount of a particular component. For a
one-component system, the chemical potential is simply the Gibbs free energy per mole.
Gibbs free energy is an extensive quantity, whereas chemical potential is an intensive quan-
tity. Thus, if we have two systems that are identical except that one has twice the mass and
volume of the other, the large system will have twice the Gibbs free energy of the small one,
but the chemical potentials of all components in the large system will be identical to those in
the small system. Temperature is another example of an intensive quantity.

When two or more phases coexist at equilibrium, the chemical potential of all the com-
ponents in the system must be identical in each phase. Consider the system in Fig. 2-1. If (p),
is greater than (u,)g, the transfer of some component { from A to B will result in a release of
energy (AG negative), and thus the system cannot be at equilibrium. If (1), = (i), transfer
of component i from A to B will result in zero change in G, which is a criterion of chemical
equilibrium. The phases A and B could be gas—liquid, gas—solid, liquid-liquid, liquid—solid,
or solid-solid. For stoichiometric solids (ones that have a unique, invariable chemical com-
position), there may be practical problems in defining u for particular components, but the
principle is still valid: in a system at equilibriom, the chemical potential of each component is
the same in all phases.

The final quantities directly related to G that we introduce at this stage are activity O and
fugacity f. Fugacity, which can be thought of as an effective pressure, is commonly used in

FIGURE 2-1 Exchange of a com-
ponent between two phases.

Phase A Phase B

B s e
R s e
Exchange of
component /
i
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connection with gases, and activity, which can be thought of as an effective concentration, is
commonly used in connection with liquid and solid phases. They are defined by the equations:

W= p! + RTInq, (2-2)
W =ud + RTInf,

where 1 is a constant which is the chemical potential of component i in its standard state, R is
the gas constant (8.3143 J/mol.K; 1.98717 cal/mol.K), and T is the temperature on the kelvin
scale. In an ideal system (discussed below), O, and f, are numerically equal to the concentration
or pressure in the units used to define the standard state. They are formally dimensionless,
although they are often reported in the units corresponding to the standard state. Activity and
fugacity are both defined by chemical potential and hence by Gibbs free energy.

Several different conventions are used to define standard states, and the choice of a par-
ticular convention is determined by convenience for solving a particular problem rather than
by any theoretical considerations. The overall concept is that L, is a defined, in principle mea-
surable, quantity. It is convenient for calculation purposes to divide it into two parts: one part
representing the intrinsic properties of i (the chemical potential of i in some well-defined ref-
erence state) and one part representing the concentration of 7 in solution. For solid solutions.
solutions of two miscible liquids, and for the solvent in agueous solutions, the standard state
is commonly taken to be the pure substance at the same temperature and pressure as the sclu-
tion of interest. Thus, for aqueous solutions, . = W% and Gy, = 1 when the solution is
infinitely dilute. For solutes in aqueous solutions, the pure solute is not a convenient standard
state, and the most commonly used approach is the infinite dilution convention. By this con-
vention, the activity of a solute approaches its concentration. in molal units, as the concentra-
tion of dissolved species approaches zero.

a, = m;as 2m— 0
We can also define an acrivity coefficient y by the equation:

.

i

Yi T
.

i
and hence,
vi—>1 as 2om —0

Under this convention, the standard state is a hypothetical ideal 1 m solution (an ideal solution
in this context is one in which activities equal concentrations). Other conventions, such as the
constant ionic medium convention:

Q; > myas m; — 0, 2 m; = constant
are in use, but will not be discussed here. For gases, the fugacity approaches the partial pres-

sure as the total gas pressure approaches zero.

Equilibrium Constant

The familiar expression for the equilibrium constant can easily be derived from the expres-
sions for chemical potential and Gibbs free energy. Consider the reaction:
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aA + bB = cC + dD

The Gibbs free energy per mole of reaction, AG,, is the difference between the Gibbs free
energy of the products and that of the reactants:

AGR = Oproduc{s - (’reauams

which can be written, in terms of chemical potential:
AGy = cpie + dug — apy, — bug
Substituting Eq. (2-2), we obtain
AG, = cul + cRT In O, + dy + dRT In Qp, — apy — aRT In @, — by — bRT In O

Collecting terms and rearranging yields

4] ] ] 0 ~ /Ot’af)
AGy = cug + dpy, — auy — bug + RT in(*’; "
\AME
which is equivalent to
GC«G(I
AG, = AGY + er( © f) (2-3)
Q,Gy

AG?Y is the standard free energy of the reaction, that is, the change in free energy when a moles
of A and b moles of B are converted to ¢ moles of C and d moles of D, all in their standard
states. At equilibrium, AG, = 0 and hence:

anad
RTIn( > §f) = ~AGy
SIS

ot

aad’ [ —AGY

(555) o 257

Lasal, RT
— ch

where K, 1s the equilibrium constant. The equilibrium constant is thus related to the standard
free energy of reaction by the equation:

"AGG
in Kﬁ‘q T e TR
’ RT
or
~AGY
i() 3 K == R
&% ™ 5303 RT
which gives
AGY
log K, = —_—% at25°C, where AGy, is in ki/mol
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8]
AG, - P )
log Keq = ——-& 31 25°C, where A(;,‘; 1s in keal/mol

1.364
The equilibrium constant can thus be calculated directly if the free energy of reaction is
known.

Appendix I lists the standard free energies of formation (AG}) of various species—solid
phases, liquids, gases, and solutes. These represent the free energy Jchange when 1 mole of the
species in its standard state is formed from the elements of which it is composed, the elements
all being in their standard states. Thus the standard free energy of formation of calcite (CaCO,)
(—=1129.07 kJ/mole) represents the energy change when | mole of calcite at 25°C and 1 atm. is
formed from 1 mole of metallic calcium, I mole of graphite, and 1.5 moles of O,, all of them at
25°C and 1 atm. The standard free energy of formation of calcite is negative, indicating that
energy is released when calcite is formed from its elements. By convention, the standard free
energies of formation of elements in their standard states are zero. The definition of the standard
free energy of formation of ions in solution is based on the convention (Chapter 7) that the stan-
dard free energy of formation of a hydrogen ion in solution is zero. Standard enthalpies of for-
mation (_AH?) are defined in an analogous way: they represent the enthalpy (heat) change when
I mole of a species is formed from its constituent elements, everything being in its standard state.
The standard entropy (S") is defined on a slightly different convention. Instead of the entropy of
elements in their standard states betng zero, the entropy of perfectly crystalline solids at 0°K is
taken to be zero (the third law of thermodynamics).

Standard free energies of reaction, standard enthalpies of reaction, and standard en-
tropies of reaction are all calculated in the same way. Let us use the reaction between hematite
and magnetite plus oxygen as an example. First, a balanced chemical reaction is written

6Fe,0; = 4Fe 0, + O,

hematite magnetite

The standard free energy {enthalpy, entropy) of reaction is the standard free energy (enthalpy,
entropy) of the products {species appearing on the right of the equation) minus that of the reac-
tants (species appearing on the left of the equation). The free energy (enthalpy, entropy) asso-
ciated with each species is its standard free energy (enthalpy, entropy) of formation multiplied
by its coefficient in the chemical equation. For the reaction, we are considering

AG? AH‘fj 5¢
{(kJ/mol) (kJ/mol) {(kJ/mol.K)
hematite ~742.8 -824.7 87.7 x 107
magnetite -1012.9 -1116.1 1461 x 107
oxygen 0 0 2050 x 107

AHg =4 X (=1116.1) + 0~ 6X(-824.7) = +483.8 kJ/mole
ASY =4 x (1461 x 167 + 2050 x 107 — 6 x (877 x 107) = 263.2 x 10 kJ/mole K
Note that AGy = AHjy — TASH. where T = 298.15 K (25°C).
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The standard free energy of reaction is used to calculate equilibrium constants at 25°C.
The standard enthalpy and entropy of reaction can be used to calculate the equilibrium con-
stant at different temperatures, as discussed later in this chapter.

Example 2
Calculate the solubility product of gypsum at 25°C from the data in Appendix II (a solubility
product is an equilibrium constant for a simple solubility reaction).

CaSO, « 2H,0 = Ca¥* + SO + 2H,0

Ueaso,« 28,0

If the solution is reasonably dilute, ;5 will equal 1; CaSQO, - 2H,0 is in its standard state (pure
solid), so its activity is unity. Therefore,

K.y = Oggr Ogor = K,

sp

K., is the solubility product (K ) of gypsum.
Standard free energies of formation in kJ/mol are (Appendix 1D

CaS0O, - 2H,0  —1797.36 Ca®* —552.8
H,0 ~237.14 SO;~ ~744.0

AG}; = —552.8 ~ 744.0 — 2 x237.14 — (—1797.36)
= +26.28 kJ/mol

—AGY
5.708 '

The solubility product (K,,) of gypsum at 25°C is therefore 107,

For temperatures not far from 25°C, the variation of K, with temperature can be calculated
from the equations:

AGp = AHJ — TASY

= —RT'ln K,
which rearranges to

TAHy Ay

nkK,, = 2-4
K= ot o (2-4)

Values of AHY and AS}, can be obtained from the standard-state enthalpies and entropies of
formation of the reactants and products (see Appendix II). This method of calculation is
based on the assumption that AHY and AS} are independent of temperature. The assump-
tion is reasonable for temperatures within 20°C or so of the standard state. For extrapola-
tion to much different temperatures, the effect of temperature on AH% and ASY can be
calculated from the heat capacities of the reactants and products (e.g., Nordstrom and
Munoz, 1994).
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An alternative method based on the same assumptions comes from differentiating Eq. (2—4)
~——-7--~g T et S (2_5)

and integrating this from 7, (the reference temperature) to T, (the temperature of interest):

AHU / 1 1 3
InKy = InK, =" ( - )

R .Tl T:’
or
g Ky~ log K, = -2 (] 3) 7 (26
. — logo . —
8 R T8RN T H303R\T, T, )

Thus, if the equilibrium constant at one temperature and the standard enthalpy of reaction are
known, the equilibrium constant at another temperature can readily be calculated. Again, if 75 is
far from 7, the variation of AH}, with T must be calculated from heat capacity data. Eq. (2-6) is
sometimes referred to as the Van't Hoff equation.

Example 3

By how much does the solubility of gypsum at 40°C differ from the value at 25°C?

This problem can be solved in several different ways, depending on the tabulated data that
are available. We can use a tabulated equilibrium constant and [..\H',::, from Appendix HI in
Eq. (2-6), or we can use the standard free energies, enthalpies, and entropies of formation in
Appendix Il and either Eq. (2-4) or (2-6).

From Appendix HI, the equilibrium constant for the reaction

CaSO, « 2H,0 = Ca*" + SO} + 2H,0

log Koy = —4.58
and
AH ] = —0.46 kJ/mol

rewriting Eq. (2-6):

AHY (1 1)
log K, = log K, + = —f— — — (2-7)
: U 2303R\T, T,

where 2.303 represents the conversion from base e to base 10 logarithms. We can see right away
from Eq. (2-7) that whether the solubility increases or decreases with increasing temperature will
depend on the sign of AH;& If AH}? is positive, solubility will increase with increasing tempera-
ture. If AH,(; is negative (as in this example), solubility will decrease with increasing temperature.
Substituting the numbers gives

The solubility product at 40°C is thus 107", The percent difference between the 40°C value and
the 25°C value is given by

100 x (107*% — 107 %)/107*% = —(.9%



24

Chemical Background  Chapter 2

The solubility of gypsum is thus about 1 percent less at 40°C than at 25°C. The small difference
reflects the small numerical value of AHS.

We can perform exactly the same calculation using the data in Appendix II. From the pre-
vious example:

log Ky (25°C) = —4.60
The AH |, of reaction is given by
AHp = AHJ(Ca*") + AHJ(SO; ) + 2AHYH,0) —~ AH{(CaSO, - 2H,0)
Substituting the numbers from Appendix 11:
AHR = —1.08 ki/mol
Substituting in Eq. (2-7) gives

log K, = —4.60 — 0.009 = —4.61

The solubility product at 40°C would thus be 107, which is about 2 percent smaller than the

25°C value; the slightly greater effect of temperature compared to the previous calculation
reflects the slightly greater (absolute) value of AH ).

Alternatively, we can use the data in Appendix II with Eq. (2-4). The numbers in
Appendix 1T yield AHj = ~1.08 kJ/mol, ASD = ~91.7 J/mol.K (note that entropies are commonly
reported in I rather than kJ units; this is simply a matter of convenience, as the numerical values
for entropies are generally much smaller than those for enthalpies and Gibbs free energies).

At 40°C.

AGY = AH{ — TAS) ~
= ] 08 — (313,15 x —91.7 x 107%) ki/mol
= -+27.64 ki/mol
The equilibrium constant is calculated from

~2303 RT log K, = AGY

) —27.64
log Ky = . P .
2303 x 8314 107" x 313.15

= ~4.61

Thus the solubility product at 40°C is 107!, which is essentially the same as the value obtained
by using the data from Appendix H and Eq. (2-7). The different approaches and data sets give sim-
ilar temperature dependence, and similar solubility products at 40°C. The slight discrepancies are
an example of inconsistencies among different thermodynamic data sets that commonly arise in
geochemistry. (The problem of inconsistency is further discussed in Chapter 10.) As a general
rule, tabulated equilibrium constants are likely to be more accurate than equilibrium constants
calculated from tabulated free energies.

Measurements of Disequilibrium

Consider again the reaction:

aA + bB = cC + dD
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1f the system is at equilibrium,
(2-8)

If the system is not at equilibrium, the expression on the left side of Eq. (2-8) is called the
activity product (AP) or the ion activity product (IAP) if the species involved are ions.
Unless the system is exactly in equi]ibrium.’ the activity product will not be equal to K. If
AP/KW > 1, the reaction will tend to go to the left; if AP!Keq < 1, the reaction wil¥fend to go
to the right. Expressions used by various authors to indicate how far a system is from equi-
librium include AP/K, (which will be 1 at equilibrium), log (AP/K, ) (which will be zero
at equilibrium). and RT In (AP/K_ ). This last expression has the significance [compare Eq.
(2-3)] that it represents the free-energy change in converting | mole of reactants to prod-
ucts under the conditions at which the AP was measured. The most common use of these
expressions is in describing the extent to which a partigular solution is supersaturated or
undersaturated with respect to a particular solid phase. The term saturation index is often
used for log (JAP/K,,) for a dissolution reaction. The saturation index (S7) for gypsum, for
example, would be

solution

K

spleypsum)

A useful modification to all these expressions for state of saturation is to normalize for the
number of ions (v) in the expression for the ion activity product. This gives the sarration
ratio (SR) (Zhang and Nancollas. 1990):

g IAP\"
SR =1 =

(&,
The expressions for the saturation index and saturation state in free energy units (RT In
IAPIK,,) can be normalized in the same way. The advantage of normalization is that it makes
the state of saturation independent of the way the formula of the solid phase is written. For
example, the dissolution of dolomite could be written as

Ca, Mg, sCO; = 0.5Ca*" + 0.5Mg™" + CO3~

or as
CaMg(COy), = Ca®" + Mg?* + 2C03~

If the equation is written in the second way, the JAP/K, ratio will be the square of what it
would be if the equation were written in the first way, and the SI and free energy expressions
will be double. Logically, the state of saturation should not depend on the way we choose to

write the reaction; use of the normalized saturation ratio avoids this problem.

Example 4
A water has a calcium activity of 1073 and a sulfate activity of 107", By how much is it under-
saturated (or supersaturated) with respect to gypsum? By how much would it have to be concen-
trated (or diluted) for it to be in equilibrium with gypsum?
The ion activity product (ZAP) is 1077 X 107" = 107", The solubility product (K) from

Example 2 is 107%. Since JAP is less than K, the solution is undersaturated. The ratio
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JAP 10730
K. 1074

Ap

Since two ions are involved in the AP, the saturation ratio is given by
JAP\I2 ,
( ........... } — 10--"0,..,0 = (}.63

The amount by which it would have to be concentrated to reach saturation is simply the reciprocal
of the saturation ratio (another advantage of using the normalized ratio!); i.e.,1/0.63 = 1.58.

For the other measures of saturation state, the saturation index is —0.40 (--0.20 normalized),
and RT In (IAP/KQP) =-2.28 kJ/mol (-1.14 kJ normalized).

This last number indicates that, if gypsum were to dissolve in the water in question, 2.28 kJ
of energy would be released per mole of gypsum dissolved. This, of course, is the instantaneous
rate at which energy would be released at the given solution conditions. As gypsum dissolved,
the activities of Ca™ and SO~ would increase, and the energy released per mole of dissolving
gypsum would decrease until it became zero when the solution became saturated with respect to
gypsum.

ACTIVITY-CONCENTRATION RELATIONSHIPS

If a solution of two species A and B has the properties that the energy of interaction between
two A molecules is identical to the energy of interaction between an A molecule and a B
molecule, or between two B molecules, the solution will be ideal. It can be shown by statis-
tical arguments that the activities of both species in an ideal solution will equal their con-
centrations (provided that appropriate standard states and concentration units are used). In
real solutions, particularly solutions of ionic species in water, these conditions are not met.
There are electrostatic interactions between charged ions, and the ions are generally sur-
rounded by regions in which the water molecules are ordered in a structure different from
that of pure water (a hydration shell). The ionic interactions and the ordering of the water
both cause the free energy of the real solution to be different from that of the ideal solution
and. hence, for the activities of both solute and solvent to differ from their concentrations.
In practice, for aqueous solutions less concentrated than seawater, the activity of water is
very close to unity (in seawater it is 0.98). Uncharged solutes (such as dissolved CO, or
H,S510,) approximate ideal solution behavior much more closely than do charged species
because there is not the same electrostatic interaction. The ratio of the activity of a species
to its concentration is called the activity coefficient (y). In general, activity coefficients of

—~uncharged species are near unity in dilute solutions and rise above unity in concentrated
solutions, largely because much of the water in concentrated solutions is involved in the
hydration shells of ions and less water is available to solvate uncharged species. The
activity coefficients of uncharged species can be represented approximately by the equation
(Plummer and Mackenzie, 1974)

where 7 is the ionic strength of the solution (defined below). As a point of reference, the
activity coefficient of dissolved carbon dioxide in seawater is about 1.12.
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Activities of lonic Species

From a purely thermodynamic point of view, there is no way in which the activity coefficient
of a single ion can be measured without introducing non-thermodynamic (and non-verifiable)
assumptions. In principle, to measure the activity coefficient of, for examjsle, Na” in solution,
we would have to measure how much the free energy of a solution varied as the concentration
of Na* varied. The problem is that it is impossible to vary the concentration of Na* without
also varying the concentration of some anion or some other cation. It is therefore impossible,
in principle, to say how much of the free-energy change should be attributed to Na* and how
much to the other ion. The thermodynamically correctyway to treat activity coefficients of
ionic species is not in terms of ionic components (Na®, K*, CI7, SOZ ", etc.), but in terms of
uncharged components (NaCl, K,50,, etc.). For dilute solutions, however, it is convenient to
use single-ion activity coefficients even though they are not rigorously defined thermody-
namically. For concentrated brines, it may be advantageous to consider uncharged species
rather than ions. The conceptual approach that is used to relate activities to concentrations is
called a solution model. We shall generally use the single-ion activity coefficient/ion pair
model in this text. The model is explained in the following sections.

Debye-Hiickel Theory. The Debye-Hiickel theory is a model that allows activity
coefficients for single ions to be calculated on the basis of the effect ionic interactions should
have on free energy. In an ionic solution, positive ions will tend to have a cloud of negative
ions around them, and negative ions a cloud of positive ions. This will result in a system with
a lower free energy than would be the case if the distribution of ions were completely random,
and hence an activity for the solutes lower than it would be for the random (ideal) case.
Activity coefficients for ions in solution should thus be less than 1. If it is assumed that the
ions are point charges, the interactions are entirely electrostatic, and the ions around any par-
ticular ion follow a Boltzmann distribution, it is possible to derive the equation

logy, = ~Az2\] (2-9)

o

where A is a constant depending only on P and 7, z; is the charge on the particular ion, and /
is the ionic strength of the solution. Ionic strength is given by

1
[=-Smz?
S S

Tonic strength (m, is the concentration of the ith ion; the summation sign means that the contribu-
tions from all ions in solution must be summed) is a quantity that occurs frequently in solution
chemistry. It differs from total concentration in that it takes account of the greater electrostatic
effectiveness of polyvalent ions. Thus the ionic strength of a 1 m solution of NaClis 1, of a I m
solution of Na,SO, is 3, and of a | m solution of MgSO, is 4. Eq. (2-9), the original form of the
Debye-Hiickel equation, holds reasonably well up to ionic strengths of about 107,

At higher ionic strengths the simple mode! fails because it requires an impossibly high
concentration of anions around each cation, and vice versa. The equation can be moditied to
take account of the finite size of the ions, giving the extended Debye-Hiickel equation:

~AzVI

log vy, = b (3-10
BT 4 Bagl )
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Bis a constant depending only on P and T, and g, is, in theory, the hydrated radius of the par-
ticular ion. In practice, the value of g, is chosen to give the best fit to experimental data.
Some values for the parameters in the Debye-Hickel equation [Eq. (2—-10)] are given in

Note in Table 2-1 that the product Ba, has a numerical value of about 1. A commonly
used alternative form of Eq. (2—-10) is

(2~11)

Eq. (2-11) is commonly called the Giintelberg equation.
For higher ionic strengths, Eq. (2—-10) and (2—-11) can be modified by adding a further

term:
—Azf\} .
logy, = —— =+ bl (2-12)
I+ Bay Vi
and ) -
| —AZVI + bl (2-13)
ogy, = et 4 2~13
IRy )

where b may be a general constant (Davies, 1962), or may be a constant specific to the indi-
vidual ion 7 (Parkhurst, 1990). Eq. (2-13) with b set equal to 0.3 is called the Davies equartion.
The additional term can be justified on theoretical grounds, or it can be justified as an empir-
ical fit to experimental data. An important consequence of the additional term is that it pre-
dicts that activity coefficients should increase with increasing ionic strength at high ionic
strengths, in accord with experimental observations (Fig. 2-2).

There are many ions for which g, values have not been measured experimentally. The
Giintelberg or Davies equation rather than the Debye-Hiickel equation must be used for such ions.

TABLE 2-1 Parameters for the Debye-Hickel Equation at 1 Atmosphere Pressure [Adapted
from Truesdell and Jones, 1874, Ball and Nordstrom, 1981)

7(°C) A B(x10%) Ion ax107%) b
0 0.4883 0.3241 Ca™ 5.0 0.165
5 0.4921 (.3249 Mg* 5.5 0.20
10 0.4960 0.3258 Na't 4.0 0.075
157" 0.5000 0.3262 K*, CI 35 0.015
20 0.5042 0.3273 SOT 5.0 ~0.04
25 0.5085 0.3281 HCO3, COY 5.4 0.0
30 0.5130 0.3290 NHY 2.5
40 0.5221 0.3305 St**, Ba™ 5.0
50 0.5319 0.3321 Fe, Mn®. Li* 6.0
60 0.5425 0.3338 H, ALY, Fe™ 9.0
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FIGURE 2-2  Variation of the activity coefficient for Ca™* according to the three forms of the Debye-Hiickel equation.

Example 5
The Rio Grande at Laredo has the following approximate composition:

mg/t mmol/?

Ca* 109 2.72
Mg" 24 0.99
Na~ 117 5.09
K* 7 0.18
HCO; 183 3.00
S0;” 238 248
or 171 4.82
H,Si0;, 48 0.50
Temp. 25°C

a. What is the ionic strength of the solution?

b. What are the activity coefficients for Ca™ and SO3 ™, based on the extended Debye-Hiickel
equation?

¢. By how much is the water undersaturated with respect to gypsum?

The ionic strength is given by

= 0.5[(2.72 + 0.99 + 2.48) X 4+ 5.09 + 0.18 + 3.00 + 4.82] x 10
=189 x 107

(The tactor 107 is to convert millimolar units to molar units. H,Si0, does not appear in the
ionic strength calculation because it is uncharged.)
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2. The activity coefficients are given by

~. Substitut-

ing these values and the value for [ calculated above gives

logy = ~0.228
v = 0.591 for both Ca®* and SO}~
3. The ion activity product is given by

3 = _— 24 ® Pl d- s
IAP = Q¢ Qgop & MYt * Msor Ysor

il

(272 x 107%) % 0.59] x (2.48 x 107%) x 0.591
£ 2.36 % 1070 = 107

it

The solubility product of gypsum (from Example 2) is 107, The ratio IAP/K,;, is thus
10793/107 or 107"% This number is less than 1, indicating undersaturation. The saturation
ratio is (10779 = 10°%% (= 0.31), and the saturation index (=log IAP/K, ) is ~1.03.

Example 6

On the basis of Eq. (2-10). what are the activity coefficients of Ca** and SO2™ in a solution in
equilibrivm with gypsum at 25°C in the system CaSO,~H,0? What is the solubility of gypsum in
water assuming these activity coefficients? How does it differ from the value calculated on the
assumption that activities equal concentrations?

This calculation requires an iteration procedure. The solubility product of gypsum (pre-
vious examples) is 107*%. As a first approximation, let us assume that mg,. = mgq: = (10742 =
5.01 X 107 (dissolution of gypsum in pure water must result in equal molar concentrations of cal-
cium and sulfate).

i
[= (501 x 1077 % 4] + [5.01 x 107 % 4))

t

=201x 1077

From Table 2-1, A = 0.5085, B =0.3281 X 10%, and a,=35X 1078 for both Ca®™ and SO%".
Substituting these numbers in Eq. (2-10) gives

ogyey- = logyge, = —0.234

Yo't T Ysof

4

With these provisional values, we can compute more accurate calcium and sulfate concentrations,
and hence a more accurate ionic strength.,

(M X 0.584)(mgo:- x 0.584) = 107

Since .- must equal mgg:- when gypsum dissolves,

10"46() 172
Plegre = Mgep- = 07 0 = 858 x 1072
V o 0.584 x 0.584

On the basis of this number, the ionic strength is

[=343%x1077
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and
Yealt = Ysop = 0.514

These values will be more accurate than the provisional estimate, and they can be used to calcu-
late a more accurate ionic strength. and hence more accurate activity coefficients. The iteration
procedure can’ fe repeated any number of times to give values of any desired mathematical accu-
racy. Doing this, we obtain the tinal answer:

I =408%1077
The solubility of gypsum in water will then be

4 10‘4.6() 172 .
} = 10.2 x 10 mol/kg
0.491 % 0.491

/

it

= 1.39 g/7 CaSO;

i

1.75 g// CaSO, - 2H,0

If we had assumed activities were equal to concentrations, the solubility of gypsum would have
been

(10749012 = 501 % 107 molkg

This value is about half the value calculated with activity corrections, so, in this example, neglect-
ing activity coefficients would have resulted in an error of a factor of about 2.

Activity-Concentration Relationships in More Concentrated Solutions.
Several ditferent approaches have been used to calculate activity coefficients in more con-
centrated electrolytes. One is to retain the use of single-ion activity coefficients and postulate
that departures from the behavior predicted by the Debye-Hiickel equation are due to the for-
mation of ion pairs. Thus, for example, in a solution containing calcium and sulfate ions, the
ion pair CaSO§ will be present. (The ion pair is a dissolved species: it has nothing to do with
solid calcium sulfate.) Its formation can be described by the equation:

Ca® + S0I" = CaSO)

for which the equilibrium constant is

K 18 the stability constant for the ion pair. Sometimes in the literature instability constanis
(or dissociation constants) are tabulated rather than stability constants. The instability con-
stant is the reciprocal of the stability constant. lon-pair formation has two effects on the rela-
tionship between activity and concentration: the concentrations of free Ca®* and SO;~ are
decreased because some of the calcium and suifate present in the solution are tied up in ion
-pairs, and the ionic strength of the solution is decreased because ions are “converted” into
uncharged species. The first effect is by far the most important. The net effect of ion-pair for-
mation is that the activities of Ca** and SO7  are lower than would be predicted from their
concentrations by the Debye-Hiickel equation.
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The single-ion activity coefficient/ion-pair solution model is widely used for waters less
concentrated than seawater because it is convenient, the necessary data are generally avail-
able, and it is sufficiently accurate. It is not able, however, to predict accurately activity-
concentration relations in brines.

Example 7
The ion pair CaSOY (an uncharged dissolved species) has a stability constant of 10%*°, What will
be the concentration of this species in the water of Example 57 How does the existence of this
complex affect the state of saturation with respect to gypsum?
The activity of the complex is given by
- 239
Qcasor = 10770y Qs
If we assume the activity of CaSO® is equal to its concentration (it is an uncharged species) and,
as an initial approximation. use the total concentrations of Ca™ and SO and the activity coeffi-
cients from Example 5, then
Measor = 107771272 x 107%) x 0.591 x (2.48 x 107%) x 0.591]

=470 %107

This is not the final answer. because the formation of CaSO! will decrease the concentrations of
free Ca™ and SOY in solution, and will also decrease the ionic strength and change the activity
coefficients.

(oS = e o T Measol

L= }’??5()3: o PHeason

=248 x 107 =470 x 1077

Moy

- - ) L : .
The new ionic {trength. calculated using these revised Ca™™ and SO% numbers instead of the orig-
inal (totaly values gives

[= 851 x107°
v = 0.604 for both Ca®" and SO~

3

With the new values for free Ca™' and SO concentrations, and the new activity coefficients,

4

= 10790225 X 1077 x 0.604 % (2.01 x 1077 x 0.604]

Meason
=329 x 107¢

Meyiee = 272 %1073 =329 1074 = 239 x 1077

Mgy e = 248 x 1077 =329 x 1071 = 215 x 1077

In principle we should use these new values to calculate a new ionic strength and new activity
coefticients. but the differences from the values calculated on the first iteration are trivial. We
can see that 12 percent of the calcium and 13 percent of the sulfate is present in the form of the
CaSOY complex.
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The new ion activity product for gypsum is given by

IAP = (2.39 X 107%) x 0.604 X (2.15 x 107%) x 0.604

The ratio IAP/K, is thus 107577107, or 107", The saturation ratio is (107 '%)"* = 107%
(=0.27), and the saturation index (= log IAI’/K\P) is —1.13. Inclusion of the complex CaSOg’ in the

calculation has increased slightly the computed degree of undersaturation. If we had used a more
concentrated water as our example, the effect of the complex would have been greater.

Activity-Concentration Relationships in Brines. Several different models
have been used to calculate activity-concentration relationships in more concentrated solu-
tions. Most are based on the use of mean ionic activity coefficients. The mean ionic activity
coefficient (y,) for a 1:1 electrolyte (e.g.. NaCl) is defined by the equation:

where v, is the activity cocefficient of the cation and v, that of the anion. The general definition
for an electrolyte in which the cation has a charge n” and the anion a charge m”™ is

Yo =y
Mean ion-activity coefficients are rigorously defined thermodynamically and can be mea-
sured experimentally. It turns out that the behavior of mean ion-activity coefficients in con-
centrated solutions is easier to predict than that of single ton-activity coefficients.

The most successful solution model for concentrated brines is that of Pitzer (1973,
1979, 1980, 1987). In very simplified form, this model postulates that departures from ideality
in ionic solutions are due to interactions between the various ions in solution. Thus,

%;’ = (D — H) + :?_,}j: YD, o+ ;};‘J% Wy mnmy
G, is the excess Gibbs free energy per kilogram of water (the difference between the actual
free energy and the free energy the system would have if activities equaled concentrations),
(D—H) represents a Debye-Hiickel term similar to Eq. (2-11), A (/) represents binary interac-
tions (interactions between pairs of ions), and y,;, represents ternary interactions. which are
significant only at very high ionic strengths. The activity coefficient can be readily calculated
from the relationship:

. JG,
RTIlnvy,, ==

on,

Pitzer’s model provides a functional relationship between the values of A and / and a means of
calculating the interaction coefficients from measurements on solutions of simple salts. It does
not include ion pairs as species in solution. The interactions represented by ion pair formation
in the jon-pair model are described by the interaction coefficients in the Pitzer model. The
model has been used successfully to predict the solubilities of highly soluble evaporite min-
erals in solutions as concentrated as 20 m (Eugster et al., 1980; Harvie and Weare, 1980;
Harvie et al., 1982; Monnin and Schott, 1984; Weare, 1987).
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Complex Formation

For the purposes of this book, I define a complex as a dissolved species formed from two or
more simpler species, each of which can exist in aqueous solution. For example, AI** forms
complexes with fluoride ions (AIF*", AIFJ, AIF}), and numerous organic species. The
strength of a complex is usually represented by its stability constant, for example:

ALY +4F" = ALF,

Qatrs

K, B =
stab
Cyp O

The larger the stability constant, the more stable the complex is. It is convenient to divide
complexes into ion pairs, discussed earlier in this chapter, and coordination compounds, in
which the complex has a well-defined structure and generally a large stability constant. The
terms outer-sphere complex and inner-sphere complex are also used for ton pairs and coordi-
nation compounds respectively. The idea of an outer-sphere complex is that the ions involved
remain fully hydrated. so they remain separated by their hydration shells. In an inner-sphere
complex, the ions are not separated by water molecules and interact directly with each other.

One effect of complex formation is to modify relationships between activity and con-
centration as illustrated in Example 7. For example, the Debye-Hiickel theory gives a rela-
tionship between O, and nz, .. If complexes of aluminum are present, however, m s is less
than the total concentration of dissolved aluminum. which represents the sum of free Al** and
all Al complexes present in solution.

In the coordination compound type of complex, a central atom (usually a metal ion) is
surrounded by several (most commonly six) ligands. The ligands are usually anions or neutral
species and have a definite geometrical arrangement around the central atom. In a solution
without other ligands present, most transition metals are in the form of aquo complexes [e.g.,
Fe(H,0)]" where Fe'™ is the central atom and the six water molecules are ligands], and com-
plex formation can be regarded as displacement of some or all of the coordinated water mol-
ecules by other ligands. As pH rises. water molecules coordinating metal ions deprotonate,
giving rise to species such as Fe(H,0)s(OH)**, Fe(H,0),(OH)3, etc. This process is referred
to as Avdrolysis. Hydrolyzed cations are generally written and treated algebraically as simple
hydroxide complexes, e.g., Fe(OH)™, Fe(OH)3. .

&

If a ligand has only one site by which it caibond to a metal (e.g., NH;, C17, F7, H,0,
OH"), it is called a unidentate (one-toothed) ligand. Some molecules have more than one site
by which they can bond to a metal ion and are called multidentate ligands. For example, the
oxalate ion.

can coordinate to a metal ion through two of its oxygen atoms and be a bidentate ligand.
Ethylenediamine,
CH,NH, ~_ »
e metal
CH,NH,
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can coordinate through two nitrogen atoms, and the anion of ethylenediaminetetraacetic acid
(EDTA).

~——00C CO0 ——
AN /
CH, ! I CH,
N\, /
N—— CH, —— CH,—— N
/ AN
CH, CH,
~——00C ” N COO —

can coordinate to a single metal ion through four oxygen and two nitrogen atoms, making it a
hexadentate ligand. Much of the dissolved organic matter in natural waters, the humic and
fulvic acids (Chapter 6), functions as multidentate ligands for transition metals. Complexes
involving multidentate ligands are called chelates. In general, chelates are much more stable
than are complexes involving unidentate ligands, and the more complexing groups there are
on a multidentate ligand. the more stable the complex.

Chelates are very important in the chemistry of transition metals and some polyvalent
cations (e.g., AP in natural waters. Consider the formation of a complex between a metal ion
M and aligand L:

M+ nl = ML,

stab T

Because of the exponent n, when the concentration of the ligand is low, only complexes con-
taining one or two ligand groups are likely to be present in significant concentrations.
Chelating ligands contain several complexing groups in one molecule, so 7 is automatically
small. The combination of a high value of K, with a low value of n makes chelate-type com-
plexes important even when the concentrations of both metal and chelating agent are very
low.

The ionic form of a chelating agent

~COO~ vs. ~COOH — NH vs. -~ N

may have a major intluence on the stability constant of a chelate complex. For this reason, the
stabilities of many such complexes are strongly pH dependent.

All outer-sphere complexes are kinetically labile; that is. they form and decompose
rapidly in response to changes in solution composition. Some inner-sphere complexes are
labile and some are inert.

Apparent Equilibrium Constants

A different approach to the problem of determining activity-concentration relationships is through
the use of apparent equilibrium constants. Consider a solution in equilibrium with gypsum:
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Ky = Qe Cgor

sp
— # *
= MearMso,rYeoa Vsl
The subscript T indicates total analytical concentration, including complexed forms. v, 2. and
“{203- are stoichiometric activiry coefficients, which relate the activities of single ions to the
total analytical concentrations of the ions. Stoichiometric activity coefficients differ from the
ionic activity coefficients discussed previously in that stoichiometric activity coefficients
include the effect of complexing, whereas ionic activity coetficients do not.
The apparent equilibrium constant (or apparent solubility product) K :p. is given by
K

7 — P
[\sp nlCaT”%Q, T gt
“Ysoi

Ce

The apparent equilibrium constant is thus analogous to the thermodynamic equilibrium con-
stant, but total analytical concentrations are used rather than activities. Activity-concentration
corrections and the effects of complexing are included in the apparent constant. The apparent
constant cannot be derived from standard thermodynamic data, but can often be measured
experimentally (see, for example, the discussion of the alkalinity titration in Chapter 3). The
approach i1s used most in marine chemistry because in seawater the concentrations of the major
ions (which largely determine activity coefficients) are almost constant. Since activity coeffi-
cients are essentially constant, the apparent constants, once measured, can be used reliably
throughout the oceanic system (see. e.g.. Edmond and Gieskes, 1970). The compositions of
most other natural waters are so variable that an apparent constant measured for one water is
useful for calculations involving that particular water only, so the approach is not widely used.

COMPUTER CODES

Most of the calculations discussed in this chapter can be performed by widely available com-
puter codes. One of the first such codes was WATEQ (Truesdell and Jones, 1974), which is
now available for use on a PC (both IBM-compatible and Macintosh) as the version
WATEQA4F (Ball and Nordstrom, 1991). Another one that is widely used in environmental

. studies is MINTEQ, with the current PC version MINTEQAZ2. We shall use WATEQA4F as an
example here. WATEQA4F takes as an input a chemical analysis of a water, including temper-
ature and pH, and performs the following types of calculation:

1. Tt corrects all equilibrium constants to the temperature of the sample using either the
Van’t Hoff equation or an empirical polynomial.

2. Itcalculates speciarion, the distribution of species for each element, by solving a matrix
of equations consisting of a stability constant for each complex and a conservation of
mass equation for each element. Thus, for example, the total calcium concentration is
distributed among the species Ca’", CaSOY, CaHCOT, and so on.

3. 1t calculates activity coefficients by either the extended Debye-Hiickel equation or the
Davies equation. This calculation requires iteration with the speciation calculation be-
cause speciation affects ionic strength, which affects activity coefficients, as illustrated in
Example 7.
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4. It calculates the state of saturation of the solution with respect to all the solids in its data-
base that contain the elements in the input analysis.

5. It performs a variety of calculations related to oxidation-reduction processes. We shall
defer discussion of redox processes until Chapter 7.

Example §
A water has the following chemical analysis:
Na* 120 ppm SO 1115 ppm
K* 15 ppm cr 1S ppm
Ca*™ 380 ppm HCO; 150 ppm
Mg¥ 22 ppm Si0, 21 ppin
pH 74 Temp. 15°C

Use WATEQA4F to calculate the state of saturation of this solution with respect to gypsum.
Selected parts of the output from the WATEQAF run are shown in Table 2-2. The answer
to the question is underlined

log IAP/KT = —0.236

which means that the solution is undersaturated by 0.236 log units (K7 represents the equilibrium
constant corrected to the temperature of the sample). The corresponding saturation ratio is

SR = (107991 = 0762

The printout also shows that 70% of the calcium and 73% of the sulfate are in the form of free
jons, the remainder forming ion pairs. The activity coefficient for Ca** is 0.5198, and for SO;~
1s 0.5111. The solution is slightly supersaturated with respect to calcite, aragonite, and various
polymorphs of silica, but undersaturated with respect to all other solid phases in the database. It
would have been possible to calculate all this by hand, but when more than three or four elements
are to be considered, a computer becomes almost essential.

Several other codes, for example MINTEQA?Z2 (Allison et al,, 1991) and PHREEQC
(Parkhurst, 1995) perform the same calculations as WATEQ. However they also perform
other calculations as well, which makes them somewhat more complex to use. We shall dis-
cuss both codes in subsequent chapters. These codes all use the single-ion activity coeffi-
cient/ion pair solution model, so they are not suitable for brines. A code PHRQPTZ (Plummer
and Parkhurst, 1990) is available for calculations involving brines. It is limited to calculations
involving the major ious (Na, K, Ca, Mg, Cl, SO,, carbonate species) at present because very
few data are available for interaction coefficients involving other ions,

REVIEW QUESTIONS

Use data from Appendix I or tables in the text. Assume a temperature of 25°C, assume activities equal
concentrations, and ignore complexing unless directed otherwise.

1. Which is more stable at 25°C, gypsum or anhydrite plus water?
2. What is the solubility product of gibbsite (AI(OH),)?
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3. Calculate the concentration of dissolved AP in equilibrium with gibbsite at pH 4 and 5°C using the
data from (a) Appendix Il and (b) Appendix I Does the solubility of gibbsite increase or decrease
with decreasing temperature? How do the results from the two data sets compare?

4. Al* forms a complex AISO in the presence of sulfate.

AP+ 807 = AISOG; K, = 10™

stab
How many ppm of Al (total) would be in equilibrium with gibbsite at pH 4 and 25°C in the pres-
ence of 107 m SO277 (Consider only this one complex and assume activities equal concentrations.)

Al** also forms a complex AI(SO,),

AP+ 2802 = AlSO,) ;5 K, = 104

24

How much does the presence of this complex increase the dissolved Al concentration in equilibrium
with gibbsite at pH 4 in the presence of 107 m SO2™? How does the existence of each of the aluminum
sulfate complexes affect the Al concentration in equilibrium with gibbsite at pH 4 and 107" m SO3™?

6. What is the solubility of BaSO, in water? How does the result compare, depending on whether you
use data from Appendix II or Appendix II?7 How much difference does it make whether it is
assumed that activities equal concentrations or activities are calculated from the Debye-Hiickel
equation?

7. A water has the following chemical analysis:

Na* 120 ppm SO 1115 ppm
K* 15 ppm Cr 5 p{un
Ca®™ 380 ppm HCO,; 150 ppm
Mg* 22 ppm Sio, 21 ppm
St 0.8 ppm pH 7.4

Temp. 25°C

a. What are these concentrations in mmol/kg?
b. Do the charges balance (total positive charges = total negative charges)?
¢. What are the activity coefficients for Sr** and SO;™ in the water?
d. By how much is the water supersaturated or undersaturated with respect to SrSQ,7

8. Perform the calculations in Problem 7 using WATEQ4F or MINTEQAZ2 and compare the computed
results with your hand-calculated results. [s the state of saturation with respect to SrSQO, the same?
Account for any discrepancies between the two results.

SUGGESTED READING

GARRELS, R M., and C. 1. CHrisT. (1965). Solutions, Morgr, F., and I. G. HerING. (1993). Principles and
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Row. A classic in the field. Clear and understand- Wiley.
able introduction to thermodynamics applied to NorpsTRoM, D. K., and J. L. Munoz. (1994). Geochem-
low-temperature geochemistry. ical Thermodynamics (2nd ed.). Boston: Blackwell

MELcHIOR, D. C,, and R. L. Bassert (Eds.) (1990). Scientific Publications.

Chemical Modeling of Aqueous  Systems Il Stumm, W, and J. J. MorGan. (1996). Aguatic Chem-
American Chemical Society Symposium Series istry (3rd ed.). New York; Wiley-Interscience. This
416. Washington, DC: American Chemical Society. book gives extensive treatment of solution chemistry
A series of papers covering various aspects of applied to natural water systems.

chemical modeling applied to natural systems.



3

The Carbonate System
and pH Control

CARBONIC ACID SYSTEM

The pH of most natural waters is controlled by reactions involving the carbonate system. The
carbonate system is also used here as an example of acid-base systems in general; the rela-
tionships developed for carbonate equilibria can be used with little modification for equilibria
involving such species as phosphate, sulfide, and silicic acid.

When CO, gas is brought into contact with water, the CO, will dissolve until equilib-
rium is reached. At equilibrium, the concentration (or, more strictly, activity) of dissolved
carbon dioxide will be proportional to the pressure (or, more strictly, fugacity) of CO, in the
gas phase. At earth—surface conditions, the difference between partial pressure and fugacity
can be ignored. The usual convention is to refer to all dissolved carbon dioxide as H,CO,
(carbonic acid). and thus the dissolution of carbon dioxide in water can be represented by
the equation:

CO,,, + H,0 = H,CO,

for which an equilibrium constant can be written

ST

Keo, = 0 (3-1)

co.4m.0

For dilute solutions, Oy . the activity of water, is very close to 1 (in seawater, it is 0.98, for

example); deviations from 1 will be ignored here. In fact, most of the dissolved carbon dioxide

is in the form of solvated CO, rather than H,CO,, but, provided that equilibrium is established,

the exact chemical form of dissolved carbon dioxide does not affect the equilibrium relation-

ships presented here. It is convenient to adopt the convention that dissolved carbon dioxide is

all H,CO; and to use equilibrium constants consistent with this convention. Eq. (3~1) thus
simplifies to:

Quco, = KC():P co, (3-2)

41
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For every Pgq.. there is a corresponding Oy, .. and for every Qy; ., there is a corresponding
P, In the literature, it is quite common to report Cy,co, as the corresponding P, even
when no gas phase 18 present. K, is often referred to as a Henry's law constant; Henry's law
states that the concentration of a dissolved gas 1s proportional to its pressure in the gas phase.
H,CO; 18 an acid, so it will tend to dissociate into hydrogen and bicarbonate ions:
H,CO, = H™ + HCO;,
An equilibrium constant can be written for this reaction:

iy Oy .
K = SH FHCO (3-3)
Cy.co,
Bicarbonate ion itself dissociates also:

HCO; = H* + CO%

(3-4)

O}-i(.f 03
<

Numerical values for K, , K, and K, are listed in Table 3-1

From Egs. (3-3) and (3—4). the ratios Cy1.c0,/Crco- and Cyeo-/Cep: - depend on the pH
of the solution. When we talk about pH as an independent variable, we are no longer talking
about the system CO,~H,0. To obtain a pH above 7, for example, it is necessary to introduce
some cation other than H*. If we consider a solution containing a total activity of dissolved
carbonate species of 107 (which implies that the solution cannot exchange CO, with a gas
phase), we can calculate the activity of each individual species as a function of pH:

1072 = Cy.co, + Ohneo, + Gcoi
From Eq. (3-3) and Table 3-1:

Onuco, . Qi 563 .

TREO = TH = 0003 g at 25°C

Cjl*«](_,‘()';_ Kl
Ignoring CO3™ for the moment and rounding the value of K, to 107, at a pH of 6.4 the activity
of H,CO, will equal that of HCO7.

TABLE 3-1 Equilibrium Constants? for the Carbonate System
{pK = -log,o K] (after Plummer and Busenberg, 1882)

HEY) P K("()A Pk, pK, PR I?Km,xg PReaico ;h pKe o pRw
0 1.1t 6.58 10.63 8.38 8.22 -0.82 -313 14.94

3 11y 6.52 10.55 8.39 8.24 ~0.90 -3.13 14.73
10 1.27 6.46 10.49 8.41 8.26 -0.97 -3.13 14.53
15 1.34 6.42 10.43 843 8.28 -1.02 -3.15 14.35
20 1.41 6.38 10.38 8.45 8.31 -1.07 -3.18 1417
25 1.47 6.35 10.33 8.48 8.34 -1t ~3.22 14.00
30 1.52 6.33 10.29 8.51 8.37 -1.14 -3.27 13.83
45 1.67 6.29 10.20 8.62 8.49 ~1.19 -3.45 13.40
60 1.78 6.29 10.14 8.76 8.64 -1.23 -3.65 13.02

*based on the infinite dilution standard state

by - 174
Keacor = Ceacoi{OcaTyeos)
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Gy.co _ 10764« 1064 =

Cu,co, T Auco, = 10
Oyi,co, = Oucos = 0.5x 1072 = 10727
Similarly, at pH 5.4,

Gﬂzc(}} — 10+64 . ]0—5.4 — 10-&4

Cucos;
Qyco, T Oyeo, =107

‘Solving these two equations,

Oyico; = 0.09 % 1072 = 107394
The same procedure at pH 4.4 gives

Qyco, = 0.99 1072 =102

Oico; = 0.01 % 1072 = 107°

At pH values above pK, (the notation pX is used to denote ~log,, K, exactly analogous to the
notation for pH), the ratios are reversed. At pH 7.4,

Qyco, = 0.09 x 1072 = (004
Qyeo, = 091 x 072 = 107%™

and at pH 8.4,

Thus it is only at pH values close to 6.4 (the pH corresponding to pK,) that both species
are present at comparable activities and hence comparable concentrations. Below pH 6, essen-
tially all of the dissolved carbonate species are present in the form of H,CO;, and above pH 7

......

For the HCO3/CO3 ™ pair, Eq. (3~4) gives:

Gucos - Gur
GCO{ 10 16.33
This equation is exactly analogous to the one for the H,CO,/HCOj pair except that the cross-

over point is at the pK, value for carbonic acid (pH 10.33) instead of the pK, value. Above pH
10.33, the activity of HCO7 rapidly becomes small, and below pH 10.33 the activity of CO3”
becomes small. These relationships are displayed in Fig. 3-1. This type of plot is sometimes
called a Bjerrum plot. Since the crossover points are far apart, we were quite justified in
ignoring CO%™ when discussing the H,CO,/HCO7 pair and in ignoring H,CO, when dis-
cussing the HCO3/CO;™ pair.
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FIGURE 3-1  Activities of different species in the carbonate system as a function of pH. assuming CO, = 107,
temperature = 25°C. Activities of H and OH™ are defined by pH. This diagram is an example of a Bjerrum plot.

An important conclusion from Fig. 3-1 is that in most natural waters the CO3” concen-
tration is small compared to the HCO7 concentration. It is only in unusual, generally saline,
waters that pH values above 9 are encountered.

Example 1
What is the pH of pure water in equilibrium with the atmosphere (P, = 1077 atm) at 25°C?
Assume activities equal concentrations.
The relevant equations are:

Cico, = Keo fro, (Eq. 3-2)

=107 107 = 107

Qi Oy “
K, = O Guco; (Eq. 3-3)
Qi co,
Qy-Quco, = Ky co, 3-3)

. 10“"().35 - 10 497 . }O“'ilil

The final constraint is charge balance: solutions must be electrically neutral, which means that
the total concentration of cations must equal the total concentration of anions. In the system CO,~
H,0, the only ions present are H*, OH", HCO7, and CO3". The charge balance equation is thus:

My = Myeg, + 2’”(‘01' + Higy

The coefficient 2 before my.,:- results from the fact that each carbonate ion contributes 2 negative
charges.

e know the solution will have to have a pH less than 7 (mathematically. if myeq - or megz-
is finite, my- must be greater than me,-. Thus, from Fig. 3-1, the charge balance equation simpli-
fies to:

My = Myco,
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Assuming O = m, Eq. (3-3) above becomes:
= N2 o= oo
Ay Oyeo, = Ty = 10
O}{{ — 10"566

The pH would thus be 5.66. At this pH, mq: = 1077 and mg,- = 107, which are negligible
compared to 107, confirming that it was reasonable to ignore them in the charge balance equa-
tion. We would thus expect the pH of rain to be around 5.66. In reality the pH of rain is quite vari-
able, influenced by other solutes (particularly acids) derived from the atmosphere (see Chapter 1).

ALKALINITY AND TITRATION CURVES

We mentioned in the preceding section that solutions with pH values greater than 7 must con-
tain cations other than H. This can be seen from considerations of charge balance. It is a fun-
damental principle of solution chemistry that solutions are electrically neutral, that is, that the
total number of positive charges carried by cations must equal the total number of negative
charges carried by anions. The formula is:
Zom;z; =0

where m is the concentration and z the charge of the ith ion.

For the system H,0-CO,, the charge balance equation is

My = Myeo; T zmcog" + nigy-
At pH 7, mye = mgy- (the dissociation constant of water, K, is 107% at 25°C). As mentioned
in Example I above, if myeq; OF mcgy- has any finite value, my. must be correspondingly
greater than mgy-, and the solution will have a pH lower than 7. If we introduce NaOH or
NaHCQO; into the system, the charge balance equation becomes
My + My = Myeo: T 2Mcpa- + Moy-
There are no immediate constraints on the value of m,- and hence pH. For solutions that are
approximately neutral, mys, mqy-, and meq;- are generally negligible compared to my,» and
Nigeo-- In this case the charge balance equation simplifies to
Myas = Myco,
Eq. (3-2) and (3-3) can be combined to give
Q- Qico, = KiKeo fro,

Thus, at constant ., hydrogen ion activity is inversely related to bicarbonate concentration.
In waters in which bicarbonate is the dominant anion (which are common in nature), the total
cation concentration (weighted according to charge) will approximately equal the bicarbonate
concentration, and hence pH and salinity in bicarbonate-rich waters are inversely related.

The charge balance equation can be extended to cover all dissolved species:

My g o 2meee T 2myge

_ n i s e
= Mo+ 2mgort mMycos T 2megrt moy- (3-062)

+ ran()H;d + "llLSiO; + Mys - n}m'gamc anions o
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lons such as Na®, K*, Ca**, Mg?". CI", SO; ™, and NO, can be regarded as conservative in the
sense that their concentrations are unaffected by changes in pH, pressure, or temperature
(withigthe ranges normally encountered near the earth’s surface and assuming no precipitation
or dissolution of solid phases or biological transformations). Ion pair formation (Chapter 2)
will not affect the charge balance equation provided that total analytical concentrations of
each species are used. When solutions are mixed, the concentration of a conservative species
in the mixture ts simply the weighted average of its concentrations in the original solutions.
Eq. (3-06a) can be written:

2. conservative cation (in equivalents) ~ 2 conservative anjons (in equivalents)

= 4= .k - 4y -t o L.
Myco, © 2Meos + Myon,, T Musio, ™ Mus T Morganic anions T Mowr ™ My (3~-6b)

The expression on the right side of Eq. (3—6b) is the total alkalinity, which is formally
defined as the cquivalent sum of the bases that are titratable with strong acid (Stumm and
Morgan, 1996). If the pH of the solution is progressively lowered by addition of a strong acid
(HCI, for example), all the anions on the right will be converted to uncharged species
[H,CO,, B(OH);. H,Si0,. H,S, organic acids. H,O]. The amount of acid required to complete
the conversion can easily be measured (sec below), so that total alkalinity can easily be mea-
sured. Also, since the terms on the left side of Eq. (3-6b) are not affected by changes in P or
7. rotal alkalinity must also be unaffected by changes in P and 7. Total alkalinity is thus a
conservative quantity. Note that the individual terms on the right side of Eq. (3-6b) are not
conservative. A change in 7, for example. will cause a change in K,, which will cause a
change in the ratio mycq- /Mg

In most natural waters, borate, ionized silicic acid, bisulfide, organic anions, hydrogen
ion, and hydroxyl ion are present in concentrations that are very small compared to bicar-
bonate and carbonate. Under these circumstances,

alinity = N
Alkalinity = myeo + 2meo;
The expression {nyc, + 2meq. 7 is the carbonate alkalinity. In most natural waters,
Carbonate alkalinity = Total alkalinity

and hence carbonate alkalinity is generally conservative. Alkalinity is independent of P,
because neither the P, nor the uncharged species H,CO; 1s involved directly in the charge bal-
ance equation. Although an increase in Py, will cause an increase in mye, , the reaction is either

CO,+ H,0 + CO;~ = 2HCO;
or
CO, + H,0 = H" + HCO;

In the first case. the alkalinity gained by increasing e 1s exactly balanced by the alkalinity
lost by decreasing meq- In the second case, the increased HCOS is exactly balanced by
increased HY, so the net effect on alkalinity is zero.

Total dissolved carbonate species, 2.CO,, is also a conservative quantity, provided the
solution cannot exchange with a gas phase.

2C0; = ny o, + Myco, + Meoy

2CO, simply represents the sum of all dissolved oxidized carbon species. It can change only
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if oxidized carbon is added to or removed from the solution. It could also change by oxidation-
reduction processes involving carbon (including biological processes), but such processes are
in a different class from those considered in defining conservative quantities.

Alkalinity Titration

The alkalinity titration is an important analytical procedure in natural-water chemistry. The
titration curve also provides insights into pH stability and buffering, so we shall consider it in
some détail. The treatment is more complicated than that found in most elementary chemistry
textbooks because 1 am deriving equations that are valid for the entire pH range from 14 to 0.
As discussed above. different species are important over different parts of the pH range.

Problem: Suppose that we have 1 7of 2 5 x 107 m solution of Na,CO, in a closed con-
tainer with no gas phase present, and add v ml of Im HCI. How does the pH vary with v, assuming
that activity coefficients are all unity, no gas phase forms, and the total volume remains effectively
179

Starting conditions (before addition of any acid):

niy, = 107, $CO,=5%x10"m
The charge balance equation is:

My = Myco, + 2Megs gy — my:
Until HCI is added, m,;- will be negligible compared to the other terms; therefore,
= 4 D :
My, = Myco- + 2Megs + Moy (3-7)

2C0, = my co, + Myco, + Meo? (3-8)
Since a solution of Na,CO; will be alkaline, we can provisionally assume that my ¢, will be
small compared to e, and meq:. Eq. (3-8) then becomes

2CO; = myeq Lt inco: (3-9)

-2y _ .
Mg —22C0; = Muco, ™ Mon

Since my, = 2 2.CO, (there are two Na atoms per CO, in Na,COy),

K,
- (3-10)

Myco, ™ Moy
’ ]ﬂHr

The result of Eq. (3—10) can also be deduced intuitively; if any CO3 ~ is converted to HCO7, there

will be a net loss of one negative charge per molecule converted. Since the solution must remain

electrically neutral, an additional unit of charge must come from somewhere. The only possibility

is formation of OH", so one OH™ ion must be formed for each HCO?; that is formed from CO; ™.
Eq. (3—4) is (assuming that activities equal concentrations)

K, = My Mo

Myco,
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Substituting Eq. (3—10) gives

2
= MaMeoy 311
2 % (3-11)

Substituting Eq. (3—11) and (3—-10) into (3-7) gives
K 2KK, K
- e

m - W
Nat 2 ’
Mgy " My
Substituting numerical values for my,- and the equilibrium constants and solving the resulting
quadratic gives

—10
,nH* — 1(} 10.96

The pH of the solution before adding any acid would be 10.96. At this pH the assumption that
my, oo, could be ignored in the expression of 2.CO, is obviously justified.

" When we start to add acid, the H' in the acid will be involved in reaction, and the Cl
will simply accumulate. After v ml of acid has been added, the charge balance equation will be

”j;v'a* - ’i’f;f;' = Myeo, T 2Megr t Moy My (3-12)
1077 = 1077y = myco, + 2meps- + moy- — my-
Equations (3-3) and (3-4) can be rewritten as:
Myco, = O, (3-13)
: Mgy
(3-14)
(3-15)
s Kimyco, 2K Ksmyco, 107
My i My :
and substituting (3-13) and (3—15) in (3-8) gives
5% 1073 = My co. + 1y,co, + 1 J?)?ﬂ,_a.o‘ (3-17)
o My My
Elimination of my; o, between (3-16) and (3-17) gives
. SX 107K+ 2Ky /my) 1071 ,
103y =102~ = !( Tefymyge) AU +omy (3—18)

e ~ — > / 3
my + K, — KKy /myy My

Values for .+ can be substituted directly into (3—18) to give the graph shown in Fig. 3-2.
Fig. 3-2 also includes the Bjerrum plot discussed earlier.
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FIGURE 3-2  Titration curve (heavy line ABCD) for 5 x 10 m Nu,CO, with acid, and Bjerrum plot for 2CO, =
3 x 107 m. B is the carbonate end point. C is 4 region of strong buffering, and D is the bicarbonate end point.

The titration curve contains two inflections, or end poinss, at pH values of 8.35 and 4.32.
The corresponding volumes of acid are 5 and 10 ml. At the first end point, we have added just
enough acid (o convert all of the CO%™ to HCO?, and at the second end point, we have con-
verted all of the HCO7 (derived from C()%:‘)}p H,CO,- The expression “converted all the CO3”
to HCOT " is confusing at first, as some CO5” remains at all pH values. The actual equivalence
condition is that

Mepy- = Myco,

In terms of proton balance, 1 unit of CO3™ plus 1 unit of H,CO, is equivalent to 2 units of HCO?,
so that, at the equivalence point, all the dissolved carbonate species are effectively HCO . Note
that in Fig. 3-2 the inflection point on the titration curve corresponds to the point on the
Bjerrum plot where mi.7- = my, .. By similar reasoning, the second end point corresponds to
the condition my = my e, so all the dissolved carbonate species are effectively H,CO,.

For purposes of chemical analysis, the carbonate concentration and alkalinity can be
determined by titration to the two end points. At the end points, the pH changes rapidly with
small additions of acid so that determination of the exact equivalence pH is not critical unless a
high degree of accuracy is required. Traditionally, the carbonate concentration has been mea-
sured by titration to the point where the indicator phenolphthalein changes color (pH approxi-
mately 9), and alkalinity by titration to the methyl orange end point (pH approximately 4).
More accurate analyses use a pH electrode rather than indicators, and either the titration curve
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s,

is drawn out in full. or the titration is performed to a particular pH that is known to be close to
the correct end point.

Gran Plots

For the highest accuracy, a special graphical technique, the Gran plot, is used to determine the
end points (Stumm and Morgan, 1996; Edmond, 1970). The principle of a Gran plot is illus-
trated by the following example: well below point D on the titration curve (Fig. 3-2), the shape
of the curve is determined simply by the buildup of H" in solution from the added acid. The
curvature results from the logarithmic relationship between pH and hydrogen ion activity/
concentration. If 107" is plotted against v for the region around the end point (Fig. 3-3), a
straight line results in the pH region below the end point. Extrapolation of the straight line to
my- = 0 locates the end point with great precision. Conceptually, an added hydrogen ion
during the titration is used first to convert HCO7 to H,CO,, and when that is “complete,” it
builds up in solution. The Gran plot identifies the point at which stoichiometrically all the
alkalinity has been titrated and the buildup of free hydrogen ions begins.

The Gran plot can also be used to locate an end point when the titration curve is incomplete.
it would be very difficult (Fig. 3-3) to identify visually the end point for a sample whose initial pH
was below about 5. With the Gran plot this 1s no problem, and it can even be used to locate the “‘end
point” of a sample with a slightly negative alkalinity. In Fig. 3-2 we ignored the change in volume
of the systern resulting from the added acid. To allow for this, we would plot (V+v) 10" instead
of 10°"" against v (V is the initial volume of sample, v the volume of acid added). Analogous Gran
functions can be formulated for the first end point in the alkalinity titration.

In determining Eq. (3—18) and Fig. 3-2, a necessary input was the value of 2.CO, (here
5 x 107 m). Thus the titration curve can be used to measure 3.CO, as well as alkalinity. The
procedure is explained in detail by Edimond (1970). When alkalinity and 2.CO2 are known, in
situ values for P, , pH. bicarbonate, and carbonate concentrations can be calculated. The titra-
tion can be used to measure 2CO, only if CO, does not exchange with a gas phase (the system

FIGURE 3-3  Titration curve and
Gran function for the alkalinity titra- 6
tion of Fig. 3-2. Note that the -8
straight-line portion of the Gran
function extrapolates to 10.00 ml -7
which corresponds to the inflection
point on the titration curve. 5 BA
Titration curve I
T 15 oF
5 - o
==
4 + X
4t e
3
2
3 1
i ¥ i L i 0
9 8.5 10 10.5 11
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is closed to CO, exchange). In the particular example given, Py, would increase from about
107" atm in the pure Na,CO, solution to about 0.15 atm at the end point, If the titration was
done in contact with the atmosphere (F.. = 107%), CO, would have entered the solution from
the atmosphere at the beginning of the titration and would have diffused out of the solution into
the atmosphere at the end of the titration. Alkalinity can be measured whether the solution is
open or closed to CO, exchange. but 2CO, can be measured only if the system is closed.

At a pH of about 6.4 (Fig. 3-2), the pH of the solution changes very slowly as acid is
added. In this region the solution is strongly buffered with respect to pH change. Buffering
occurs when a protonated species (here H,CO;) and an unprotonated species (here HCO?) are
both present in significant concentrations. When acid is added, the protons combine with
HCO7 to form H,CO,, and the net change in pH is small. Similar buffering by the HCO%/
CO7 pair occurs around pH 18.3.

Inderiving Eq. (3—18) and Fig. 3-2, we assumed that activities and concentrations were
equal, which is obviously not true. Eq. (3—18) is correct in this regard, however, if the K values
represent apparent equilibrium constants (Chapter 2) rather than thermodynamic constants.
The titration curve can thus be used to determine apparent constants in natural waters,
although the apparent constants may be slightly changed by the addition of HCI. The change
is likely to be significant only if carbonate species are the major anions in solution. This infor-
mation is important in determining the stabilities of various complexes and in determining the
state of saturation of a water with respect to carbonate minerals. Eq. (3—18) can be modified
to include the change in total volume as acid is added.

Organic anions present both conceptual and practical problems for the definition of alka-
linity. If the corresponding organic acid had the same pK, value as H,CO, (6.35), there would
be no problem, and the measured afkalinity would be the sum of the carbonate alkalinity and
the concentration of the organic anion. Most organic acids, however, have pK, values around 4
or 5 (Table 6-1). At the pH of the bicarbonate end point (about 4.5), some fraction of the
organic anions will be converted to undissociated acid, and some will remain as anions. If the
concen-tration of organic anions is much less than that of bicarbonate, the titration curve will
show an inflection at the bicarbonate end point, and the measured alkalinity (defined by the
bicarbonate end point) will equal the sum of carbonate alkalinity and that fraction of the
organic anions that has been titrated by the pH of the carbonate end point. As the
concentration of organic anions increases relative to carbonate species. the inflection at the
bicarbonate end point gradually dis-appears and cannot be used to define the pH
corresponding to zero alkalinity. One approach is to define a certain pH (say 5.0) arbitrarily
as the zero point of alkalinity; the alkalinity would then be the amount of acid required to
bring the sample to that pH. This definition is conve-nient, but the alkalinity so defined is
not conservative. Another approach is to include all organic anions in the definition of
alkalinity. The problem wih this approach is that some
organic acids are quite strong (e.g., oxalic acid has a pK, of 1.2, which makes it a stronger
acid than HSO7}). It is impossible to measure anions of such strong “weak™ acids by acid-base
titra-tions; thus, although alkalinity so defined is conservative, it is not directly measurable.

Acidity {equivalent to the terms mineral acidiry or strong acidity of other authors) can
be defined as the negative of alkalinity, that is, as the amount of base required to raise the
pH of the sample to the bicarl;r(l)}rll‘ug ggﬁic%(?h}[_t‘g;;izzgigitﬁy_ifnggsiti\re,
which means, from charge balance considerations. that an anion of an acid stronger than car-
bonic acid must be present. In nature, the anion is commonly sulfate.
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Hydrolyzable cations such as aluminum also contribute to acidity, because they are
titratable by base. If a solution containing AI** is titrated with strong base, the following reac-
tions will occur:

A" + 30H™ = Al(OH),
AI(OH)** + 20H™ = Al(OH),
AI(OH); + OH™ = Al(OH),

i

The acidity (the negative alkalinity) thus becomes (ignoring CO3 and OH™)
Acidity = my. — myeq: + 3maps + 2mg 0 T Mayomys ™ Mayom:

The contribution of Al species to the titration acidity is called aluminum acidity. The solubility
of AI{OH); at around pH 5 is small, so the presence of dissolved Al species does not in prac-
tice complicate the definition of the pH corresponding to zero acidity/alkalinity. The behavior
of Fe** is analogous to that of AI*",

CALCIUM CARBONATE SOLUBILITY

The solubility of calcium carbonate can be understood by adding one more equation to the
equations for the carbonate system discussed in the preceding section. The solubility products
of calcite and aragonite are defined by the equations

Kew = Qe Qoo = 10 4%t 25°C

K = G(‘R”‘OCOE’ = ]G-&'“ at 25°C

arag
Values for the solubility product at other temperatures are listed in Table 3-1. Aragonite is the
less stable polymorph of calcium carbonate at 1 atm pressure, and hence it is more soluble
than calcite.

Garrels and Christ (1965) discuss at length calculations involving calcite solubility, and
only a few examples will be given here. Most problems reduce to setting up a sét of equations
consisiting of equilibrium conditions (the expressions for Kq,,. K|, K. K, and K_)), a charge
balance equation, and some other condition. The other condition is usually either a fixed value
of Pr, if an open system is being considered, or a fixed value of 2.CO, if a closed system is
being considered. This set of equations usually describes the system completely, and all that
remains is algebraic manipulation to get the desired answer.

Example 2
What is the pH of pure water in equilibrium with the atmosphere (Pp, = 107 atm) and calcite at

25°C7? Assume activities equal concentrations.
This example is similar to Example 1, with the addition of calcite. From Example 1:

.o, = Ko Feo.

- }0 147 1035 - ]0”4‘97

Oy o
K, = “ECHGOs

Gy o,

Ay Ayeo, = K| Kcojp co, (3-19)
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The charge balance equation, however, becomes
My + 2nics = Mycos + 2m(30;;~ + Moy~

If the pH is near-neutral (which we can venfy later), this simplifies to:

it T Myeps (3-20)
The solubility of calcite is defined by:

Ker = Qe Teor (3-21)
and since we have introduced Q- as a variable, we shall need the expression for K
K, =~ [Eq. (3-4)] (3-22)
GHCO?

We now have six unknowns (Feg . Oy co, Qo ooy s Geg Oyr) and, assuming O = m, six
equations relating them (fixed P, , equations for Ko, . K|, K,, K, charge balance equation). It is
now a matter of manipulating the equations to get the desired answer. There are several ways of
eliminating the “unwanted” variables: the method shown here leads directly to an equation
relating pH and B, .

Rewriting Eq. (3-22):

Substituting this in Eq. (3-21):
Gyco;,
O(?n‘ KB o= Kcal
Q-

Substituting for Q¢ from Eq. (3-20) (assuming & = m),

) QL
1 o Qucory L.
(EOHCO,)AZ( ) = Kea
Qg

and for Q- from Eq. (3-19),
cal

which rearranges to:

K- Kj Igéﬁffﬁzo K3
OH‘ - 2 K

cal
Substituting the numerical values for the constants and £, ,
Qe = 1078

The pH would thus be 8.26.
We can now check whether we were justified in neglecting meg,; and my- in the charge
balance equation. Rearranging Eq. (3-22):
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The carbonate activity {concentration) is thus less than 1% of the bicarbonate activity {concentra-
tion), so it was reasonable to ignore it. The Ca** activity in the solution (see following examples)
is 107%, which is much larger than - (107%%). Tt was thus reasonable to neglect H' in the
charge balance equation. As a general rule, mgp+ will be orders-of-magnitude larger than my. in
solutions that are in equilibrium with calcite.

Example 3
Express the solubility product of calcite in terms of bicarbonate activity and £, instead of car-
bonate activity. Recalling Eqs. (3-1 to 3-3):

(3-23)
(3-24)
(3-25)
(3~26)
Rearranging Eq. (3-24) gives
(3-27)
Rearranging Eq. (3-25) gives
KyQhuco,
Opgz- = 5 (3-28)
Qg+
Substituting Eq. (3-27) in Eq. (3-28) gives
. Kzoégy;
Qeor = 7 T
KOy o,
Substituting this in Eq. (3-26) gives
Ghico.
Kc:x} = G(Ia"' Seonees
KiQy co
or
2 .
Crye-Oheos - KK, = 107430 4 25°C
Gy co, K,
or, from Eq. (3-23):
2 >
Ao Tico; _ KaKiKeo, _ 107597 at 25°C (3-29)
Peo, K, ; ‘

Eq. (3~29) is useful in understanding natural waters, because controlling variables in many nat-
ural systems are CO, and m ¢~ For example, photosynthesis

CO, - C, + O,  (C,,, represents organic matter)
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will remove dissolved CO,, which will increase the state of saturation (i.e., it would tend to cause
calcite to precipitate). Aerobic respiration or decay

C

‘org

+ 0, = CO,

will decrease the state of saturation and tend to cause calcite to dissolve. Anaerobic decay with
sulfate reduction (see Chapter &) can be represented in a simplified way by the equation

SO;™ +2C,, + 2H,0 — H,S + 2HCO;

org

Sulfate reduction causes an increase in alkalinity and thus tends to cause precipitation of calcite.

Example 4
How does the calcium concentration of pure water in equilibrium with calcite vary as a function
Tl 3
of PC(,:.'
In this example we shall not assume activities equal concentrations. We can start from
Eq. (3-29) from the previous example:

The charge balance equation is

Myt 2megee = Mygegs T 2megs F megy- (3~31)
If we restrict our attention to the pH region below 9, myy-, mqy-, and 2 meq; will be small com-
pared 10 2m - and My in the charge balance equation (small quantities can be neglected when
they are added to or subtracted from large quantities; they may not be neglected when they mul-
tiply or divide large quantities). Eq. (3-31) then simplifies to

2o = Mycos (3-32)
or
20cs _ Gco;
Year Yuco,
or
_ YHeo
Oyeo; = 200 7
Year
Substituting this in Eq. (3-30) and rearranging gives
K K_ K.
mi o = P ——RLCO: (3-33)
Ca CO, 4K 2
2Yca Yuco:

which is the desired relationship.

The relationship is shown graphically in Fig. 3-4, assuming 25°C and a total pressure of |
atm. The calculation of the activity coefficients can be done by an iteration procedure similar o
that used in Example 6 of Chapter 2. For each value of F-y, a preliminary calculation is made,
assuming that activity coefficients are unity; the concentrations of all species are calculated on
this assumption, and these concentrations are used to calculate e,z and yye- by the Debye-
Hiickel equation. These vy values are then used in Eq. (3-33) to give better values for m > and,
hence, the concentrations of other dissolved species, and the cycle is repeated until consistent
results are achieved.
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FIGURE 3-4 Concentration of caleium in equilibrium with calcite as a function of Pq_in the system CaCO;~
CO,~-H,0 at 25°C and 1 atm total pressure. For explanation of points A, B. and C, see text.

It is interesting to note on Fig. 3-4 that the relationship between m¢ 2+ and Fr;_ s not linear.
For example, if a water in equilibrium with calcite at Py = 0.06 atm (A in Fig. 3-4) is mixed with
a water in equilibrium with calcite at Pr, = 0.006 atm (B in Fig. 3-4), the resulting water (C in
Fig. 3-4) is not in equilibrium with calcite. In fact, it is undersaturated and could cause dissolution
of calcite. In general, mixing of two waters of different compositions, both of which are in equi-
librium with calcite, can frequently result in a water that is not in equilibrium with calcite. It may
be supersaturated or undersaturated, depending on the particular compositions or the waters
involved (Runnells, 1969; Wigley and Plummer, 1976). Supersaturation would occur if, for
example, a water with high calcium concentration and low alkalinity mixed with a water of high
alkalinity and low calcium concentration.

Example 5

How does the presence of dissolved sodium bicarbonate affect the concentration of dissolved cal-
cium in equilibrium with calcite at different CO, pressures?

The equations for solving this problem are identical with those for Exampie 4 except that
the charge balance equation becomes (for pH values below 9)

Myge + 2icp0 = Myees
Substituting this equation for Eq. (3-32) in Example 4 and following the same derivation, Eq. (3-33)

becomes

2

Mgger (g, T+ 2mege)™ = (3-34)

This relationship is shown graphically in Fig. 3-S. The presence of excess NaHCO, decreases the
concentration of Ca** in equilibrium with calcite. This is the familiar common-ion effect in solu-
tion chemistry. In alkaline brines where the Na* concentration is very high, the dissolved Ca™
concentration is often vanishingly small (see Chapter 15).

Example 6

How does the presence of dissolved calcium chloride affect the concentration of dissolved cal-
cium in equilibrium with calcite at different CO, pressures?
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FIGURE 3-5  Concentration of cal-
cium in equilibrium with caleite as a
function of P, and Na” concentra-
tion in the system CaC0,~Na,CO,~
CO,~H,0 at 25°C and | atm total
pressure.
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Again, the basic equations are the same as in Example 4. except that the charge balance
equation is now
3 —_ Il
adllegne 7 ;/HHC()".' T chr
Using the same procedure as in Examples 4 and 5 gives the final equation:
KiKaiKeo.

L p (3-35)
Ky¥ea Yirco,

2 — Vo p
frgger (2o = Rigy ) Feo

This relationship is shown in Fig. 3-6. The concentration of calcium eguivalent to chloride is not
affected by changes in Fi, . The additional Ca’" balanced by carbonate species is related to Py,
in a way that is rather similar to that of the simple system without CI” or Na™.

FIGURE 3-6 Concentration of 10 T 7 T
calcium in equilibrium with calcite
as a function of P, and CI” concen-
tration in the system CaCO;~CaCl~
CO,~H,0 at 25°C and 1 atm total
pressure.
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These three examples cover all of the possibilities in common natural-water systems.
The general charge balance equation is

. P S I 4D o 3 . 25 P
Mygs + Myee + 2meee + 2y = Myee: F Imegz F Mep T 2Mgar F M pecies
This can be rewritten as (1gnoring minor species):
1 o - " A o) N = 40 s
Magr + e o+ ZmMg.‘ My 2inggr- + 2mey e, + 2Meo:

M

If the expression M is positive, then M is exactly analogous to Na™ in Example S, and M can
be substituted for my,- in Eq. (3-34). If M is negative. then M will be analogous to ClI” in
Example 6, and M may be substituted for mg,- in Eq. (3-35). Seawater is a good example of a
water in which M is negative.

Some general relationships among species in the carbonate system are shown in Fig. 3-7.
In constructing Fig. 3-7. it was assumed that, when 2m >« was less than alkalinity, the differ-
ence was made up by Na*; when 2m.,»- was greater than alkalinity, the difference was made
up by CI".

DOLOMITE

Dolomite has a chemical formula CaMg(CO5;), and a crystallographic structure similar to that of
calcite, except that the Ca and Mg atoms are arranged in separate planes. The ordering of the Ca
and Mg atoms distinguishes dolomite from a high-magnesium calcite of the same composition.

T 1 T T I { i
10 |~ log Peg,
— 4 L
.‘m‘”"‘——
o R
9 LIRSl TL T ——
- 30 -
[ &} ¢ 1 P
~2.5 =
T "
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m—
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Lo oTeT) 1 PUSN———
; g, —1.5 ™
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=== ———
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L 1 ! . 1 {
i { { I i 1 f
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Alkalinity {mea/)

FIGURE 3-7 Relation among pH. alkalinity, F, , and calcium concentration in waters saturated with respect to
calcite ar 25°C and | atm total pressure. Heavy lines are contours of equal Pa,. light lines are contours of equal
calcium conceniration, and the dashed line is the locus of compositions where the calcium concentration exactly
balances the alkalinity. For assumptions, see text {after Drever, 1972).
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Protodolomite is a partially disordered form of dolomite; it usually contains more Ca and less
Mg than the ideal formula.
The solubility of dolomite can be represented by the equation:

CaMg(CO;), = Ca™" + Mg™" + 2C05"

4 2
Koo = Qg Oy Qo

"
There has been considerable disagreement in the literature as to the correct value of K, . The
disagreement results from the fact that dolomite is very unreactive at low temperatures. At
25°C it is almost impossible to make dolomite grow in the laboratory, and dolomite dissolves
only slowly in solutions that are strongly undersaturated with respect to it. The most accepted
value for K, is about 1077, which is deduced from the compositions of groundwaters that
have spent a long time in dolomite aquifers (Hsti, 1967).

In nature, dolomite is generally formed by alteration of calcite (or aragonite). The equi-
librium constant for the reaction can be written

CaMg(COy), + Ca’™ = 2CaCO, + Mg**

dolomite calcite

In solutions in which the ratio Qy,2-/C 2+ is higher than K, dolomite is more stable than cal-
cite, and vice versa. K, is related to K, by the equation:
Ko

Ku‘ = 2
) K

cal

107172

1o 16 = 1077

= 0.6

There is a large uncertainty associated with this number, but caleite is probably unstable with
respect to dolomite in surface waters in which the Oy 2/Q¢ 2 ratio is greater than 1. However,
because the reaction is kinetically slow, calcite is raré!y converted to dolomite at low temper-
atures unless the Qy2+/Ae - ratio is considerably higher than 1. The conversion is more rapid
in the absence of sulfate (Baker and Kastner, 1981).

HIGH-MAGNESIUM CALCITE

Magnesium can substitute for calcium in the calcite structure. The caleite formed in modern
shallow-marine environments commonly contains 11 to 19 mole percent MgCO; and is called
high-magnesium calcite. Calcite containing 5 percent or less MgCO, is referred to as low-
magnesium calcite. In discussing the stability of high-magnesium calcites, it is important to
define what is meant by stability. All high-magnesium calcites are unstable with respect to
low-magnesium calcite plus dolomite. This is of little importance in surface-water chemistry
because dolomite is so kinetically inert.
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Equilibrium between high-magnesium calcite and a solution can be defined in terms of
a cation-displacement reaction and in terms of a solubility reaction. For cation-displacement
equilibrium between a high-magnesium calcite and solution,

CaCo, + Mg¥* = MgCO + Ca?t

3isolid soln in calcite) 3(solid soln in calcite)

g )

{ Gmgco, ~ & ot
K - Mg Ca )
\Ceaco, Jeacire e Jag

In general, the Ca~Mg carbonate solid solution will be highly nonideal, so no simple linear
relationship will exist between the concentration ratio in the solid and the concentration ratio
in solution. However, for any particular ratio in solution, there is a corresponding unigue ratio
in the solid, and when the ratio in solution varies, so should the ratio in the solid.

Solubility equilibrium or, more strictly, stoichiometric saturation can be defined by the
equations:

Mg Ca,,_,CO, = xMg™" + (1-x)Ca”" + COy

K, = Oy, 0" Qg (3-36)

Measurement of K is complicated by the m_[ iimt when high-magnesium calcites are placed
in water, they mmaﬂv dissolve congruently,” but as the concentration of ions in solution
increases, dissolution becomes incongruent. During incongruent dissolution, a low-magne-
stum calcite precipitates as the high-magnesium calcite dissolves. Plummer and Mackenzie
(1974) and Bischoft et al. (1987) estimated the solubility of high-magnesium calcites by mea-
suring the rate of dissolution when disselution was congruent and extrapolating the results to
infinite time. There is some disagreement about the validity of this approach, but there is a
consensus that calcites containing some magnesium, probably up to at least 5 mole percent
MgCO,, are more stable than pure calcite in seawater.

For true equilibrium, the equations describing cation displacement and stoichiometric
saturation must both be satisfied. Stoichiometric saturation is commonly attalmd much more
rapidly than cation displacement equilibrium.

GROUND- AND SURFACE WATERS IN CARBONATE TERRAINS

The equations derived in this chapter provide a good framework for understanding the chemistry
ol waters in limestone aquifers. Rainwater is in equilibrium with atmospheric carbon dioxide,
which has a partial pressure of 107 atm. The gases in soils commonly contain much more CO,
(typically 107 to 107"* atm) than the atmosphere as a consequence of respiration and decay of
organic matter. As rain percolates through soil, its CO, content increases, typically to an equiva-
lent Py, of 107 or so. The additional CO, from the soil greatly increases the amount of CaCO,
the water can dissolve. The amount of CaCO, dissolved per liter of percolating water (and hence

‘Congruent dissolution occurs when the entire solid dissolves: incongruent dissolution occurs when part of
the solid dissolves, leaving behind a solid phase different in composition from the original.
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the Ca** concentration in the water) depends on the initial CO, concentration and on the extent
to which the CO, in the water can be replenished by exchanging with a gas phase. 1If CO, is not
replenished (the system is closed to exchange of CO, gas), the amount of calcite that a water can
dissolve is essentially limited by the amount of CO, present initially, since dissolution follows
the equation:

CaCO, + H,0 + CO, = Ca®* + 2HCO;

If the system is open to CO,, the ., of the water will remain constant, and CO, will be trans-
ferred from the gas phase to replace the CO, consumed by dissolution of calcite. In this case,
the dissolution of calcite is not limited by the availability of CO,; more calcite will dissolve
under open-system conditions than under closed-system conditions.
Example 7
Pure water at 25°C is in equilibrium with CO, at a partial pressure of 107% atm. How much calcite
can the water dissolve, assuming (a) a closed system (no exchange of C®, with a gas phase); (b)
an open system (£, remains constant}? In case (a), what will be the final Fr, of the system?
Assume that all activity coefficients are unity.
The equilibrium equations for the carbonate system are:

a L0

K = —HiCO; (3-37)
€O, P

€O
_ Qy-Yco.

Cipco,
- Gy Qe

Chico;

K. = Qep Qeo. (3-40)

The charge balance equation is
g T 2meger T Mg + 2"’co{' + Mgy

If the final pH is less than about 9, m ¢ mgy . and meq: will all be small compared to 2m. - and
e - Assuming that these terms can be neglected, and introducing the assumption ¢ = m, the
charge balance equation becomes

20¢,+ = Qyeos (3-4D)

We now have five equations in six unknowns. The other equation necessary to solve the system in
case (b) is simply

P“Uz constant = 1072
In case (a) the condition is conservation of carbonate species; that is

vy -
Z(()I - zC()Z mital + ‘S-‘c ()_’ from dissolution of CaCQOx

_ 14 A
= (M co) inna T mCa (3-42)

where (), means before any CaCQ, dissolves (107 x 107" m), and m.» comes from the fact

that cach mole of CaCO; that dissolves adds | mol of Ca® and 1 mole of .CO,. If Mgy can be
neglected in the expression of 2.CO,, Eq. (3—42) becomes
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My co, T Mucor = My co i + e

which rearranges to

(3-43)

(Myy.00 Jinigal = My,co, T Muco; ™ Meg
All that remains now is algebraic manipulation. Dividing Eq. (3-38) by (3-39) gives

K, G

K,  QycoQcor

Substituting (3—40), (3-43), and (3—41) in this gives

which, assuming that Q = m, rearranges to:

oo
3 L A!Kc\sl
Mgz T 7T e ™

4K,

=0

This cubic equation is solved to give
Moy = 334 x 107 m
= 33.4 mg CaCOy/kg of water
The equations for case (b) were derived in Example 4. Substituting the appropriate numerical
values in Eq. (3-33) gives
Mepe = 1.39 x 1077
= 139 mg CaCOy/kg of water

Thus the amount of CaCQO, dissolved under open-system conditions is approximately four times

that dissolved under closed-system conditions. The factor of 4 applies only to the example of Fgq,

= 107%; other factors apply at other P, values. ’
To calculate the final Fr in the closed system, we can rearrange Eq. (3-33) to

i, 4K,
P co, T K}: .
i -calK’(.‘(\;
Substituting the value we calculated for mp- gives
Peo, = 10744

Thus the dissolution of calcite in a closed system has reduced the F., from the relatively high
value of 107 to the below-atmospheric value of 107, Finally, we can calculate the pH from
Eq. (3-38). The result is 8.50; at this pH our assumption that my, May- and 22~ could all be
neglected in the charge balance equation and the equation for CQ, is justified.

The conclusion from Example 7 is that the amount of CaCO, dissolved by a percolating water
depends critically on whether the water is in communication with a gas phase while the min-
eral is dissolving (Fig. 3-8). Measured P, values in groundwaters in limestone aquifers are
almost always above atmospheric (e.g.. Back and Hanshaw, 1970; Holland et al., 1964;
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FIGURE 3-8 Changes in composition of carbonated water as it equilibrates with calcite when the system is
either open or closed to exchange of CO, gas. Initial P,_values of 107 and 107 atm. (After Holiand et al., 1964.
Reprinted from Journal of Geology by permission of The University of Chicago Press.)

Langmuir, 1971), suggesting that dissolution takes place largely under open-system condi-
tions. Plummer (1977) showed that the main Floridan aquifer (a limestone aquifer underlying
most of Florida) was receiving soil-derived CO, over a significant distance “downstream”
from its recharge area.

In summary, waters in limestone aquifers generally have Ca?* and HCO7 as the major
dissolved species and are generally close to equilibrium with calcite. The Ca®* concentration
(and TDS) depends on the F.,, of the water, which is generally controlled by the soil atmo-
sphere in the recharge area. The main exceptions to these generalizations are waters in deeper
aquifers which have received solutes by mixing with waters from other sources or which have
received solutes by dissolution of gypsum or halite.

Two examples of groundwaters from limestone aquifers are shown in Table 3-2. The first,
from central Florida, shows the typical dominance of calcium and bicarbonate. Some magne-
sium is also present, derived from either magnesian calcite or dolomite, but other species are
generally minor. The silica was probably derived from siliceous microfossils in the rock. The
water is close to equilibrium with calcite at a Pr, of about 107 atm. The second analysis
shows several differences. The calcium and bicarbonate concentrations are higher and the pH
is lower because the water is in equilibrium with calcite at a higher B.,, value (1072 atm). The
strikingly higher nitrate concentration is an indication of contamination by sewage, agricultural
wastes, or fertilizers. Indeed, Langmuir (1971) concluded that the nitrate, sulfate, chloride,
potassium, and sodium were all largely derived from human activities—sewage, fertilizer, and
salting of roads in winter. Near-surface carbonate aquifers are particularly vulnerable to conta-
mination because water commonly moves rapidly both vertically and horizontally in relatively
large openings and because the aquifer material has little sorptive capacity.

The weathering of dolomite is closely analogous to that of calcite, except that rates are
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TABLE 3-2 Chemical Analyses {mg//] of
Groundwaters in Carbonate Aquifers from
Central Florida (from Back and Hanshaw, 1870)
and Central Pennsylvania {from Langmuir, 1871]

Florida Pennsylvania

Ca®' 34 83
Mg** 5.6 17
Na* 32 8.5
K 0.5 6.3
HCO;, 124 279
SOy 2.4 27
cr 4.5 17
NO3 0.1 38
Si0, 12 e
pH 8.00 7.36
T 25°C 10°C

normally dissolves congruently. In a rock containing both calcite and dolomite, the water
should ultimately come to equilibrium with calcite and dolomite, in which case:

g2 .
OcgQegy = 10754

In practice, establishment of equilibrium with dolomite is slow. Such waters usually
contain more calcium than magnesium near the recharge area because calcite dissolves more
rapidly than dolomite. Over time periods of thousands of years, however, the magnesium/cal-
cium ratio of the water rises to the “equilibrium” value (e.g.. Plummer, 1977). Quotation
marks are used because, as mentioned earlier, the equilibrium solubility of dolomite is calcu-
lated from analyses of groundwaters from dolomite aquifers, which are presumed to have had
sufficient time to reach equilibrium.
Example 8

Use WATEQA4F to calculate the equilibrium F., and the state of saturation of the Pennsylvania

water in Table 3-2 with respect to calcite and dolomite.

The data input is straightforward. When an item is requested for which you have no
data. or which does not apply (e.g., redox calculations in this example), it is usually sufficient
to hit a carriage return to move on to the next question. There are some complications associ-
ated with how alkalinity is entered into the data input file: (a) Only one set of input units is
allowed. If the input units chosen are mmol/kg, alkalinity is simply entered as meg/kg.
However, if the input units chosen are ppm or mg/l and alkalinity is reported in meg/kg, the
alkalinity must be converted to the equivalent ppm HCO (multiplied by 61); (b) You are given
a choice of whether vou want to correct the alkalinity for contributions from species such as
B(OH); and H,S10, or whether alkalinity should be considered entirely carbonate alkalinity;
{¢) You are given the choice of entering a 2CO, value instead of an alkalinity value.

Selected parts of the output are shown in Table 3-3. For the Pennsylvania sample,
Prg. = 9.67 x 107 (10797 atm and log (JAP/K) is 0.027 for caleite, ~0.513 for dolomite (¢)
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Review Questions 87

and —1.127 for dolomite (d). The (¢) and (d) refer to well-crystallized (ordered) and disordered
dolomite respectively. Well-ordered crystals are always less soluble than disordered crystals
(which commonly form at low temperatures in nature). The WATEQ4F database includes sep-
arate solubilities for crystalline and disordered forms for some solids and not others,
depending on whether data are available. The water is thus very slightly supersaturated with
respect to calcite and undersaturated with respect to both forms of dolomite.

REVIEW QUESTIONS

In the following problems, assume activities equal concentrations and ignore complexing unless
instructed otherwise. Use the constants in Table 3-1.

h

&

10.

11.

What is the pH of pure water in equilibrium with 1 atmosphere of carbon dioxide at 25°C?

What is the pH and calcium concentration of pure water in equilibrium with calcite and one atmo-
sphere of CO, at 25°C?

What is the calcium concentration in a water in equilibrium with calcite at a P of 1072 atm at
577

The water in question 3 is warmed from 5° to 25°C. How much calcite should precipitate, assuming
chemical equilibrium and (a) constant £, ; (b) no loss or gain of CO, gas? In case (b}, what will be
the final pH and P, ? h

A 0.01-m NaHCO, solution is allowed to equilibrate with calcite at a P, of 107" atm at 25°C. How
much Ca®* (in ppm) will the solution contain, and what will be its pH?

A 0.01-m CaCl, solution is allowed to equilibrate with calcite at a Py, of 107 atm and 25°C. What
will be the resulting pH and HCO7 concentration? )

What should be the pH of a puddle of rain on an outcrop of dolomite at 25°C? (Assume chemical
equilibrium.)

An “ideal” rain consists of pure water in equilibrium with CO, at a partial pressure of 1077 atm. By
how many millimeters per century should limestone exposed to this rain be dissolved if equilibrium
is attained? Assume a rainfall of 1 m/year, 25°C, a system open to CO,, and a density for calcite of
2.7 g/em’,

If the rain in question 8 were “acid,” containing 0.1 meg/kg of free acidity, how many millimeters
per century would be dissolved?

A river water has the following chemical analysis:

Na* 11.4 ppm SO 58 ppm

K* 1.56 ppm Alkalinity 1.30 meg/kg
Ca™* 24.0 ppm pH 8.10

Mg® 10.0 ppm Temp. 10°C

Cr 1.9 ppm

With what F., would the water be in equilibrium? By how much is it supersaturated or undersatu-
rated with respect to calcite? (Calculate activity coefficients by the Debye-Hiickel equation,
Chapter 2.)

Perform the same calculations as in Problem [0 using the WATEQ4F code. How do the results
compare to your “hand-calculated” values?
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Clay Minerals
and Cation Exchange

The clay minerals are defined as fine-grained, crystalline, hydrous silicates with structures of
the layer lattice type. They are the most common products of water-rock interaction under
earth—surface conditions. As a consequence of their structures, clay minerals are effective ion
exchangers. Since clay minerals are so closely involved in processes regulating the chemistry
of natural waters, some knowledge of their structure and chemistry is essential.

The term clav is also used in geology to denote a grain size (measured by settling
velocity in water) of less than 2 um (or, less commonly. less than 4 um). Although most clay-
sized materials in nature are clay minerals, and most clay mineral particles are clay-sized, the
correspondence between the terms is by no means exact. The clay fraction (grain size) of soils
and sediments usually contains quartz, feldspars, iron oxides. and carbonates in addition to
clay minerals, and clay minerals, particularly kaolinite and chlorite, often occur with grain
sizes larger than 2 pm.

MINERALOGY AND COMPQOSITION
Brucite [Mg{OH],] and Gibbsite [AI{OH],]

Although not strictly clay minerals, brucite and gibbsite form a good starting point for discus-
sion of clay mineral structures. Both consist essentially of two close-packed shects of
hydroxyl ions (Fig. 4-1) with magnesium or aluminum ions in octahedral coordination
between them. A close-packed layer is one in which the hydroxyl ions (which. for the purposes
of the present discussion, can be regarded as rigid spheres) are arranged in the most compact
way possible in a single plane. The second close-packed layer of hydroxyl ions is positioned
so that the spheres in the upper plane sit in depressions between the spheres of the lower plane.
just as a second layer of tennis balls would lie on an initial Jayer (in the absence of constraints.
such as a box). Between the layers of hydroxyl ions are two types of hole: smaller terraliedral
holes, as they are called, in which the hole is surrounded by four hydroxy! ions in positions
equivalent to the corners of a regular tetrahedron, and larger octahedral holes, in which there

69
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{b} {c)

FIGURE 4-1 Two close-packed sheets of hydroxyl ions. superimposed as in the structures of brucite and gibbsite.
(a) The two-Jayer sheet (lower sheet shaded) viewed from above: T and O are tetrahedral and octahedral sites. re-
spectively. (b) Arrangement of hydroxyl ions around a tetrahedral site. (¢) Arrangement of hydroxyl ions around

an octahedral site. In (b) and (¢), and in subsequent diagrams. hydroxyl (and oxygen) ions are shown for clarity as
small circles separated from each other. In fact. the hydroxyls (oxygens) are “touching.” and cations such as Al
and Mg fit in the holes between them, )

are six surrounding hydroxyls in positions corresponding to the corners of a regular octahe-
dron (Fig. 4-1). In the brucite structure, each octahedral hole is occupied by a magnesium ion
(Fig. 4-2). Thus each Mg®* ion is coordinated by six OH™ ions. and each hydroxyl ion is coor-
dinated by three Mg®* ions, which corresponds to the formula Mg(OH),. If trivalent AI** is
substituted for Mgzi the brucite structure shown would not be possible, because there would
be more positive than negative charges. This problem is overcome in the gibbsite structure by
leaving every third octahedral hole empty (Fig. 4-2). The formula is then AI(OH);, and the
charges balance. Clay minerals related to gibbsite are called dioctahedral, because two out of
every three octahedral sites are occupied. Clay minerals related to brucite are called triocra-
hedral. Natural gibbsites appear to be close to the ideal composition; some Fe™ sometimes
substitutes for AI**. Some Fe®* may substitute for Mg™* in the brucite structure. Al**, Fe®,
Fe®, Mg® and Li* all have ionic radii between 0.5 and 0.75 A, which allows them to fit into
the octahedral holes. The radii of Ca®* (0.99 A). Na* (0.95 /Q\)\ and K* (1.33 A) are too large to
allow these ions to tit into octahedral holes.

The individual sheets of brucite and gibbsite are held together by van der Waals forces.
The van der Waals force is a weak attraction that exists between any two atoms (or planes of
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Hydroxyl
{lower plane)

Hydroxy!
{upper plane)

Mg?" in brucite
vacant in gibbsite
Mg®" in brucite
AR in gibbsite

(BMg¥)or2 A plus
vacancy)

Hydroxy!

FIGURE 4-2  The structures of brucite and gibbsite. (a) Vertical view of a sheet, showing location of cations and
(in gibbsite) vacancies in octahedral sites. (b) Schematic cross section of sheet; hydroxyls shown are not in the
same vertical plane as the cations.

atoms). Compared to electrostatic forces, such as those that bind the Mg® and OH™ ions
within each brucite layer, the van der Waals force is much weaker and is effective over
shorter distances. Brucite and gibbsite are very soft minerals because the cohesive forces
between successive planes are so weak.

Kaolinite and Related Minerals

Kaolin Group. Kaolinite consists of an octahedrally coordinated layer of alu-
minum ions closely analogous to gibbsite and a layer of tetrahedrally coordinated silicon
atoms (Fig. 4-3). The silicon ion (smaller than AI*") is so small relative to oxygen and
hydroxyl ions that it fits into tetrahedral sites similar to those illustrated in Fig. 4-1. Oxygen
and hydroxy! ions are essentially the same size, so interchanging oxygen and hydroxy! ions
makes no difference to the geometry of the brucite/gibbsite layer, provided that electrical
charges are halanced in the structure as a whole.

The ideal formula of kaolinite (half the crystallographic unit cell) is AL S1,0,(OH),, and
most minerals of the kaolin group appear to be close to ideal in composition (halloysite is dis-
cussed below). The unit layer is about 7 A thick, which gives rise to a characteristic X-ray dif-
fraction peak. Successive layers in the kaolin group are held together by van der Waals forces.
The layers can stack in different ways, giving rise to the polymorphs kaolinite (sensu stricto).
dickite, and nacrite. Successive layers in kaolins formed under carth-surtace conditions are
usually stacked in a random manner. The term kcolinite is often used loosely to cover all mem-
bers of the kaolin group.
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—
Oxygen in Oxygen at top of -
O basal layer ) asilica tetrahedron @ Siticon atom

(a)

O Oxygen ions @ Hydroxy! ions @ Silicon O Aluminum

{c)

FIGURE 4-3  The kaolinite structure. (a) The tetrahedral layer viewed from above. Note that the oxygen ions in
the basal layer are in a close-packed arrangement, but with some vacancies. (b) Cross section of tetrahedral layer.
(¢) Cross section of kaolinite structure showing oxygens at the top of the tetrahedra replacing some hydroxyls in the
gibbsite structure.

The ideal octahedral (gibbsite) layer in kaolinite would have a slightly smaller hori-
zontal dimension than the ideal tetrahedral (silica) layer (Fig. 4-4). The “misfit” can be accom-
modated by distorting the tetrahedral layer (in kaolinite, dickite, and nacrite) or by having the
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L—. tdeal repeat distance

! 8.62 A

I«————~\dea! repeat distance N
8.93 A

O Oxygen @ Hydroxyl (O Aluminum @ Silicon

FIGURE 4-4  Schematic illustration of how the mismatch between the octahedral and tetrahedral layers causes
curvature of the lattice, which results in the tubular structure of halloysite.

layers curl and form tubes, with the octahedral layers toward the inside (Fig. 4-4). The tubular
varieties of the kaolin group are generally called halloysite. Some varieties of halloysite have
extra water molecules between the aluminosilicate layers.

Serpentine Group. The serpentine group minerals are the trioctahedral analogs of
kaolinite, having an idealized formula Mg,S1,0,(OH),. The various members of the serpen-
tine group (antigorite, chrysotile, lizardite) are polymorphs with curved, tubular, or very small
crystallites, resulting from the fact that the ideal brucite layer 1s considerably larger than the
ideal tetrahedral silica layer. Natural serpentines are close to the ideal chemical composition.

7-A Chlorite {Septechlorite) Group. Minerals of the 7-A chlorite (or
septechlorite) group are also trioctahedral analogs of kaolinite, but differ from serpentines in
having significant Fe (both Fe* and Fe*") and Al substituting for Mg in the octahedral layer,
and some Al substituting for Si in the tetrahedral layer. The substitution of an atom larger than
Si in the tetrahedral layer and an atom smaller than Mg in the octahedral layer reduces the
misfit between the two layers, and, as a result, crystallite morphology is usually simple. The
only important member of the group forming under earth—surface conditions today is
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berthierine, which has an approximate formula (Mg, ,Fe3 Al ;)(Si; ;Al,,)O5(OH),, where
the parentheses indicate octahedral and tetrahedral cations.

2:1 Clay Minerals

This large and complex group includes the micas, vermiculite, the smectite (montmoril-
lonite) group, pyrophyllite, talc, and various mixed-layer species. They are all based on a
structure consisting of two tetrahedral layers with one octahedral layer in between.
Pyrophyllite [Al,Si,0,,(OH),] and talc [Mg,51,0,,(OH),] are the simplest end members of
the group (Fig. 4-5). The structures are the same except that pyrophyllite is dioctahedral and
talc 1s trioctahedral. Other members of the 2:1 group are related to pyrophyllite or talc by
one or more of the tollowing (Fig. 4-6):

1. Substitution of AI** for Si*" in the tetrahedral layers. This causes a net deficiency of
charge on the 2:1 unit, which is balanced by additional cations located between the 2:1 sheets,
in what are called the interlayer positions. When the number of interlayer cations is small,
these cations are exchangeable (see below). When the number of cations is large, K¥, for geo-
metrical reasons, is commonly the cation present, and it is not readily exchangeable.

2. Substitution of Mg” or Fe’* for AI* in the octahedral layer, and the introduction of
exchangeable cations into the interlayer positions to balance the resulting negative charge on
the 2:1 sheets.

+ <@ Interlayer positions

Tetrahedral layer

Octahedral layer

Tetrahadral layer

O Oxygen @ Hydroxyl @ Si () Al (pyrophyliite) or O Vacancy (pyrophyiiite)
Mg (talc) or Mg (taic)

FIGURE 4-5 The structure of pyrophyllite and talc. In pyrophyllite, the octahedral cation is Al, and the shaded posi-
tions arc vacant. In tale, the octahedral cation is Mg, and all the octahedral positions are occupied. In pyrophyllite and
tale, there is nothing in the interlayer positions and the layers are held together by van der Waals forces only. In other
members of the 2:1 clay mineral group, cations and, in some minerals, water are present in the interlayer positions.
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3. Substitution of Fe*, Fe™*, Mg, and similar cations for AI*" or substitution of Fe’*,
Fe™, AI*, and similar cations for Mg®" in the octahedral layer. Charge balance can be main-
tained either by changes in the interlayer cations or by introducing vacancies (sites not occupied
by a cation) in the octahedral layer. It appears that natural minerals are generally either diocta-
hedral or trioctahedral in terms of the number of cations in the octahedral layer and are usually
not intermediate between the two, although clays of the smectite group are so fine grained and
hard to study that the existence of intermediates cannot be easily proved or disproved.

Smectite Group. The term smectite is used to describe any clay whose basal
spacing (the thickness of the 2:1 sheet plus the interlayer space) expands to 17 A on treatment
with ethylene glycol. Such minerals have been traditionally called montmorillonite; this has
caused contusion because the term montmorillonite was also used for a specific member of the
smectite group. Expansion by ethylene glycol is indicative of a structure in which the number
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of cations in the interlayer positions corresponds to a positive charge of about 0.2 to 0.5 unit
per formula unit [O,,(OH),]. In montmorillonite (sensu stricto), the balancing negative charge
is derived by substitution of Mg?* for AI** in the octahedral layer of pyrophyllite. In beidellite,
another smectite, the charge is derived by substitution of Al* for Si** in the tetrahedral layer
of pyrophyllite. Substitution of AI** for Si** in the tetrahedral layer of talc results in the min-
eral saponite. The compositional variations in the smectite group are enormous, resulting from
substitution of different amounts of Mg™*, A", Fe**, Fe™, Li*, and other cations in the octa-
hedral layer and substitution of Al* and probably Fe™ for Si** in the tetrahedral layer.
Smectites normally occur as extremely small crystals (less than 1 um), so identification is usu-
ally based on X-ray powder diffraction. Since it is usually impossible to separate pure smec-
tite from fine-grained mixtures’, there are relatively few reliable data available on the
compositions of smectites in soils and sediments.

The interlayer cations in smectites are exchangeable: if the clay is placed in a solution
of NaCl, the interlayer cations will be largely Na*, in a solution of CaCl, they will be largely
Ca®* and similarly for other cations. Various organic molecules (such as ethylene glycol men-
tioned above) can also enter the interlayer space, causing characteristic interlayer spacings in
X-ray diffraction.

Water is also normally present in the interlayer space of smectites. The amount of water
is determined by the nature of the interlayer cation, the net charge on the 2:1 layer, and the
humidity of the environment to which the clay is exposed. When the interlayer cation is diva-
lent (Mg™" or Ca®"), two layers of water molecules are normally present unless the humidity is
very low. This gives a basal spacing of about 14 A. When the interlayer cation is Na®, the
amount of interlayer water may increase almost indefinitely as the relative humidity
approaches 100 percent, causing the grains to expand or swell. The swelling behavior of
sodium-saturated smectites has important practical consequences. If a smectite-containing
soil becomes sodium saturated. its permeability decreases and its structure breaks down,
making it unsuitable for agriculture. If the clays in an aquifer become sodium saturated, per-
meability is likely to decrease. The shrinking-swelling behavior of smectites may make slopes
unstable and may cause severe problems for the foundations of buildings. Potassium-saturated
smectites do not swell as sodium-saturated ones do, but their basal spacings are more variable
than those of smectites saturated with Mg>" or Ca®*. As humidity decreases, water may be
completely excluded from the interlayers.

Vermiculite. When the charge on the 2:1 sheet is greater than about 0.5 unit per
0,,(OH),, the electrostatic forces holding the 2:1 layers together are sufficiently strong that
the interlayer space is no longer easily expandable by organic molecules. and the interlayer
cations are less readily exchangeable. Vermiculites have a higher charge on the 2:1 sheets
than smectites”” [about 0.5 to 0.7 per O,,(OH),], and as a consequence, vermiculite does not
expand to 17 A when treated with ethylene glycol. When the interlayer cation in vermiculite

"The <0.1 pm size-fraction of soils and sediments is often almost pure smectite, but there is always a ques-
tion of whether this very fine material is representative of the bulk of the smectite in the sample.

""The practical definition of vermiculite is based on swelling properties in organic liguids. Swelling behavior
does not necessarily correspond exactly to interlayer charge, so there is some overlap in the interlayer-charge values
for vermiculites and smectites.
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is Mg?", two layers of water are normally present in the interlayer space, giving a basal
spacing of about 14 A. When the interlayer cation is K*, water may be excluded from the
interlayer space, giving a basal spacing of about 10 A. Macroscopic vermiculite crystals are
all trioctahedral: dioctahedral vermiculite occurs as very small crystals in some soils and sed-
iments. In general, the structure and properties of vermiculites are similar to those of smec-
tites. The differences are a result of the higher electrostatic charge on the silicate framework.,
balanced by more interlayer cations.

Mica Group. The structure of the common micas is related to those of pyrophyllite
and talc by substitution of one Al** ion for one of the four Si** ions in the tetrahedral layer and
introduction of one K ion into the interlayer position. The layers in the micas are held
together by relatively strong electrostatic forces between the negatively charged silicate layers
and the K" ions between them. Thus the micas are much harder than talc, no water is present
in the interlayer space, and the K" ions are not exchangeable under normal conditions. The
basal spacing of the micas is about 10 A.

The common dioctahedral mica is muscovite [KAL(S1;ADO,(OH),; the common trioc-
tahedral micas are phlogopite [KMg,(Si,A1O,(OH),| and biotite. Biotite is similar to phlog-
opite but has some Fe*™ in place of Mg™",

The term illite was originally introduced to cover all clay-sized (less than 2 um) min-
erals belonging to the mica group, that is, clay minerals that show a 10-A basal spacing in X-
ray diffraction (Grim et al., 1937). Illites are the most common clay minerals in nature,
making up the bulk of ancient shales. The illites in ancient shales are not ideal muscovite.
Compared to muscovite, they contain less K and Al and more Si. They also contain some Mg
and Fe. Most natural illites have a mixed-layer structure; about 80 percent of the layers are
sirnilar to muscovite, and 20 percent are similar to smectite (Srodon et al., 1986; Hower and
Mowatt, 1966). The term illite is sometimes used in the more restricted sense of an 80:20
mica:smectite mixed-layer clay mineral rather than the original definition given above; the
precise meaning varies from author to author.

Glauconite is an iron-rich variety of illite, which forms (or whose precursor mixed-layer
mineral forms) in sedimentary environments, commonly on the sea floor.

Chlorite

The chlorite structure can be thought of as the talc structure with an additional brucite layer
between the 2:1 layers, making it a 2:2 clay mineral (Fig. 4-7). The resultant basal spacing is
about 14 A. Natural chlorites have variable amounts of AP, Fe?*, and Fe** substtuting for
Mg** and Al** substituting for Si**. Names have been assigned to the various compositional
varieties (see, e.g., Bailey, 1988). but they will not be listed here. The ideal formula is
(Mg, Fe, Al);(51,A1),0,,(0OH), » (Mg, Al Fe),(OH), or (Mg.Fe, AD),(S1,.AD,0,,(OH),, where the
atoms within each set of parentheses can be in any relative proportion provided charges bal-
ance for the structure as a whole. The true (or 14 A) chlorites have the same chemical formula
as the 7-A chlorites. It appears that for most compositions the 14-A structure is more stable
than the 7-A structure, which would explain why 7-A chlorites are rare. Chlorites form most
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FIGURE 4-7 The structure of chlorite,

commonly during diagenesis and low-grade metamorphism: they are formed in minor
amounts in soils and on the sea floor.

Mixed-Layer Clays

The structures of all the 2:1 clays and chlorite are closely related (Fig. 4-8). 1t is not surprising,
therefore, that minerals occur that contain more than one type of interlayer behavior. As men-
tioned above. some layers in a crystal may be of the smectite type and some of the mica type,
giving a mixed-layer illite-smectite. Also, regions of gibbsite or brucite may occur between the
layers of a smectite or vermiculite, giving what is called either a mixed-layer chlorite-smectite
(-vermiculite) or a hydroxy-interlayer smectite (vermiculite). The different layers may be dis-
tributed randomly or may exhibit several types of ordering. making precise identification of
mixed-layer structures difficult. The most successful approach has been to simulate the X-ray
diffraction patterns of the various possible mixed-layer structures on the computer and compare
the simulations with the X-ray diffraction pattern of the natural material (Reynolds, 1980, 1985,
1988; Reynolds and Hower, 1970). There is some uncertainty whether the mixed-layer structures
identified by X-ray diffraction are really present in the natural material or whether they result in
part from stacking of very thin crystallites on the X-ray mount (Wilson and Nadeau, 1985).
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FIGURE 4-8  Summary of the 2:1 and 2:2 clay mineral structures. Vermiculite is similar to smectite, but with
(exchange cations)y.,.

Sepiolite and Palygorskite

In sepiolite and palygorskite (synonymous with attapulgite), the 2:1 layers do not form con-
tinuous sheets, but form fibers six (sepiolite) or four (palygorskite) silicon tetrahedra wide.
Simplified formulas are Mg,Si,0,;(OH), - 6H,0 and (Mg,Al,Fe),Si,0,, » nH,0, respectively.
Sepiolite may occur as the pure Mg end member, but most sepiolites and all natural paly-
gorskites contain some aluminum and usually some exchangeable cations.

COLLOID PROPERTIES

When a clay particle such as a smectite is suspended in water, some of the interlayer cations
pass into solution, resulting in a negatively charged silicate framework surrounded by a dif-
fuse cloud of cations (Fig. 4-9). The charged surface and diffuse cloud of oppositely charged
ions (called counterions) are called a double layer. A double layer may also consist of a pos-
itively charged surface surrounded by a cloud of anions. The stability of colloidal suspen-
sions (see below) and the ion-exchange properties of solids are closely related to the behavior
of the double layer.

In smectites, the surface charge results from substitutions in the silicate framework, so
the charge is more or less independent of pH. In most other natural colloids (e.g., oxides of Si,
Al, Fe, Mn, or colloidal organic matter), the surface charge results from ionization of, or
adsorption on, the surface of the solid, which will be discussed in Chapter 5.
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The Double Layer

The structure of the double layer has been the subject of a great deal of study, and several
mathematical models are available to describe the distribution of ions within it (Westall and
Hohl, 1980). In general terms, the double layer consists of ions more or less attached to the
solid surface (the fixed or Stern layer) and outside that a diffuse (or Gouy) layer in which the
ions are free to move (Fig. 4-10). In smectites (and most other clays under most conditions),
the silicate framework is negatively charged and exchangeable cations form the fixed and dif-
fuse layers. In the Gouy layer the concentration of cations not balanced by anions decreases
exponentially away from the boundary with the fixed layer. The ions in the fixed layer may be
held by purely electrostatic forces or by formation of complexes with groups on the surface of
the solid (see Chapter 5).

The stability of a colloidal suspension depends on the thickness of the Gouy layer, which
depends on the electrical potential at the outside of the fixed layer and. approximately, on the
fonic strength of the solution. When two particles approach each other, the Gouy layer on one
particle is repelled electrostatically by the Gouy layer on the other. This keeps the particles
apart, and a stable suspension results. As ionic strength increases, the Gouy layer becomes
compressed close to the particle. When this happens, the electrostatic repulsion that tends to
keep the particles apart is not sufficient to counteract the van der Waals force, which attracts the
particles toward each other, and the suspension is no longer stable. This is why clay minerals
commonly form stable suspensions in fresh water but flocculate in more saline solutions such
as seawater. Although the stability of colloidal suspensions is approximately related to ionic
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FIGURE 4-10  Schematic picture of Layer of
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strength, polyvalent cations have a disproportionately greater effect in causing flocculation than
monovalent cations. For this reason polyvalent cations are often used in water treatment to
cause flocculation.

Membrane Filtration

When the solid particles in a clay-water system are compacted, the Gouy layers on adjacent
particles overlap. The solution in pores between adjacent grains will be made up of the Gouy
layers only, and consequently anions will be almost excluded from the pores (Fig. 4-11), an
effect called anion exclusion. When a pressure gradient is imposed on the solution in a clay-
water system, water molecules can move through the pores but, as a consequence of anion
exclusion. ions cannot (the theory is discussed by Hanshaw and Coplen, 1973). The clay thus
behaves as a semipermeable membrane, allowing the passage of water but not ions. Clays do
not act as perfect semipermeable membranes; they retain different ions with different degrees



82 Clay Minerals and Cation Exchange  Chapter 4

> .
7 R
\\
\\-».———/
s +
c* ¢
> <
5 2 z N5
“ ® [ &
Z §
b5
e e e e e e e — g
(<
(53
o c
/r""\\ \
Distance from surface ——— Distance
{a) {b}

FIGURE 4-11  Concentrations of cations (C*) and anions (C7) (2) in the diffuse double layer of a single particle,
and (b in a pore between two closely approaching clay particles. Note how anions are excluded from the narrow pore.

of effectiveness, causing a chemical fractionation as water passes through (Kharaka and Berry,
1973). Membrane filtration has been suggested to be a major process affecting the composi-
tion of water trapped in deeply buried sedimentary rocks (e.g.. Graf, 1982). It would be effec-
tive only when the original sediments have undergone compaction, so it is not an important
process in near-surface (depth less than 1 km or so) environments, It could be effective at shal-
lower depths where the solution s very dilute (lake sediments) and hence the Gouy layers
extend far from the particle, but this has not been documented in nature. There is considerable
disagreement in the literature as to the overall importance of membrane filtration in influ-
encing the chemistry of underground waters.

fon Exchange

Clay minerals all exhibit ion exchange behavior to some degree, as do zeolites, colloidal
oxyhydroxides, and natural organic compounds. In soil science and geology, cation
exchange capacity (CEC) is often measured by (and hence defined by) uptake and release of
ammonium ions from 1M ammonium acetate solution at pH 7.0, although other cations are
sometimes used in place of NH}. Some reported cation-exchange capacities are shown in
Table 4-1. Cation-exchange capacity in clay minerals is not a very precise or fundamental
quantity. It varies as a function of pH and it varies as a function of the nature of the ions

TABLE 4-1 Cation-Exchange
Capacities (meq/100g] of
Clay Materials

Smectites 80—-150
Vermiculites 120~-200
[liites 10-40
Kaolinite 1-10

Chlorite <10
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occupying the exchange sites. For example, a river clay from the Rio Ameca in Mexico had
a CEC of 76 meq/100 g. When the same clay was placed in seawater for 2 weeks and the
CEC remeasured. the value was only 66 meg/100 g (Russell, 1970). The difference did not
reflect any fundamental change in the clay: it appears to be a consequence of the fact that
the K* picked up in seawater in exchange for Ca®* was not rapidly displaced by NH}. In
general, we would expect cations located in the Gouy layer to exchange rapidly, whereas
cations in the Stern layer might exchange rapidly or slowly, depending on their bonding to
the particle surface. Oxides and organic matter, which commonly form coatings on clay
minerals (Jenne, 1977), often have high exchange capacities: specific values must be inter-
preted with caution because the surface charge (and hence CEC) of such material is strongly
dependent on pH (Chapter 5).

Exchange equilibrium between two monovalent (or two divalent) cations can be repre-
sented by the mass action equation

A-clay + BY = B clay + A"
clay KAB >>>>>>>>> + (4—1)

where Q,, ., and Qp_,,, represent the activities of A and B on the exchange sites, Q- and Q-
are the activities in solution, and K, is the exchange constant. If Eq. (4-1) is written with
equivalent fractions (the fractions of the CEC represented by the particular ion) instead of
activities in the solid phase and concentrations instead of activities in solution, then

clay K. AT (4-2)

K’y is called the selectivity coefficient. The selectivity coefficient is not a constant because
the activity-equivalent fraction correction will vary as a function of the ratio of A to B on the
solid. Several authors (see Sayles and Mangelsdorf, 1979) have suggested that exchange
between Ca™ and Mg”* on clays can be described by the equation

Xeachy _ K( Of‘aﬁ*\)”

XMg clay \‘OMgz "

where the exponent p (related to the nonideal solid solution behavior of the exchanger) has a
value of about 0.7 to 0.9. An alternative approach to selectivity coefficients based on electro-
static processes in the double layer is given by Neal and Cooper (1983).

If A and B are the only cations in the system, Eq. (4-2) can be rewritten as

M clay .. ’ A’
............. lay o 4--3
CEC my 1oy Mo, =)

where m, . 1s the concentration of A adsorbed on the clay (in units of meqg/kg of solid), CEC
is the cation exchange capacity of the clay (meqg/kg), and M is the total concentration of
cations in solution (meg/kg of solution). If the concentrations of A in solution and on the clay
are small compared to M and CEC, respectively, Eq. (4-3) reduces to

LN clay =
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or
- K A
My g = Kyt (4-4)

K, is the distribution coefficient for A between solid and solution. Thus the amount of an ion that
is present in trace amounts that is adsorbed on an ion exchanger is directly proportional to the con-
centration in solution. For calculation of the migration of minor species in an aquifer, the distrib-
ution coefficient is the quantity that must be known. Note that K, is a function of the other ions in
solution (M), so a distribution coefficient measured for a particular ion on a particular sediment in
a particular solution cannot be used for calculations involving other solutions or other sediments.

Monovalent-Divalent Exchange. For exchange between a monovalent and a
divalent cation, Eq. (4—1) becomes

(4-5)

where O, is the activity of C on the solid phase and K 1s the equilibrium constant. If
equivalent fractions are substituted for activities in the solid phase and concentrations are sub-
stituted for activities in solution, Eq. (4-2) becomes

X, Mz

ACclay _ g 0P 4-6

vz Ky 2 (4-6)
A clay UL

K, will not be a true constant because activity coefficients in the solid are dependent on com-

position.
There are some important consequences of the squared terms in Eq. (4-6). Consider a
system in which K’y = 1, mc2 = 1, and m» = 1 (these are arbitrary numbers for illustration

purposes). Solving Eq. (4-6) subject to the condition that X, + X =1 gives X, = 0.62, X =
0.38: the ratio of the concentration of C on the exchanger to that of A (in equivalents) is 0.61.
Suppose that we now dilute the solution by a factor of 10°, keeping the ratio of C to A in solu-
tion constant; what will be the ratio of C to A on the clay?

If we assume a constant cation-exchange capacity.

Xe=1-X,
Substituting this and the numerical values in Eq. (4-6) gives
1-X 107 5
SR =l x e =107
X 107°

10°X; + X, —1=0
X, = 0.03 and X = 0.97

Now instead of X./X, = 0.61, we have X./X, = 31. The divalent cation has almost completely
displaced the monovalent cation on the exchange sites. The monovalent-divalent effect is
important in nature. In fresh (dilute) waters. the dominant exchangeable cation is calcium
(divalent), whereas in the ocean (concentrated), the dominant exchangeable cation is sodium
{monovalent) (Table 4-2). The effect has also led to problems in measuring the exchangeable
cations on clay minerals in marine sediments. If the sediment is washed with distilled water to
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TABLE 4-2 Equivalent Fractions of Exchangeable Cations {Excluding H*} on Amazon River
Sediment and on Amazon River Sediment Equilibrated with Seawater® (from Sayles and
Mangeisdorf, 1878)

X X Ko Xy
Amazon River sediment 0.004 0.80 0.17 0.014
Equilibrated with seawater 0.38 0.16 0.38 0.08

“Since oxides and the edges of clay particles gain and lose protons as pH changes, there is a problem in the definition of exchange-
able H*. If exchangeable H* is defined to be zero in clays equilibrated with seawater, the river clay would contain an equivalent
fraction of (.17 exchangeable H".

remove enclosed seawater, the resulting dilution causes divalent cations in solution to displace
monovalent cations from the clay (Sayles and Mangelsdorf, 1977).

Eq. (4-6) can be generalized for cations of any valence. Consider exchange between
cations AP" and B%*

gA-clay + pB?" = pB-clay + gAr"

XE ) mhs
= Kpp 4-7
(Xz, @

Eq. (4-7) is referred to in the soils literature as the Gaines-Thomas equation. Another equa-
tion that is sometimes used to describe exchange among ions of different valence is the Gapon

Equation
A Vg
Xy =K My
gapon__ 1/p
X A/ clay m Arl»f

The difference between the Gaines-Thomas equation and the Gapon equation is essentially that
no exponents are applied to the adsorbed concentrations in the Gapon equation. One would think
that one of these equations would have to be “right” and the other “wrong.” However, both can
be derived theoretically (from slightly different assumptions) and because adsorbed ions do not
form an ideal solid solution, experimental data can often be fitted equally well to either.

Ion-exchange reactions will exert an important control on water chemistry whenever
water is in contact with sediments. For example, in an aquifer with a cation-exchange capacity
of 5 meq/100 g and a porosity of 20 percent (typical values), the exchange capacity of the
solids 1s equivalent to about 500 meg/l of groundwater. This number is much larger than the
concentration of dissolved cations in dilute groundwater, so exchangeable ions exert a strong
buffering action on the composition of groundwaters. (The effect of ion exchange on the
migration of pollutant cations is discussed in Chapter 16.)

REVIEW QUESTIONS

1. The mineral nontronite has an ideal formula Nay ,,Fe3"Al, 1,515 ;0,,(OH), » nH,0. To which of the
2:1 mineral groups does it belong? Is it dioctahedral or trioctahedral?

2. Sketch the structure of chlorite. What bonds have to be rearranged, and what atoms shifted, to go
from the regular chlorite structure to the 7-A chiorite structure?
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if an illite consists of 80 percent ideal muscovite layers and 20 percent ideal montmorillonite layers,
what should its chemical composition and cation-exchange capacity be?

What should be the range in cation-exchange capacity of a sediment consisting of 60 percent mont-
morillonite, 20 percent kaolinite, and 20 percent illite? (Use Table 4-1.)

Ten grams of a sodium-saturated smectite (CEC = 100 meq/100 g) are mixed with 1 Zof water con-
taining 10 ppm Na* and 10 ppm K* as the only cations. If

X M+
K K
( = it
‘.‘N.'f, clay Mg

what will be the resulting concentrations of Na* and K in solution?
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Adsorption

In the context of this book, adsorption is attachment of a solute to the surface of a solid or,
more generally, the accumulation of solutes in the vicinity of a solid-solution interface. We can
subdivide adsorption mechanisms into physical adsorption. where the attraction to the surface
is due to relatively weak van der Waals forces; electrostatic adsorption, where ions in solution
are attracted by a surface of the opposite electrical charge; and chemical adsorption, where
there is chemical bonding between the solute molecule and one or more atoms on the surface
of the solid. Cation exchange. discussed in the previous chapter, is an example of electrostatic
adsorption. Adsorption is probably the most important chemical process affecting the move-
ment of contaminants in groundwater (Chapter 16) and is an important influence on mineral
dissolution rates (Chapter 11). Typically, the concentrations of heavy metals in natural waters
are far below the values that would be predicted for saturation with respect to a solid phase.
The most common reason for the low concentrations is adsorption onto a solid phase such as
an iron or manganese oxide or hydroxide (collectively referred to as oxyhydroxides). If we are
to predict the movement of heavy metals in soils and groundwater, we need to be able to model
adsorption processes quantitatively. The mathematical approach that is used to describe
adsorption ranges from relatively simple empirical equations to sophisticated mechanistic
models of interactions at the solid—solution interface. The discussion here is presented in
terms of adsorption of inorganic ions. However, many of the same principles and equations
apply to the adsorption of organic solutes (Chapter 6).

EMPIRICAL EQUATIONS

There are many situations where a relatively simple equation is adequate to describe
adsorption. For example, in the previous chapter we saw that, for an ion present in trace
concentrations in a solution of constant composition, the equations describing cation
exchange could be reduced to a simple distribution coefficient (Eq. 4-4). Use of a simple
equation is advantageous when adsorption is added to an already complex hydrologic
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model, and in many instances the amount of data available is insufficient to justify a more
sophisticated approach. The equation (or its graphical representation) relating the concen-
tration of a species adsorbed on a solid to its concentration in solution is often referred to
as an isotherm, stemming originally from the fact that the measurements were made at con-
stant temperature.

Linear Distribution Coefficient

The simplest adsorption isotherm is the linear distribution coefficient or linear K, (Fig. 5-1)

m = Kd M (solm

i(ads)

where m,,

{ads)

/s, 18 the concentration of the species of interest adsorbed on the solid phase (com-
monly moles/kg of solid) and m, ., is the concentration of the species in solution (commonly
moles/#). The distribution coefficient thus has the units #/kg. Various other systems of units are
also used. A closely related quantity is the “activity K,,” which is defined by

m =K, Q

i{ads) i{soln)

where Q. represents the activity rather than the concentration of the species in solution.
The activity K,is commonly used in conjunction with computer codes such as MINTEQAZ2,
in which speciation and activity coefficients have already been calculated.

The linear K, is widely used in hydrologic models that incorporate some chemical trans-
port (see Chapter 16). The fact that it is linear and involves no variables other than the con-
centration of the species of interest make it computationally simple. Many more complex
adsorption models may reduce to a linear X, under certain restrictive assumptions, as is the
case with cation exchange discussed above. The numerical value of a distribution coefficient
is a function of the properties of the solid substrate and the composition of the solution. It must
generally be measured experimentally for each system of interest and cannot be easily trans-
ferred from one system to another.
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Freundlich isotherm

The Freundlich isotherm takes the form

j— H
Mgy = Ko

where # is a constant, usually less than 1. The exponent causes the isotherm to curve,
becoming less steep at higher concentrations (Fig. 5-2). It can be regarded as strictly empirical
or it can be justified theoretically in several ways. It would result from the adsorbed species
forming a non-ideal solid solution on the solid surface, or it could result from heterogeneity in
the sites to which the solute binds on the surface. If the surface contained sites with different
binding energies for the solute, the first solute molecules to be adsorbed would be adsorbed at
the sites with the strongest binding energy, which corresponds to the steep portion of isotherm.
As the sites became filled, adsorption would take place at sites with lower binding energies,
decreasing the slope of the isotherm.

Langmuir Isotherm

The Langmuir isotherm was originally derived to describe the adsorption of a gas monolayer
on a solid surface. An analogous form can be derived for aqueous systems (Stumm, 1992).
Consider a surface in which the total concentration of sites for adsorption is 71,4 1., the con-
centration of sites to which solute 7 is adsorbed is m,,,, and the concentration of sites not
occupied by 738 . e 1hese concentrations can all be expressed in moles per liter of solu-
tion. The adsorption reaction can be written

(vacant site) + / = {occupied site)

The corresponding equilibrium constant for this reaction can be written

[— ”j.'f{j\dr%) _—
rnt(so{n)’n

Lang )
vacant sites

FIGURE 5-2 Example ofa

Freundlich isotherm (exponent = 0.6). Freundlich

Concentration adsorbed

Concentration in solution
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+m and rearranging gives

“vacant sites

SUbS“tuung ”?i(ads. max) ’ni(ac‘;;
Ki..ang ’nig solny

m =M ae N
i(ads, max) ;
1 + K}

iads)
‘ang’n!!soin}

The form of this equation is shown in Fig. 5-3. At high concentrations the Langmuir isotherm
flattens, owing to saturation of the available surface sites. However high m, ., becomes, m,
can never exceed m, The Langmuir isotherm can also be transformed to a linear form:

i{ads, max)®

1 1 1 [
T [ — S -

’n’i(ads) mi(ads, max) Klv,ang’ni(ads( max) "’iimlm

A plot of Umy,g will give a straight line of slope 17K ., 7,4 may, @0d an in-
tercept of 1/m, 4 oy
At low concentrations, the term K, 7, ., becomes small compared to 1 and the

Langmuir isotherm reduces to the linear K, where

, against 1/m

isoln)

I{I = mz’(ads. max} KLang
This is an example of how a more complex isotherm can be represented by a linear K, under
certain restricted circumstances.

Cation exchange reactions involving clay minerals are analogous to the Langmuir
isotherm because the concentration of cations adsorbed can never be greater than the cation
exchange capacity of the solid.

SURFACE COMPLEXATION

Mechanistic models for adsorption of inorganic species are generally based on the idea of sur-
face complexation. The detailed models are conceptually and mathematically quite complex,
and only an overview is provided here. For more detailed information, see Stumm (1992),

FIGURE 5-3 Example of a
Langmuir isotherm. The dashed line Total concentration of sites
represents the maximum concentra-
tion that can be adsorbed.

Concentration adsorbed

Langmuir

Concentration in solution
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Davis and Kent (1990), or Dzombak and Morel (1990). Surface complexation is incorporated
into the computer code MINTEQAZ and is currently regarded as the most accurate way of
modeling adsorption of inorganic species at mineral surfaces. The objective of such modeling
is usually to predict the concentration of an environmentally important cation or anion in
groundwater or surface water following some perturbation such as waste disposal, mining
activities, or a chemical spill.

Conceptually, the surface of an oxide or a silicate can be regarded as a plane of hydroxyl
groups. A hypothetical oxide mineral is shown in Fig. 5-4a. Cations in the interior of the struc-
ture are coordinated on all sides by oxygen ions. Cations at the surface, however, are not fully
coordinated. They adsorb a water molecule from solution to complete their coordination shell
(Fig. 5-4b). The protons attached to the adsorbed water molecules then tend to redistribute
themselves, as shown in Fig. 5-4¢ (Stumm, 1992). In the discussion that follows, OH groups
at the surface of an oxide are shown as =5—OH.

The hydroxyl groups at the surface of an oxide behave in a similar way to —OH groups
attached to dissolved species. They can dissociate

=S—OH = =28§—0" + HT

FIGURE 5-4  Schematic represen- Original surface—metals with
tation of the cross section of a metal incomplete coordination
oxide: (a) Metal ions at the surface
have vacancies in their coordination
sphere: (b} Vacant positions occu-
pied by H,0 molecules; (c) Protons
rearrange to form surface hydroxyl
groups (after Schindler, 1981:
Stumm, 1992).

Coordination sphere completed
by water molecules
H HH HH H

(b)

Protons rearrange to form
surface hydroxyl groups
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which is completely analogous to the dissociation of an organic acid
CH,COOH = CH,COO + H'
acetic acid acetate

They can also form complexes with a metal (represented here as a divalent cation M**), which is
again analogous to complex formation in solution. The surface may act as a monodentate ligand

=$—O0H + M*" = =§—0-M"+ H” (5-1)

as in the analogous reaction
CH,COOH + M*>* = CH,COO0-M" + H*

or as a bidentate ligand

analogous to complexation by oxalate in solution
COOH COO

[ + M= M+ 2H"

COOH COO

Adsorption of anions at the surface of an oxide can also take place by a process analogous to
ligand exchange

=5—0H + L~ = =S—L + OH~
where L™ represents a simple anionic ligand such as F7. Some possible schematic configura-
tions of surface complexes are shown in Fig. 5-5.

Acid-Base Equilibria

As mentioned above, surface hydroxy! groups can dissociate
=S—OH = =5—0" + H"
and they can also be protonated
=5—OH + H" = =S—O0H}
Dissociation tends to give the surface a negative electrical charge, whereas protonation tends
to give it a positive charge. This process gives oxides a variable surface charge, unlike the fixed
charge that results from substitution of AI** for Si** and Mg”* for AI*" in clay minerals. From

the law of mass action, low pH will favor protonation; high pH will favor deprotonation. For
each oxide there exists a pH at which the positive charge on the surface due to protonated
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FIGURE 5.8 Some possible surface coordination reactions. X represents a metal cation forming the oxide sur-
face {after Schindler, 1981,

groups equals the negative charge on the surface due to deprotonated groups. At that pH the net
charge on the surface will be zero. That pH is called the zero poinr of charge (ZPC). If the only
process affecting surface charge is loss or gain of protons (as distinct from adsorption—desorp-
tion of other ions such as metals) the ZPC is also referred to as the zero point of net proton
charge (ZPNPC) or isoelectric point (IEP). Some isoelectric points are shown in Table 5-1.

For convenience, protonation—deprotonation equilibria can be written as the dissocia-
tion of acids:

=8-—OH = =50 + H]

The subscript s indicates the hydrogen ions are in the immediate vicinity of the surface. The
corresponding equilibrium constants are

(=S—OHJIH],

intr - (5-3
al [=S—OH?] o
as [=5—0H]

where [ | formally represent activities, with the [ ], indicating an activity in solution close to
the surface. The ditferences between activities and concentrations of surface species are often
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TABLE 5-1 Isoslectric Points {pH]) of
Some Naturally Ocourring Substances
{from James and MacNaughton, 1877;
Leckie and James, 1874, Parks, 1865)

Si0, (quartz) 2.0
Si0, (gel) 1.0-2.5
ALO; (corundum}) 9.1
AlOH), (gibbsite) ~9
TiO, (anatase) 7.2
Fe,0, (magnetite) 6.5
Fe,0, (hematite) 5-9  (commonly 6-7)
FeO(OH) (goethite) 67
Fe,0, « nH,0 6-9
8-MnO, 2
Kaolinite ~3.5
Montmorillonite <2.5

ignored in surface complexation modeling (Stumm. 1992). The units of the surface species
(moles per kg of solid, moles per liter of solution. moles per square meter of surface) do not
really have to be specified at this point because any conversion factor among units will cancel
in Egs. (5-3) and (5-4). The most generally useful units are moles per kg of solution. This is
related to more fundamental quantities by

[total surface sites], yearsom = o0 (5-5)
NA

where Nq is the number of sites per m?, S, is the specific surface area of the solid (m*/g), C, is
the concentration of the solid (g solid//of soiutmn), and N, is Avogadro’s number (6.02 X 1()“).
Ny can be measured (or estimated) in several ways, for example by deuterium exchange or
from the known structure of the solid, but is most commonly derived from surface titration
experiments (see below). S, is commonly measured by the BET method (Brunauer, Emmett,
and Teller, 1938), in which the amount of a gas (most commonly nitrogen) required to form a
monolayer on the surface of the solid is measured.

The activity [H'], in Egs. (5-3) and (5-4) represent the activity of hydrogen ions in
solution at the surface of the solid. This will generally not be the same as the activity of
hydrogen ions in bulk solution because, if the surface is charged, the concentration of ions
close to the surface will be affected by the charge on the surface (see Fig. 4-9). If the surface
is positively charged, the activity of H' near it will be less than in bulk solution, and if the sur-
face charge is negative, the activity of H" near it will be greater than in bulk solution. The elec-
trostatic or coulombic effect can be quantified by

. zFY,
{H ' ]Iocaxi(m x {H lhuik soln EXP ( RT gX)) (5'6)

where z is the charge on the ion (1 in the case of HY), F is Faraday’s constant (96,485
Coulombs per mole of electrons), ‘¥, is the electrical potential at location x, R is the gas con-
stant and 7T the temperature on the Kelnn scale (Stumm, 1992). The expression exp “i"Rm
referred to as the electrostatic or coulombic term in the equation.
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Egs. (5-3) and (5—-4) can thus be rewritten as

oo IES—OHIH').,,. [—zF¥_
}ﬁ {mr - o bulk © tsurface) 5__”
al IZS——()H:L] LXP K RT ) ( )
and
. [=S—O7J[H" ]y (_Zi‘(‘“ym i -‘1)
Aintr e PRI - Leariaee) 3
K= (=S—OH] exp RT (5-8)

intr

where [H],,, represents the hydrogen ion activity in the bulk solution. K™ and K% are
intrinsic constants. The intrinsic constant is the value of the equilibrium constant written in
terms of concentrations at the surface rather than in bulk solution. It is a function of the nature
of the solid surface and adsorbing ion only and is not a function of the charge on the surface.

wireflects only the chemical energy involved in an adsorption reaction. whereas K, written
in terms of activities in bulk solution,

bulk

! [=S—OH1]

includes both chemical and electrostatic effects.
Substitution of [=S—OH | = [=S—0"] and ¥ = 0 (the definition of the ZPNPC; when
the charge is zero the potential is zero) into Egs. (5-7) and (5-8) gives

PHzpape = 0.5(pK Y + pKE)

Surface Titrations. The quantities [=S—OH;] and [=S—O7] and hence the
intrinsic acidity constants, can be measured by what are called surfuce titrations. In a surface
titration, a stirred suspension of the solid in a solution containing (usually) a supporting elec-
trolyte (a solution of a salt whose ions do not interact strongly with the surface, commonly
NaNO; or NaCiQ,) is titrated by addition of a strong acid (commonly HNO; or HCI) or strong
base (commonly NaOH). Of the added H" or OH™ ions, some are adsorbed by the surface and
some accumulate in solution. 1f the amount of acid added is C, and the amount of base Cj (in
units of moles per liter of the solution being titrated), then

Ca = Cy +mgy —myy = [ES—OHL] = [5—0" ]

are also in units of moles per liter of solution. Titration curves for y-Al,O; are shown in
Fig. 5-6. The curves show the pH of the solution as a function of the amount of acid or base
added. The curves corresponding to different supporting electrolyte concentrations inter-
sect at a single pH and diverge away from that pH in either direction. The reason for the
divergence is the electrostatic term in Egs. (5-7) and (5--8). The distribution of charge and
hence ¥ close to the surface is a function of the ionic strength of the solution. At the ZPC
of the surface, however, the charge is zero, W is zero, and the titration curves intersect. This
represents one way of identifying the ZPC of the surface. If it is assumed that at a pH less
than the ZPC the concentration of [=S--07] is smail compared to that of [=S- OHE 1, then
titration of the surface with acid yields

C, = my- = [=S—OH;] (below ZPC)
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Titration curves
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FIGURE 5-6  Titration curves in different concentrations of NaCJ backgound electrolyte and correspondin acid-
ity constants for hydrous y-AlL O, (1.56 g/7). The uncorrected acidity constants (pK’, and pK’,) are calculated from
the corresponding individual points on the titration curves. They vary as a function of surface charge whereas the cor-
responding intrinsic constants (pK™" and pK'j") do not; they all plot in the shaded areas on the figure. The titration
curves all intersect at the ZPC (after Huang and Stumm, 1973). Reprinted with permission of Academic Press, Inc.

and titration with base above the ZPC yields

Cy — mgy- = [=5—07] (above ZPC)

[=8- OH}L] and [=8—O07] can thus be measured as a function of pH from the titration
curves. If the total concentration of sites is known (by deuterium exchange or titration to
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extreme pH, for example) then the values of K, and K, can be calculated. Plotting these
values and extrapolating to the ZPC (Fig. 5-6) gives the intrinsic constants K" and K5"

Adsorption of Metal Cations

Analogous intrinsic constants can be written for formation of complexes between a metal and
the surface. For example, constants for Eq. (5-1) and (5-2) can be written

Kinw exp (
and
i = ( —AZEY (rtace) )
UM RT

A\ /

The convention for writing equilibrium constants follows that of Sillén and Martell (1971):
when a metal forms a constant with more than one ligand, K, refers to individual steps and B,
refers to a cumulative reaction. For formation of a complex ML,, K, would refer to the reaction

ML*+ L~ = ML,

[ML,]
K, = S
© IMLTJLT]

whereas 3, would refer to the reaction
M*" + 2L = ML,

ML,]

D= gy

The coulombic term is written with Az rather than z. Az represents the net change in the charge
on the surface corresponding to the adsorption reaction as written (Dzombak and Morel,
1990). For reaction (5-1), Az would be +1 (one M*" gained, one H" lost). For reaction (5-2).
Az would be zero (one M gained, two H" lost). Intrinsic constants for surface complexation
reactions can be measured by methods analogous to surface titrations for adsorbed H™ (Davis
and Kent, 1990; Dzombak and Morel, 1990). Dzombak and Morel give an extensive compila-
tion of constants for hydrous ferric oxide, the most important substrate for adsorption of heavy
metals in natural systems.

It is useful to distinguish between inner sphere and outer sphere surface complexes
(Fig. 5-7), analogous to inner- and outer-sphere complexes in solution (Chapter 2). In an
outer-sphere complex, the ion remains surrounded by a hydration shell so it does not bind
directly to the surface. Adsorption is essentially electrostatic, caused by attraction between a
positively charged ion in solution and a negatively charged surface (or between an anion in
solution and a positively charged surface). In an inner sphere complex, the ion bonds directly
to the surface groups. The bond is generally stronger and does not depend on electrostatic
attraction: a cation can adsorb to a positively charged surtface.

Adsorption of cations can be regarded as a competition between cations and H' for sur-
face sites. At low pH, adsorption of cations is minimal. As the pH rises, there is a relatively
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FIGURE 5-7 Schematic representation of inner-sphere {phosphate, fluoride, copper) and outer-sphere (sodium, chlo-
ride) complexes. The labels on the layers correspond to the triple-layer model (discussed in text) (after Stumm, 1992).

narrow interval (about 2 pH units) over which adsorption changes from essentially zero to
essentially complete (Fig. 5-8) (assuming the amount of cation present is small compared to
the number of available surface sites). This pH interval is different for different metal cations
and for different solid substrates.

Adsorption of Anions

Equations for the adsorption of anions are very similar to those for adsorption of cations. For
example
=S5—0H + L7 = =S—L + OH"

or, written in terms of H' rather than OH™;

=S—OH + L~ + H* = =5—L + H,0
Ko = (=S—L] exp —Az F\!}asurf3661>
" [=S—OH]L7)[H"] RT

In this particular instance Az would be zero (no net change in surface charge). Other possible
anion adsorption reactions would result in non-zero values for Az. As with cations, anions may
adsorb as inner-sphere or outer-sphere complexes.
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FIGURE 8-8 Adsorption of metal cations on hydrous ferric oxide as a function of pH (data from Dzombak and
Morel, 1990).

Anions are essentially competing with OH™ for adsorption sites, so their behavior is the
mirror image of cation adsorption (Fig. 5-9). Adsorption increases from essentially zero at
high pH to essentially complete at low pH. The transition occurs over a relatively narrow pH
range which is specific to the anion and the oxide surface. The adsorption of anions is often
complicated by a change in speciation of the solute as a function of pH. For example, at low
pH the dominant form of dissolved arsenic in oxidizing environments is H;AsO,. As the pH
rises, this acid dissociates into, progressively, H,AsOj, HAsO7 ", and AsO; . Each species has
different adsorption properties, so the overall adsorption behavior is quite complex.

The Electric Double Layer

The treatment so far has been quite general. We have developed a series of equations that
describe the adsorption of ions at the surface of an oxide in terms of measurable equilib-
rium constants and an electrostatic term involving the electrical potential, ¥, at the surface
of the solid. Before we can apply this modeling approach to a real system, we need to be
able to calculate W. W itself is a function of surface charge, so it is a function of the extent

100
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B
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FIGURE 5-9  Adsorption of selected anions on hydrous ferric oxide as a function of pH (data from Dzombak and
Morel, 1990).
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of protonation—deprotonation reactions and the extent of the adsorption of ions from solu-
tion. It is thus a function of solution composition. The electrostatic potential at the surface
of the solid and the surface charge are mathematically related

= f("¥) (5-9)
where o is the charge on the surface in units of coulombs/m?. It is the form of the functional
relationship, £, that distinguishes the various surface complexation models discussed below. It
1S more convenient to express ¢ in molar units; the conversion is

S.C
T,=2"¢g

o F

where T is the surface charge in moles per liter of solution, S, is the specific surface area of
the solid (m%g), C, is the concentration of the solid (g solid/Zof solution), and F is Faraday’s
constant. T, is zero at the ZPC and represents the net charge (adsorbed cations—adsorbed
anions) away from the ZPC.

The Constant Capacitance Model {COM]. In this model it is assumed that
the double layer can be represented by a parallel plate capacitor (Fig. 5-10).

1. Only one plane in the interfacial region is considered. All adsorbed protons, negative
sites from deprotonation, and specifically adsorbed ions occur in a single plane, defined
as the surface of the solid. [ons that do not form inner-sphere complexes (e.g., Na*, K*,
C17, and NO;-) are assumed to be excluded from this inner plane.
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FIGURE 8-10  Idealized distribution of electrical potential () in the vicinity of a hydrated oxide surface according to (a) the
diffuse-layer model: (b) the constant capacitance model; (¢) the triple-layer model (after Hayes et al,, 1991).
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2. The relationship between charge and potential at the surface plane is given by

S = CY¥y,

where C is the capacitance of the double layer (Farads/m*) and is assumed to be a con-
stant. C is essentially a fitting parameter rather than being derived theoretically.

The model is appropriate for solutions of high ionic strength, where the double layer is com-
pressed close to the mineral surface. It has also been widely applied in dilute solution.

The Diffuse Double-Layer Model {DDLM]. The DDLM is based on the Gouy-
Chapman model of the diffuse double layer (for detailed discussions, see Bolt, 1982, and
Sposito, 1984). The Gouy-Chapman model was coupled with surface complexation modeling
by Stumm et al. (1970) and Huang and Stumm (1973). The approach was extended and mod-
tfied by Dzombak and Morel (1990). The main difference from the CCM is that the counte-
rions are assumed to form a diffuse layer extending from the surface out into solution, which
can be described by Gouy-Chapman theory. In the DDLM, the relationship between charge
and potential is given by

Ty

0, = ~0.1174\ sinh ) - (5-10)

where the subscript d refers to the diffuse layer and 7 is the ionic strength (Chapter 2). The
electrical potential at the innermost edge of the diffuse layer is assumed to be equal to the sur-
face potential {Fig. 5-10). In this model the capacitance of the double layer is inherently
defined by Eq. (5-10); it is a function of solution composition rather than being a fitting para-
meter. In principle, this model should be appropriate for solutions of low ionic strength and
low concentrations of adsorbing ions.

The Triple-Layer Model [TLM). The CCM and the DDLM both make the
assumption that all adsorbed ions are present at a single plane at the surface of the solid. In the
TLM (Davis et al., 1978: Hayes et al., 1991) it is assumed that different species are adsorbed at
different distances from the surface. Somewhat different versions of the triple-layer model are
in use; the description here follows Hayes et al. (1991). In the triple-layer model (Fig. 5-10¢),
proton and deprotonation reactions occur in a layer directly adjacent to the surface, the o-plane.
Inner-sphere complexes are also assigned to the o-plane. Outer-sphere complexes are assigned
to a plane (the B-plane) slightly farther from the surface, and all ions that interact only through
electrostatic forces are assigned to a diffuse layer outside the B-layer. In the original version of
the TEM (Davis et al., 1978), which is the version implemented in MINTEQAZ2, only proton—
deprotonation reactions occurred at the o-plane; inner-sphere complexes were assigned to the
B-plane, and outer-sphere complexes were assigned to the diffuse layer. The approach (in both
forms) is conceptually reasonable: protons should be attached directly to the surface, physi-
cally larger adsorbed species should be centered at a greater distance, and ions that do not
bond directly to the surface would form a diffuse layer. The two regions closest to the surface
are modeled as a constant capacity layer and the region outside the B-layer as a diffuse (Gouy-
Chapman) layer. The advantage of this model is that it is (presumably) a better representation



102 Adsorption  Chapter &

of reality or, alternatively, it has more fitting parameters. which should result in a better fit to
experimental data. The disadvantage is that it is mathematically more complex and requires
more parameters to describe the system. It should be stressed, following Westall (1987), that
although these models may describe macroscopic data well., they should not be regarded as a
literal description of processes occurring at the molecular scale.

Comparison of the Models. The ability of each of the three models (and two
others) to describe experimental data from acid-base titrations of hydrous oxides was evalu-
ated rigorously by Westall and Hohl (1980). They showed that cach model had sufficient
adjustable parameters and that each could describe the experimental titration data equally
well. Subsequent comparisons are reviewed by Davis and Kent (1990). They conclude that all
surface complexation models can simulate ion adsorption data adequately in simple mineral-
water systems, so there is no obvious reason to choose one over the other. Computational com-
plexity is not really an issue because computer codes handle the calculations for all of them.
A major limitation is the availability of data to implement any model. The most extensive
compilation at present is that of Dzombak and Morel (1990) for hydrous ferric oxide.
Dzombak and Morel used a modified DDLM; it is convenient and advisable to maintain con-
sistency by using their model with their data.

Realistically, when it comes to predicting adsorption in field situations, the choice of a
specific surface complexation model is likely to be a very minor source of uncertainty. A far
greater source of uncertainty is specifying the amount and properties (specific surface area, site
density, complexation constants) of the adsorption substrates present in the natural environment.

Modeling Adsorption with MINTEGQA2

Conceptually, modeling adsorption is simply an extension of the speciation calculation discussed
in Chapter 2. If we were to add a new dissolved component to WATEQ4F or MINTEQAZ2, we
would need to add:

1. An equation for the conservation of the total mass of the component

Total concentration = Sum of concentrations of all species (complexes)
containing the component

2. An equilibrium constant for the formation of each species containing the component.

We would thus add n unknowns (the concentration of each complex and the concentration of
the free component), and »n equations (a total concentration for the component), and (n — 1)
equilibrium constant expressions.

Mathematically, if the electrostatic term is omitted, adsorption at a surface site is iden-
tical to complex formation in solution. To model adsorption at a single surface site, we need
to specity:

1. The total concentration of “sites” ([=S—OH] in the terminology above) in units of
moles/Zof solution (MINTEQA?Z prompts for the variables shown on the right hand side
of Eq. (5-5) above).
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2. An equilibrium constant for formation of each complex between the surface site and
components in solution. For surface complexation models, these would correspond to
the intrinsic constants.

The electrostatic term is modeled mathematically by treating it as an additional component.
This “works” because Eq. (5-7),

\
intr

[S—OHJH*]  [-2F ‘f’)
@ 7 |=S—OH?] ( RT

/

corresponds to the equilibrium constant for the reaction
—ZF Y,
=S—OH; = =S—OH + H" + exp( rrrrrrrrrrrrrrrrrrrrrr (54)

The electrostatic term is thus analogous to an activity in solution, It is calculated by MINTEQAZ2
to be consistent with the particular adsorption model chosen. The other equations needed to define
the system are an equation for conservation of charge at the surface (at each layer in the triple-layer
model), and expressions corresponding to equilibrium constants, which determine the appropriate
value for the electrostatic term for each reaction being modeled. These calculations are performed
by MINTEQAZ to correspond to the adsorption model chosen. Thus addition of adsorption reac-
tions, including electrostatic effects, is mathematically equivalent to adding additional compo-
nents in solution and does not require anything fundamentally different from the program.
The adsorption equations available in MINTEQAZ2 are

1. The Activity K, Model. The model implemented by MINTEQAZ differs slightly from
the common usage in that the concentration in solution is expressed as the activity of the free
ion rather than as the total concentration of the ion in solution. The relevant equations are:

=5—0H + M = =§5—0OH M
and
. =S—0OH=M
gt = [5S—OH M
Qy

where [=S5—O0H ¢ M] represents the adsorbed concentration of M (which may have any
charge, including zero). [=S—OH] does not appear in the equation because in the K, model it
is assumed that the number of available sites is infinite and does not change. This is analogous
to the assumption that the activity of a solid phase is 1. The only input data needed to imple-
ment the model is a numerical value for the K, for each species of interest. There is no inter-
action among solutes: adsorption of solute A has no effect on adsorption of solute B.

2. The Activity Langmuir Model. As with the activity K, above, the activity of the rele-
vant species in solution is used rather than the concentration, and the charge of the solute (M)
is unimportant. The relevant equations are

=5—0H +M = =5—0H M

and
=S—0H+M
ki, = | oM (5-11)
s Oy [=5—0H]
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If the total concentration of sites is [=SOH}; (= [sS—OH] + [=S—O0H » M]). then Eq. (5-11)
can be rewritten in the more familiar Langmuir form:
Lang/=S—OH;ay,

28-—OH e M] = ~temem =0
I+ K{,. O

Lang

The input data required to implement the activity Langmuir model are numerical values for
(fone for each species of interest and a numerical value for [=SOH];. Because the number of
sites is fixed. there is competition among solutes. Adsorption of solute A will tend to decrease
the adsorption of solute B.
3. The Activity Freundlich Model. This model is similar to the activity K, model, with
the addition of an exponent n. The concentration/activity of unreacted sites is assumed con-
stant and equal to 1.

[=S—OH * M] = K&t al,

Freun
The required inputs are K . and » (somewhat confusingly, MINTEQA?Z asks for 1/n rather
than n). As with the &, model, there is no interaction among solutes.
4. lon Exchange Model. This model uses selectivity coefficients, as discussed in
Chapter 4. For ions of the same charge,
[=S—OH « M,] + M, = [=§—OH * M,] + M,

my [=5—O0H « M, ]
iy, [ES—OH « M, ]

K

exX

(= Ky n, in the terminology of Chapter 4) =

The calculation uses concentrations of free ions (calculated from activity divided by activity
coefficient) rather than activities for solutes. The required inputs are a cation exchange
capacity and a selectivity coefficient for each pair of ions to be modeled. For ions of different
charge, the model implements the Gaines-Thomas equation (Eq. 4-7) discussed in Chapter 4.
8. Constant Capacitance Model, Diffuse-Layer Model, and Triple-Laver Model. The
implementation of these models follows the theory outlined above. The necessary inputs are
surface area(s) of the solid(s), surface site densities, and intrinsic constants for all species of
interest, and a capacitance or capacitances for the double (triple) layers. Five different surfaces
(which would correspond to different mineral phases) and can be modeled simultaneously by
MINTEQAZ, and each surface may have up to two different sites. It is not often that people
model more than one surface at a time. There is interaction among solutes both because of
competition for a fixed number of sites and because adsorption of any ion affects the electric
charge of the surface. MINTEQA? normally comes with the Dzombak and Morel (1990) data
base for calculating adsorption on hydrous ferric oxides with the diffuse double layer model.

REVIEW QUESTIONS

The adsorption properties of ammonium in an aquifer were evaluated by mixing 1 g of an ammonium-satu-
rated sediment with different volumes of ammonium-free groundwater fromthe aquifer, and the
concentra-tion of ammonium in the groundwater was measured. The cation exchange capacity of the
sediment was 20 meg/ke. B

ml soln/g sediment 05 1 2 5 10 20 50 100 200 500 1000
Conc in solution (mM) 6.8 50 35 20 13 075 035 0.186 0.0963 0.03938 0.01984
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1. How well do the data fit a Langmuir isotherm? Estimate the values of K, and iy ., that best
fit the data.

2. What value of K, would fit the data at low concentration? Up to what concentration is the linear K,
a reasonable fit (say =10 percent) to the data?

3. How well do the data fit a Freundlich isotherm? Up to what concentration is the Freundlich
isotherm a reasonable fit (say =10 percent) to the data? What value of n gives the best fit at low
concentration?

4. The data in the table avove fit a cation-exchange equation (Eq. 4-3):

_ Macaay e e AT
CEC — my APM
with K',p = 6 and M = 15 meq// How does this equation differ from the Langmuir isotherm? Can
you relate the constants in this equation (CEC, K’ ., M) to the constants in the Langmuir isotherm
and its linearized equivalent (K0, M maxy)”
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Organic Compounds
in Nlatural Waters

NATURAL ORGANIC MATTER

All natural waters contain dissolved organic compounds. In the past, geochemists have
tended to ignore organic solutes because of the complexity of the mixture and the analyt-
ical difficulties. Recently, however, there have been numerous studies of dissolved organic
compounds, both natural and anthropogenic, and the role they play in geochemical
processes. It is now recognized that organic solutes play a major role in weathering
processes, in diagenesis, in light attenuation and photochemical reactions, and in the trans-
port of trace metals.

The simplest measure of the total concentration of organic solutes is the concentration
of dissolved organic carbon (DOC), which is measured by converting all the organic material
in solution to CO- and then measuring the CO, produced. Organic matter is considered dis-
solved if it passes through a 0.45-um filter, and it is particulate if it is retained by the filter. This
definition. although easy to apply, is arbitrary, as organic materials occur in a range of molec-
ular sizes, and 0.45 um does not represent a fundamental break, except that a 0.45 pm filter
excludes almost all bacteria. The term TOC (rotal organic carbon) is the organic carbon con-
tent of an unifiltered sample.

Rainwater has DOC concentrations of about 0.5 to 1.5 mg// (Hoffman et al., 1980),
much of it in the form of formate. acetate, and oxalate, derived largely from photochemical
reactions involving larger organic molecules (Keene and Galloway, 1984; Sedlak and Hoigné,
1993). These compounds tend to biodegrade rapidly, so the rain must be analyzed or preserved
quickly if these simple organic solutes are to be observed. DOC concentrations in groundwa-
ters and the ocean are typically about 0.5 mg//, in rivers and lakes they are typically 2 to 10
mg// with values up to 60 mg//in rivers draining swamps and wetlands (Thurman, 1985);
values in soil water can be as high as 260 mg// (Antweiler and Drever, 1983). Some typical
values for DOC in natural waters are shown in Fig. 6-1.

River waters with DOC concentrations above about 10 mg// are distinctly colored. High-
DOC waters, most common in tropical lowlands, are called black waters.

107
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Marshes & bogs |- L

Rivers & lakes
Groundwater
Rainfail

Seawater
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i

DOC (mg//)

FIGURE 6-1 Typical values for natural DOC in natural waters (data from Thurman, 1985, and other sources).

Structure of Natural Organic Solutes

In the simplest view, organic compounds can be regarded as a carbon skeleton to which var-
ious functional groups are attached. The main components of the carbon skeleton are straight-
chained or branched carbon units (aliphatic units):

Py P
RS DR
H H H H H H H
H—-C—H

H

and aromatic units based primarily on the benzene ring:

Y/L

i

/\T
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The color in black waters is due to conjugated aromatic units,
The carbon skeleton may also contain olefinic (double-bonded) groups:

and heterocyclic units (rings containing one or more atom that is not carbon):

pyridine pyrrole furan

SN

Functional Groups

Functional groups are small groups of atoms attached to the carbon skeleton. They normally con-
tain atoms other than carbon (typically oxygen, nitrogen, or sulfur) and have specific chemical
properties that affect the properties of the molecule as a whole. Functional groups containing
oxygen and nitrogen are typically polar, that is to say they either have an electrical charge (ionized
groups such as —COO™ or =NH") or an electric dipole—a separation of charge in the group such
that one “end” has a partial negative charge and the other a partial positive charge. Polarity is impor-
tant because water is a highly polar solvent: polar functional groups tend to increase solubility in
water, whereas organic molecules without polar functional groups tend to be relatively insoluble.

Carboxylic Acids. The most important group in natural DOC is the carboxylic
acid group:

—COOH

The carboxylic group is important because it is the most abundant functional group in natural
DOC. In fact, it is the largely the presence of this functional group that makes natural organic
matter soluble in water (see discussion below). It is the dominant contributor to the acid-base
behavior of natural DOC and a major contributor to complexation of metals. Carboxylic acids
are produced by microbial oxidation of other (particularly plant-derived) organic matter. The
diversity of carboxylic acids in nature reflects the diversity of precursor plant material and the
diversity of microbial oxidation pathways.

As the name implies, this group behaves as an acid. If R is used to represent the
remainder of the molecule, dissociation of the acid is described by

(6-1)

ORCOOH
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The “strength” of an acid is measured by its dissociation constant, K,, which is commonly
reported (by analogy with pH) as pK, where pK, = —log K. As can be seen from Eq. (6-1), the
pK, is numerically equal to the pH at which half of the acid is dissociated and half is undissoci-
ated. The smaller the pK,, the lower the pH at which dissociation occurs and hence the stronger
the acid. The pK, value of a particular carboxylic acid group depends on the nature and position
(see, e.g., Schwarzenbach et al., 1993) of other functional groups close to it in the same molecule
(Table 6-1). Note that oxygen-containing functional groups adjacent to the carboxylic acid group
generally cause an increase in acid strength (compare, for example benzoic and salicylic acids in
Table 6-1). Most carboxylic acid groups have pK,, values around 3.5 to 5 (Fig. 6-2): thus most are
completely dissociated in most natural waters, In high-DOC waters with low concentrations of
inorganic ions, organic acids typically buffer the pH at about 4.5 (McKnight et al., 1985).

A second important property of carboxylic acids {or, more importantly, the corre-
sponding anions) is the ability to complex metals. especially transition metals and aluminum.
Complexation is particularly strong when two adjacent functional groups on a single molecule
can coordinate with a cation and form a chelate (see Chapter 2).

A third important property of the carboxylic acid group is its effect on solubility and
related properties. An ionized carboxylic acid greatly increases the solubility in water of the
compound to which it is attached. Thus, for example, undissociated benzoic acid

COOH

is relatively insoluble in water (3 g/#), but sodium benzoate is highly soluble (660 g/¢). Even
undissociated carboxylic acid groups contribute to solubility; benzoic acid is more soluble in
water than is benzene. Somewhat related to solubility is the hydrophobic (water-hating) or
hydrophilic (water-loving) property of an organic compound. Hydrophobic compounds are
more soluble in organic solvents {e.g.. octanol or dichloromethane) than in water, and
hydrophilic compounds are more soluble in water than in organic solvents. This is important
in fractionation schemes for dividing natural organic compounds into classes and in deter-
mining the adsorption properties of the compound. Compounds with a high ratio of polar
functional groups (such as carboxylic acid groups) to framework carbon atoms tend to be
hydrophilic, whereas those with a lower ratio tend to be hydrophobic.

Phenols. A phenolic group is an —OH group attached to an aromatic ring, for
example:

o o o, ¥

phenol o-cresol resorcinol hydroquinone
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TABLE 8-1 Dissociation Constants for Some

Organic Acids
PK,
Acetic CH,COOH 4.9
Lactic CH;—CH—COOH 31
OH
Oxalic COOH 12,42
COOH
P COOH
Benzoic f 4.2
=
PR COOH
Salicylic ! 2.9
SN oH
PN COOH
o-Phthalic iiv | 29,55
Z COOH

The properties of phenols resemble those of carboxylic acids in several ways. They can disso-
ciate into H" and the corresponding anion:

OH (e}

e

Although they are generally much weaker acids than carboxylic acids (Fig. 6-3). the pK, value
likewise depends on the nature of other functional groups nearby in the molecule. Phenolic
groups form strong complexes with metal cations. and a phenolic group adjacent to a car-
boxylic acid group as in salicylic acid,

COOH

is a very effective chelator. Phenolic groups also contribute to the hydrophilic properties of a
compound.
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FIGURE 6-2 Distribution of pK, {
values for simple carboxylic acids
(after Perdue, [985).
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Amines and Amino Acids. The amino group (—NH,) behaves like ammonia in
that it can accept a proton and become ——NH7. The nitrogen atom can coordinate with metal
cations and contributes to the hydrophilic character of the molecule.

Natural amino acids contain an amino group adjacent to a carboxylic acid group:
Rl
|
R~ C—COOH
i
i
NH,
2

The remainder of the molecule (represented by R, and R,) may be quite complex and com-
monly contains other functional groups. The group can behave as both an acid (from the
—-COOH) group and as a base (from the —NH, group).

Amino acids are the building blocks of proteins and are essential components of all
living organisms. They may be present in natural waters as free amino acids, as peptides
(chains of amino acids linked through their amino and carboxylic acid groups),

0 R, H O R, H
I | | [l I 1
C CH N C CH N
NN /SN N SN NN
N S O
|
R, H 0 R, H 0

or as components of humic substances (see below). As a group, amino acids make up about 1
percent to 3 percent of the DOC in natural waters (Thurman, 1985).
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FIGURE 6-3 Distribution of pk,
values for phenolic groups (after
Perdue, 1985).
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Sulfur-Containing Functional Groups. Relatively little is known about sulfur-
containing functional groups in natural DOC. Microbial processes produce dimethy! sulfide:

CH,—S—CH,

and various other reduced sulfur compounds. Leenheer et al. (1994) speculate that sulfur in
fulvic acids (see below) is present as an ester sulfate:

R-—0—S807
Synthetic detergents commonly contain sulfonate groups:

R—SO;,

Neutral Functional Groups. Natural organic matter contains several oxygen-
containing functional groups,

‘O O
I |
R—OH R—O—R’ R—(C—R’ R—C—Q R’
alcohol ether carbonyl ester, lactone

that do not contribute directly to the acid-base properties of the molecule, but, because they are
polar, they increase (to varying degrees) the solubility in water and the hydrophilic properties
of molecules in which they are present.

Humic Substances

Humic substances have been defined as “A general category of naturally occurring. biogenic,
heterogeneous organic substances that can generally be characterized as being yellow to black
in color, of high molecular weight, and refractory” (Aiken et al., 1985). In general terms, they
are the products of the decomposition of primarily plant material by microbes. They are refrac-
tory in the sense that they are not easily decomposed further by microbes. Humic substances
are subdivided into: fumin, the fraction of humic substances that is insoluble in water at all pH
values; humic acid, the fraction that is insoluble in water at pH 2 but becomes soluble at higher
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pH; and fulvic acid, the fraction that is soluble under all pH conditions. Most of the dissolved
organic carbon in natural waters is in the form of humic and fulvic acid, with fulvic acid pre-
dominating in surface waters and humic acid tending to predominate in soil solutions. Humic
and fulvic acids are general terms that cover a wide range of individual compounds. The exact
structures of the individual compounds have not been elucidated. Since humic and fulvic acid
are general terms for mixtures of compounds, the detailed properties of humic or fulvic acid
from one location may be different from those of humic or fulvic acid from another location.
The differences are presumably related to different original source material and different
degradation pathways.

Attempts to characterize soluble humic substances by identifying the individual com-
pounds present have generally been unsuccessful (Hayes et al., 1989), and the common
approach has been to measure the properties of either the bulk mixture or of fractions sepa-
rated from the mixture. The simplest fractionation is the division into humic and fulvic acid on
the basis of solubility at low pH. Fractionation can also be based on molecular size, electrical
charge characteristics, and adsorption. The main purpose of fractionation is to provide more
uniform material for characterization by other techniques.

Some of the more important characterization methods are:

Elemental Analysis. The composition of the humic material (C, H, O. N, S, and
sometimes other elements) 1s measured by standard chemical techniques (Huffman and
Stuber, 1985). Bulk analysis constrains the amount of individual functional groups that can be
present and constrains the relative amounts of aliphatic versus aromatic carbon. The chemical
compositions of fulvic and humic acids are shown in Table 6-2.

Molecular Size and Weight Determinations. Colligative properties: A col-
ligative property is a property of a solution that depends only on the number of solute mole-
cules present and not on their properties. Thus, if the number of molecules associated with a
given concentration of fulvic acid is determined, a number-averaged molecular weight can be
calculated. Colligative propertics include vapor-pressure lowering, changes in freezing point
and boiling point, and changes in osmotic pressure (Aiken and Gillam, 1989). Because solu-
tions of humic substances are generally dilute in terms of the number of molecules present in
solution, measuring these properties with sutficient precision is technically difficult. The most
commonly used technique is vapor-pressure osmometry (e.g., Aiken et al., 1994). They report
number-averaged molecular weights for aguatic fulvic acid of about 600 to 900 daltons. (The
dalton is the standard unit of molecular weight; the weight of the isotope '*C is defined as

TABLE 6-2 Average Values for Elemental
Composition of Soil Humic Substances (from
Steelink, 1985]

Humic Acids Fulvic Acids
Carbon 53.8-58.7% 40.7-50.6%
Hydrogen 3.2-6.2 3.8-7.0
Oxygen 32.8-38.3 39.7-49.8
Nitrogen 0.8-4.3 0.9-33

Sultur 0.1-1.5 0.1-3.6
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12.0000 daltons.) One disadvantage of colligative-property measurements is that they provide
only a mean molecular weight and provide no information on the spread or distribution of
molecular weights.

Gel permeation chromatography: The most commonly used method for molecular size
determination is gel permeation chromatography. A solution of the humic substance is passed
through a column of Sephadex gel, and the extent to which fractions are retarded is a measure
of their molecular size. Conceptually, the gel can be regarded as a framework with holes of a
certain size in it. Molecules that are too large to fit the holes pass straight through the column
and are not retarded. Smaller molecules diffuse through the holes into the gel, and hence take
longer to pass through the column. If gels with different-sized “holes” (characterized by reten-
tion of known compounds) are used. the molecular size distribution of the humic substance
can be measured. Molecular “size” is usually reported as molecular weight, although the con-
version is only approximate.

Other methods for molecular size determination include ultrafiltration, and scattering of
light or X-rays (Wershaw and Aiken. 1985). The general molecular-weight range of fulvic
acids is 500 to 2,000 daltons and that of humic acids is 2,000 to 10° or more daltons.

Acid-base Titration. Acidic functional groups can be determined by titration
with a strong base, such as barium hydroxide (see the discussion of alkalinity titrations in
Chapter 3). In the past, such titration curves were “fitted” by assuming the existence of two
types of functional groups: carboxylic acid with a pK, of about 4 and phenol with a pK, of
about 10 (cf. Figs. 6-2 and 6-3). With this assumption, the number of carboxylic and phenolic
groups per gram of humic substance could be readily measured. Unfortunately, the func-
tional groups of “real” humic substances show a large spread in pK, values, and there are sev-
eral theoretical complications to the titration of a polyelectrolyte such as humic or fulvic acid
(Ephraim et al.. 1986; Marinsky and Ephraim, 1986; Perdue, 1985.)

Nuclear Magnetic Resonance [NMR)] Spectroscopy. NMR spectroscopy
measures transitions involving the nuclear spin of a suitable nucleus ('*C or 'H) in an externally
imposed magnetic field. The resonant frequency of the nucleus depends on the strength of the
magnetic field to which it is exposed. The electrons surrounding the nucleus shield 1t partially
from the external magnetic field, and so the resonant frequency varies as a function of the distri-
bution of electrons around the nucleus. Thus NMR gives information on the electron configura-
tion surrounding the 'H or C atom; the electron configuration is itself determined by the
functional group in which the nucleus occurs. Proton NMR is capable of distinguishing between
and estimating the relative amounts of protons on aromatic rings, aliphatic chains (several sub-
classes), carboxylic acids, hydroxyl groups. methoxy! groups, and lactone groups (Wershaw,
1985). *C NMR can distinguish between aromatic carbon, aliphatic (alkyl) carbon, carboxyl
carbon, carbon in aldehydes and ketones, and carbon in alcohols, esters, ethers, and so on. NMR
(especially C NMR) is thus capable of estimating the amounts of various functional groups
present and also the amounts of different types of carbon atom in the carbon skeleton.

Suwannee River Humic Substances. The Suwannee River drains the Okefeno-
kee Swamp in the southeast portion of the state of Georgia. It is a “black” river, with low concen-
trations of inorganic ions, and a DOC concentration of 35-50 mgC// Interestingly, the DOC
appears to be derived from decomposition of contemporary vegetation and not from the peat that
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underlies the swamp (Malcolm et al., 1994) Large quantities of fulvic acid have been extracted
from the Suwannee by workers at the U.S. Geological Survey. This fulvic acid has been exten-
sively analyzed and characterized (Averett et al., 1994). It is thought to be typical of fulvic acid in
rivers. Some properties of Suwannee River fulvic acid are listed in Table 6-3. Three proposed
structural models consistent with the information are shown in Fig. 6-4. Note that the structures
contain only two aromatic rings and have a large number of oxygen-containing functional groups.
It must be emphasized, however, that fulvic acid is not a single compound: these models would
thus be typical of the types of molecule that might make up a major fraction of the mixture.

Humic acids would be expected to be similar in structure to fulvic acids with the excep-
tion that the average molecular weight is higher and the proportion of oxygen-containing
functional groups lower.

TABLE 8-3 Average Properties of Suwannee River
Fulvic Acid {from Leenheer et al., 19394)

Number-average molecular weight 800 daltons

Elemental composition (corrected for ash & moisture)

Carbon 53.8%
Hydrogen 4.3%
Oxygen 40.9%
Nitrogen 0.7%
Sulfur 0.6%
Phosphorus <0.1%
Average molecular formula CiHp0p

Carbon distribution by type of carbon by "C NMR
(normalized to 33 total carbon atoms)
Aliphatic
H-C-0 (alcohol. ether, acetal, ketaly
O-C-0 (acetal, ketal, inc. aromatic)
Aromatic
Phenols. phenolic esters, aromatic ethers
Carboxyl plus ester
Ketone

Wi 00 P L =

BN

Hydrogen distribution (normalized to 32 total)
Carboxyl
Phenol
Alcohol
Bouad to carbon 2

b B

[

Oxygen distribution (normalized to 19 total)
Carboxyl
Ester
Ketone
Phenol
Alcohol
Acetal and ketal
Ether
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FIGURE 6-4 Three proposed average structural models of Suwannee River fulvic acid (from Leenheer et al., 1994).
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Dissolved Organic Carbon {DOC) in Natural Environments

Soil Solutions. The organic layer in soils is a major source of soluble organic com-
pounds. Cronan and Aiken (1985) report concentrations of 21 to 32 mg C/7 in solutions from
the O/A horizon of soils from the Adirondack Mountains of New York State: concentrations
there decreased to 5 to 7 mg C/Zin the B horizon (50 ¢cm depth). Yavitt and Fahey (1985)
showed a similar decrease in DOC with depth in soils from the Rocky Mountains of
Wyoming. Yavitt and Fahey also observed a strong seasonal effect: solutions from the organic
layer at the time of first snowmelt contained high (greater than 70 mg C/7) concentrations of
DOC, and the concentrations decreased to less than 20 mg C/7as the season advanced. The
early-season solutions contained relatively high concentrations of low-molecular-weight,
readily metabolizable compounds such as amino acids and short-chain aliphatic acids,
whereas the late-season solutions were dominated by refractory humic substances. The sea-
sonal changes are a result of seasonal changes in microbial activity. The decrease in DOC with
depth is caused by some combination of microbial decomposition, adsorption. and precipita-
tion as a solid (Steveanson, 1994).

The presence of organic acids has a strong influence on weathering and soil formation
(e.g., Antweiler and Drever. 1983; Fahey et al., 1985; Graustein et al., 1977). They control the
pH of soil solutions and hence, in part at least, the rate of mineral weathering. Aluminum and
iron are complexed by organic solutes. which results in leaching of these elements from upper
horizons and deposition in deeper horizons (as the DOC is removed from solution), forming
the characteristic profiles of podsols or spodosols (although there is some debate about the rel-
ative importance of transport of Al in solution and transport by physical movement of particles
in soil profile development).

Groundwater. Most groundwaters that are not affected by pollution have DOC con-
centrations below 2 mg C/Z with a median value of about 0.7 mg C/Z(Leenheer et al,, 1974). As
mentioned previously, water percolating through soll loses its DOC by several processes. By the
time the water reaches the water table. most of the DOC has been removed. Locally, groundwa-
ters associated with swamps or with coal or oil shale may have much higher DOC concentrations.
Oilfield brines may contain very high (more than 1,000 mg C/¢) concentrations of short-chain
aliphatic acids produced by thermal degradation of kerogen (Lundegard and Kharaka, 1994).

Rivers and Lakes. DOC concentrations in rivers vary with the size of the river, cli-
mate, and the nature of vegetation in the river basin (Thurman, 1985). Excluding waters
draining swamps and wetlands, the normal range is about 2 to 15 mg C//with a mean of about
4 to 6 mg C/7/(Degens, 1982). About half of the DOC is fulvic/humic acids (Fig. 6-5). Waters
draining swamps and wetlands range from about 5 to 60 mg C/Z with a mean of 25 mg C/
(Thurman, 1985). Again, the major component is fulvic acids. Organic species are often the
dominant anions in such waters, and aluminum and iron, complexed by dissolved organic
matter, may be major cations (Beck et al., 1974). DOC concentrations in rivers commonly
vary with discharge. At low tlow, when most of the water is derived from groundwater, DOC
concentrations tend to be low. At high tlow, when water is entering the river directly from the
soil, DOC concentrations tend to be higher.

The DOC concentration in lakes varies with the biological productivity of the lake. Lakes
with low productivity typically have 1 to 3 mg C/4 whereas eutrophic (see Chapter 8) lakes
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FIGURE 6-5 Distribution of dif-

ferent classes of organic compounds
in surface water DOC in rivers of the
United States {after Malcolm, 1985).

15% Neutrals

5% Bases

5% Contaminants

45% Fulvic acids
and
5% Humic acids

25%
Low-molecular-weight
acids

typically have 2 to 5 mg C//(Thurman, 1985). Lakes associated with swamps or peat bogs may
have much higher values. The DOC in lakes is a mixture of substances from river input (with a
higher proportion of humic substances) and substances produced by the biota, primarily algae.
in the lake (a wide range of compounds with a smaller portion of humic substances) (Wetzel,
1983). The relative importance of the two sources depends on the size of the lake; very roughly.
the larger the lake. the smaller the relative contribution from river input.

DOC in surface waters is strongly involved in photochemical reactions (e.g.. Sulzberger
and Hug, 1994). Humic substances absorb ultraviolet and visible light, which both breaks
down the humic molecules and provides free radicals that may influence the redox chemistry
of iron, manganese, and other metals. Such photochemical reactions may be important in pro-
viding iron in a bioavailable form to phytoplankton, and in converting humic substances to
smaller molecules that can be metabolized by microorganisms.

The Oceans. The mean DOC concentration in the surface layers (0 to 300 m) of the
oceans is 1 mg C/4 with a range of 0.3 to 2.0 mg C//(Williams, 1971). The mean DOC con-
centration of deeper water is 0.5 mg C/£ The DOC is derived both from marine biota and from
continental runoff. Marine DOC contains a wide range of compounds, of which fulvic/humic
acids are a relatively small proportion. Marine humic substances are quite different in chemical
character from terrestrial humic substances, reflecting derivation, in part at least, from plank-
tonic organisms rather than terrestrial plant material (Harvey and Boran, 1985).

ORGANIC POLLUTANTS

Human activities have introduced a vast number of synthetic organic compounds into the envi-
ronment, and many are causing significant pollution of ground and surface waters. Although
many different compounds cause problems locally, the most important overall are aromatic
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hydrocarbons (mostly from gasoline, diesel, and other fuels), chlorinated hydrocarbons (used in
various industrial processes, mostly as solvents), and pesticides (Table 6-4). Aromatic hydrocar-
bons and chlorinated hydrocarbons have a number of properties in common: they are relatively
nonpolar, they are somewhat soluble in water, they are volatile, and some members of each
group are relatively resistant to biodegradation. Although aliphatic hydrocarbons are also a
major component of fuels, they are generally less of a problem as pollutants in groundwater

TABLE 6-4 Examples of Some Common Organic Pollutants

Aromatic Hydrocarbons

CH, CH, C,H,
| - CH, '
alE oe
\\/J \/ ~ \\V’)
benzene toluene o-xylene ethylbenzene

{methylbenzene) (1, 2-dimethylbenzene)

Chlorinated Hydrocarbons

H Cl1 H Cl H Cl Ci
Cl —C= Cl Cc=C C=C ¢=cC
|
| /N /N /N
Cl H H Cl Ci Cl Cl
chloroform vinyl chloride  trichlorethylene, TCE  perchlorethylene, PCE
(trichloromethane) {chloroethene) (trichloroethene) (tetrachlorethene)
5 6 2 3

DDT polychlorinated biphenyls (PCB)
{Chlorine atoms attached at various
points around both benzene rings)

Polynuclear Aromatic Hydrocarbons

naphthalene anthracene phenanthrene pyrene
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because they are much less soluble in water and are generally biodegradable. Another class of
compound associated with petroleum is polynuclear aromatic hydrocarbons (PAH) (Table 6-4).
These are relatively insoluble in water but are of environmental concern because many members
of the group are carcinogens. The properties of pesticides are highly variable, so one cannot
assign general properties to the group. Some (e.g.. DDT) are chlorinated hydrocarbons (non-
polar, insoluble), whereas others are highly polar and soluble in water.

Solubility and Related Properties

Much of the behavior of organic pollutants is determined by their hydrophobicity, that is the
extent to which they tend to partition into an organic phase such as octanol rather than into
water. The most general measure of hydrophobicity is the octanol-water partition coefficient.
If a compound is allowed to distribute itself between octanol and water in contact with each
other, the octanol-water partition coefficient (K ) 1s simply the ratio of its concentration in
the octanol phase to its concentration in the aqueous phase. There is nothing “special” about
octanol; other organic solvents would give a similar pattern. The octanol-water partition coef-
ficient is a good predictor of adsorption behavior and of bioaccumulation. Compounds with
very high K, values (for example the pesticide DDT) tend to accumulate in fat and not be
excreted, and as a result their concentration increases up the food chain. The solubilities of
nonpolar organic compounds also correlate fairly well with their octanol-water partition coef-
ficients (Table 6-5). Note that the solubilities of many aromatic hydrocarbons and chlorinated
hydrocarbons are quite high, as high as several hundred mg/Z Note also that low solubility in
water corresponds to a high octanol-water partition coefficient, reflecting the “incompati-
bility” of that compound with water.

Because of their limited solubilities in water, nonpolar organic liquids commonly form
a separate phase in the subsurface; such liquids are referred to as NAPLs (Non-Aqueous Phase
Liquids). NAPLs are subdivided into LNAPLs (Light NAPLs), whose density is less than that
of water, and DNAPLs (Dense NAPLs), whose density is greater than that of water. The most
common LLNAPLs are gasoline and other fuels; the most common DNAPLs are chlorinated
hydrocarbons (particularly chlorinated ethylenes) used as solvents. If an LNAPL is spilled on
the ground (Fig. 6-6), it tends to flow down through the unsaturated zone and form a pool at
the water table. A DNAPI., by contrast (Fig. 6-7), will flow downward through the ground-
water until it encounters an impermeable layer. It then tends to spread laterally, following the
topography of the surface of the impermeable layer.

The theory of multiphase flow in a porous medium is complex. and will not be discussed
here (for an introduction, see Fetter, 1993). As a liquid percolates downward through the unsat-
urated zone, it does not drain completely; some of the liquid remains in the pores, held by cap-
illary forces. The amount of liquid remaining is referred to as the residual saturation. Similarly,
if an NAPL is displaced by moving groundwater, the NAPL is not completely displaced by the
water: a fraction, the frreducible saturation, remains behind. These phenomena contribute
greatly to the difficulty of cleaning up aquifers contaminated by NAPLs. Even if all the “free”
NAPL is pumped from the ground, a significant fraction remains behind in the pores of the
vadose zone and the aquifer. The common pollutants are sufficiently soluble (Table 6-5) that the
residual amounts can severely contaminate any groundwater moving through an affected
volume, yet they are sufficiently insoluble that cleanup by pumping water through the affected
volume to dissolve the residual amounts (“pump and treat”) is rarely an effective treatment by



122 Organic Compounds in Natural Waters ~ Chapter 6

TABLE 6-5 Solubilities and Octanol-Water Partition Coefficients for Some Common Organic
Pollutants {from Mackay et al., 1882; Sangster, 19391, and other sources]*

Solubility in

Specific water at 25°C
Compound graviry (mg/l} log K
Aliphatic hydrocarbons
n-heptane 0.68 3 4.506
n-octane 0.70 0.7 5.15
Aromatic hvdrocarbons
Benzene (.88 1800 213
Toluene 0.87 500 273
o-Xylene (1,2-dimethylbenzene) 0.88 180 3.12
Ethylbenzene 0.87 170 315
Chlorinated hydrocarbons
Chioroform (trichloromethane) 1.48 8000 1.97
Carbon tetrachloride (tetrachloromethane) 1.59 800 2.83
1, 2 Dichloroethane 1.25 8500 1.48
1.1,2 Trichloroethane 1.44 4500 2.1
1,1.2,2 Tetrachloroethane 1.59 3000 2.4
Vinyl chloride gas 1
Trichloroethylene (trichloroethene) 1.46 1200 24
Perchlorethylene (tetrachloroethene) 1.62 200 3
Chlorobenzene [t 450 2.84
1,3 Dichlorobenzene 1.29 120 35
p.p-DDT 0.003 6.19
2.4.2 A ~Tetrachlorobiphenyl (PCB-47) 1.20 0.1 6.0
Polvnuclear aromatic hvdrocarbons (PAH)
Naphthalene 115 32 3.35
Anthracene L3 0.07 4.50
Phenanthrene 1.2 1.2 4.52
Pyrene 1.3 0.13 5.00

*There is considerable uncertainty associated with some of the solubility and log Ky numbers.

itself. *‘Pump and treat” may. however, be an effective way of containing the contaminant and
preventing its spread. It is also used in combination with other strategies such as bioremedia-
tion (see below). For volatile NAPLs, circulating air through the vadose zone (vapor extraction)
can be an effective cleanup strategy. These topics are well reviewed in the National Research
Council (1994) publication “Alternatives for Ground Water Cleanup.”

Adsorption

Nonpolar Compounds. Dissolved organic compounds are often strongly
adsorbed by solid phases in the subsurface, which greatly affects their mobility in ground-
water. For nonpolar compounds such as hydrocarbons and chlorinated hydrocarbons, the
important substrate is solid organic matter in the aquifer. “Solid organic matter” does not
generally consist of large particles such as coal or wood fragments, but organic coatings on
minerals. Natural minerals are very commonly coated by organic matter and, as a result, a
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relatively small weight percent organic matter can correspond to a relatively large surface
area available for adsorption. The principal adsorption mechanism is hydrophobic parti-
tioning. Hydrophobic compounds are, by definition, incompatible with water and so tend to
partition out of water onto any available organic substrate. Since the main driving energy is
the incompatibility with water, the extent of adsorption is relatively insensitive to the exact
nature of the solid organic matter. On the other hand, adsorption of nonpolar organic com-
pounds by silicate minerals is generally unimportant. In aquifers containing more than
about 0.1 to 1 percent organic carbon, adsorption of nonpolar compounds follows a simple
distribution law:

— 7 al
Cads - I\d(“soin

where C,,, is the concentration of the adsorbed solute (commonly moles or g per kg solid),
C,,, 18 the concentration of the solute in aqueous solution (commonly moles or g per /) and
K, is a distribution coefficient (Chapter 5) which commonly has units Zkg. Because adsorp-
tion is determined by the amount of organic matter present, the distribution coefficient, K, is

proportional to the fraction of the aquifer solids that is organic matter
Ky = Komfom (6-2)

where f,,, 18 the fraction of the aquifer solids that is organic matter and K, is the extrapolated
value that K, would have if the aquifer solids were 100 percent organic matter.

Ky reflects basically the hydrophobicity of the organic solute, and it can thus be
predicted from the octanol-water partition coefficient, K. For adsorption onto natural
organic matter, many nonpolar organic compounds follow the equation (Schwarzenbach ct
al., 1993)

log Koy = 0.82 log Ky + 0.14
Combining these equations gives
log K, = 0.82 log Ky + log fo + 0.14 (6--3)

Slightly different coefficients for this equation have been reported by different authors (for
reviews, see Karickhoff, 1984, and Schwarzenbach et al., 1993).

Organic matter is usually measured and reported as organic carbon, in which case Eq.
{6~2) becomes

K,y = Kocloc

where f, is the fraction of the aquifer that is organic carbon (the weight percentage organic carbon
divided by 100), and K- is the (extrapolated) value that K, would have if the aquifer were 100 per-
cent organic carbon. Natural organic matter is approximately 50 percent C (Schwarzenbach et al.,
1993), 50 fou = 2foc and, written in terms of organic carbon, Eq. (6-3) becomes

log K, = 0.82 log Koy, + log foo + 0.44

Polar Compounds. Adsorption of polar organic compounds, including many pes-
ticides, is a complex subject (for reviews, see Schwarzenbach et al., 1993, and Stevenson,
1994). If the compound contains a cationic functional group (typically an amino group or pyri-
dine), it will be adsorbed electrostatically by negatively charged surfaces such as clay min-
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erals. Oxygen-containing functional groups may be adsorbed by ligand exchange with surface
OH groups, by hydrogen bonding, or by dipole—dipole interaction. Many polar organic com-
pounds are strongly adsorbed by clay minerals and oxides. The mechanisms are not well
understood.

Surfactants {Detergents]. Surfactants are molecules containing a hydrophilic
“head” and a hydrophobic “tail.” The hydrophilic part may be a cationic group such as a qua-
ternary ammonium group:

nT+
R—NT(CH;),
It may be an anionic group such as a carboxyate or a sulfonate:

RSO

or it may be a neutral group such as a polyether:

where 5 is typically about 8. The hydrophobic part of the molecule (R— in the examples
above) is generally a straight-chain aliphatic hydrocarbon with 10-20 carbon atoms; it may
also contain a benzene ring.

Cationic surfactants adsorb strongly on negatively charged surfaces such as clay minerals,
including the interlayer spaces in smectites. Neutral surfactants generally adsorb less strongly
onto minerals; anionic surfactants are much less adsorbed. Once a layer of surfactant has been
adsorbed, the hydrophobic “tails,” which project into the solution away from the surface, forma
hydrophobic organic layer that can adsorb nonpolar organic solutes. In general, the behavior of
nonpolar solutes can be manipulated through addition of surfactants. The surfactants affect
surface tension and “wetting,” miscibility/solubility, and adsorption/desorption. They are used
extensively in enhanced oil recovery; their use in cleanup of NAPLSs is the subject of consider-
able research. One problem is that surfactants themselves are not necessarily environmentally
benign, so any surfactant that is injected into an aquifer must itself be cleaned up.

Biodegradation and Bioremediation

The concept of bioremediation is relatively simple: microbes are capable of breaking down
many organic compounds, ultimately to environmentally benign compounds such as CO,.
water, and inorganic forms of Cl, N, and S. They do this basically to obtain energy from the
carbon in the contaminant molecule. Although the concept is simple, the implementation is
complex and there are many limitations to the applicability of the method. The enzyme sys-
tems of microorganisms have evolved to deal with the compounds commonly encountered by
the microorganisms in their natural environments. Such enzyme systems are not adapted to
dealing with many synthetic organic compounds (or xenobiotics, as they are sometimes
called), which limits the ability of such organisms to degrade organic poliutants. However,
microorganisms have a remarkable ability to adapt, by a variety of mechanisms, and to
develop enzymatic pathways that result in a breakdown of xenobiotic compounds
(Schwarzenbach et al., 1993). It may require some considerable time for a natural community
of organisms to acquire the ability to degrade an introduced contaminant and, of course, some
organic compounds are not biodegraded to any significant extent.
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Bioremediation (or, more strictly, in-situ bioremediarion) may simply involve
allowing naturally occurring microbes to act on the contaminant without further interven-
tion, it may involve addition of oxygen and/or nutrients’, it may involve extracting indige-
nous microbes, adapting them to the specific contaminant and reinjecting, or it may
involve injecting specific organisms cultured in the laboratory. Although the concept of
injecting a specific organism has received a great deal of publicity, the approach has not
been particularly successful in practice. This is in part, at least, because biodegradation is
usually not the result of a single organism, but of a consortium of microorganisms that
interact with each other in complex ways. A further complication of bioremediation is that
microorganisms may not degrade the target compound all the way to CO, and water, but to
some intermediate compound that may itself be hazardous. As an example, vinyl chloride
is commonly produced as an intermediate in the biodegradation of various chlorinated
hydrocarbon solvents. Vinyl chloride is a carcinogen and considerably more hazardous
than the original solvents.

Microorganisms use various metabolic pathways to oxidize organic carbon to CO,
(see Chapter 8). The different pathways are characterized by the terminal electron acceptor,
that is to say the “oxidizing agent.”” For aerobic microorganisms, the terminal electron
acceptor is molecular oxygen. For anaerobic organisms, it may be nitrate, ferric iron, sul-
fate, or bicarbonate (and some other less important species). Although biodegradation of
contaminants does occur under anaerobic conditions, particularly when nitrate is available
as an electron acceptor, many more compounds are degraded under aerobic conditions, and
the rate of degradation is generally much faster; however, some chlorinated hydrocarbons
degrade more rapidly (by reductive dehalogenation) under anaerobic conditions (Mohn and
Tiedje, 1992). Thus, in general, one requirement for successful bioremediation is the avail-
ability of oxygen. The solubility of oxygen in water is quite small. Water in equilibrium
with the atmosphere contains about 10 mg/Z (0.3 mM) of dissolved oxygen (the exact
amount depends on temperature; see Table 8-1). This is a rather small amount. If much
organic matter is present to be metabolized. oxygen in the groundwater will be rapidly
depleted, and the bioremediation process is likely to be limited by the rate at which oxygen
is transported to the site of reaction, either by advection (flow) of groundwater or by diffu-
sion. Because of this limitation, bioremediation is currently most useful as a “polishing”
step once the bulk of a contaminant has been removed. A great deal of research is currently
being conducted on bioremediation under both aerobic and anaerobic conditions. The sub-
ject is reviewed in National Research Council (1993).

REVIEW QUESTIONS

1. Suppose a river water contains 10 mg// DOC, and that the DOC represents ionized fulvic acid with
the composition described in Table 6-3:
a. Now many milliequivalents per liter of organic anions would be present?

«

Nutrients may be inorganic species such as nitrogen and phosphorus compounds, or may include a readily
metabolized substrate such as acetate to stimulate microbial growth and degradation of the targer compound by a
process called comerabolism.
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~ . . 2. . .
b. If the organic anions were balanced by Ca™", how many ppm calcium would this represent?

¢. Ifitrequires two functional groups (either two carboxyl acid groups or a phenol group plus a car-
boxylic acid group) to complex an aluminum ion, how many ppm aluminum could be present in

the water as complexes with fulvic acid?

2. What should be the distribution coetficient for toluene in an aquifer containing 0.5 percent organic
carbon? What would be a reasonable estimate for the retardation coefficient (Chapter 16) of toluene

in the aquifer?

3. A groundwater contains a dissolved oxygen concentration of 5 mg// How many liters of ground-
water would it take to oxidize 1 g of toluene to CO,?
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Redox Equilibria

Most of the chemical reactions we have discussed so far, such as the solubility of carbonates.
have been acid-base processes; that is, they have involved transfer of protons. We now con-
sider the other great class of reactions, those which involve transfer of electrons. Oxidation-
reduction (or redox) reactions can be thought of as reactions involving transfer of oxygen.
For example:

3Fe,0, = 2Fe,0, + 50,
2Fe* + H,0 = 2Fe** +,0, + 2H'
Or they can be thought of as transfers of electrons:
3Fe,0, + 2H" + 2¢~ = 2Fe,0, + H,0 (7-1)
Fe' +¢7 = Fe’” (7-2)

where 7 represents an electron. In solution chemistry it is generally more convenient to con-
sider redox reactions as electron transfers. Many redox reactions do not involve molecular
oxygen directly, and even where molecular oxygen is involved, there are usually kinetic prob-
lems that coniplicate the use of activity of oxygen as a thermodynamic variable. At elevated
temperatures and pressures, on the other hand. thermodynamic functions involving electrons
may not be well defined, and oxygen fugacity is the more convenient variable to use.

Egs. (7-1) and (7-2) do not represent complete chemical reactions. There is no such
thing as a free electron in aqueous solution, so some complementary reaction must take place
to provide or consume electrons. Consider, for example, the reduction of Fe™ by organic
matter [represented by (O)f:

4Fe** + (C) + 2H,0 = 4Fe’* + CO, + 4H" (7-3)

Eq. (7-3) is a balanced redox reaction in which neither electrons nor molecular oxygen are
shown explicitly. This equation can be broken into two half-reactions, one involving only iron
and the other only carbon:

129
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4Fe’ + de” = 4Fe?"
(€) + 2H,0 = CO, + 4H" + de"

A thermodynamic convention has been established based on the standard hydrogen electrode,
which allows each half-reaction to be considered in isolation.

THE STANDARD HYDROGEN ELECTRODE
AND THERMODYNAMIC CONVENTIONS

The standard hydrogen electrode (SHE) consists of a piece of finely divided platinum in con-
tact with a solution containing hydrogen ions at unit activity and hydrogen gas at a pressure of
I atm, with the whole system at 25°C (Fig. 7-1). The purpose of the platinum is simply to pro-
vide electrical contact and to catalyze equilibrium among the other species. The thermody-
namic conventions related to the SHE are:

1. The difference in electrical potential between the metal electrode and solution is zero.

]

. The standard free energy of formation of a proton in solution is zero.

(98]

. The standard free energy of formation of an electron in solution is zero.

These conventions assign arbitrary values to quantities that cannot, in principle, be mea-
sured. Once these assignments have been made, however, a scale has been defined on which
the free energies of other dissolved ions can be measured. The logic is analogous to the arbi-
trary assumption that the standard free cnergies of formation of elements in their standard
states is zero.

Consider the electrochemical cell shown in Fig. 7-2, which consists of two half-cells, A
and B, that are connected by a salt bridge. A salt bridge is a solution of a salt, such as KCI,
which establishes electrical contact between the two half-cells. We shall assume for the
moment that the salt bridge behaves ideally; that is, it acts simply as a conductor of electricity.

In half-cell A, the platinum wire acts as an inert means of transferring electrons to or
from solution. The chemical reaction taking place at the electrode can be represented by
the equation

Fe™ + ¢ = Fe?* (7-4)

If this reaction is to go to the left, the platinum wire must remove electrons from half-cell A.
If it is to go to the right, the wire must provide electrons to the solution. If the wire is not con-
nected to a source or sink for electrons, there can be no net reaction, but the wire will acquire
an electrical potential that reflects the tendency for electrons to leave the solution. We can, by
convention, represent this tendency by an “activity of electrons,” Q-, in solution. The activity
of electrons does not correspond to a concentration, as is the case with most solutes, but to the
tendency (which can be thought of as being analogous to pressure) of the system to provide
electrons to any electron acceptor (electrode or chemical system). O,- and pe (pe = —log,, Q,-
by analogy with pH = —~log,, Q) are not strictly analogous to the activities of “normal”
solutes (Hostettler, 1984; Hostettler, 1985; Stwmm and Morgan, 1996). They do, however,
provide a convenient formalism for discussion of redox reactions.
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An equilibrium constant can be written for Eq. (7-4):

ey

or, alternatively,
a,. = K
The activity of electrons is thus proportional to the ratio of the activity of the reduced species
to that of the oxidized species.
Consider now half-cell B in Fig. 7-2. The reaction is

- I
HY+ ¢ = EHZig)

Py owire

electrode 2l (1 atm)

»~—-.£ and

Fe®'

FIGURKE 7-2 Redox cell discussed in text.
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As in half-cell A, the direction in which the reaction goes depends on whether the platinum
is acting as a source or sink for electrons. If the wire is electrically isolated, it can do nei-
ther, but it will acquire an electrical potential controlled by the relative activities of oxidized
and reduced species. We can again represent this by an activity of electrons and write an
equilibrium constant:

Pl

Koyp = a.. a
H™™e

conventions that the standard free energies of formation of H" and ¢™ are zero.

Consider now the whole system in Fig. 7-2. If the switch S is closed, electrons will move
from the solution with the higher activity of electrons to the solution with the lower activity of
electrons. Energy will be released. largely in the form of heat in the resistance R. The overall
reaction will be

Fe'" + JH,,, = Fe*" + H"

The direction of the reaction will depend on which half-cell has the higher activity of electrons.

If switch S is opened, there will no longer be any transfer of electrons from one half-cell
to the other. The voltage meter V will register the difference in potential E between the two
electrodes. Since, by convention, the potential of the SHE is zero, E represents the potential of
the electrode in half-cell A. This potential is called the Eh of the solution. the h derived from
the fact that it is measured (or expressed) relative to the standard hydrogen electrode. The Eh
may be positive or negative, depending on whether the activity of electrons in solution A is
less or greater than the activity of electrons in the SHE. By convention, the Eh is positive if the
activity of clectrons in half-cell A is less than that in the SHE. The half-cell convention is
based on the idea that the complementary half-cell is the standard hydrogen electrode. For
thermodynamic purposes, the reaction

Fe’" + ¢ = Fe?*
1$ equivalent to
~ 3, | 2+ +
Fe'" + SH,,, = Fe*" + H
2Ry

where H, and H" are in their standard states (unit activity).

The activity of electrons in a solution (and hence its redox level) can thus be expressed
in units of volts (Eh) or in units of electron activity (Q_-, or pe). Eh and pe are related by the
equation

}.
DI e E}
Pe ™ 2303RT
where F is Faraday's constant (96.484 kJ per volt gram equivalent, the unit consistent with the
others used here), R is the gas constant (8.314 x 1073 KI/K.mol),” T'is temperature in kelvins,
and 2.303 is the conversion from natural to base 10 logarithms. At 25°C, pe = 16.9 Eh, and
Eh = 0.059pe.

“In calorie units £ is 23.06 keal per volt gram equivalent, and R is 1.987 x 10~ keal/K.mol.
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Use of Eh as a Variable

Consider again the reaction
Fe'™ + JH, = Fe** + H'
From Eq. (2-3),

O“UO +
AGg = AGH + RT]n( rrrrrrrr Fe §‘Q)
h,-“PH?
Since Q- = Py, = 1,
0 Q- <
AG, = AG, + RTIn{ (7-5)
R R a
Fe'

It is a basic result from electrochemistry that Eh and Gibbs free energy are related by the equation

AG, = —nFEh (7-6)
where n is the number of electrons involved in the reaction and # is Faraday’s constant. The sign
of Eh has been established by convention; Eq. (7-6) is correct only if the half-reaction is written
with electrons appearing on the left side of the equation. Dividing Eq. (7-3) by —nF gives

—AG, —AGy RT [Qpo-
R R ln( Fe )

Substituting Eq. (7-6) yields
RT. [Cppe
Eh = E0 — — m(E) (7-7)

E% is the standard electrode potential, which is the Eh the cell would have if all the chemical
species involved (here Fe*™ and Fe®") were in their standard states (unit activity). Standard
electrode potentials are tabulated in the literature and can readily be calculated from standard
free energies of formation. Eq. (7-7) can be rewritten (remembering that log 1/x = —log x) as

o 2303RT ( O’
nk Qa2+

or, at 25°C

: .05
Eh = E + 0.0 910g<
n

This can be generalized for any redox reaction at 25°C:

Eh = EO + 9.0591 (aciivity product of oxidized spu&)

n activity product of reduced species

which is the form most commonly used in calculations.
Consider, for example, the redox pair sulfate~H,S. The half-reaction, with electrons
appearing on the left, is

SO~ + 8¢~ + 10H” = H,S + 4H,0
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The expression for Eh for this reaction is (at 25°C)

0.059 (g O\
Fh = E%+ -2 iog(SOQ—H . (7-8)
8 Oh,sCh, 0

EY can be calculated from Eq. (7-6) and the free energy values in Appendix II:

, —L
E’ = h}:(ﬁc&s + 4AGh0 — AGSo:)

— ~232.3
8 X 96.48 ( )

Use of pe as a Variable

The formalism for pe is similar to that for Eh but simpler because pe is an “activity” unit and

we do not have the conversion between volts and activities. Consider the ferrous—ferric system
Fe’* + ¢ = Fe?* (7-9)

(When pe is used as a variable, it does not matter on which side electrons appear in the reaction.)

K, =
L _ g Ok
Gf’ o {}Fegr
L U N
pe = logK,, + log - (7-10)
GFez i

K., 1s the equilibrium constant for Eq. (7-9). It can be calculated from the standard free ener-
gies in Appendix II:

=RTInK,, = AGie ~ AGRs (AGY is zero)
= ~74.3 kJ/mol

and hence,
/ 3
pe = 13.0 + Eog(gfeﬁ)
Fe?*
In general, for the reaction
Oxidized species + ne” =reduced species
activity product of oxidized species

! 1
o = Hogk,, + Hog( 1 o)
P n 08 %eq T 08 activity product of reduced species
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For the sulfate reduction reaction,

SO2™ + 8¢~ + 10H"

H,S + 4H,0

pe = glogk,, + élog( ) (7-11)

where
~RTIn K, = AG} ¢ + 4AGy o — AG .-

from the example above

>>>>>> 232.3 kJ/mol

and at 25°C
logK,, = 5 = 40.7

This equilibrium constant is also listed directly in Appendix 1I1.

Definition of pe and Eh by Redox Pairs

The discussion so far has been based on the electrochemical cell shown in Fig. 7-2, which
included a platinum wire and a standard hydrogen electrode. These items are necessary for
understanding the derivation of pe and Eh, but the activity of electrons in solution A will be
exactly the same whether the platinum electrode and the SHE are present or not. A pe or Eh is
defined whenever both members of a redox pair are present either in solution together or in
contact with solution. In any solution containing ferrous and ferric ions, pe and Eh are defined
by Eqgs. (7-10) and (7-7) respectively. In any solution containing sulfate and hydrogen sul-
fide, pe and Eh are defined by Egs. (7-11) and (7-8). Redox reactions that define a pe and an
Eh may involve solid phases; for example,

Fe,0, + 6H* + 27 = 2Fe?" + 3H,0

RT  af.
Eh=E+__In )
2F O'{:C:e

| Lo
pe = lOg Keq + 2 E()g( 2 )
O}"\‘,‘:‘

What happens if a solution contains more than one redox pair, for example, Fe**, Fe?*, SO% ",
and H,57 Each pair will define a pe (or Eh), but the two values may not be the same. If the
system is at chemical equilibrium, the two values will be identical, but if all species are not
in equilibrium with each other (a common situation in nature), the values will be different.
Unless all redox couples are in equilibrium, one cannot speak of “the pe (Eh) of a solution.”
One can speak of the pe (Eh) defined by a particular couple in the solution, but it is mis-
leading to attribute that pe (Eh) to the solution as a whole without careful justification of
what is implied.
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MEASUREMENT OF Eh

The preceding discussion might have given the impression that Eh could always be mea-
sured by inserting a platinum wire into the solution of interest and comparing the potential
to that of a SHE.” This is true only if the redox reaction occurs rapidly and reversibly at the
surface of the platinum, and if the electrode is responding to a single redox pair and not to
some process involving two or more redox pairs that are not in mutual equilibrium. (These
questions are discussed in detail by Stumm and Morgan, 1996). In general, the platinum
electrode responds satisfactorily to very few of the redox pairs important in natural waters.
Examples of systems to which the electrode does not respond are O,~H,0, SO{™=H,S,
CO,—CH,, NO;—N,. N,—NH}, and almost all reactions involving solid phases. Mixed
potentials, which are potentials that result from a combination of parts of two different
redox systems, are common in natural waters. For example, in a solution containing Fe’*
and dissolved oxygen, the reactions
Fe*" - Fe’' + ¢~
and
{0, + ¢ + H' - JH,0

might be taking place (the latter via several steps). These two reactions would fix the potential
measured by the platinum electrode at some value, but the value would have no meaning for
any individual redox pair.

In relatively oxidizing waters, Eh values measured with a platinum electrode can rarely
be related to a specific redox pair and are rarely of much value in quantitative interpretations
of natural water chemistry. In waters from strongly reducing environments, minor species are
often present to which the electrode does respond, so Eh measurement may be of value. In
strongly reducing waters, great care must be taken to avoid any contact of the solution with air,
either before or during the measurement.

In using the term Eh, it is important to distinguish between the quantity that is measured
with a platinum electrode and the quantity that is calculated from the activities of a redox pair.
In this book, Eh is used in the latter sense: it is thus regarded as a thermodynamic variable,
which cannot generally be measured dircctly. The most important way of “measuring” Eh is
in fact to measure both members of a redox couple such as iron species, sulfur species, or
forms of a trace element such as arsenic (Cherry et al., 1979b).

REDOX CALCULATIONS USING WATEQA4F

WATEQA4F calculates the speciation of redox-sensitive elements in accordance with a pe or Eh
specified by the user. pe (Eh) can be defined in several different ways in the input:

1. As a numerical value for pe or Eh.
2. By the concentrations of both members of a redox pair (e.g., Fe*" and Fe'*). The code
includes thirteen possible pairs. It also includes the option of using different redox pairs

The SHE is almost never used in practice. A reference electrode (calomel or silver-silver chloride) whose
potential is known relative to the SHE is used instead.
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to define the speciation of different elements. This allows considerable tlexibility in
modeling natural systems where redox disequilibrium is present.

Problems can arise when pe is defined in more than one way. For example, if the input speci-
fies a numerical value for pe and concentrations of both Fe™ and Fe**, pe will be defined in two
different ways, which will generally be inconsistent. WATEQ4F will give a warning message in
such situations. If a numerical value for pe or Eh is to be used, total concentrations for each ele-
ment (e.g., Fe.,) should be entered rather than individual species (e.g., Fe™* and Fe™).

pe-pH AND Eh-pH DIAGRAMS

These diagrams are a convenient way of displaying stability relationships where redox reac-
tions are involved. They show strictly equilibrium relationships, but it must always be remem-
bered that departures from equilibrium, particularly redox equilibrium, are common in natural
waters. Equilibruim calculations tell us what reactions should take place, but they cannot tell
us the rate at which these reactions will occur.

System Fe-0-H,0
Example 1

Construct a pe-pH diagram for the system Fe~0O-H,0 at 25°C and 1 atm total pressure, consid-
ering initially the species:

Oy Haggy HyOy Fe? ', Fe'™, Fe, 03, and Fe;0,

The first consideration is the stability of liquid water. At very high pe, the pressure of O, in equi-
librium with liquid water will exceed 1 atm, and at very low pe, the pressure of hydrogen in equili-
brium with water will exceed 1 atm. Since we are interested only in environments where water is
stable at a total pressure of 1 atm, the stability of water defines the pe~pH region of interest.

The upper stability limit of water is defined by the reaction:

10y + 2¢7 + 2H" = H0

SOho
o Pglalafs

Since @ , = 1 (pure water in its standard state),

log K,, = ~3 log P, + 2pe + 2pH

pe = §log K, + ;log P — pH (7-12)
AGY = AG?{}O = —237.14 kI (the other standard free energies
of formation are zero)

—AGY 237.14 I
log Ky = =t = o = +41.55 at 25°C
2303RT  5.708

For P, = 1 {the upper stability limit for water), log £, =0, s0:

pe = 20.77 — pH
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This plots as a straight line of slope —1 on the pe—pH diagram (Fig. 7-3). From Eq. (7-12), lines
of equal P, plot parallel to the line for £, = 1 atm. Note the rapid change in £, (Fig. 7-3) on
moving away from the line P, = 1. The F, = 0.2 atm line is indistinguishable from the P, =1
atm line.

The lower stability limit of water is defined by the reaction:
The standard free energies of formation of all species in the reaction are zero, so AGY = 0 and
log K =0,
pe = *'}2 fog PH: ~ pH
Again, this represents a straight line with a slope of 1. Lines of constant Py will be parallel to
this line; some examples are shown on Fig. 7-3. At the lower stability limit for water, P, =1,
log Py =0, 50
pe = —pH
Next, consider the boundary Fe,0,~Fe,Oy:
3Fe,0, + 2¢7 + 2H" = 2Fe,0, + H,0
The solids and water are all in their standard states, so
1
“ T ala
log K, = 2pe + 2pH
pe = ; log K, — pH
This boundary will also be a straight line of slope —1. Its intercept will be given by the value of
K.
oq
FIGURE 7-3  Contours of equal 25

oxygen fugacity and hydrogen
fugacity as a function of pe and pH
at 25°C.

pe
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AG;? = ZAch,o_} + AG?{JO - BAG&,O‘

—34.5k}
log K, = 6.05
The equation for the boundary is thus:
pe = 3.03 — pH

which is plotted on Fig. 7-4.
Next, consider the boundary Fe**~Fe, 0,

Fe,0, + 6H" = 2Fe’" + 3H,0
- O?’c;'
Ky = at
b
log K., = 2 log Qg + 6pH (7-13)

pe is not involved in this equation (both Fe®* and Fe,0, are in the same oxidation state), so the
boundary will plot as a vertical line on a pe~pH diagram. Before the line can be plotted. we must
arbitrarily choose a value of O to represent the boundary between “solubility” and “insolubil-
ity.” The limit of “solubility” is generally taken to be an activity of the dissolved species of 107,
corresponding to a concentration of 107 m (Garrels and Christ, 1965). The choice of 107 is arbi-
trary but reasonable: for most purposes anything much less soluble than 107° m would generally
be considered insoluble, and anything much more soluble than 107 m would be considered sol-
uble. To illustrate the effect of different choices, boundaries for Oy = 107 and 107 are also
shown on Fig. 7-4. With the value of 107°, Eq. (7-13) becomes

pH = (log K, + 2

Log K, = —2.50 (from free energy values), so the boundary for Qp,» = 107¢ plots at pH 1.58. The
boundaries for Op,- = 107 and 107 plot at pH 0.58 and 2.58 respectively. The oxides become
more soluble as the solution becomes more acid, so the Fe™ field is to the left of the boundary, and
the Fe, O, field to the right.

The boundary Fe*—Fe*" is given by

Fe¥t 4+ ¢ = Fe’t

Since this boundary is independent of pH, it must plot as a horizontal line. To draw the boundary,
we must assign a value to the ratio p+/Qp,+. The normal choice is 1, but it must be remembered
that the boundary represents this ratio; nonzero concentrations of Fe™ will be present above it, and
nonzero concentrations of Fe® will be present below it.

The Fe'*~Fe’ and the Fe™-Fe,0, boundaries intersect at a point on Fig. 7-4, and both
boundaries have been terminated at that point. They terminate because we are interested only in
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FIGURE 7-4  pe—pH diagram for 25
the system Fe~O-H.O at 25°C with
hematite as the stable ferric oxide
phase. The heavy lines are boundaries
for Q= 107% The light lines are
boundaries for Gy,
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pe

stable boundaries. To the right of the Fe**~Fe,0, boundary, Fe™" is not the stable form of Fe, so
any boundary involving Fe** must be metastable. Similarly, Fe™ is not the stable form below the
Fe**~Fe™ boundary, so any boundary involving Fe™ must be metastable. It is clear from the
topology of Fig. 7-4 that we need a boundary between Fe,O, and Fe™".

The boundary Fe,0.~Fe¥ is calculated from the equation

Fe,0, + 2¢” + 6H" = 2Fe*" + 3H,0 (7-14)
K -
- O

pe = !2 log K, — log Q.- ~ 3pH (7-15)

11.77 + 6 — 3pH

Here again we must choose a value of Qg to represent the boundary between solubility and insol-
ubility. If we choose the same values as we did for Fe™, we do not actually have to calculate K., The
Fe,0,~Fe™ boundary is a straight line of slope —3 [Eq. (7-15)] that passes through the intersection
of the Fe,04-Fe®* and the Fe**~Fe™ boundaries. It is usually a good idea, however, to calculate Ky
and verity that the new boundary does pass through the intersection of the other two. If the three
boundaries do not meet in a single point, it indicates arithmetic error. Inaccurate free-energy values
would cause the position of the point to be in error, but they would result in a single point.
The Fe,0,~Fe®* boundary is calculated from the reaction

Fe,0, + 2¢ + 8H" = 3Fe’ + 4H.0

: log Qg — 4pH

Here, again, it is not strictly necessary to calculate K since the boundary must be a straight line
of slope —4 passing through the intersection of the Fe,O,~Fe™ and Fe,0,~Fe,O, boundaries.

The boundaries can also be calculated from the equilibrium constants in Appendix Il
instead of the free energy values in Appendix II. As an example, let us calculate the Fe*~Fe,0,
boundary. The relevant reactions listed in Appendix I are:

Fe,05 pomuie T OHT = 2Fe?” + 3H,0 log K ys) = —4.01 (7-16)
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34

Fe™* = Fe’* 4 ¢~ log K, = —13.02 (717

eqiB)
Multiplying Eq. (7-17) by 2 and subtracting from Eq. (7-16) gives
Fe,05 pomuie + OH" + 267 = 2Fe*™ + 3H,0
which is identical to Eq. (7—14) above. The equilibrium constant for this reaction is given by
log K, = log Koy — 210g Ky = 22.03

When reactions are added or subtracted, the logarithms of the equilibrium constants can be added
or subtracted in the same way. This can readily be derived algebraically or from the fact that
log K, is proportional to AG3. )

From Fig. 7-4 we would conclude that Fe™" is likely to be a major species only under
unusually acidic oxidizing conditions, such as acid mine drainage. At alkaline pH values, iron
should be insoluble at all pe values; at nearly neutral and mildly acidic pH values, iron should be
insoluble under oxidizing conditions and soluble (as Fe**) under reducing conditions.

Example 2

If ferrihydrite (Fe(OH),) rather than Fe, O, is considered as the ferric oxide mineral and Fe(OH),

is considered instead of Fe,0,, how will the diagram be changed? (Ferrihydrite is a poorly crys-

talline hydrous ferric oxide; it is roughly equivalent to amorphous Fe(OH); in older literature.)
The equations for the various boundaries involving Fe(OH), will be essentially the same as

those involving Fe,O,, but the K, values will be different, reflecting the lesser stability of

Fe(OH),. These boundaries will have the same slopes as in Fig. 7-4. but different intercepts.
Consider the boundary Fe(OH),~Fe**:

Fe(OH), + 3H' = Fe** + 3H,0

K - OEEN
eq 3
-
.|
pH = s(log K, ~ log Qi)

From the free-energy values in Appendix IL, and substituting Q.- = 107%

This boundary (Fig. 7-5) is about 2 pH units higher than the corresponding boundary for hematite,
retlecting the lesser stability and hence greater solubility of ferrihydrite. Fig. 7-5 and subsequent
diagrams are shown for the pH range 2 to 12 rather than 0 to 14. Few natural waters are more acid
than pH 2 or more alkaline than pH 12.
The boundary Fe(OH),~Fe™ is given by
Fe(OH), + 3H" + ¢ = Fe’ + 3H,0
log K, = log Q. + pe + 3pH

eq

Substituting log K, = 17.9 (from data in Appendix II) and log Qp- = -6,

pe = 239 — 3pH

Note that this line passes through the intersection of the Fe(()H);—Fe” line calculated above and
the Fe™~Fe?" boundary, which is unchanged from Fig. 7-4.
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FIGURE 7-5 pe—pH diagram 20
for the system Fe-O-H,0 at 25°C
with ferrihydrite (Fe(OH),) as the 5
ferric oxide instead of hematite and
Fe(OH), instead of magnetite. Solid- 0
solution boundaries are drawn for
an activity of dissolved Fe species Fe(OM),, . &h
f10° °F 2 S :
8} . pe . fe v)
Q ; i 0
s E - \\\
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The boundaries involving Fe(OH), are

Fe(OH), + 2H™ = Fe?” + 2H,0

pH = é(log Koy log Qge)
=972
(from Appendix IT and log Oy = —0)

and:
Fe(OH), + H™ + ¢ = Fe(OH), + H,0
pe = log K, — pH
= 5.53 — pH

The final diagram, Fig. 7-5, shows that the effect of substituting the less stable phases [ferrihydrite
for hematite and Fe(OH), for magnetite] is to expand the area of solubility (the Fe** and Fe®*
fields), but the general topology of the diagram is unchanged.

In calculations on natural water systems, we would probably use the Fe,0, (hematite) value
in considering the dissolution of well-crystallized hematite and the Fe(OH), (ferrihydrite) value
in considering the precipitation of a ferric oxide from a supersaturated solution, because the ini-
tial precipitate would probably be amorphous. Likewise, well-crystallized magnetite is unlikely to
precipitate at low temperatures, so it is appropriate to include some less stable phase than mag-
netite. As we shall see later, the exact choice of a reduced oxide is not important because its sta-
bility field will be replaced by that of a carbonate or sulfide in most natural environments.

Example 3
So far, we have ignored the hydrolyzed species (or hydroxy complexes) Fe(OH)*, Fe(OH)?,
Fe(OH)Y, and Fe(OH);. If we include them, how will Figs. 7-4 and 7-5 change?
The first hydrolysis constant of Fe'* is given by

Fe'* + H,0 = Fe(OH)*" + H*

From Appendix I (or the free energy values in Appendix II), we find
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log K, = —219

4

Thus at pH 2.19 the activities of Fe'* and Fe(OH)** are equal; above pH 2.19 Fe(OH)** becomes
the dominant species and below pH 2.19 Fe* becomes the dominant species. The relationship is
exactly analogous to that between H,CO; and HCO? discussed in the context of the Bjerrum plot
in Chapter 3. In Fig. 7-4, the boundary between Fe®* and Fe,O, is at pH 1.58, which is below pH
2.19. Thus, the pH at the boundary is sufficiently low that Fe(OH)* is not an important species in
the region of solubility and so its existence does not affect the diagram. On Fig. 7-5, by contrast.
the Fe'*~Fe(OH), boundary is at pH 3.63, which means that there should be a stability field for
Fe(OH)™. Next, consider the reaction

The log K, for this reaction is ~3.48. The stability field for Fe(OH); will thus be above pH 3.48.

pH 3.48 is still below our original solubility boundary (pH 3.63). so there will be a stability field
for Fe(OH)7. The upper limit of this field will be given by

for which log K = —0.78, so for log Qp, oy, = ~6. pH = 5.22. This boundary now represents the
solubility limit of Fe(OH);. We can test whether Fe(OH)] should appear on the diagram by
writing the reaction

Fe(OH), = Fe(OH);

ferrihydrite
The log K, for this reaction is =7.67. This means that the activity of Fe(OH){ in equilibrium with
ferrihydrite is always 10777, which is smaller than 107, our criterion for solubility. This means
that Fe(OH)Y has no stability field on Fig. 7-5 (or on Fig. 7-4). To complete the low-pH part of the
diagram, we need the boundaries

Fe(OH)Y'" + ¢ +H" = Fe’" + H,0
and
Fe(OH), + ¢ + 2H" = Fe’™ + 2H,0
These boundaries are plotted on Fig. 7-6.
The activity of Fe(OH); in equilibrium with hematite (the relevant phase in Fig. 7-4) is
given by the reaction
Fe,0, + 5H,0 = 2Fe(OH), + 2H" (7-18)
Note that with the anionic species. Fe(OH)7, the dissolved iron species, and H” appear on the
same side of the equation (they are on opposite sides for cationic species). This means that the
activity of Fe(OH) | in equilibrium with Fe,O; increases with increasing pH. The equilibrium con-
stant for Eq. (7-18) is given by

substituting log K, =~47.2 and log O, o, = —0 gives pH = 17.6, which is far beyond the bound-
aries of Fig. 7-4. The species Fe(OH) , would thus not appear on Fig. 7-4. On Fig. 7-5, the rele-
vant reaction is

Fe(OH),

/3 ferrihydrite

+ H,0 = Fe(OH), + H*

i()g K-cq = i(}g GF&‘(OHJ: - pH
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substituting log K =~16.7 and log Oy op,; = 6 gives pH = 10.7. Fe(OH)7 would thus have a sta-

bility field above pH 10.7 on Fig. 7-5. The final boundary to complete the diagram is one between
Fe(OH); and Fe(OH),. This is given by the equation

Fe(OH), -+ 2H" + ¢ = Fe(OH), + 2H,0
pe = log K+ log Opyony; ™ 20H

The revised version of Fig. 7-5. including the hydrolysis preducts, is shown as Fig. 7-6. The conclu-
sion from this calculation is that the existence of the hydrolysis products has essentially no effect on
the pe-pH diagram when hematite is chosen as the ferric oxide phase, but a quite significant effect
when ferrihydrite is the phase chosen. In particular, the existence of these complexes significanty
increases the solubility of ferrihydrite at ow pH. The graphical presentation used here (the pe-pH
diagram) is not really the best way of displaying the effecis of the complexes; their existence does
increase the solubility of hematite but not enough to bring it above 107 m, the threshold to appear
on the diagram. (The topic is discussed in more detail in the context of Al species in Chapter 10.)

System Fe-0-H,0-CO,
Example 4
What is the effect in Figs. 7-4 and 7-6 of introducing carbonate species on the assumption (a) an
open system with Pe, = 1 atm and P, =107 atm; and (b) a closed system with £CO, = 107 m?
When CO, is added to the system, the phase siderite (FeCO,) must be considered. The
Fe"~FeCO, boundary is given by

FeCO,+ 2H" = Fe¥* + H,0 + CO,

Substituting Gy, = 107° and log K., =7.24 (from free-energy values) gives pH = 6.62 for £, =
I and pH = 8.12 for Fq, = 1077, These boundaries will plot as vertical lines in the Fe" field on

FIGURE 7-6  pe—pH diagram for 20
the system Fe~O-H,0 with ferrihy- - IS 410
drite as the ferric oxide, including the 5 o E ~ 0, T aty,
hydrolyzed forms of Fe*'. Dashed e e OO
R . \, S
lines are copied from Figure 7-5. P N l
b +
Solid-solution boundaries are drawn - Fe ] ™ 0.5
for an activity of dissolved Fe species F Fe(OH), ) £
of ]O_,c 5 e 3 ferrthydrite
‘ pe - Fe(OH)” )
0 E— - 0
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o - Fe(OH)Z 0.5
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Figs. 7-4 and 7-6 (Figs. 7-7 and 7-8). On Fig. 7-4. we can see by inspection that the Fr

boundary. For Py = | we need a FeCO,~Fe 0, boundary:

Fe,0, + 2¢” + 2H" + 2C0O, = 2 FeCO; + H,0

1
Q- QP

pe = ) log Ko + log Pe, = pH

For a given P, this will plot as a straight line of slope ~1 on the pe-pH diagram, and will pass
through the intersection of the Fe'™~FeCO, and Fe,0,~FeCO, lines. The field of siderite com-
pletely replaces the field for magnetite and part of the field for hematite. [Note that all reactions
not involving ions plot as straight lines of slope —1 on pe-pH diagrams, parallel to lines of equal
oxygen pressure (Fig. 7-3). This stems from the requirement that the number of H' ions must
equal the number of electrons for the charges to balance in the chemical reaction.]

For P = 107 atm we need a FeCO,~Fe 0O, boundary:

It can be seen by inspection that this will also plot as a straight line of slope 1 on the pe-pH dia-
gram. Again, there is no real need to calculate an equilibrium constant, since the boundary must
pass through the intersection of the Fe,O,~Fe™* and Fe?~FeCO; (P, = 107" atm) boundary. The
final diagram is shown on Fig. 7-7. Several features of the diagram are reasonably intuitive:
FeCO, contains only iron in the reduced state (Fe™) so it occurs under more reducing conditions
(lower pe) than hematite (Fe™). Also, it is stable at high pH and dissolves at low pH, as we would
expect for any carbonate mineral (compare CaCO,, Chapter 3).

When Fe(OH); is chosen as the oxide phase (Fig. 7-8), the }"ez‘~FcCO3 houndaries are
unchanged. They intersect the Fe’*~Fe(OH); boundary for both £, values, so we need bound-
aries between Fe(OH); and FeCOy: )

Fe(OH), + ¢~ + H* + CO, = FeCO, + 2H,0

Again, for each value of P, , this will plot as a straight line of slope ~1 through the intersections
of the Fe’'-FeCQ, and the Fe’-Fe(OH), boundaries. To complete the diagram. we need

FIGURE 7-7  pe—pH diagram for 25
the system Fe—O-H,0-CO, at 25°C,
assuming hematite as the ferric oxide

and P, = 1 atm (light shading) and

107 atm (darker shading). Dashed

lines are the boundaries for magnetite

first shown in Fig. 7-4. Solid-solution pe

. . . 5 24 ) Eh
boundaries are drawn for an activity Fe? Fe 0, hematite )
of dissolved Fe species of 107, o i

FeCO; (g, = 1)
-5 -
P
Mo = 1 apm 0.5

A5 i ;
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FIGURE 7-8 pe—pH diagram for 20
the system Fe—0-H,0-CO, at 25°C, 10
assuming ferrihydrite is the ferric 15
oxide and Fp, = | atm (light
shading) and 107 atm (darker 10
shading). Dashed lines are stability Fe(OH), 0.5
tield for Fe(OH), first shown in Fig. . Fe terinydrite Eh
7-5. Solid—-solution boundaries are pe Fe(OH), v}
drawn for an activity of dissolved Fe FeCO,
species of 107 a Poo,= 1 atm ~ P )
: Peo, = 10° atm
N ; Pi"e =Tatm
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Fe(OH); + ¢~ + 2H" + CO, = FeCO, + 3H,0

pe = log K, + log P, + 108 Cpony; — 2 pH

This will plot as a straight line of slope ~2 through the intersection(s) of the Fe(OH),~Fe(OH);
and Fe(OH),~FeCO, boundaries.

The final diagram is shown in Fig 7-8. Note that the stability field of Fe(OH), is completely
eliminated by the field of FeCQO; at both P, values. Fe(OH), would be stable only at very low
P, values. Note also that, as one would expect, the size of the stability field of the carbonate min-
eral increases as Peq, Increases.

The constant $.CO, case is a little more complicated. We can write the Fe?*-FeCO,
boundary in the form:

Fe>* + HCO; = FeCO, + H'
- OH’
Acq - S S
TperTuco f
pH = —log K, — log Q..+ — log Qo

If we assume that Qe = 2CO, = 107 and Qg = 107, then:

pH = 74l

At this pH, the assumption that essentially all carbonate species are HCO7 is clearly justified (see
Chapter 3). We have introduced the assumption that Gyeq. = Myeq;; the error in the calculated pH
resulting from this assumption should be trivial on the type of pe-pH diagram we are considering.

In Figs. 7-4 and 7-7, the Fe™FeCO, (XCO, = 107) boundary intersects the Fe*~Fe,0y
boundary very close to the B, = | boundary. The stability field of FeCO, is thus very small and
will not be plotted. In Figs. 7-5 and 7-8, the Fe*~FeCO, boundary intersects the Fe**~Fe(OH);
boundary (Fig. 7-9), so we need a FeCO,~Fe(OH), boundary:

Fe(OH), + ¢~ + H* + CO, = FeCO, + 2H,0

(7-19)

pe lOg ch + iOg PC(); - pH
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FIGURE 7-9  pe—pH diagram for 20
the system Fe-O-H,0-CO, at 25°C, b die
considering the phases ferrihydrite, 5 0= Tatm
siderite, and Fe(OH),. ¥.CO, = 107
m. Solid—-solution boundaries are 0
drawn for an activity of dissolved Fe 0.5
species of 1070 S M3 emivyarte eh
{v
pe S(OH], )
¢ - 0
- Ty
B e . [
N pH? =1 aim FeCO;y siderite
A f -
- £ o= 05
10 b Fe(OH),
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If we neglect activity coefficients. we can express P, in terms of 2CO, from the relationship
(Chapter 3):

bY e = -
2.C0O, My co, T Macor + Meg:-

l K, KK,
= KeoPeo |l T+ + R

or

Peg, =
Substituting this in Eq. (7-19) gives

, K, KK,
pe = log K_, — pH +log 2CO, —log Ko (1 + =

Oy O

This 1s clearly not a linear relationship between pe and pH. It is actually linear with a slope of =2
so long as HCOj is the dominant carbonate species, but it curves downwards as the pK, of car-
bonic acid is approached (pH 10.33). The boundary is plotted in Fig. 7-9. This boundary intersects
the Fe(OH),~Fe(OH), boundary at a pH of 10.54. We therefore need a FeCO,~Fe(OH), boundary
below the intersection. Since FeCO, and Fe(OH), are both in the same oxidation state ( Fe'l).the
boundary will be a vertical line. We can calculate the position of the line from the equations:

FeCO, + H,0 = Fe(OH), + CO,
K = Peo, = 10751

and

Substitution of the numerical values of P, and 2.CO, and solving the resulting quadratic gives
Q= 10719 or a pH of 10.54.
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When 2CO, is fixed rather than P, , oxides or hydroxides become stable relative to car-
bonates at high pH. In general, the relative stability of carbonates versus oxides and hydroxides
(of the same oxidation state) can be considered in terms of an equation of the following type:

MCO; + 20H™ = MO + H,0 + CO3~
or
MCO, + 20H™ = M(OH), + CO;~

Here M is any divalent cation. The same logic applies to cations of other valence. For either equation,

Substituting K, = Uy Q- and rearranging gives

XK]\(()J%U

Thus, as long as P, is constant, the ratio Ogp; 103, will be constant and independent of pH.
However, if £CO, is constant rather than Pep, , O cannot increase indefinitely as pH increases,
s0 Oy increases more than Qe with increasing pH, and oxides and hydroxides become stable
relative to carbonates. By the same argument, ferrous silicates will become stable relative to fer-
rous carbonates at high pH if 2CO, is constant, but the relative stability will be independent of pH
if Feg, 18 constant. At an arbitrary R o, and Qyy g - either a ferrous carbonate will be more stable
than the silicate, or the silicate will be more stable than the carbonate. Both phases can be stable
together only at a unique P, for each Qg g, value.

In the discussions so far, we have not considered redox reactions involving CO, itself.
At low pe values, CO, may be reduced to graphite, carbon monoxide, or methane. As an
example, let us consider the pressure of methane in equilibrium with 1 atm CO, pressure as a
function of pe and pH.

CO, + 8H™ + 8¢~ = CH, + 2H,0
log K, = log Foy — log P, + 8pe + 8pH
Calculating K, and introducing Frp, = 1 gives
pe = 2.86 — ;, log By, — pH

The relationship is shown in Fig. 7-10. As the pe approaches the lower stability limit of water,
the CH, pressure in equilibrium with CO, becomes very high. It must be remembered, how-
ever, that formation of methane at 25°C occurs only with the help of organisms, and disequi-
librium is common.

System Fe-0-H,0-8
Example 5

How can the stabilities of sulfur compounds and iron sulfides be added to the pe~pH diagram?
The first problem is to choose a variable to describe the total activity or concentration of sulfur
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FIGURE 7-10  Pressure of methane
in equilibrium with CO, (1 atm) at
25°C as a function of pe and pH.
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species. At high pe values, all sulfur will be in the form of sulfate, and at low pe values all sulfur
will be in the form of sulfide species. Elemental sulfur may also be a significant species at inter-
mediate pe values (Fig. 7-11). Keeping the activity of any single species constant over the whole
pe—pH range is thus not a satisfactory approach; the best approach, in general, is to fix 2S5
(= Qo + Qyge; + Oy g + Tyyg + Tg) at some value. If XS is defined, the values of pe and pH
define uniquelyﬁthe equilibrium activity of each individual sulfur species. Although many other
oxyacids and anions of sulfur exist (such as sulfite, thiosulfate, dithionite, etc.}, it is doubtful
whether any of them is a stable species at 25°C and 1 atm.
The boundaries in Fig. 7-11 are calculated from the following equations:

H,S-SO¥
SO

FIGURE 7-11  Stability fields for
dissolved sulfur species and solid
sulfur (IS = 107m) as a function
of pe and pH. Only boundaries in-
volving solid sulfur change position
as the value of XS changes. HSO;
and $7" are not predominant species
in the pH range shown. Dashed line
is the SO7-H,S boundary.

+ 8¢ + 10HT
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Setting the ratio equal to 1 and calculating log Keq from the data in Appendix II, we obtain
pe = 509 — ; pH
HS™-S0%
SO + 8¢ + 9HT = HS™ + 4H,0

I A TR U
log K, = log + 8pe + 9pH
50
Setting the ratio equal to 1 and calculating log K. we obtain
pe = 421 — : pH
H,S-HS™
H,S = H" + HS™
o
log K, = log ('ﬁb ) - pH
Qs /
Again setting the ratio equal to | and calculating log K, we obtain
pH = 6.99 (the first dissociation constant of H,S)
The stability fields of HSO; and $°~ are not in the pH range shown in Fig. 7-11.

Before we can calculate boundaries involving solid elemental sulfur (or any solid sulfide),
we must assign a value to LS. Here we shall use 107m as an example. (The sulfate concentration
in seawater is 107° m; “typical” fresh waters would be 107 to 107° m.) Above the SOT-H,S (or
HS™) boundary, essentially all dissolved sulfur will be in the form of sulfate, so Cygr = 1072
Below the boundary and below pH7. Q) ¢ = 1077 below the boundary and above pH 7, O, = 107,
It is only very close to the boundaries that these simplifying assumptions cannot be used.

Soiwwssoiid

SO + 6e” + 8HT = S_ ., + 4H,0

$0li

log K, = Gpe + 8pH — log Qg

pe = 5.64 — 3 pH

At this boundary, the activity of dissolved sulfur species in equilibrium with solid sulfur is 107,
Below the boundary, the equilibrium activity of sulfur species is less than 1072 Thus, as the value
chosen for LS decreases, the size of the stability field of solid sulfur becomes smaller.

Ssolid"HZS
S +2¢7 +2H" = H.S
log K., = 2pe + 2pH + log ay ¢

Setting Qy, ¢ = 107 and calculating log K,y we obtain:

Where these two boundaries converge on the SO2™ — H,S boundary (Fig. 7-11), precise calcula-
tion requires consideration of the fact that both H,S and SO7™ contribute significantly to XS. At
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the scale of Fig. 7-11, however, the results of the more precise calculation are almost indistin-
guishable from those based on the assumption that XS is either all SO or all H,S.

water chemistry. For many transition metals it represents (approximately) the dividing line
between where oxides, carbonates, or dissolved ions are stable and where insoluble sulfides are
stable (assuming some sulfur is present). The onset of sulfate reduction also has a major impact
on biological systems.

The upper stability limit of pyrite is given by the boundaries between FeS, and either Fe?
or Fe,0;. Iron sulfides are precipitated by extremely small concentrations of dissolved sullide
species, so we would anticipate that the upper stability limit of pyrite would be above the sulfate-
sulfide boundary in Fig. 7-11. If this is correct, Qgp: = 2.8 at the upper stability limit of pyrite.

+

Fe*-FeS, (SO} field)

28057 + Fe?™ + 16H™ + 14¢” = FeS, + 8H,0

Setting Qo = 107%, Qe = 107, and calculating log K, we obtain

pe = 5.46 ~ {SpH

Fe,0,-FeS, (SO} field)

Fe,0, + 4507 -+ 38H" + 30¢™ = 2FeS, + 19H,0

log Ko = = 4 log Qg>- -+ 38pH + 30pe

K

«q» We Obtain

Setting Q- = 107 and calculating log

pe = 6.28 — 33pH
These boundaries are plotted in Fig. 7-12.

The sulfur in pyrite is in a higher formal oxidation state than is the sulfur in H,S or the
equivalent ferrous sulfide, FeS. Thus, at low pe, pyrite becomes unstable with respect to Fe®” at
fow pH:

FIGURE 7-12  pe-pH diagram for 20
the system Fe~0-H,0-8 at 25°C
assuming hematite as the ferric oxide 15
and 38 = 107°m. Solid-solution
boundaries are drawn for an activity 10
of dissolved Fe species of 107, Light
lines are the distribution of sulfur Fe.0 £h
L e e \ati
species first seen in Fig. 7-11. pe ° 273 hematite )
0 ~f 0
5 :.. R
C e 0.5
-10 -
s Fes—"
PN “WEUE TRUTE FRUSY FRRRE NRNVE FRES FREWE FEWES JENNE P
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FeS, + 4H* + 2¢~ = Fe* + 2H,$ (7-20)
pe = 2.49 — 2pH

|

and unstable with respect to FeS at high pH:
FeS, + H™ + 2¢7 = FeS + HS™ (7-21)
pe = —2.54 — %pH

The boundaries representing Eqs. (7-20) and (7-21) plot close to the P,; = 1 line close to pH 2
and pH 11, respectively, in Fig. 7-12. At the XS value (107) used to construct the diagram, the
lower stability limits of pyrite appear unimportant, but as 2.S decreases. the stability field of pyrite
shrinks, and these boundaries occur in the pe—pH region more typical of natural waters. Likewise,
magnetite does not have a stability field below pH 12 when 38 = 1072, but as 3.S decreases, a field
for magnetite appears at high pH.

When an iron sulfide mineral forms in patural waters, the first phase to precipitate is
usually an unstable monosulfide (Berner, 1970). These monosulfides are generally trans-
formed rapidly to pyrite, and pyrite is the common iron sulfide in both modern sediments and
ancient sedimentary rocks. Marcasite is a mineral with the same chemical composition as
pyrite but with a different crystal structure. It is not known why marcasite is sometimes
formed instead of pyrite.

We can add other compounds such as CO, to the Fe~O-§ system and generate dia-
grams such as Fig. 7-13, but such diagrams tend to confuse rather than simplify the interpre-
tation of natural water chemistry. If hematite is the iron oxide phase, for both iron sulfides
and iron carbonates to appear as significant stable phases on a pe~pH diagram, 3.8 must be
fixed at a very low value and P (or XCO,) at a high value. For natural systems, it is gen-
erally simpler and more realistic to consider two cases: (1) sulfur is present, in which case a
diagram as Fig. 7-12 is appropriate, or (2) sulfur is absent, in which case a diagram such as
Fig. 7-7 or 7-8 is appropriate.

When ferrihydrite is chosen as the iron oxide, both siderite and pyrite can be stable at
reasonable values of P, and .S (Fig. 7-14). The reason is that ferrihydrite is reduced to Fe**
at a higher pe than sulfate is reduced to sulfide. At high pH, the Fe®* forms siderite. It seems
confusing at first that the siderite, which contains fully reduced iron, occurs under more oxi-
dizing conditions than pyrite. The reason is that the stability field of pyrite is determined by
reduction of sulfate, not reduction of iron.

Eh-pH Diagrams
The formalism and equations for an Eh—pH diagram are very similar to those for a pe—pH dia-

gram. The diagrams are identical except for the scale on the vertical axis, which is changed
according to the equation:

h = - pe

as discussed earlier in this chapter. At 25°C:

Eh = 0.059 pe



FIGURE 7-13  Stability relations

in the system Fe-O~H,0-5~CO, at
25°C, assuming 2.8 = 107, £CO, =
10° (after Garrels and Christ, 1965).

for an activity of dissolved Fe
species of 107,

FIGURE 7-14  Stability relations
in the system Fe—-0-H,0-8-CO, at
25°C, assuming ferrihydrite as the
ferric oxide phase, 2.8 = 107"m and

boundaries are drawn for an activity
of dissolved Fe species of 107°. Light
lines are boundaries for sulfur
species from Fig. 7-11.
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Eh is shown on the right side of each of the pe-pH diagrams in this chapter. The two scales are
compared graphically in Fig. 7-15. One disadvantage of using Eh as a variable is that the
slopes of the various stability boundaries change as a function of 7, which is not the case when

the variable is pe.

153
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FIGURE 7-15  Comparison of pe 20
and Eh scales at 25°C. I
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PARTIAL PRESSURE OR FUGACITY-FUGACITY DIAGRAMS

As mentioned at the beginning of the chapter, the activity of oxygen can be used instead of pe
as an indicator of redox conditions. Oxygen activity is most conveniently expressed as the
fugacity of oxygen in a gas phase with which the solution would be in equilibrium. Fugacity
(see Chapter 2) is essentially the same numerically as partial pressure. although it is question-
able whether a partial pressure of 107 atm has much physical reality.
Example 6
Draw stability diagrams for the systermn Fe~O-CQO,~H,0, using log f, as the indicator of redox
conditions.
There are several possible choices of a second axis; we shall tllustrate the use of pH and log
feo.- This is equivalent to drawing sections through a three-dimensional diagram with log f,
log feo.. and pH as axes. The upper and lower limits of the diagram are defined by log f, =0 and
fog fiy.=0.
Fe,0,-Fe O,

3Fe,0, = 2Fe,0, + 10,

log fo, = 2log K, = —70
This plots as a horizontal line in both Fig. 7-16 and Fig. 7-17.
Fe,0,-Fe™

Fe,0, + 4H" = 2Fe™ + 2H,0 + 1 O,

1f we assign a value of Gy, this plots as a line of slope —8 on a log f, ~pH diagram (Fig. 7-16)
and as a horizontal line on a log f, —log fro, diagram (Fig. 7-17).



Partial Pressure or Fugacity-Fugacity Diagrams

FIGURE 7-16  Stability relations
in the system Fe-0O-H,0-CO, at
25°C drawn as a function of log f,,
and pH. Shaded area is stability -
field of siderite at P = 1 atm.
Solid-solution boundaries are
drawn for an activity of dissolved
Fe species of 1070,

FeCO,-Fe™

log fo,
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FeCO, + 2H" = Fe’™ + H,0 + CO,

This plots as a vertical line in Figs. 7-16 and 7-17.

Fe,0,-~FeCO,

FIGURE 7-17  Stability relations
in the system Fe~O-H,0-CO, at
25°C, drawn as a function of log f;;,,
and log f, . Shaded areas indicate
stabitity field of Fe®" (greater than
0% atpH Sand pH 7.
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This plots as a line with a slope of +4 in Fig. 7-17, and, if f,, is held constant, as a horizontal line
in Fig. 7-16. -

Other boundaries can be calculated in the same way to give the completed figures. An anal-
ogous diagram to Fig. 7-16 could be calculated on the assumption of constant 2.CO, rather than
constant fe, by the approach illustrated in Example 4.

Fig. 7-16 is very similar in essence to Fig. 7-7. The angles of some of the boundaries are
different, but the basic topology is the same. This should not be surprising, as both types of dia-
gram are simply convenient graphic ways of displaying free-energy data. The stability relation-
ships are the same regardless of which variable is used on the redox axis, and for systems at
equilibrivm, interpretations made within the framework of one type of diagram can be made
equally well within the framework of the other.

In this chapter we have illustrated the construction of the most common types of sta-
bility diagrams for redox reactions in natural waters. The application of these diagrams will be
discussed in other chapters. There are many possible choices of axes for stability diagrams,
and the two most useful ones for a particular problem may not be pe (or Eh) and pH. In many
environments—for exarnple, groundwater in a particular aquifer or interstitial water in marine
sediments—pH is almost constant, so it makes sense to construct diagrams in which pH
is fixed. and some other variable (e.g., log feo,. 2.5, or log Qyg) is used as an axis. Such
diagrams can readily be constructed by the same general approach as was used for the pe—pH
diagram.

Finally, we must stress that the diagrams we have discussed show only equilibrium rela-
tionships. Complete equilibrium among redox systems in natural waters is the exception
rather than the rule. Stability diagrams are of great value, particularly in semiquantitative
interpretations, but their limitations must be recognized.

REVIEW GQUESTIONS

Use free-energy values from Appendix II and assume a temperature of 25°C 1o answer the following
questions.

1. Surface seawater has a pH of 8.2 and the following redox couples present:
a. O, at a pressure of 0.21 atm and water
b. N, at a pressure of 0.76 atm and NOJ at a concentration of 4 x 107 m
¢. CO, at a pressure of 3 x 107" atm and CH, at a pressure of 1.5 x 107 atm
What pe does each couple define? Are they the same as each other? What do you think are the rea-
sons for the discrepancies?

2. Plot the stability field of fayalite (Fe,Si0,) on Fig. 7-4, assuming:
a. Equilibrium with amorphous silica
b. Equilibrium with quartz

3. When sulfate reduction occurs in modern sediments, the first sulfide minerals to form are often
mackinawite (FeS) and greigite (Fe;S,). Redraw Fig. 7-12 considering each of these phases instead
of pyrite. In general, how much difference does it make which iron sulfide phase is chosen?
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MnO, (birnessite), Mn,O,, Mn;O,, Mn(OH)}), (pyrochroite}, and MnCO;, and assuming that:
a. No CQO, is present
b. Peo, = 1atm
€ Frg, = 107 atin
5. Plot the field of MnS (alabandite) on the graph(s) of question 4, using appropriate values for 2S.
Should MnS be a significant phase in modern sediments (marine and non-marine)? Justify your
reasoning.
6. Construct a fo —pH diagram using the same phases and the same set of assumptions as in question 4.
7. Construct a fo ~ feq, diagram for the system in question 4 and:
a. pHS
b. pH7
c¢. pH3
8. Compare the pe-pH diagrams for the Fe systems in the text of the chapter with the Mn systems in
questions 4 and 5. Which element would you expect to be mobilized first as an environment becomes
reducing? If seawater is trapped with organic matter in a sediment, how would vou expect the con-
centration of dissolved (a) iron and (b) manganese 1o change as the pe is progressively lowered?

SUGGESTED READING

BROOKINS, D. G. (1988). Eh-pH Diagrams for Geo- NorpstrROM, D. K., and J. L. Munoz, (1994).
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Eh-pH diagrams.
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Redox Conditions
in Natural Waters

Redox conditions in rivers, lakes. and the ocean are largely controlled by the processes of pho-
tosynthesis and bacterial decomposition of organic matter.

PHOTOSYNTHESIS

Photosynthesis is the process by which carbon dioxide (which may be derived from HCO?3) is
converted to organic matter and oxygen:

Co, gt ¢ + 0, (8-1)

Organic
Photosynthesis uses energy from the sun to form unstable compounds (organic matter and
oxygen) from the stable compound CO,. In the absence of photosynthesis, the oxygen in the
atmosphere would be steadily consumed by the oxidation of organic matter until no free
oxygen remained (Garrels and Perry, 1974; Holland, 1978).

Carbon and oxygen are not the only elements involved in photosynthesis. Plants also
require nitrogen compounds, phosphorus compounds, and a wide range of trace elements.
Plants (in aquatic systems, primarily microscopic algae) will grow and multiply until all avail-
able phosphate or nitrate is used up, at which point photosynthesis ceases. In unpolluted fresh
waters phosphate is normally the limiting nutrient; nitrate is sometimes limiting in polluted
waters. The availability of particular trace elements is occasionally limiting for short periods
of time, but this is rare. Photosynthesis is the ultimate source of food for all organisms in sur-
face waters.

The average composition of the organic matter in plankton is approximately
Cio6 Hi530,, N P, (Redfield et al., 1963), so photosynthesis can be represented by the more
complex equation:

106CO, + 16NO;. + HPO;™ + 122H,0 + 18H" + (trace elements, energy)
= Cyp6 Hy630,10 Nj Py + 1380, (8-2)

algae
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rather than the simple form of Eq. (8-1). Eq. (8-2) illustrates the enormous importance of
phosphate in the carbon—oxygen balance of waters, particularly lakes. Each atom of phos-
phorus (as phosphate) added to a surface water results in fixation of about 106 atoms of carbon
in organic matter, and when the organic matter produced from one atom of phosphorus decays,
it has the potential to consume 138 molecules of oxygen.

RESPIRATION AND DECAY

-

As long as free oxygen is available, the net results of respiration and decay are essentially the
reverse of photosynthesis:

Clo6 HuesOy 10 Ny P + 1380, = 106CO, + 16NO; + HPOZ™ + 122H,0 + 18H*

Carbon is released as CO,, organically combined nitrogen as NO3, and organically combined
phosphorus as HPO? . The release of CO, causes an increase in P, and hence a decrease in
pH. “

When molecular oxygen is not available, or when it has been used up, decay of organic
matter continues by a serics of reactions that represent successively lower pe levels (Fig. 8-1).
The essential difference between the reactions is the terminal electron acceptor. Oxidation of
carbon to CO, can be viewed {(Chapter 7) as a reaction that generate electrons:

C +2H,0 = CO, + 4H" + 4e”

organic

Since free electrons cannot accumulate, there must be some corresponding chemical system to
accept the electrons, such as

O, + 4H" + 4™ = 2H,0 (acrobic metabolism)
INO; + 12H" + 10 = N, + 6H,O (denitrification)
FeOOH + 3H" + ¢~ = Fe’” + 2H,0 (ferric iron reduction)
SO;” + 10HY + 8¢~ = H.S + 4H,0 (sulfate reduction)

Electron acceptors are essentially “oxidizing agents,” compounds capable of being reduced.
From a biochemical viewpoint, it is much more realistic to think in terms of electron transfers
than transfers of oxygen.

Some of the most important reactions are:

1. Nitrate reduction. In nitrate reduction, in a complex series of reactions bacteria use
nitrate ion as the terminal electron acceptor to oxidize organic carbon to CO,. If molecular
nitrogen is the final product, the process is called denitrification or dissimilatory nitrate
reduction.

5C,reme + 4NO; + 4H' = 2N, + 5C0, + 2H,0

organic
The importance of this reaction is that it converts nitrate, an essential nutrient, into biologi-
cally inert molecular nitrogen; it is important in the nutrient balance of lakes and rivers. Many
bacteria reduce nitrate only as far as nitrite:

C + 2NO5 = CO, + 2NG;

organic

whereas other bacteria reduce nitrate all the way to ammonia:
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Ammonia may also be released from the decomposition of the amino acids in proteins.
Ammonia that is released by microbial processes reacts with water

NH, + H,0 = NH}, + OH"

to form ammonium ion, NHJ, causing a net rise in pH. The rise in pH may cause precipitation
of calcium as a carbonate or as a soap (the calcium salt of a fatty acid) (Berner, 1969, 1971),
which may be important in the formation of concretions.

2. Ferric iron reduction. Reduction of ferric oxyhydroxides (and sometimes manganese
oxyhydroxides) is an important process in groundwater systems where the oxyhydroxides are
present. It is relatively less important in surface waters because the mass of oxyhydroxide
available is usually quite small. Stoichiometrically, the reaction is

C + 4Fe(OH) + 8H™ = CO, + 4Fe?" + 10H,0

‘organic
The Fe”* produced may remain in solution, it may precipitate as FeCO, (siderite) or, if iron
reduction is followed by sulfate reduction, it may precipitate as a sulfide such as pyrite (FeS.).
Iron reduction is commonly microbially mediated.

3. Sulfate reduction. In sulfate reduction, bacteria use SO as a terminal electron
acceptor in the oxidation of organic matter to CO,. Sulfide species are the final reduction
product, although various sulfur species such as thiosulfate may be produced as intermediates.
The overall stoichiometry of the reaction is

Soim + 2Corganic +2H,0 = H,S8 + 2HCO;

If the pH is above 7. HS™ will form rather than H,S. If the pH is below 6, CO, will form rather
than HCO7. If any reactive iron compounds are present, the sulfide species will react with them
to form solid sulfides. Sulfate-reducing bacteria are capable of utilizing only relatively simple
organic molecules such as formate, acetate, Jactate and a range of other compounds containing
up to about 20 carbon atoms (and also hydrogen) (Chapelle, 1993; Hansen, 1993). They are thus
typically dependent on fermentative bacteria (see below) to produce these simple molecules.
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There are many consequences of ferric iron and sulfate reduction. H,S and HS™ are
highly toxic to most organisms, so the biota in the environment are strongly affected.
Conversion of iron oxides to sulfides generally causes a color change from red or brown to
black or gray. Species (e.g., heavy metals and phosphate ion) that were adsorbed onto ferric
oxyhydroxides (see Chapter 9) will be released to solution, and many heavy metals (e.g., Cu,
Zn, Mo, Pb, and Hg) that are relatively soluble in oxidizing waters (provided that the pH is not
too high) are highly insoluble (as sulfides) in the presence of dissolved sulfide species.

4. Fermentation reactions and methanogenesis. When no external electron acceptors are
available, organisms use a wide variety of organic transformations as a source of energy in fer-
mentation reactions. The reactions are fundamentally transformation of complex molecules
such as carbohydrates into simple compounds such as CO,, formate, acetate, and hydrogen.
Measurable hydrogen concentrations are commonly present in fermentative systems.
Associated with these fermentative organisms are another group of microorganisms that use the
products of fermentation to derive energy by reactions involving methane formation such as

CH,COOH = CH, + CO,

acetic acid
CO, + 4H, = CH, + 2H,0

The overall result of fermentation and methanogenesis is thus to convert organic matter into
methane and CO,. It can be represented in a very simplified way as

2C + 2H,0 = CO, + CH,

organic
whose equilibrium pe is shown in Fig. 8-1. Fermentation reactions typically generate
hydrogen as a biochemical intermediate and can drive the pe down to the H,~H,O boundary.
Fundamentally, the various anaerobic decay reactions represent mechanisms by which
microorganisms use decomposition of the products of photosynthesis as a source of energy.
Since the bacteria derive energy from the reactions, their function is essentially to catalyze the
conversion of thermodynamically unstable systems to more stable systems. In general, each
. reaction is mediated by a specific type of bacterium, and the reactions occur more or less in
snccession, with the reactions that vield most energy to the bacteria occurring earliest. Sulfate
reduction does not occur until all molecular oxygen has been used up, and methane generation
generally does not occur significantly until all sulfate has been used up. The succession is not
strict, and there is commonly some overlap between the ranges of activities of the different
microorganisms. Molecular oxygen is toxic to many anaerobic bacteria, so nitrate and sulfate
reduction do not generally occur until all oxygen has been removed {rom the system.

REDOX BUFFERING

In addition to pe (redox level or redox intensity), redox buffering (or redox capacity) is an
important concept. A system is buffered or poised with respect to redox processes if oxidiz-
able or reducible compounds are present that prevent a significant change in pe in response to
additions of small amounts of strong oxidizing or reducing agents. Fig. 8-2 shows schemati-
cally how pe might change as organic matter decomposes in a typical surface water. It is
assumed that the water was initially in equilibrium with atmospheric oxygen, but no additional
oxygen is added as the organic matter decomposes.
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As long as free oxygen is present, pe remains high. There has been some disagreement
in the literature as to the “correct” pe of oxygenated water. The overall reduction of oxygen

O, +4H" + 4¢” = 2H,0 (pe = 138 atpH 7) (8-3)
generally does not occur as a single step, but as a series of separate reactions, two of the most
important of which are

O, +2H" + 2¢7 = H,0, (pe = 4.5atpH 7) (8—4)
and
H,O, + 2H" + 2¢7 = 2H,0 (8-5)

Breck (1974) argued that reaction (8=5) was much slower than reaction (8~4), and hence pe
was essentially controlled by reaction (8-4). The effective pe for oxygenated waters would then
be 4.5 (at pH 7), rather than the value of 13.8 predicted by reaction (8-3). Stumm (1978) dis-
agreed, pointing out that some natural redox systems seemed to respond as if reaction (8-3)
determined pe, and some as if reaction (8-4) controlled pe. Stumm concluded that the use of
a single pe to characterize oxygenated waters is meaningless because the various redox cou-
ples in natural waters are not in equilibrium with each other. Since a single pe for all redox
systems cannot be defined, it is probably best to think of pe as being “high” without specifying
an exact number. For general discussion purposes, it is as logical to use the value defined by
the O,—H,0 couple as any other.

As soon as all free oxygen is consumed, pe drops abruptly to the value where sulfate
reduction takes place (the amount of nitrate in an unpolluted water is usually too small for
denitrification to be a significant buffer). pe remains essentially constant until all sulfate is
reduced and then decreases gradually as various fermentation reactions take place. We would
expect the pe values in natural waters to be generally in one of the buffered ranges because
values in the unbuffered range are unstable; any trace of oxygen or reactive organic matter
should shift the pe from an unbuffered range into a buffered range. The only place where we
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would expect an “unbuffered” pe to persist is in a region where pe is controlled by diffusion
between an anaerobic water (e.g., interstitial water in sediments) and an aerobic water (e.g.,
oxygenated lake or ocean water).

In this discussion we have considered only redox reactions involving organic matter and
the solutes in water. In groundwaters and waters in effective contact with sediments, redox reac-
tions involving solid phases may also buffer pe. Fig. 8-3 shows how Fig. 8-2 might be modified
to include such reactions. The lengths of the various horizontal segments in Fig. 8-3 are arbitrary,
as it is hard to generalize on the distribution and reactivity of specific minerals in sediments.

Some of the effects of bacterial decomposition of organic matter in marine sediments are
shown in Figs. 8-4 and 8-5. Fig. 8-4 shows profiles of dissolved nitrate, manganese, and iron in
a core from the eastern equatorial Atlantic (Froelich et al., 1979). First nitrate is reduced (den-
itrification), then manganese oxides are reduced to Mn?', and then iron oxides are reduced to
Fe". There was no reduction of sulfate in the core studied (sulfate reduction probably occurred
at greater depth in the sediment), reflecting the relatively low organic matter content of the sed-
iment. Fig. 8-5 shows the interstitial water chemistry in a core containing abundant organic
matter from a near-shore environment off North Carolina (Martens and Goldhaber, 1978).
Sulfate is completely reduced to sulfide in the top 40 cm, and methane is generated in the
deeper part of the core. The high concentrations of ammonia and phosphate illustrate the
release of inorganic nutrients accompanying the decomposition of organic matter. The profiles
indicate that the nutrient elements are diffusing upward into the overlying water. These
processes have been synthesized into a general model by Van Cappellen and Wang (1996).

Although organic matter is the common reducing agent in natural waters, lowering of pe,
can also be brought about by oxidation of minerals containing ferrous iron or reduced sulfur
species. Solutions emerging from basalt at oceanic spreading centers contain high concentra-
tions of dissolved iron and manganese. or sometimes high concentrations of sulfide.
Presumably, these solutions represent seawater. the pe of which has been lowered by reaction
with ferrous minerals in the basalt. Some springs emerging from ultramafic rocks (rocks com-
posed largely of Mg-Fe silicates) on land actually produce bubbles of hydrogen gas from the
reduction of water by ferrous minerals (Barnes et al., 1972).

FIGURE 8-3 Changeinpeofa
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LAKES

Redox conditions in lakes are determined by the balance between the decomposition of
organic matter, normally from photosynthesis in the lake, and the supply of oxygen by circu-
lation or vertical mixing of the water. The circulation in lakes is largely controlled by density
differences, which are generally a consequence of temperature differences. The density of
pure water as a function of temperature is shown in Fig. 8-6. Note that the maximum density
occurs at 4°C, not at 0°C.

A typical vertical temperature profile for a lake in a temperate climate in summer is shown
in Fig. 8-7 (tropical lakes are discussed below). The upper layer or epilimnion is warm as a result
of solar radiation. The temperature within the epilimnion is fairly uniform because the surface
zone is stirred by wave action. Immediately below the epilimnion is the meralimnion or thermo-
cline zone, a region in which temperature decreases rapidly with depth. Below the metalimnion
is a mass of uniformly cold water, the Aypolimnion. In real lakes. the situation may be compli-
cated by the presence of more than one metalimnion, and, of course, very shallow lakes and
ponds will consist of an epilimnion only. The situation shown in Fig. 8-7 represents stable strat-
ification. Warm, fow-density water floats above cold, high-density water, and the density con-
trast results in little mixing or exchange of solutes between epilimnion and hypolimnion.

At the end of summer, the temperature of the epilimnion starts to decrease. When it
reaches a value close to that of the hypolimnion (about 4°C in deep lakes in cold-winter cli-
mates), the density contrast between epilimnion and hypolimnion disappears. Storms, or
even normal winds, cause complete mixing between the epilimnion and hypolimnion, an
event called the fall turnover. 1f surface temperatures become even colder, stable stratifica-
tion may again develop, with water (and ice) at about 0°C overlying more dense water at 4°C.
This stratification breaks down at the spring furnover, when the surface layers again warm to
4°C. Lakes that turn over twice a year are called dimicric; those that turn over once a year are
called monomictic.
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At times of turnover, the dissolved oxygen content of the entire lake is essentially deter-
mined by equilibrium with oxygen in the atmosphere (Table 8-1). When the lake becomes strat-
ified, the oxygen content of the hypolimnion steadily decreases as a consequence of acrobic
decomposition of organic matter falling from the epilimnion. Whether or not the hypolimnion

TABLE 8~1 Concentration of Dissolved Oxygen in Water in Equilibrium
with Air at a Total Pressure of 1 atm {from data of Truesdale et al., 1855)

Temperature Oxygen Temperanire Oxygen

(] (mg/e) (mM) (°Cy (mg/t) {mM)
0 14.16 0.443 18 9.18 0.287

i 13,77 0.430 19 9.01 0.282

2 13.40 0.419 20 8.84 0.276
3 13.05 0.408 21 8.68 0.271
4 12.70 0.397 22 8.53 0.267

5 12.37 0.387 23 8.38 0.262

6 12.06 0.377 24 8.25 0.258

7 11.76 0.368 25 8.11 0.253

8 11.47 0.358 26 7.99 0.250

9 11.19 0.350 27 7.86 0.246
10 10.92 0.341 28 7.75 0.242
11 10.67 0.333 29 7.64 0.239
12 10,43 0.326 30 7.53 0.235
13 10.20 0319 31 7.42 0.232
14 9.98 0.312 32 7.32 0.229
15 9.76 0.305 33 7.22 0.226
16 9.56 0.299 34 7.13 0.223

i7 9.37 0.293 35 7.04 0.220
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becomes anaerobic depends on the total amount of organic matter falling into it during a period
of stratification. The amount of organic matter produced in the epilimnion is largely controlled
by the availability of inorganic nutrients, particularly phosphate. An oligotrophic lake is one in
which the supply of nutrients is low, so there is little photosynthetic production and the water is
oxygenated at all depths. A eutrophic lake is one in which the supply of nutrients is high, pho-
tosynthetic production is high, and the hypolimnion is anaerobic (Fig. 8-8). In an oligotrophic
lake, the pe of the hypolimnion remains high at all depths; in a eutrophic lake it will decrease
with depth and with time since the onset of stratification. When turnover occurs in a eutrophic
lake, hydrogen sulfide and other toxic compounds may be mixed into the epilimnion, which
may cause widespread mortality among fish that were living in the epilimnion.

Pollution may affect the oxygen balance in lakes by introducing reactive organic matter,
by introducing nutrients (phosphate and/or nitrate), or by introducing chemicals (e.g., heavy
metals or persistent organic compounds) that interfere with biological systems in the lake. The
common ways in which organic matter in wastewater is measured are as biochemical oxygen
demand (BOD) and chemical oxygen demand (COD). BOD is measured by diluting the
sample with oxygenated water, incubating it in the dark at 20°C for five days, and measuring
the amount of oxygen that has been consumed. BOD is a predictor of how much direct oxygen
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FIGURE 8-8 Idealized distributions of temperature and dissolved oxygen in oligotrophic and eutrophic lakes. The
increase in dissolved O, with depth in the oligotrophic case in summer is due to the greater solubility of O, at lower
temperatures (after Wetzel, 1983).
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consumption will be caused by a particular pollution source. COD is measured by the amount
of a strong chemical oxidizer (potassium dichromate) consumed in oxidizing the organic
matter in the water. It is (approximately) a measure of the total concentration of organic matter,
both reactive and nonbiodegradable, in the water. COD can be measured more reproducibly
and more conveniently than BOD, but BOD is probably a better predictor of oxygen con-
sumption in the environment.

Normal sewage treatment processes reduce BOD and COD to low levels but are rela-
tively ineffective in removing phosphate and nitrogen. Agricultural fertilizers also contribute
these nutrients to surface waters. The most important way in which poliution affects lakes is
thus by increasing the supply of nutrients, particularly phosphate, to the epilimnion. The phos-
phate content of sewage was significantly decreased when the phosphate content of commer-
cial detergents was reduced in the late 1960s. Advanced waste treatment methods to remove
phosphate from sewage are now becoming more common.

When an oligotrophic lake becomes eutrophic as a result of pollution, it is difficult to
reverse the process. One might think that in a eutrophic lake undecomposed organic matter
would be deposited in sediments, and this would remove phosphorus from lake waters.
Although this does occur, the effect is usually overwhelmed by the consequences of reduction
of ferric compounds. Ferric oxides adsorb phosphate strongly, and when the oxides are
reduced (to Fe®, FeS,, or FeCOy), a large amount of phosphate is released to solution
(Williams et al., 1976). Bacteria in the surface sediments of anaerobic lakes may also store sig-
nificant quantities of phosphate, which is released to the water column when the water
becomes acrobic (Gichter and Meyer, 1993). Thus, when a lake first becomes eutrophic, phos-
phate is transferred from the sediment to the hypolimnion, and when turnover occurs, this
additional phosphate will be mixed into the epilimnion. The extra supply of phosphate will
further aggravate the problem of eutrophication.

The circulation in tropical lakes is less straightforward than that of lakes in which circu-
lation is controlled by scasonal temperature changes. In many tropical lakes, temperature dif-
ferences between night and day are sufficient to cause frequent mixing. and hence prevent
stratification. Thermal stratification may occur when a mass of cold water is formed during an
unusually cold period. and a permanent epilimnion forms above it. Chemical stratification is
also common. This occurs where water of higher salinity, formed in an arid period or by dis-
solution of salts in the lake bed, underlies more dilute surface water. Such chemical stratifica-
tion may persist for many years. Lakes that do not turn over annually, usually because the deep
water is more saline than the surface water, are called meromictic.

THE OCEAN

The ocean differs from lakes in many respects other than scale. “Turnover” in the oceans is con-
tinuous, as cold surface water sinks at the poles, circulates at depth, and returns to the surface. The
distribution of nutrients (and hence photosynthesis) in the oceans is controlled almost entirely by
regeneration of nutrients in the water column and redistribution by circulation, whereas in lakes
the distribution of nutrients is controlled more by the concentration of nutrients in the inflow
waters than by processes in the lake itself (although there are exceptions to this generalization).
Typical profiles of dissolved oxygen in the ocean are shown in Fig. 8-9. The surface
zone is well oxygenated as a result of both photosynthesis and exchange with the atmosphere.
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Below the surface zone is the oxygen minimum zone. This is the depth interval where most of
the organic matter falling from the surface zone undergoes decomposition. Over most of the
ocean, decomposition of organic matter is not sufficient to use up all the oxygen in the oxygen
minimum zone, so the entire water colamn is aerobic. Under areas of exceptionally high sur-
face productivity, areas of upwelling where nutrients are returned to the surface, water in the
oxygen minimum zone may be anaerobic. The deep water below the oxygen minimum is gen-
erally well acrated. Most readily decomposable organic matter from the surface has already
been decomposed before it reaches the deep zone, and oxygen in the deep zone is constantly
replenished by the sinking of oxygenated water at the poles.

Anaerobic basins occur in the oceans where the circulation of deep water is obstructed
and surface productivity is high (e.g., the Cariaco Basin off Venezuela). Such basins always
have a sill depth near the oxygen minimum zone (Fig. 8-10). At greater depths, the supply of
readily decomposable organic matter is so slow that even closed basins with little apparent cir-
culation remain aerobic. Anaerobic conditions also occur in coastal basins such as the Black
Sea and the fjords of northern Europe and North America, where a layer of relatively fresh
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(low salinity) water traps a body of normal salinity water out of contact with the atmosphere
or the open ocean.

The sediments of anaerobic basins are commonly black and rich in organic matter and
iron sulfide. They also commonly show annual layering, caused by seasonal variations in the
supply of sediment from land or in the production of calcite skeletons by planktonic organ-
isms. The fine layering of the sediments is preserved because burrowing organisms which nor-
mally disrupt sea-floor sediments cannot live where the overlying water is anaerobic,

Although anaerobic conditions are rare in open ocean water, they are common in the
interstitial waters of near-shore marine scdiments. After a sediment is deposited, organic
matter in it decays, consuming oxygen and then sulfate from the interstitial water. The detailed
mechanisms controlling redox conditions in interstitial waters are complex (e.g., Berner,
1974, 1980), depending primarily on the amount of organic matter supplied to the sediment
and the overall sedimentation rate. Sedimentation rate is particularly important because it con-
trols the amount of time during which organic matter can undergo decomposition in oxy-
genated water at or near the sediment-water interface. In general, the interstitial waters of
sediments around the margins of the continents are anaerobic, because sedimentation rates are
high, and because, in shallower water, organic matter has not had as much time to decompose
as it falls through the water column. Continental-margin sediments below wave base are gen-
erally black, green, or gray in color, and contain pyrite. At greater distances from the conti-
nents (deeper water and slower sedimentation rates), the sediments near the sediment-water
interface are oxidizing, but the sediments at greater depths below the interface are reducing.
Toward the centers of the ocean basins, far from the continents, the interstitial water of the
entire sediment column is likely to be oxidizing.

GROUNDWATER

Redox levels in groundwater are determined essentially by the relative rates of introduction of
oxygen by circulation and the consumption of oxygen by bacterially mediated decomposition
of organic matter (or occasionally sulfides or ferrous silicates or carbonates). The most impor-
tant variables in natural systems appear to be:

1. Oxygen content of recharge water. Recharge water may enter an aquifer through
fractures in bare rock, or it may percolate through a soil rich in organic matter. In the first case
the recharge water will be oxidizing and will have significant redox buffer capacity at high pe
values. In the second case it may be anaerobic when it enters the aquifer, and it is unlikely to
have much redox buffer capacity at high pe values.

2. Distribution and reactivity of organic matier and other potential reductants in the
aquifer. Aquifers vary greatly in the amount of organic matter present and, more important,
in the reactivity of that organic matter. The organic matter of sedimentary rocks is gener-
ally refractory; that is, it is not easily utilized by bacteria. It is refractory both because the
more easily metabolized components have already been utilized, and because the effects of
elevated temperature and pressure are to convert the original organic compounds into com-
pounds that are less readily utilized by bacteria. Most sedimentary rocks (and hence most
aquifers) have been buried under a thickness of younger rocks at some time in their history.
and hence have been exposed, to some degree or another, to elevated temperatures and
pressures. As an example, coal (organic matter) should reduce any sulfate in groundwater
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in a coal seam. However, groundwaters in coal seams often have high sulfate contents, and
sometimes show no evidence of dissolved sulfide. Sulfate-reducing bacteria are incapable
of utilizing directly the organic compounds that are common in coal, so sulfate reduction
in groundwaters in coal is geperally a slow process. The sulfides present in many coals
were formed in the environment of deposition (an anaerobic sediment) rather than from
later groundwater.

3. Distribution of potential redox buffers in the aquifer. In a groundwater system, the
mass of potential redox buffers (for example, MnO,, Fe(OH),, and Fe,0,) per unit volume of
groundwater is often large, and the reactions tending to lower pe are generally slow. The redox
levels in groundwaters thus often correspond to buffering by the Mn**~MnQ,, the Fe*'~
Fe(OH),, or the Fe**~Fe,0, pair (Fig. 8-11).

4. Circulation rate of the groundwater. Since bacterial reactions that tend to lower pe
are usually slow, the pe of a particular water depends very much on the residence time of water
in the aquifer. The residence time depends on both the velocity of the water and the “length”

FIGURE 8-11  Some possible 16
redox buffers in a groundwater
system. Solid-solution boundaries
are drawn for activity of solute =107°. h
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of the aquifer system from recharge to discharge. In general. the longer the residence time, the
lower the resulting pe.

It is difficult to generalize about redox conditions in groundwater, as all four factors
vary from place to place. If a groundwater contains free oxygen (range ! on Fig. 8-12), either
its residence time underground is short, or the aquifer contains essentially no metabolizable
organic matter. The absence of organic matter may be inherited from the time the aquifer
rock was deposited, or it may be that organic matter originally present has been removed by
prolonged passage of oxygenated groundwater. Acrobic bacteria can utilize a greater variety
of organic compounds than can sulfate-reducing bacteria. Most shallow groundwaters prob-
ably plot in Range 1. Many groundwaters also plot in range 2 of Fig. 8-12. The water con-
tains no free oxygen, but no significant sulfate reduction has taken place. This redox level
does not cause the water to be unsuitable for domestic supply purposes, although high (1 ppm
or greater) concentrations of dissolved iron or manganese are sometimes a problem.
Groundwaters in range 3 (buffered by sulfate reduction) are common where residence times
are long or where much reactive organic matter is present. A high concentration of sulfide
makes a water unsuitable for domestic supply purposes. Although waters in range 4 (well
below the sulfate-suifide boundary) are common in modern muds, they are relatively
uncommon in aquifers, which are normally ancient rocks. The organic matter (with notable
exceptions such as petroleum) in most ancient rocks is utilized so slowly by bacteria that
many thousands of years are required for all the sulfate to be reduced and for the pe to reach
the very low values.

FIGURE 8-12  Positions of redox 16 T
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SUMMARY

1. Redox conditions in natural waters are usually determined by the balance between
the supply of oxygen from the atmosphere and the consumption of oxygen by microbial
decomposition of organic matter.

2. After all free oxygen has been consumed, pe decreases progressively as a sequence
of biological reactions occurs. The most important of these reactions are ferric iron reduction,
sulfate reduction, and fermentation.

3. In lakes and the ocean, production of organic matter (and hence subsequent con-
sumption of oxygen) is largely controlled by the availability of the inorganic nutrients phos-
phate and nitrate.

4. Changes in pe have a large effect on the solubility and hence mobility of many metals.

REVIEW QUESTIONS

A lake in a cold-winter climate has a mean depth of 20 m. a surface area of 10 km?, an epilimnion thick-
ness of 3 m, and an inflow and outflow of 5 x 108 m%/y.

. What is the residence time (Chapter 1) of water in the lake?

If organic water can be approximated by the formula CH,0, how many moles of organic matter per
m? of lake surface would it take to consume all of the oxygen introduced to the metalimnion and
hypolimnion during spring turnover? (Assume 4°C and the solubility of oxygen in Table 8-1.)

3. If summer stratification lasted six months, and all the phosphate in the inflow were used to produce
organic matter [Eq. (8-2)] which fell into the metalimnion and hypolimnion, what concentration of
phosphate in the inflow would result in depletion of all the oxygen in the metalimnion and

Ex)-‘\

hypolimnion?
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Heavy Metals and Metalloids

The term heavy metals is used generally to mean metallic elements with atomic numbers
greater than about 20, the atomic number of calcium. Metalloids are elements such as arsenic
and selenium that have both metallic and non-metallic properties. The term heavy metals will
be used loosely to include metalloids. By and large, the concentrations of heavy metals in
unpolluted natural waters are quite low. The main question we are trying to answer is: Why
does a particular element have the concentration we observe in a particular water? Once we
understand the answer to that question, we shall be in a position to predict the consequences
of specific human interventions such as waste disposal and mining. Many elements—for
example, selenium and molybdenum—are essential in trace amounts for biological systems.
Understanding the circumstances that make such elements unavailable is sometimes as impor-
tant as understanding the causes of toxic concentrations. Some economic ore deposits, such as
those of uranium, are formed when elements present in trace concentrations in solution are
extracted from solution at a particular location. To understand (and hence locate) such
deposits, we need to understand the factors controlling the dissolution, transport, and precipi-
tation of specific elements.

SOURCES OF HEAVY METALS

Heavy metals may be derived from the weathering of rocks or, increasingly, they may be intro-
duced into the atmosphere and hydrosphere by human activities. Average concentrations of
some trace elements in rocks and in waters are shown in Table 9-1. For some elements, there
are few reliable measurements, so the numbers should be taken as qualitative indicators only.

Whether a particular metal goes into solution during weathering depends on the mineral
in which the element occurs and on the intensity of chemical weathering. Many of the metals
do not substitute readily in feldspars or the common ferromagnesian minerals. They may be
present in chemically resistant accessory minerals such as zircon, apatite, or monazite, or as
sulfides, which generally weather rapidly in oxygenated water. The resistant minerals gener-
ally remain unaltered unless weathering is very intense (gibbsite formation, see Chapter 12).

175
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and so their alteration never causes high trace-metal concentrations in waters (where weath-
ering is intense, dilution prevents high concentrations). Many metals (e.g., copper, ziuc,
molybdenum, silver, mercury, and lead), occur in high concentrations in sulfide deposits and
these sulfides often contain selenium, arsenic, and cadmium. Since sulfides weather rapidly,
such ore deposits can give rise to locally high concentrations of dissolved trace elements (e.g.,
Alpers and Blowes, 1994). One aspect of geochemical prospecting is to use the concentrations
of trace elements in water as a means of locating ore deposits.

Human activities introduce heavy metals to the hydrosphere in many ways. Burning of
fossil fuels and smelting of ores put metals into the atmosphere, where they are washed out
by rain and dry deposition into surface waters. Municipal sewage and industrial effluent
introduce metals directly. Mining activities can result in release of metals, both because pre-
viously impermeable rocks are broken up and exposed to water, and because sulfide con-
taining rocks are exposed to oxygen. resulting in rapid alteration and dissolution. Landfills
and underground toxic waste disposal. including radioactive wastes, have the potential to
release a variety of substances to groundwater, and hence to surface waters. In many rivers
and lakes. the human input of trace elements 1s many times greater than the natural input
(Nriagu et al., 1979; Stumm and Baccini. 1978). and even in the oceans the human input is
significant (Galloway. 1979).

High concentrations of heavy metals, regardless of their source, generally do not persist
as the metals are transported through aquatic systems. The purpose of this chapter is to discuss
some of the processes regulating trace element concentrations in natural waters.

SPECIATION

For any calculations involving chemical equilibria, adsorption, or, indeed, toxicity, it is
necessary to know the chemical form in which the element is present. For example, in
Chapter 7 we discuss the solubility of Fe(OH), in terms of the species Fe'*, Fe™*, Fe(OH)™,
Fe(OH)}. and Fe(OH);. If we had simply assumed that all dissolved iron was Fe**, we would
have very little understanding of the processes regulating dissolved iron concentrations.

Dissolved uranium provides a more complicated example (Hostetler and Garrels, 1962;
Langmuir, 1978). If we simply consider the system U-O-H.O, the predominant dissolved
species at different pe and pH values are as shown in Fig. 9-1. If we add CO, to the system, var-
ious carbonate complexes become stable (Fig. 9-2). In typical ground- or surface water, phos-
phate, fluoride, and sulfate complexes may all be important (Fig. 9-3). The presence of carbonate
and phosphate complexes makes the total dissolved uranium concentration in equilibrium with
any uranium mineral much higher than it would be in carbonate- and phosphate-free water.

In order to calculate the concentration of a dissolved metal in equilibrium with a solid phase,
it is necessary o know the concentrations of all potential complexing agents. and the stability con-
stants (Chapter 2) of the various possible complexes. The databases of geochemical codes such as

/ATEQ4F and MINTEQAZ2 (Chapter 2) include a large number of elements and complexes.

Organic Matter and Complex Formation

It is straightforward, in principle (Chapter 2), to calculate the effects of complexing by simple
inorganic ligands such as OH™, C1”, SO; ", carbonate species, and phosphate species (although
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FIGURE 9-1 Distribution of dis-
solved uranium species in the system
U~O-H,0 at 25°C (after Langmuir,
1978).

FIGURE 9-2 Distribution of dis-
solved uranium species in the system
U=-0-H,0-C0, at 25°C, assuming a
Peg, of 107 atm (after Langmuir,
1978).
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FIGURE 9-3  Distribution of uranyl complexes {uranyl, UOZ", is the oxidized form of dissolved uranium) as a
function of pH for some typical ligand concentrations in groundwater. P = 10725, total F = 0.3 ppm, Cl = 10 ppm,
SOZ™= 100 ppm, PO = 0.1 ppm. Si0, = 30 ppm (Tripathi, 1979).

the stabilities of some complexes are not well known). Complexing by organic ligands is
much more difficult to evaluate. The dissolved organic matter in natural waters includes a
wide range of compounds (Chapter 6), many of which have not been well characterized, and
hence it is difficult to assign stability constants that have any general applicability. Com-
plexing by organic matter may have a major effect on toxicity. Several metals, notably Al and
Cu, are much less toxic to aquatic organisms when strongly complexed by organic matter than
when present as free ions or hydroxy complexes.

The presence of organic ligands in solution also modifies the adsorption of trace metals
by oxide and silicate surfaces (see below). If the metal ion in solution is strongly complexed.
adsorption may be decreased, but in some systems adsorption is actually increased through
formation of a ternary metal-ligand surface complex (Al and Dzombak, 1996; Davis, 1984;
Tessier et al., 1996).

EQUILIBRIUM SOLUBILITY CONTROL

The simplest process that might regulate the concentration of a trace element in solution is
equilibrium with respect to a solid phase containing the element as a major component. For
example, Jones et al. (1974) showed that the dissolved aluminum concentration in a river in
California corresponded well to equilibrium with kaolinite, and dissolved iron in the same
samples corresponded to equilibrium with amorphous Fe(OH),. Li et al. (1969) showed that
the dissolved manganese concentration in interstitial water in a marine sediment first
increased with depth as MnQ, was reduced, and then leveled off at a value corresponding to
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the solubility of rhodochrosite (MnCO,). Emerson (1976) and Emerson and Widmer (1978)
showed that the ion activity product

o 3 2
K.y = O Gl

in interstitial waters in anaerobic sediments from a lake in Switzerland was very close to the
solubility product of the mineral vivianite, Fe,(PO,),.8H,0 (Fig. 9-4), and that the solubility
of vivianite was a major control on the concentrations of iron and phosphorus in the water. On
the other hand, these waters were quite strongly supersaturated with respect to pyrite (FeS.)
and siderite (FeCO,); the solubility of these minerals did not appear to be a significant influ-
ence on the chemistry of the interstitial water.

The fact that a suite of waters appears to be close to saturation with respect to a solid
phase is often taken as evidence that saturation with respect to the phase is in fact controlling
solute concentrations. This logical leap is not necessarily justified, as other processes may
give rise to similar concentrations. Controls on dissolved aluminum concentrations in acid
soils provide a good example in this regard (Neal, 1988a, b). At first sight (Fig. 9-5 is an
example) it appears that Al concentrations track closely the solubility of an AI(OH), phase,
and the assumption of equilibrium with AI{OH); became an essential part of models for pre-
dicting the interaction of acid deposition with surface waters (Chapter 13). However, Neal
showed that the apparent closeness to equilibrium was in part an artifact of the way the data
had been plotted, and that concentrations of Al in many acidic waters were controlled more by
mixing than by equilibration with an AI{OH), phase.

Solubility in Redox Reactions
When an element occurs in a different oxidation state in the solid from that in solution (e.g.,

Fe?"~Fe,0,, Mn>*~MnO,, Cu**~Cu,0), the “solubility product” must involve pe or some
other redox couple. For example,

FIGURE 9-4 lon activity product ‘Log IAP
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To determine whether a solution is in equilibrium with Fe,O, or not, we need to know pe. Since
pe can rarely be determined accurately (Chapter 7), it is rarely possible to test directly whether
such a system is at equilibrium. One approach to testing for equilibrium is to calculate the pe
corresponding to several different redox couples in solution. If the pe values are not the same,
the system is not at equilibrium. Lindberg and Runnells (1984) compiled “high-quality
analyses of groundwaters from diverse geographic areas” and computed pe values from ten dif-
ferent redox couples, which they compared to values calculated from Eh measured with a plat-
inum electrode. The agreement was spectacularly poor (Fig. 9-6). Agreement was equally poor
when speciation of Se (Runnells and Lindberg, 1990) and As (Runnells and Skoda, 1990) was
compared to measured Eh. These results suggest that it is difficult, if not impossible, to assign
a unique value to pe (or Eh) to use in quantitative calculations of redox-sensitive solubilities.
They also suggest that modeling of the transport of redox-sensitive species by assuming ther-
modynamic equilibrium is likely to have limited success. This is borne out in field studies (for
example, Kent et al., 1994). (Reasons for the lack of agreement are discussed in Chapter 8.)

In general, solubility equilibria provide upper limits to the concentrations of dissolved
trace metals. It is unusual for a water to be supersaturated with respect to a simple solid phase by
more than three orders of magnitude (observed concentration more than 1,000 times equilibrium
concentration). Although a factor of 1,000 may seem a large range, precipitates often differ in
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FIGURE 9-5  Dissolved Al concentrations in soil solutions from a forest soil undergoing irrigation with acidified
water compared to a solubility line for a poorly crystallized gibbsite (compare Fig. 10-3). The correspondence
between the points and the line suggests (but does not prove) that Al concentrations are controlled by the solubility
of a poorly crystullized Al-hydroxide phase (data from Swoboda-Colberg and Drever, unpublished).
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FIGURE 9-6 Comparison of field-measured Eh (platinum electrode) with Eh computed from 10 different redox
couples. The dashed line corresponds to agreement between the electrode measurement and the redox couple. After
Lindberg and Runnells, 1984, Groundwater redox reactions: an analysis of equilibrium state applied to Eh measure-
ments and geochemical modeling. Science, 225, p. 925-927. Reprinted with permission. Copyright 1984 American
Association for the Advancement of Science.

their solubilities by this much, depending on their state of crystallinity/disorder, and pe is often
so poorly defined that an uncertainty of a factor of 1,000 makes little difference for purposes of
interpretation (note the spacing of the contours of dissolved iron on Fig. 9-7). When large
apparent supersaturations are observed, for example, several ppm iron in a neutral groundwater
that contains oxygen or sulfide, it usually means that the speciation of the element (here iron) has
not been evaluated correctly. The iron may be present as a complex (perhaps organic) or as a col-
loid that was not removed by filtration, so although the concentration of iron is high, the activity
of Fe*" and/or Fe™ may be low. and the water may not be particularly supersaturated. Photo-
reduction by sunlight (discussed later in this chapter) may also cause temporary high concentra-
tions of Fe’" in oxygen-containing surface waters.

Solubility equilibria provide upper limits to the activities of dissolved species, but they do
not generally provide lower limits. For example, we said that the solubility of MnCQO, provided
an upper limit to the concentration of manganese in a particular water, but MnCO, can be effec-
tive as a lower limit only if MnCO, is present in contact with water, and if it dissolves reason-
ably rapidly. MnCO, is not a common mineral, so that, by and large, it will not be available to be
dissolved and will have no significance as a lower limit to dissolved manganese concentrations.

pe-pH and Eh-pH Diagrams

pe—pH and related diagrams are graphical ways of displaying equilibrium solubility informa-
tion. When they are used to interpret natural waters, the assumption is being made implicitly
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FIGURE 9-7 Contours of dissolved 20
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that equilibrium solubilities are important controls. Following are two examples of the use of
such diagrams. Eh—pH diagrams for many elements of geochemical interest are presented and
discussed by Garrels and Christ (1965) and Brookins (1988).

The solubilities of some iron minerals are shown as a function of pe and pH in Figs. 9-7
and 9-8. In oxygenated waters, we would expect dissolved iron concentrations to be low under
neutral and alkaline conditions {in the absence of photochemical reduction), but high under
strongly acid conditions. Over the common pH range of natural waters (5 to 8), as redox con-
ditions become reducing we would expect iron concentrations to increase until the redox level
is reached where sulfate reduction occurs. Under strongly reducing conditions, if dissolved
sulfur species are present, we would expect low dissolved iron concentrations at all normal pH
values; if sulfur is absent, we would expect iron concentrations to be controlled by the solu-
bility of FeCO, At high pH values. concentrations should be low; at low pH values, they
should be high (Fig. 9-8).

The following sequence would thus be expected in a dilute water reacting
progressively with a sediment containing organic matter: initial iron concentrations should be
low; the iron concentration should increase progressively until the onset of sulfate reduction;
it should then drop to a low value; if all sulfate is consumed making iron sulfides, the iron
concentration should again increase to the value corresponding to equilibrium with FeCO,.
This sequence could occur through time at a single location. as. for example, trapped
interstitial water reacts with its enclosing sediment. or it could occur as a function of location
as initially oxygenated water moves through an aquifer containing organic matter.

Qualitatively, iron behaves very much according to these predictions, even though we
are not sure which ferric oxide/hydroxide to use in calculations, and the sulfide formed
ini-tially is rarely pyrite alone. The most common exceptions occur when iron is complexed
by organic molecules, or when colloidal iron oxide is erroneously assumed to be dissolved.

The geochemistry of iron is exceptionally well suited to interpretation in terms of
pe—pH diagrams. The important phases containing iron do not generally contain large
amounts of any other metal to complicate solubility calculations. and iron oxides or sulfides
are almost ubiquitous in sediments and rocks.
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FIGURE 9.8 Contours of dis- 20
solved iron activity as a function of
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Uranium is another element whose behavior in nature has been successfully interpreted
in terms of Eh—pH (or pe—pH) diagrams (Hostetler and Garrels, 1962; Langmuir, 1978). As
mentioned earlier, uranium forms stable complexes with several commonly occurring ligands,
so that the details of the pe—pH diagram depend critically on the assumptions made about
potential complexing agents. In Fig. 9-9, a P, of 107 atm and zero concentrations of phos-
phate, fluoride, and sulfate have been assumed. On the basis of Fig. 9-9, we would predict that
uranium would be soluble at all pH values under oxidizing conditions and would be insoluble
at all nonextreme pH values under reducing conditions. This appears to be the way uranium
behaves in nature. A technique for mining uranium, which was introduced in the late 1970s,
involves in sifu extraction. A solution of hydrogen peroxide (oxidizer) and ammonium car-
bonate/bicarbonate (complexing agent). for example, is pumped into an aquifer containing
uranium minerals. The uranium-containing minerals dissolve, and the solution is pumped out
for processing above ground.

The solubility of uranium is extremely sensitive to traces of vanadium. If even 0.1 mg/fof
dissolved vanadium is present, uranium becomes insoluble under all redox conditions over the
pH range of approximately 4 to 8 (Fig. 9-10). If any dissolved vanadium is present in a water, the
concentration of vanadium is at least as important a variable as pe or pH, so the simple pe-pH
diagram may no longer be an adequate framework for discussing the solubility of uranium.

Uranium provides an excellent illustration of the value of pe—pH diagrams in qualitative
discussions. Although the precise positions of the solubility boundaries are sensitive to the
assumed concentrations of complexing agents, the general features of the diagram—soluble
under oxidizing conditions unless vanadium is present, insoluble under reducing conditions—
are sufficient for a general understanding of the behavior of uranium in natural waters.

Roll-front Uranium Deposits

Some ore deposits, notably roll-front uranium deposits, are a consequence of redox reac-
tions in groundwater. If oxygenated water starts to flow through an aquifer in which condi-
tions were initially reducing, a redox front may develop between oxidizing and reducing
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environments (Fig. 9-11). The front will move in the direction of groundwater flow but at a
much slower rate than the water. The rate of movement of the front is determined by the
capacity of the aquifer (particularly the organic matter in it) to consume oxygen. As an order
of magnitude calculation, if a typical sedimentary aquifer contained 1.0 weight percent re-
active organic carbon, and the groundwater contained 10 mg//dissolved O,, the front would
migrate 13,000 times slower than the water velocity. Uranium and some other elements,
notably selenium, arsenic. and molybdenum, are insoluble under reducing conditions and
soluble under oxidizing conditions. As the oxidation front advances, any of these elements
present in the aquifer are dissolved. The moving groundwater carries them through the front
into a reducing environment, where they immediately reprecipitate. Thus the uranium that
was distributed all through the aquifer before the front passed (or was transported from else-
where in the groundwater system) is concentrated in the immediate vicinity of the front, and
economic recovery may be possible.

ADSORPTION AND COPRECIPITATION CONTROLS

The concentrations of trace elements in natural waters are often much lower than would be
expected on the basis of either equilibrium solubility calculations or of supply to the water
from various sources. The most common reason for the low concentrations is adsorption of the
element onto a solid phase.

Adsorption occurs when a dissolved ion or molecule becomes attached to the surface of a
preexisting solid substrate. Coprecipitation occurs when a dissolved species is incorporated as a
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FIGURE 9-11  Idealized section
through a roll-front uranium deposit
in a sandstone aquifer.
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minor component in a solid phase as that phase itself is precipitated. For example, if sulfate is
added to a solution containing barium and traces of radium, barium sulfate will precipitate incor-
porating the radium, and the radium will be effectively removed from the solution. This is copre-
cipitation. On the other hand, if solid barium sulfate is added to a solution containing radium,
some radium will be removed from the solution by adsorption onto the surface of the barium sul-
fate. In natural systems involving hydrous manganese and iron oxides, it is often impossible to
distinguish between adsorption and coprecipitation, and the terms adsorption and sorption are
sometimes used loosely to include both processes.

Adsorption by MHydrous Iron and Manganese Ouxides

Hydrous iron and manganese oxides (the term oxyhydroxide is often used to refer to hydroxides
and hydrous oxides in general) are almost ubiquitous in soils and sediments where conditions
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are not strongly reducing. They occur as coatings around silicate grains and as discrete grains
of oxide mineral. The hydrous iron oxide is often amorphous although, of course, well-crystal-
lized iron oxide minerals occur in ancient sedimentary rocks. Manganese generally occurs as
poorly crystallized birnessite (also referred to as 5~Mn0O,). In composition, this phase contains
less oxygen than does ideal MnO, (typically between MnO, , and MnO, ,) and may contain
cations other than Mn as part of the structure. Both the manganese and the iron oxyhydroxides
are exceedingly fine grained, with surface areas often on the order of 200 m*/g. Hydrous man-
ganese oxides have extremely high adsorption capacities and high adsorption affinities for
heavy metals. Jenne (1977) reviewed the literature on the distribution of trace elements in soils
and sediments and concluded that the most important controls were adsorption by solid iron
and manganese oxides and adsorption by solid organic matter. Suarez and Langmuir (1976)
documented that Co, Ni, Cu, Zn, Pb, Ag, and Cd in a Pennsylvania soil were present largely in
manganese and iron oxide phases. Means et al. (1978) showed that “’Co and the actinides ***Pu,
1 Am, and “**Cm in sediments around a nuclear waste disposal site were present as adsorbed
species on manganese oxides.

Synthetic &-MnO, (similar to natural birnessite) has a zero point of charge (see Chapter 5)
of pH 2.8 in the absence of adsorbed ions other than H” and OH™. At higher pH values, §~MnO,
is negatively charged and has a cation exchange capacity that increases with increasing pH, as
would be expected from an oxide whose surface charge is controlled by loss or gain of pro-
tons. Murray (1975) summarized the adsorption properties of 8~MnO, and demonstrated that
there was significant adsorption of heavy metals at the point of zero charge, indicating that
specific chemical forces are involved in the adsorption process in addition to electrostatic
forces. He documented that the adsorption process is highly irreversible and suggested that the
principal adsorption mechanism is

—Mn—OH? + M?" = —Mn—OM™ + H

Hem (1978) argued that treating uptake by manganese oxides as a simple adsorption process
is unrealistic. The uptake probably also involves phase transformations among the manganese
oxides and catalysis of redox reactions by the Mn**~Mn oxide system.

Where trace element concentrations are controlled by adsorption on manganese and iron
oxides, we would expect dissolved concentrations to be sensitive to pe and pH. If the oxides
are dissolved by reduction, any adsorbed metals will be released. They may appear in solution
or they may be precipitated as some other phase such as a sulfide. The negative surface charge
of manganese and iron oxides increases with increasing pH. At high pH values, metals are
strongly adsorbed. This explains why alkaline soils often show deficiencies in the availability
of trace elements required by plants. Photoreduction in surface waters may also cause disso-
lution of iron and manganese oxyhydroxide (McKnight and Bencala, 1990; Sulzberger, 1990;
Sunda et al., 1983). This may result in release of adsorbed trace elements and may also be
important in making iron and other metals bioavailable in surface waters.

Iron and manganese oxides are used as scavengers in wastewater treatment, and may be
very important in retarding the migration of pollutants (including some radionuclides) in the
subsurface (see Chapter 16). In planning underground disposal. consideration should be given
to maintaining the high pe and pH conditions necessary for optimum adsorption.

Adsorption by iron and manganese oxyhydroxides can be modeled quantitatively with
the geochemical code MINTEQA2 (Chapter 5). The main limitation to such modeling is a
lack of knowledge concerning the amounts and properties of oxyhydroxides in the natural
environment, and also a lack of knowledge of specific flow paths of water in the subsurface.
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Adsorption by Silicates and Carbonates

Cation-exchange reactions involving clay minerals and zeolites (Chapter 4) can also maintain
the concentrations of trace metals at low levels. Intuitively, one would not expect this to be an
important process because the major cations (Ca®*, Mg™, K, and Na*) should compete with
trace metals for adsorption sites and should displace the trace metals into solution. This is
probably true for species that adsorb as outer-sphere complexes (Chapter 5), but not neces-
sarily for species that adsorb as inner-sphere complexes. The selectivity of an exchanger for a
particular ion may be so great that the ion is removed from solution even when it is present in
very low concentration. Some zeolites show high selectivities for specific cations (e.g., barium
and ammonium). This is probably not very important for natural systems, because zeolites are
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