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Preface

For the past 18 years I have been involved in educating undergraduate and graduate
students in the field of soil-water chemistry. Early in my teaching/research career,
students in the college of agriculture in the field of soils had primarily a farming
background. With the passing of time, however, the number of such students declined
dramatically and most universities and colleges across the country established envi-
ronmental science units in some form or another. Some of these units represented the
reorganization of soil science departments, forestry departments, and so on; others
represented independent environmental or natural resources departments. Similar
reorganization took place or is currently taking place in geology and engineering
schools. This field reorganization created a need for new textbooks with an emphasis
on examining soil and water as natural resources. In my view, we have not succeeded
in introducing an appropriate textbook on the subject of soil and water chemistry to
cover the needs of this new type of student.

This book is designed to serve as a beginning textbook for college seniors and
beginning graduate students in environmental sciences, and is tailored specifically to
the disciplines of soil science, environmental science, agricultural engineering, envi-
ronmental engineering, and environmental geology.

The textbook contains reviews of all the necessary fundamental principles of
chemistry required for understanding soil-water chemistry and quality and soil-water
treatments of chemically polluted soils and waters, for example, heavy-metal contami-
nated soil—water, acid drainage, and restoration of sodic soils and brackish waters. The
purpose of the book is to educate college seniors and beginning graduate students about
the toxicity, chemistry, and control of pollutants in the soil-water environment and
about the application of such knowledge to environmental restoration. Special empha-
sis is placed on the educational level at which the book is written so that it can be
understood by seniors and beginning graduate students majoring in environmental
science.

The book consists of two major sections—Principles and Application. Each section
covers several major subject areas. The Principles section is divided into the following
parts: I. Water Chemistry and Mineral Solubility; II. Soil Minerals and Surface
Chemical Properties; and III. Electrochemistry and Kinetics. The Application section
also covers several subject areas: IV. Soil Dynamics and Agricultural-Organic Chemi-
cals; V. Colloids and Transport Processes in Soils; V1. Land-Disturbance Pollution and
Its Control; VII. Soil and Water: Quality and Treatment Technologies. Each subject
area contains one to three chapters.

xvil



xviii PREFACE

Some of the parts in the Principles section are written at a level that would be
challenging to a beginning graduate student. After going through these parts, the
student may find it helpful to follow up with the following books, which are also listed
in the reference section: M. B. McBride, Environmental Chemistry of Soils; E M. M.
Morel and J. G. Hering, Principles and Applications of Aquatic Chemistry; G. Sposito,
The Thermodynamics of Soil Solutions and The Surface Chemistry of Soils; and
W. Stumm and J. J. Morgan, Aquatic Chemistry.

For the upperclass student or beginning graduate student whose environmental field
does not require detailed knowledge of chemistry, the easiest subsections in the
Principles section (at the instructor’s discretion) should be read so that the student
obtains a good conceptual knowledge of soil-water chemistry.

The Application section should be read by all students to familiarize themselves
with (1) current outstanding environmental soil-water problems, (2) concepts of
soil-water chemistry in solving environmental soil-water problems, and (3) current
technologies for soil-water environmental problems.

The Application section alone contains adequate material to be taught as an
undergraduate level course. The Principles section may also be taught as a separate
course.

I hope that this book gives the reader a quantitative understanding of the principles
involved in environmental soil-water chemistry dealing with modeling soil nutrient
availability to plants, soil transport processes, fertilizer management, and soil physical
stability. It should also justify the need for knowledge about the physical chemistry
and natural behavior of potential soil-water contaminants. This requires a background
in water chemistry, soil mineralogy, mineral surface chemistry, chemistry of natural
and/or anthropogenic contaminants, and knowledge of soil-water remediation tech-
nologies and the scientific principles on which they are based.

I wish to thank several people who helped with various aspects of producing this
book. My secretary, Marsha Short, helped with the endless typing and corrections. My
graduate students, postdoctoral candidates, and technicians, Dr. Louis McDonald, Dr.
Ananto Seta, and Mr. Martin Vandiviere, reviewed the material and contributed data.
Dr. Chris Amrhein provided a review of portions of the manuscript and made many
important points and suggestions concerning the technical aspects of the book.

I am also grateful to the administration of the University of Kentucky for its support
over the years of my soil-water chemistry research, which made it possible for me to
write this book.

V. P. EVANGELOU
Lexington, Kentucky
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ENVIRONMENTAL SOIL AND
WATER CHEMISTRY



PART I
Water Chemistry and Mineral
Solubility

1 Physical Chemistry of Water and
Some of Its Constituents

1.1 ELEMENTS OF NATURE

It is necessary to understand the behavior of soil-water and its mineral components
(e.g., nutrients, contaminants) for the purpose of developing conceptual and/or mecha-
nistic process models. Such models can be used to predict nutrient fate in soil-water
or contamination—decontamination of soil-water and to develop soil-water remedia-
tion—decontamination technologies. To gain an understanding of the soil-water min-
eral components, their physical and chemical properties need to be known.

Nature is made out of various elements and scientists have agreed on a classification
scheme based on atomic mass and electron orbital configuration, which are related to
some of the important physicochemical properties of the elements. Classification of
elements is given by the periodic table (Table 1.1), which is separated into groups, and
for the purpose of this book they are represented by three major classes. The first class
represents the light metals composed of groups 1, 2, and aluminum (Al). They are
located on the left-hand side of the periodic table, except for Al. The second class
represents the heavy or transition metals, located in the middle of the periodic table.
Alsoincluded in this class are the elements Ga, In, Ti, Sn, Pb, and Bi, which are referred
to as post-transition metals. The third class represents the nonmetals or metalloids
(right-hand side of the periodic table), which includes groups 3—7. Finally, a subclass
represents those elements found in the atmosphere. It includes the noble gases (group
8) (furthest right side of the periodic table) as well as nitrogen (N) and oxygen (O,)
gases (Table 1.2).
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1.1 ELEMENTS OF NATURE 5

TABLE 1.2. Elements of the Atmosphere

Group  Volume in Air (%) Uses

N, 5 78.08 Synthesis of NH,. Packaging of foods such as
instant coffee to preserve flavor; liquid N, used
as coolant (safer than liquid air)

0, 6 20.95 Making steel. Life support systems, wastewater
treatment, high-temperature flames

He 8 0.000524 Balloons, dirgibles

Ne 8 0.00182 Neon signs

Ar 8 0.934 Provides inert atmosphere in light bulbs, arc
welding of Al, Mg

Kr 8 0.000114 High-speed flash bulbs

Xe 8 0.000009 Experimental anesthetic; 1**Xe used as radioactive

tracer in medical diagnostic studies

Source: Masterson et al., 1981.

1.1.1 Light Metals [Groups 1, 2, and Aluminum (Al)]

Light metals have low densities (<3 g cm™>) and occur in nature mainly as ionic
compounds (e.g., Na* and Ca**) associated with C17, SO2", C(§~, PO;™ ,NO; andso
on. Aluminum is commonly associated with the oxide ion O%" (e.g., soil minerals).
Light metals are used in industrial applications and some serve as nutrients to various
organisms and higher plants. Additional information on light metals is given in Table
1.3.

TABLE 1.3. Properties and Sources of the Light Metals

Metal Group Density (g cm™) Principle Source

Li 1 0.534 Complex silicates (natural and primary minerals)
Na 1 0971 NaCl

K 1 0.862 KCl

Rb 1 1.53 RbCl (with K*)

Cs 1 1.87 CsCl (with K*)

Be 2 1.85 Complex silicates (natural and primary minerals)
Mg 2 1.74 Mg?* in seawater; MgCO,

Ca 2 1.55 . CaCO; (limestone) CaSO, - 2 H,O (gypsum)

Sr 2 2.60 SrCQO,, SrSO,

Ba 2 3.51 BaCO,, BaSO,

Al 3 2.70 Al, O, (bauxite)

Source: Masterson et al., 1981.
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1.1.2 Heavy Metals (Transition Metals)

Heavy metals have a density greater than 3 g cm™. They are found in nature as elements
such as gold or as metal sulfides (e.g., CuS,, PbS,, and FeS) or as metal oxides (e.g.,
MnO,, Cr,0,, and Fe,0,). Heavy metals are widely used in various industries and also
serve as micronutrients to microorganisms and higher plants.

1.1.3 Nonmetals or Metalloids

Metalloids are extracted from water and the earth’s solid surface. Some metalloids are
environmentally important because they react with oxygen to form oxyanions. Some
oXyanions are toxic to organisms (e.g., arsenite, AsO;; arsenate, AsO,; chromate,
CrO,), others may serve as nutrients (e.g., phosphate, PO,; nitrate, NO,), while still
others may serve as nutrients at low concentrations but become quite toxic at high
concentrations (e.g., selenite, SeO,; selenate, Se0,). Oxyanions are commonly asso-
ciated with light or heavy metals. Additional information on metalloids is given in
Table 1.4 (see also Chapter 13).

1.2 CHEMICAL BONDING

Chemical substances are made out of molecules. For example, water is made out of
molecules composed of one oxygen atom and two hydrogen atoms (H,0). An atom is

TABLE 1.4. Nonmetals and Metalloids Found in the Earth’s Crust

Group Principal Source
B 3 Na,B,0; - 10 H,O (borax)
C 4 Coal, petroleum, natural gas
Si 4 Si0; (sand, quartz)
Ge 4 Sulfides
P 5 Ca,(PO,), (phosphate rock)
As 5 As,S,, other sulfides
Sb 5 Sb,S;
S 6 Free element
Se 6 PbSe, other selenides
Te 6 PbTe, other tellurides

H, Natural gas, petroleum, H,O

E, 7 CaPF, (fluorite), Na;AlF (cryolite)
Cl, 7 NaCl, CI- in ocean

Br, 7 Br~ in salt brines

I, 7 I" in salt brines

Source: Masterson et al., 1981.
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the smallest particle of an element that can exist either alone or in combination with
similar particles of the same or a different element, or the smallest particle that enters
into the composition of molecules. Any atom possesses an atomic number which is
characteristic of an element and represents the positive charge of the nucleus. The
atomic number of an atom equals the number of protons in the nucleus or the number
of electrons outside the nucleus when the atom is neutral.

An atom is also characterized by an atomic weight which represents the relative
weight of an element in nature in reference to the hydrogen taken as standard. An atom
1s made up of neutrons, protons, and electrons. The positive charge of the nucleus is
balanced by electrons {e-) which swarm about the nucleus in orbitals. Only two
electrons may occupy a particular orbital. The potential of an atom of any given
element to react depends on the affinity of its nucleus for electrons and the strong
tendency of the atom to gain maximum stability by filling its outer electron shells.

Generally, when the outer shell of an atom contains a complete set of paired
electrons and the total number of electrons of all orbiting shells exceeds the number
of the positively charged protons in the nucleus, the atom is referred to as a negatively
charged ion (anion). The magnitude of the difference between electrons and protons
is commonly referred to as anion charge (e.g., 1—, 2—, 3-) (Table 1.5). On the other
hand, when the number of protons exceeds the sum of all the orbiting electrons and
the latter are complete sets of pairs, the atom is referred to as a positively charged ion
(cation). The magnitude of the difference between protons and electrons is commonly
referred to as cation charge (e.g., 1+, 2+, 3+, or K*, Na*, Ca?*, Mg?*, AI**) (Table 1.5).
The attraction between two oppositely charged ions forms what is known as an ionic
bond, which is a characteristic of salts such as NaCl, KCI, and NaNO, (Fig. 1.1). Itis
generally known to be a weak bond, which explains the high solubility of most such
salts. Generally, ionic bonding is a characteristic of light metals and exhibits different
degrees of strength, depending on the charges of the ions involved and the type of
anions (nonmetals) they associate with. The data in Table 1.6 show relative solubilities
of compounds commonly encountered in nature.

When atoms possess an incomplete outer shell (e.g., nonpaired electrons), yet their
net charge is zero, attraction between such atoms takes place because of their strong
tendency to complete their outer electron orbital shell by sharing their unpaired
electrons. This gives rise to a covalent bond. One example of a covalent bond is the
bimolecular chlorine gas (Cl,) (Fig. 1.1). Covalent bonding is a characteristic of some
nonmetals or metalloids (bimolecular molecules), but may also arise between any two
atoms when one of the atoms shares its outer-shell electron pair (Lewis base) with a
second atom that has an empty outer shell (Lewis acid). Such bonds are known as
coordinated covalent bonds or polar covalent bonds. They are commonly weaker than
the covalent bond of two atoms which share each other’s unpaired outer-shell electrons
(e.g., F,and Q,). Coordinated covalent bonds often involve organometallic complexes.

Bonding strength between ions forming various solids or minerals implies degree
of solubility. A way to qualitatively assess bonding strength is through electronegativ-
ity. Electronegativity is defined as the ability of an atom to attract to itself the electrons
in a covalent bond. In a covalent bond of any biomolecular species (e.g., Cl,, F,, and
0,), the complex formed is nonpolar because the electrons are equally shared.
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TABLE 1.5. International Atomic Weights for the Most Environmentally

Important Elements

Element Symbol Atomic Number Oxidation State  Atomic Weight®
Aluminum Al 13 3 26.9815
Arsenic As 33 -3,0 749216
Barium Ba 56 3 137.34
Beryllium Be 4 2 9.0122
Boron B 5 3 10.811
Bromine Br 35 1,3,5,7 79.909
Cadmium Cd 48 2 112.40
Calcium Ca 20 2 40.08
Carbon C 6 2,3,4 12.01115
Cesium Cs 55 1 132.905
Chlorine Cl 17 -1,1,3,57 35.453
Chromium Cr 24 2,3,6 51.996
Cobealt Co 27 2,3 58.9332
Copper Cu 29 1,2 63.54
Fluorine F 9 -1 18.9984
Gold Au 79 1,3 196.967
Helium He 2 0 4.0026
Hydrogen H 1 1 1.00797
Todine I 53 -1,1,3,5,7 126.9044
Iron Fe 26 2,3 55.847
Lead Pb 82 4,2 207.19
Lithium Li 3 1 6.939
Magnesium Mg 12 2 24312
Manganese Mn 25 7,6,4,3,2 54.9380
Mercury Hg 80 1,2 200.59
Molybdenum Mo 42 2,3,4,5,6 95.94
Nickel Ni 28 2,3 58.71
Nitrogen N 7 -3,3,5,4,2 14.0067
Oxygen O 8 -2 15.9994
Phosphorus P 15 -3,5,4 30.9738
Platinum Pt 78 2,4 195.09
Plutonium Pu 94 6,5,4,3 (244)
Potassium K 19 i 39.102
Radon Rn 86 0 (222)
Rubidium Rb 37 1 85.47
Selenium Se 34 -2,4,6 78.96
Silicon Si 14 4 28.086
Silver Ag 47 1 107.870
Sodium Na 11 1 22.9898
Strontium Sr 38 2 87.62
Sulfur S 16 -2,2,4,6 32.064
Tin Sn 50 4,2 118.69
Tungsten w 74 6,5,4,3,2 183.85
Uranium U 92 6,5,4,3 238.03
Zinc Zn 30 2 65.37

“Numbers in parentheses indicate the mass number of the most stable known isotope.
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Figure 1.1. Schematic of an ionic bond between Na* and C1~ and a covalent bond between two

chlorine atoms.

However, many covalent bonds do not equally share electrons; such covalent bonds,
as pointed out above, are referred to as polar covalent bonds or bonds of partial ionic
character. Electronegativity is rated on a relative scale ranging from 4 (most electro-
negative, fluorine} to 0.7 (least electronegative, cesium) (Table 1.7). In general, the
greater the difference in electronegativity between two elements, the more ionic will

be the bond between them (Fig. 1.2).

TABLE 1.6. Solubilities of Compounds of the Group 1 and Group 2 Metals®

Li* Na* K* Rb*

F- 58
CI- S
Br- S
I- S
NO; S
SOF S
OH- S
CO%¥  ss
PO} ss

L »nnwnmn »nn
VW n unmounn nunnn n
nunwnm»nuwm novmn n

w
W

nnwnn \on n»u\n n

_—n u\n v nwvwin
e 7 I I 7 I 7 B 7 B
— e nwn v uwm=-

Source: Masterson et al., 1981.

98 = soluble (> 0.1 M); ss = slightly soluble (0.1-0.01 M); I = insoluble (< 0.01 M).



10 PHYSICAL CHEMISTRY OF WATER AND SOME OF ITS CONSTITUENTS

TABLE 1.7. Electronegativity Values

H

21 .

Li Be B C N O F
1.0 15 2.0 2.5 3.0 35 4.0
Na Mg Al Si P S Cl
0.9 1.2 1.5 1.8 2.1 25 30
K Ca Sc Ge As Se Br
0.8 1.0 1.3 1.8 2.0 2.4 2.8
Rb Sr Y Sn Sb Te I
0.8 10 1.2 1.8 1.9 2.1 2.5
Cs Ba La-Lu Pb Bi Po At
0.7 09 1.0-1.2 1.9 1.9 2.0 2.2

In nature, elements exist in various oxidation states (Table 1.5) which determine
many of the properties of the molecule or compound formed. The oxidation state of
an element is characterized by its valence, denoted by the so-called valency, which is
the oxidation number or the number of electrons lost or gained. An example of the role
of element valence on the properties of molecules can be demonstrated through the
behavior of manganese (Mn) in nature. Manganese can be found in nature under three
oxidation states, Mn?*, Mn**, and Mn**. Each one of these manganese species reacts
differently in nature. For example, Mn** reacts strongly with oxygen to form manga-
nese oxide (MnQ,), which is extremely insoluble under oxidizing conditions. Simi-
larly, Mn®* reacts strongly with oxygen and hydroxyl (OH) to form manganese
oxyhydroxide (MnOOH), also an insoluble mineral. On the other hand, Mn?* reacts
with OH™ to form manganese dihydroxide [Mn(OH),],which is very soluble at
circumneutral pH (see also Chapter 2).

-~
o

(3]
o

N
(8,4

Percent icnic character

0 1
0 | ‘ 2 3
‘ Electronegativity difference

i

—

Figure 1.2. Relationship between the ionic character of a bond and the difference in electrone-
gativity of the bonded atoms (see also Table 1.7) (after Masterson et al., 1981, with permission).
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TABLE 1.8. Classification of Metals and Metalloids

Acids Bases
Hard H*, Li*, Na*, K*, Mg?*, Ca?, Sr**, H,0, OH-, F-, CH,CO;3, PO}, SO}, CI-,
AP+, Cr¥*, M, Fe** CO%-, ClOg, NO3z, NH3
Borderline ~ Cr?, Mn?, Fe?*, Ni*, Cu?*, Zn** C4H,NH,, C;NqN, N3, Br-, NO3, SO%~
Soft Cu*, Ag*, Cd?*, Hg?*, Pb2 R,S, RSH, I, SCN-, CN-
Source: Sposito, 1981.
N
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Figure 1.3. Atomic radii of the main-group elements. Atomic radii increase as one goes down
a group and in general decrease going across a row in the Periodic Table. Hydrogen has the
smallest atom and cesium the largest. *
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One method to predict bond formation between charged species is the hard and soft
acid and base theory (HSAB). It separates the metals (Lewis acids) and ligands (Lewis
bases) into hard, soft, and borderline groups (Table 1.8). This characterization is based
on ion electronegativity, ion polarizability, and oxidation potential (Pearson, 1963,
1966). Polarizability denotes electronic orbital deformation potential by an electric
field. A hard Lewis acid is a molecule of relatively small size, high oxidation state,
high electronegativity, and low polarizability. A soft Lewis acid is a molecule of
relatively small size, low electronegativity, and high polarizability. A hard Lewis base
is a molecule of high electronegativity and low polarizability; it is difficult to oxidize
and does not possess empty low-energy electronic orbitals. A soft Lewis base is a
molecule of low electronegativity, high polarizability, and relatively strong tendency
to oxidize. In general, the HSAB theory states that hard acids prefer hard bases and
soft acids prefer soft bases. The only exception is metals of the top transition group
(Tables 1.1 and 1.8). They can bind with either soft or hard bases.

Organic ligands in soil with oxygen as the ligating atom (e.g., simple organic acids
of carboxylic groups or phenolic groups, see Chapter 3) behave as hard bases and
prefer hard metals. However, ligands with sulfur or nitrogen as the ligating atom
behave as soft bases and prefer soft acids (Buffle, 1984; Buffle and Stumm, 1984).
Finally, inorganic ligands with oxygen as the ligating atom also behave as hard bases
and prefer hard metals. Relative hardness within a group of elements can be determined
by the term z%/r, where z denotes charge and » denotes ionic radius. At any given z, the
larger r is, the lower the hardness. For any given r, the larger z is, the greater the
hardness. The data in Figure 1.3 shows that atomic radii increase as one goes down a
group, and in general decrease going across arow in the periodic table. For this reason,
the preference for hard metals by ligand atoms decreases in the order F > O > N (hard
ligating atoms) > Br > I > (soft ligating atoms).

1.3 REVIEW OF CHEMICAL UNITS

The most common units describing elements, chemical constituents, or contaminants
in the environment are:

a. moles per liter (mol L™! or M)

b. millimoles per liter (mmol L™ or mM), estimated by multiplying mol L™ times
1000

c. micromoles per liter (umol L™! or uM), estimated by multiplying mol L~! times
1,000,000 or mmol L™! times 1000

These units are preferred by chemists because they denote quantities that describe
chemical reactions. In other words, chemical reactions occur because 1 mol of a given
reactant always reacts with a given number of moles of a second reactant, depending
on the nature of the reactants. For example,
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AgNO,,, + NaCl,, — AgCl, + NaNO;,, (1.1)

where the subscript aq denotes dissolved and the subscript s denotes solid. Reaction
1.1 shows that 1 mol of silver nitrate (AgNQ,) in solution reacts with 1 mol of sodium
chloride in solution to produce 1 mol of silver chloride solid (AgCL) and 1 mol of
sodium nitrate in solution. For the reaction

CaCOy, + 2HCl,, — CaCly,+ CO, ,, + H,0 (12)

2 gas

1 mol of limestone (CaCO, ) reacts with 2 mol of hydrochloric acid in solution to
produce 1 mol of CaCl, in solution, 1 mol of carbon dioxide gas, and 1 mol of water.
The number of moles of a given reactant that would react with a given number of
moles of a second reactant is dependent on mass—balance, which denotes that reactions
always occur on a mole-charge basis. Thus, 1 mol of positive charge always reacts
with 1 mol of negative charge. This is necessary because solution electroneutrality is
present at the beginning of the reaction and must be maintained at the end of the
reaction. For example, in Reaction 1.1, 1 mol of silver (Ag*) (which equals 1 mol of
positive charge) reacts with 1 mol of chloride (C17) since it represents 1 mol of negative
charge. In Reaction 1.2, 1 mol of calcium (Ca®"), which represents 2 mol of charge,
reacts with 2 mol of C1™ because the latter is a monovalent anion. Furthermore, 1 mol
of CO%‘, which is 2 mol of charge, reacts with 2 mol of H*. Based on the above,
environmental chemists often give concentration units in equivalents per liter (eq L
or mol, L"), milliequivalents per liter (meq L™" or mmol, L"), or microequivalents
per liter (ueq L'or umol, L. The relationship between moles and equivalents is

[mol L™!] x [valence (z)] =eq L™ (1.3)

Examples are given below on how one might use this information to prepare a
solution of a given concentration. Assume that one needs to prepare 1 mol L™! NaCl
solution. The first thing that is needed is the molecular weight (MW) of NaCl, which
is the sum of the atomic weights of Na* (22.99 g mol™) (g=grams) and CI" (3545 g
mol™!) (MW NaCl = 58.44 g). Therefore, to make 1 mol L~! NaCl solution, one needs
to dissolve 58.44 g of NaCl in sufficient solute (e.g., distilled water) to make a total
volume of 1 L. Hence, 1 mol L™ NaCl is also 1 eq L ™! NaCl or one mol L™! Na and
1 mol L™! Cl. In the preceding statement, the symbols for the elements do not include
valence numbers.

If one prepares a solution of 1 mol L™! NaCl, it is not clear whether there will be 1
mol L™! Na* or 1 mol L™! CI, because the two ions may react with each other or with
other chemical species in solution to form additional solution species with different
valencies. For example, assuming that the NaCl solution contains also lead (Pb?"), Pb**
and CI~ would react with each other to form the dissolved chemical species PbCI",
PbCl3, and so on. Chemists distinguish the two situations (free vs. paired solution
species) by referring to the total dissolved concentration of an element as formality
(F), and to the concentration of certain known dissolved chemical species (e.g., Na*
and Pb?*) as molarity (M) (Table 1.9). Field practitioners of environmental chemistry
almost always refer to concentrations of elements because it is total dissolved concen-
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Unit Definition

Comment

Mole (M) An Avogadro’s number of

“things” = 6.02 x 10

Atomic weight (AW) Weight in grams of a mole of
selected atoms (e.g., AW of Zn
= 65.37 g)

Weight in grams of a mole of the
selected compound (e.g., FW of
NaCl = 58.4428)

Formula weight

Molarity (M) 1 mole of the solute dissolved in
sufficient solvent to give a total

volume of 1 L
1 mole of solute plus 1 kg of
solvent

1 formula weight (mole) of solute
dissolved in sufficient solvent to
make a total volume of 1 L

Molality (m)

Formality (F)

Equivalent The quantity of reactant which
will give 1 mole of reaction
defined by a specific chemical

equation

Fundamental to chemical reactions
is the fact that a given number
of “things” (atoms, molecules,
electrons, ions, etc.) react with a
given number of other reactant
“things” to yield an exact
number of product “things”

A 1 M solution of CaCl, is also 1
M in Ca* butis 2 M in CI~.
This term is often given the
additional restriction that is
represents only the species
indicated. Thus, 10~° moles of
AlCl, dissolved and made to a
volume of 1 L with water would
be almost exactly 3 x 10~ M in
Cl- because the chloride ion
does not complex or ion pair
significantly with aluminum
ions in solution. On the other
hand, Al** is considerably less
than 10-> M because the
hydrated aluminum ion
hydrolyzes significantly to form
the AIOH?* ion. The solution
could properly be described as
1073 F in AICl, (see definition
of F)

If the reaction is a redox reaction,
an equivalent of reactant either
gives up or accepts 1 mole of
electrons

tration that the government regulates. However, often it is the concentration of certain
chemical species and not elemental concentrations that control toxicities.

When a solution of 1 mol L CaCl, is needed, dissolve 1 mol CaCl, (MW
CaCl, = 110.98 g) in sufficient solvent (e.g., distilled water) to make a total volume
of 1 L. However, because CaCl, is a nonsymmetrical electrolyte (Ca and Cl possess
different valencies), 1 mol L™ CaCl, would give 1 mol L™! Ca, 2 eq L™! Ca and 2 mol
L™ Cl, or 2 eq L™! Cl. It follows that if one needs to convert moles per liter to grams
per liter, one needs to multiply the moles per liter with the molecular weight of the salt
or the atomic weight (AW) of the particular element. Therefore,
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1 mol L™! CaCl, contains 110.98 g L™! CaCl, or
110.98 x 10* mg L™! CaCl, (parts per million, ppm) or
110.98 x 10° ug L™ CaCl, (parts per billion, ppb)

40.08 g L' Caor
40.08 x 10* mg L™! Ca (ppm) or
40.08 x 10° ug L™! Ca (ppb)

7090 g L~ Clor
70.90 x 10* mg L™! CI (ppm) or
70.90 x 10° ug L™ Cl (ppb)

It is often necessary to convert quantities of a given chemical reagent to equivalent
quantities of another chemical reagent. For example, assume that one has a choice of
two chemical reagents to neutralize a given amount of acid water and these chemical
reagents are potassium hydroxide (KOH), (MW = 56.09 g) and CaCO; (MW =
100.06 g). Assume further that an analytical laboratory determined that 100 kg of
CaCO; are needed to carry out this acid-water neutralization task. How many kilo-
grams of KOH will be needed to carry out the same neutralization process? To answer
this question, one needs to know the reactions and their stoichiometry. Consider

H,SO, + CaCO; — CaS0, + CO, 4y + HO (1.4a)
and
H,SO, + 2KOH — K,SO, + 2H,0 (1.4b)

Reactions 1.4a and 1.4b reveal that for every mole of CaCO, needed to neutralize 1
mol of acid (H,S0O,), 2 mol KOH are needed to neutralize the same amount of H,SO,.
Based on this finding, to convert kilograms of CaCO, to kilograms of KOH, one needs
to use the gravimetric formula:

Qunknown = (anown) [(Mwunknown/Mw known) (m01unknown/ mOIk.nown] (1'5)

where

O nknown 18 quantity (grams, kilograms, tons, etc.) of unknown (KOH)
Qrnown 18 quantity (grams, kilograms, tons, etc.) of known (CaCO,)
MW is the molecular weight of unknown (KOH)

MW

mol

unknown

is the molecular weight of known (CaCO,)
is number of moles of unknown (KOH) required to complete the reaction

known

unknown
mol, ... is the number of moles of the known (CaCO;) needed to complete the -
reaction
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Thus

[100] [56.09/100.06] [2/1] = 112.11 kg KOH (1.6)

1.4 BASIC INFORMATION ABOUT WATER CHEMISTRY

Water is made up of two hydrogens and one oxygen. Oxygen has six frontier electrons.
Four of these electrons come in pairs of two; the other two electrons are unpaired. A
chemical bond between two elements takes place when the elements donate electrons
to each other so that all frontier electrons are paired. In the case of water, the oxygen’s
two unpaired electrons are paired by bonding with two hydrogens, each donating an
electron. After the covalent bonds of the oxygen with the two hydrogens are formed,
the oxygen has four sets of paired electrons and each hydrogen has one set of paired
electrons. This makes the water molecule stable.

Paired electrons exert repulsive forces against each other. Bond-forming electron
pairs exert less repulsive force than unshared pairs of electrons. It follows that
electron-pair distribution in the oxygen becomes skewed and the water molecule gains
a positive and a negative pole (Fig. 1.4). This arrangement makes the water molecule
“the universal solvent.” The two unshared pairs of electrons attract hydrogens of other
water molecules, forming weak hydrogen bonds. When many H,O molecules are

VAN DER WAALS
RADIUS OF HYDROGEN

=124
g+
COVALENT BOND
LENGTH = 0.965 A
: 0
VAN DER WAALS
g+ RADIUS OF OXYGEN

=14A

Figure 1.4. Model of a water molecule. The curved lines represent borders at which van der
Waals attractions are counterbalanced by repulsive forces (after Hillel, 1980, with permission).
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Figure 1.5. Schematic of anice crystal. The oxygen atoms are shown in black and the hydrogen
atoms in white (after Hillel, 1980, with permission).

present they create a three-dimensional “scaffolding” of molecules held together by
the weak hydrogen bonds (Fig. 1.5). The force created by these weak hydrogen bonds
is known as cohesion. Hydrogen bonds are also created between water and solid
substances such as soil minerals (inorganic and/or organic). The force that binds water
to other solid substances (e.g., soil minerals) is called adhesion. Generally, substances
exhibiting adhesion are known as hydrophillic, while substances not capable of
adhesion are known as hydrophobic. Cohesion and adhesion as well as hydrophobicity
are part of many important natural occurrences, such as water retention and movement
in soil, as well as solubility and mobility of pollutants in the groundwater.

1.4.1 Physical States and Properties of Water

Water is encountered in nature in three states: (1) the vapor state [H,0, (H,0), or
(H,0),] at or above 100°C, (2) the solid state (ice sheets of puckered hexagonal rings,
Fig. 1.5, at or below 0°C), and (3) the liquid state (between 0° and 100°C) which is
described by the flickering cluster model [monomers and up to (H,0),, molecules]
with an average life of 107'% to 107! sec (Fig. 1.6).

The forces holding water molecules together and the ideal molecular structure of
water, as shown in Figure 1.5, give rise to some of the most important properties of
water contributing to supporting life, as we know it, on earth. For example, Table 1.10
shows that water exhibits a rather large surface tension relative to other liquids, which
helps explain the potential of water molecules to attract each other or stay together
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Figure 1.6. Polymers of water molecules demonstrating the “flickering clusters” mode! (after
Hillel, 1980, with permission).

under tension and thus its ability to reach the highest leaves on a tall tree (e.g.,
redwoods). The data in Table 1.11 show that water possesses the highest specific heat
capacity in comparison to the other substances listed, which may help explain freezing
of lakes and oceans only on the surface, thus protecting aquatic life. Similarly, the
viscosity of water is not being affected dramatically by temperature until it reaches the
boiling or freezing point (Table 1.12). Finally, the data in Table 1.13 reveal the large
transformation heat that water possesses relative to some other liquids. Thus, even
under extremely droughty conditions, one may find water in its liquid phase. Also,
because of water’s high heat of transformation, it is used to heat buildings and to protect
crops from freezing.

The potential of water to dissolve other polar substances can be explained on the
basis of its dielectric constant. A dielectric constant is a measure of the amount of

TABLE 1.10. Surface Tension of
Water Relative to Other Liquids

Surface Tension
Substance (dyne-cm™)?
Water 72.7
Ethanol 22
Mercury 430

“Dyne = g-cm-sec™>.
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TABLE 1.11. Specific Heat Capacity of Water
Relative to Other Substances

Specific Heat Capacity
Substance (cal-deg~!-.gm~1)*
Water 1.0
Ice 0.50
Iron 0.11
Dry soil 0.20
Air 0.17

“Calorie = amount of heat required to raise the temperature of
1 g of H,0 1°C. Hydrogen bonds require 4.5 kcal mol™! in
order to break. H-O bonds (covalent character) require 110
kcal mol~! in order to break.

electrical charge a given substance can withstand at a given electric field strength. For
the purpose of this book, a dielectric constant regulates the force of attraction between
two oppositely charged particles (e.g., Ca®* and SOZ) in aliquid medium (e.g., water).
This force of attraction can be predicted by Coulomb’s Law:

TABLE 1.12. Viscosity of Water Under

Various Temperatures

Temperature (°C) g-emlsec!
10 1.30

15 1.14

20 1.00

25 0.89

35 0.80

TABLE 1.13. Heat of Transformation
Relative to Other Liquids

Liquid to Gaseous State
Substance (cal-gm™)
Water? 540
Methanol 263
Ethanol 204
Acetone 125

“Heat of transformation from solid to liquid for H,O
=80 ca]-gm‘l. (In other words, to thaw 1 g of ice, 80
cal must be supplied.)
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TABLE 1.14. Dielectric Constant of
Water Relative to Other Liquids

Substance Dielectric Constant®
Water 80

Methanol 33

Ethanol 24

Acetone 21.4

Benzene 23

“Dielectric constant = capacitance H,O/capaci-
tance vacuum. Capacitance = ability of a nonelec-
trical conductor to store electrical energy.

F = e e,/Dr* (1.7)

where

F = force of attraction

€, €= charges of the ions
r = distance between ions
D = dielectric constant

Equation 1.7 demonstrates that the force of attraction between oppositely charged
particles is inversely related to the dielectric constant. The data in Table 1.14 show that
water possesses the highest dielectric constant in comparison to the other liquids
reported in the table. This explains why, for example, gypsum (CaSO, - 2H,0)
dissolves in water at 2.2 g L™! while its solubility in alcohol is negligible.

1.4.2 Effects of Temperature, Pressure, and Dissolved Salts

The physical properties of water are subject to change as temperature and/or pressure
changes. The major physical changes, commonly observed under changing tempera—
ture, pressure, and salt content include:

Molecular clusters decrease as temperature and pressure decrease
Boiling point increases as pressure increases

Freezing point decreases as salt content increases

Volume increases as temperature increases

Boiling point increases as salt content increases

Surface tension increases as salt content increases

Viscosity increases as salt content increases

el BN O i M

Osmotic pressure increases as salt content increases
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Even though water is affected by temperature and pressure, such effects are minimized
until the boiling or freezing point is reached. Furthermore, some of these effects are
not as obvious as one might expect. For example, water reaches a minimum volume
at 4°C, and below 4°C its volume starts to increase again, explaining the potential of
ice to float in water, helping to protect aquatic life.

The solubility of inert gases in water (e.g., oxygen, O,) also depends on pressure
and temperature. This can be explained by the ideal gas law:

n=PVIRT (1.8)

where

n = amount of gas

P = pressure

V = volume

T = temperature

R = universal gas constant

Considering that water possesses a certain “free” space because of its molecular
arrangement (Fig. 1.5), and assuming that this “free” space is negligibly affected by
temperature, Equation 1.8 demonstrates that under a constant atmospheric pressure
(P), as temperature increases, the expansion potential of the gas causes its apparent
solubility to decrease. This explains large fish kills in shallow waters during extremely
hot weather, a condition that suppresses the solubility of atmospheric air.

1.4.3 Hydration

Because of its polarity, water tends to hydrate ions. The phenomenon of hydration is
demonstrated in Figure 1.7, which shows three types of water surrounding the sodium
ion (Na*). The first water layer, nearest the ion, is very rigid owing to its strong
attraction to the cation’s electronic sphere. Some researchers equate this water’s
structural arrangement to that of ice. The dielectric constant of this water is reported
to be as low as 6, as opposed to 80 for pure liquid water (Table 1.14). The next water
layer is somewhat rigid with slightly higher dielectric constant (e.g., 20), and finally,
the third water layer is made of “free” water. One may envision the same triple-layer
water arrangement on hydrophillic solid surfaces (e.g., wet soil minerals). Generally
speaking, the greater the charge density of an ion, the more heavily hydrated it will
be. Anions are hydrated less than cations because of lesser charge density. Cations are
heavily hydrated because of their higher charge density, and the process can be
demonstrated as follows:

Na* + (n + 4H,0) — Na(H,0), (H,0); (1.9)

Commonly, two processes take place when a metal salt is added to water:
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Figure 1.7. A model showing the hydration sphere of sodium—an inner rigid water shell; an
outer, somewhat rigid water shell, with the whole assembly floating in a sea of “free” water
(after Hillel, 1980, with permission).

1. Hydration (H,0 molecules adsorb onto the ions)

2. Hydrolysis (degree to which adsorbed H,O dissociates to satisfy ion electrone-
gativity).

Ca** + H,0 & CaOH" + H* (1.10)

1.5 CHEMICAL PROPERTIES OF WATER

Water is an amphoteric substance (acts as acid or base) depending on the substance
that the water reacts with. Water molecules may dissociate as shown below:

H,0 & H* + OH" (1.11)
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TABLE 1.15. Ion Activity Product of H,O at
Various Temperatures®

°C Ky PKw
0 0.12x 10714 14.93
15 0.45 x 10°1¢ 14.35
20 0.68 x 1014 14.17
23 1.01 x 10°1 14.0

30 1.47 x 1071 13.83
50 5.48 x 1014 13.26

“The pH of neutrality shifts with respect to standard pressure and
temperature.

and
K, = 107 = (H" (OH)) (1.12)

where K, is the water dissociation constant and is somewhat dependent on temperature
(Table 1.15).

1.6 BRONSTED-LOWRY AND LEWIS DEFINITIONS OF
ACIDS AND BASES

A Bronsted-Lowry acid is any substance that is capable of donating a proton, whereas
a Bronsted—Lowry base is any substance that is capable of accepting a proton. The loss
of a proton by an acid givesrise to an entity that is a potential proton acceptor and thus
a base; it is called the conjugate base of the parent acid. Examples of acids reacting
with bases are given in Table 1.16. The reactions listed in Table 1.16 are spontaneous
in the direction that favors production of the weaker acid and base. Compounds that
may act as bases and acids are referred to as amphoteric.

Bronsted—Lowry acids and bases are also classified according to the extent that they
react with solvents (H,0). Commonly, they are classified into strong acids and bases
and weak acids and bases. Strong acids are 100% dissociated in water. For example,
hydrochloric acid (HC1), a strong acid, dissociates as follows:

0.0l MHCI— 001 M H" + 0.01M CI (1.13)

Reaction 1.13 reveals that 0.01 mol L~! HCl dissociates to give 0.01 mol L™! H* and
0.01 mol L™ CI". Examples of strong Bronsted—Lowry acids of some interest to
environmental scientists include nitric acid (HNO;), hydrochloric acid (HCI), and
sulfuric acid (H,SO,). Examples of strong Bronsted—Lowry bases of interest to
environmenta] scientists include potassium hydroxide (KOH), sodium hydroxide
(NaOH), and ammonium hydroxide (NH,OH).



24 PHYSICAL CHEMISTRY OF WATER AND SOME OF ITS CONSTITUENTS

TABLE 1.16. Examples of Acid—Base Reactions

H,0 + Acid - Conjugate Base + H,0*
Base + acid — Base +  Acid
H,0 + HCl - CI- + H;Of
H,0 + AI(H,0)¢* — (AI(OH)(H,0)% + H,0*
H,0 + H,PO; -  HPO? + H,0*
H,O + NH} — NH; + H;O*
NH; + H,0 — OH~ + NH}
COf +H,0 — OH- + HCO3

Weak acids are less than 100% dissociative. Generally, they are 1% dissociative or
less. For example, a weak acid (HA) is 1% dissociated in water when only 1% would
give H" and A™ (A~ is the conjugate base):

0.01 M HA < 0.0001 M H" + 0.0001 M A~ (1.14)

Examples of weak Bronsted—~Lowry acids of considerable interest to environmental
scientists include carbonic acid (H,CO,), phosphoric acid (H;PO,), silicic acid
(H,Si0,), boric acid (H,BO,), hydrogen sulfide (H,S), and bisulfate (HSO,). Exam-
ples of weak Bronsted—-Lowry bases of considerable interest to environmental scien-
tists include carbonate (CO%‘), acetate (OAc™), and sulfide (S%°).

A Lewis acid is any substance that is capable of accepting an electron pair while a
Lewis base is any substance that is capable of donating an electron pair. Examples of
relatively strong Lewis acids include cations with valence higher than 2, such as iron
ITI (Fe*) and aluminum (A1**). Examples of relatively strong Lewis bases include
anions with valence higher than 2, such as phosphate (POi‘) and arsenate (AsOi“).
Examples of relatively weak Lewis acids of significant importance to environmentai
scientists include cations with valence lower than or equal to 2, for example, potassium
(K*), sodium (Na*), calcium (Ca*), magnesium (Mg?*), barium (Ba*"), and strontium
(ST**). On the other hand, examples of weak Lewis bases of significant importance to
environmental scientists include anions with valence lower than or equal to 2, such as
chloride (C17), nitrate (NO3), sulfate (SO%’), and bicarbonate (HCO%‘).

1.6.1 Weak Monoprotic Acids

A weak monoprotic acid is any Bronsted—Lowry acid that possesses a single dissoci-
able H*. The dissociation of a weak acid can be expressed in terms of the acid
dissociation constant, K :

HAo H + A (1.15)

and
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TABLE 1.17. Selected Dissociation Constants for

Weak Acids
Element Formula of Acid pK,
¢ H,CO, 63
HCO; 10.33
P H,PO, 2.23
H,PO; 12
HPOZ- 12.3
S HSO; 2.0
H,S 7.0
HS 12.9
NH; 9.2
B H,BO, 9.2
Si H,Si0, 9.5
0 H,0 14.0
K, =[(H") (AD)]/(HA) (1.16)

where A~ denotes any conjugate base. The K, is constant for any given weak acid; and
the larger K is, the greater the dissociation of the acid. The K, values generally range
from 107! to 1071 and measure the relative tendency of an acid to dissociate. For
convenience, K, is commonly expressed in the negative log form or pK,,, for example,

pK,=-log K_ (1.17)

The pK , values of weak Bronstead—Lowry acids generally range from 1 to 14 (Table
1.17).

1.6.2 Weak Polyprotic Acids

Weak polyprotic Bronsted—Lowry acids are those that possess more than one dissoci-
able H*. Examples of polyprotic acids include carbonic acid (H,CO,, a diprotic acid)
and phosphoric acid (H;PO,), a triprotic acid (Table 1.17). In the case of phosphoric
acid, the following dissociation steps can be demonstrated:

H,PO, © H* + H,PO, (1.18)

where H,PO, is the acid form, H,PQj is the base form, and the pK, is 2.23. The second
dissociation step is
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H,PO; «< H' + HPO;
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(1.19)

where H,POyj is the acid form, HPO%‘ is the base form, and the pK, is 7.2. The third

dissociation step is:

HPO? < H* + PO}

(1.20)

where HPO%‘” is the acid form, POi— is the base form, and the pK is 12.3. A given
weak acid has a fixed K, value and is expressed as previously shown by Equation 1.16,
which can be manipulated to obtain

TABLE 1.18. Dissociation Constants for Acids

Dissociation Constant (25°C)

Name Formula K, K, K

Acetic CH,COOH 1.75 x 1075

Arsenic H;AsO, 6.0x10°% 1.05x107 3.0x10°12

Arsenious H,As0, 6.0x10°1° 30x107

Benzoic C.H,CO0H 6.14 x 105

1-Butanoic CH,CH,CH,COOH 1.51 x 10-

Chloroacetic CICH,COOH 1.36 x 1073

Citric HOOC(OH)C(CH,COOH), 7.45x 10 1.73x 10 4.02x 1077

Ethylenediamine-  HY, 1.0x10%2 21x102 69x107
tetraacetic K,=5.5x10"1

Formic HCOOH 1.77 x 107

Fumaric trans-HOOCCH:CHCOOH 9.6 x 10  4.1x 1073

Glycolic HOCH,COOH 1.48 x 10

Hydrazoic HN, 1.9x 1073

Hydrogen cyanide =~ HCN 2.1x107°

Hydrogen fluoride ~ H,F, 7.2x 107

Hydrogen peroxide H,0, 2.7 x 10712

Hypochlorous HOCI 3.0x 1078

Todic HIO, 1.7 x 107!

Lactic CH,CHOHCOOH 1.37x 107*

Maelic cis-HOOCCH:CHCOOH 1.20x 1072 596 %1077

Malic HOOCCHOHCH,COOH 40%x10* 89x10°

Malonic HOOCCH,COOH 1.40x 103 2.01x 108

Mandelic C,H;CHOHCOOH 3.88 x 104

Nitrous HNO, 5.1x 10

Oxalic HOOCCOOH 536x 102 542x10°°

Periodic H5IO4 24%x107% 50x10°

Phenol C¢HsOH 1.00x 10710
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log K, = log[(H*) (A"Y/HA] (1.21)

or
log K, = log (H") + log[A/HA] (1.22)

or
—log K, = —log (H*) - log[A/HA] (1.23)

Considering that —logK, = pK_, and —log (H") = pH, Equation 1.23 can be rewritten
as

pK, =pH - log[A7HA] (1.24)

or
pH =pK, + log[A7HA] (1.25)

or
pH = pK, + log[(base form)/(acid form)] (1.26)

The last equation is the Henderson—Hasselbalch equation. Its use will be demonstrated
in the sections that follow. The ratio of A~ to HA can be determined if the K, and H"
values are fixed. It is the H* concentration, therefore, that determines the net charge
(ratio of charged to uncharged species). Conversely, the H* can be determined if the
A~ to HA ratio is fixed. Table 1.18 lists various organic and inorganic acids of the
monoprotic or polyprotic form along with their pK, values. Note that in the equations
above and throughout this chapter, it is assumed that concentration equals activity.
These two terms are discussed in detail in Chapter 2.

1.6.3 Titration Curve

One of the techniques used to characterize an unknown base or acid 1s titration.
Titration is when a strong base (e.g., sodium hydroxide, NaOH — Na* + OH") is added
to a weak acid (e.g., HA in water). For example,

HA+OH - A" +H,0 (1.27)

The OH™ in Equation 1.27 reacts completely with HA to convert it to A™. The data in
Table 1.19 represent titration of 0.1 M HA with a pK, of 5. Nearly every point in
between the starting and end points have HA and A~ present so the Henderson—
Hasselbalch equation can be used:

pH =5 + log[(A7)/(HA)] (1.28)
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TABLE 1.19. Potentiometric Titration Data of a Monoprotic Acid with a pK,, of

Approximately 5
(OH") Added (HA) (M) (A7) (M) pH
Starting point 0 0.10 0 3
0.02 0.08 0.02 4.4
0.04 0.06 0.04 4.8
Midpoint 0.05 0.05 0.05 5
0.06 0.04 0.06 52
0.08 0.02 0.08 5.6
Endpoint 0.10 0 0.10 9.0

Note that at the midpoint, HA is equal to A™ and the pH is equal to the pK . Note also

that at this pH (5), as much A~ was obtained as OH™ was added. At the point where
0.08 M OH™ was added (Table 1.19), '

pH = 5 + log[(0.08)/(0.02)] = 5.6 (1.29)

A titration curve can be plotted with such information. The line that passes through
the points is characteristic of every weak acid. An example of an actual experimental

24 Holf-titroted
[HA] = [A'] Equivalence point
' 4
O T T T T !
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Milliliters of IM KOH added

Figure 1.8. Potentiometric titration plot of a weak monoprotic acid with a pK, of 4.8 (after
Segel, 1976, with permission).
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Figure 1.9. Potentiometric titration plot of a strong acid (after Segel, 1976, with permission).

titration plot of a weak acid with a pK, of 4.8 is shown in Figure 1.8. The titration plot
reveals three important points. The first point labeled a is the beginning of the titration
and the compound is in the acid form (HA). When strong base is added, the acid form
is consumed and the base form (A”) is formed. At point ¢, HA = A™ and pH = pK,,.
Above point ¢, the base form (A™) predominates, and at point e all the acid form (HA)
has converted to the base form (A~). Points a and e are also known as equivalence
points.

Classical potentiometric titrations have a major weakness—their inability to char-
acterize weak acids with a pK less than 3 and greater than 10. This is because water
in those pH regions is capable of acting as weak acid or weak base, respectively (Fig.
1.9). In such cases colorimetric techniques are more suitable.

1.6.4 Environmental Water Buffers

Environmental water buffers are compounds that exhibit pK, values near pH 7
(physiological pH). This is because a buffer with a pK of 7 has a strong tendency to
maintain the physiological pH, hence, an environmental buffer. In addition to its unique
pK, (approximately 7), an environmental buffer must be nontoxic to the biological
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world. There are two such buffers in natural water systems. One is the phosphate buffer
and the other is the bicarbonate buffer.

Phosphoric acid, as pointed out previously, exhibits three pK, values, 2.23, 7.2, and
12.3, and its titration plot is shown in Figure 1.10. As expected, it shows three pK,
values and four equivalence points. The only pK, that is of environmental importance
is that at slightly above 7.2 (marked with an X). However, phosphate is not a desirable
environmental buffer because of its eutrophication potential and its strong tendency to
precipitate in natural water systems as metal-phosphate (where metal denotes any
divalent or trivalent cations) (Stumm and Morgan, 1981). In most cases, its concentra-
tion in natural waters is less than 1 ppm.

Bicarbonate is much more suitable as a major environmental water pH buffer. Its
parent acid is H,CO,, which is diprotic (Fig. 1.11). The dissociation of carbonic acid
is described as follows:

H,CO,,, & H' + HCO; (1.30)

3aq

where the subscript aq denotes aqueous or dissolved. Reaction 1.30 exhibits a pK, of
3.8. The second dissociation reaction of H,COj, is

HCO; & H' + CO¥ (1.31)

|
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N o e s e = = e— e

3
Hy PO H,POy HPO3 ™~ P03~

Moles OH™/mole H4PO,

Figure 1.10. Potentiometric titration plot of a weak triprotic acid (after Segel, 1976, with
permission).
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Figure 1.11. Potentiometric titration plot of a NayCOj3 solution.

with a pK, of 10.3. These two pK, values do not appear to be consistent with a good
environmental water pH buffer system (pK, values significantly different than physi-
ological pH). However, two additional factors need to be considered. Note that

CO,,, + H,0 & H,CO (1.32)

2aq 3aq

with a K, of 5 X 107>, Based on the magnitude of this K, one would conclude that
the equilibrium strongly favors the presence of CO,,.. Since most of the compound is
in the CO, aq form, the effective concentration of carbonic acid (H,CO, aq) is low and
the pH is higher. By summing Equations 1.30 and 1.32, the overall reaction is

C0,,, + H,0 & H' + HCO3 (1.33)

2aq
The pK, of Reaction 1.33 is 6.3, which is the sum of the pK, values of Reactions 1.30
and 1.32. This sum of the two reactions produces a better environmental buffer, but is
still not ideal if one considers ideal a pH buffer with a pK, of 7.

Nature at times employs a clever mechanism in controlling the pH in natural water
systems. It does so by controlling the partial pressure of CO, gas. The CO,,, a product
of microbiological respiration, has a tendency to move toward equilibrium with the
CO, gas in the atmosphere:

(COY,, & (COy (1.34)

gas
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Thus, the CO,,, in a natural water system is directly proportional to the pressure of
the CO, gas in the atmosphere, that is,

(COy,, = k- pCO, (1.35)

where pCO, is the partial pressure of CO, in the atmosphere (0.0003 or 0.03%). The
k value for Reaction 1.35, also known as Henry’s constant, is 3 X 1073, Through the
tendency of gases to move from a region of high partial pressure or concentration to a
region of low partial pressure or concentration, the pCO, in water could be maintained
above that of the atmosphere at some constant value by its rate of production in
relationship to its rate of diffusion and/or mass flow, that is, it could escape to the
atmosphere (perhaps because of a steady state sustained under certain conditions, such
as temperature, pressure, mass flow, etc.). The HCO; species, in biologically active
natural water systems and in the absence of limestone, could be the direct product of
a number of biotic processes. For example, during NOJ uptake by an organism, the
latter (organism) would release HCOj in order to sustain electroneutrality.

1.6.5 Open and Closed Systems

Consider a biologically active natural water system where pCO, and HCOj are in
control of pH. Upon adding a strong acid,

HCO; +H* & (H,CO,,) & CO,, + H,0 (1.36)

bicarbonate is converted to carbon dioxide by the H'. Assuming that the CO, is kept
constant by letting off the extra CO, into the atmosphere, the system is referred to as
an open system. In contrast, a closed system is one in which the CO, produced is not
allowed to escape to the atmosphere, thus pCO, increases proportionally. The question
that one needs to address is the pH outcome in an open or closed system. As an example,
let us consider a system under the following conditions: A natural water containing
0.02 M HCOj with a pH 7.0 (pK,, of H,CO, = 6.3). Upon adding 0.01 M H' (e.g., acid
rain), what will the pH be under a closed system? What will it be under an open system?
Because the acid will react with the HCOj (base form), one first needs to know the
concentration of the species involved. This can be determined using the Henderson—
Hasselbalch equation:

pH =pK,; +1og[(HCO3)/(CO,,)] (1.37)

7.0= 6.3 + log[(HCO3)/(COy, )] (1.38)

0.7 = 1og(HCO3)/(COy,) (1.39)
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Taking the antilog, 5:1 is the ratio of (HCO;):(CO2aq). This is reasonable because there
should be more base form than acid form when the pH is considerably above the

pK, (pH 7.0 versus pK, 6.3). The initial concentration of HCOj and COy,q can now
be calculated as follows:
HCO; = [5/6] x0.02 M =0.017 M (1.40)
COy,q = [1/6] X 0.02 M = 0.0033 M (1.41)

The added H*, in the form of acid rain, reacts with an equal amount of HCO;:

0.01 M H* + 0.01 M HCO; — 0.01 M CO (142)

2aq
In the case of a closed system, the new HCOj concentration could be calculated by

subtracting from the estimated HCO;J concentration (Eq. 1.40) the concentration of
HCO; converted to CO, by reacting with the 0.01 M H* added (Eq. 1.42)

(HCO3) = 0.017 - 0.01 = 0.007 M (1.43)

and the new CO,,, concentration can be estimated by adding to the estimated CO,,
(Eq. 1.41) the amount of HCO; converted to CO,,, by reacting with the 0.01 M H
added (Eq. 1.42)

CO,,,=0.0033 M + 0.0l M=0.0133 M (1.44)

2aq

and
pH = 6.3 + 10g[0.007/0.0133] = 6.02 (1.45)

It is shown that in the case of a closed system, the pH decreased significantly (from
7.0 to 6.02), nearly one pH unit.

In the case of an open system, the new HCO; concentration could also be calculated
by subtracting from the estimated HCOjconcentration (Eq. 1.41) the concentration of
HCO; converted to CO, by reacting with the 0.01 A H" added (Eq. 1.42):

HCO;=0.017-0.01 =0.007 M (1.46)

but since the system is treated as open, it is assumed that the CO, formed escapes to
the atmosphere. Therefore,

pH = 6.3 + log[0.007/0.0033] = 6.63 (1.47)

This example shows that under an open system, even though approximately 60% of
the HCO; was consumed, it had a negligible effect on water pH (initial pH of 7.0 versus
final pH of 6.63).
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ACID-BASE CHEMISTRY PROBLEMS

All acid—base problems involving aqueous solutions of weak acids (HA) and/or
their corresponding base forms (A”) fall into three distinct types: type 1, Solutions
of acid form only (e.g., HA); type 2, solutions of base form only (e.g., A7); type 3,
solutions of both acid and base forms (e.g., HA and A™). For all three types of
problems, two equilibrium conditions must be satisfied:

HASH + A" (A)
with
K, = (H")A")/(HA) (B)
and
H,0 < H' + OH" ©)
with
K, =H"YOH) D)

In solving any equilibria problems involving acids and bases, two terms must
always be considered, charge—balance and mass—balance. To understand the use
of these two terms, two examples are given below.

Consider the addition of a small amount of a strong acid (e.g., 1078 mol L~ HC1)
to deionized water. Since hydrochloric acid is a strong acid, it completely dissoci-
ates to equamolar concentrations of H" and CI™. The charge-balance term is

H*=CI"+ OH" (E)
and the mass—balance term is
ClI"=HClI (F)

Substituting the mass—balance term (Eq. F) into the charge—balance term (Eq. E)
gives

H* = HCl + OH" (G)

Equation G reveals that the concentration of H* equals the concentration of HCI
plus OH™ contributed by H,O. Therefore,

H*=HCl + K /H* (H)

Multiplying both sides by H" and rearranging gives
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(H"’-HCIHY -K,, @
Equation I is quadratic and can be solved by the quadratic formula
H* = [-a* + (b* - 4ac)'"?) /2a )

wherea=1,b=10"% and c = 10714, Introducing these values into Equation J and
solving for H* gives 107®°, Since pH is the negative logarithm of H*, pH = 6.9,
Note that equation G is applicable when HCI is less than 100 times greater than
OH". If HCl is more than 100 times greater than OH",

H* = HCl (K)

and pH is the negative logarithm of HCI.

Equilibria problems involving weak acids or weak bases also include charge—
balance and mass—balance terms. For example, consider Reaction A. The charge—
balance term is

H*=A"+ OH" @L)
and the mass—balance term is
A=HA M)

Note that A is not equal A~ because HA is a weak acid and only a fraction of its
initial quantity dissociates, The charge—balance equation (Eq. L) reveals that when
OH™ (contributed by water) is less than 10% of A~, H* equals A~. However, when
OH" is greater than 10% of A~, the solution is as follows:

Constidering that

K., = H)A)/(HA) N)
and
A= Keq(HA)/(H+ ) (0)

where HA is the concentration at equilibrium (this is the original quantity of HA
added per liter minus the amount per liter that dissociated). Substituting Equation
O and K /H" into the charge—balance equation (Eq. L) gives

H' = K (HA)/(H") + K /H* P)
Multiplying both sides of Equation P by H* and rearranging gives
(H") = [K,(HA) + K, ]'? Q)

When K (HA) is at least 100 times greater than K, Equation Q, becomes
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H* = [K, (HA)] 12 (Qp

Note that when HA initial (HA, ;) is at least 100 times greater than equilibrium
HA, (HA,), then HA in Equation Q is approximately HA, .. Some examples of how
to approximate HA at equilibrium are given below.

Examples of Monoprotic Acid—Base Chemistry

Type 1. What is the pH of a 0.01 M solution of a weak acid (HA) with a pK, of
5.0? This is a type 1 problem because initially only the acid form (HA) is present.
Hydrogen ions (H") arise from the dissociation of both HA and H,O. Water is a
very weak acid, and most of the H" will come from the dissociation of HA; thus,
the H,O dissociation can be ignored (see Eq. Q,). Each mole of HA that dissociates
gives 1 mol of H" and 1 mol of A™. The HA dissociates until equilibrium is met.

HA H* AT
Initial condittons 001M ~0 ~0
Change due to dissociation -X +X +X
Concentration at equilibrium 0.01-X X X
Since HF =A™ =X
K = HY@A) _ HY 10°5 (R)

“7 (HA) ~ (001-HY

Equation R is quadratic and can be solved for H" using the quadratic equation (Eq.
D). If, however, H' is much less than (FHA) initial, H" in the denominator can be
neglected and the equation is simplified. For most situations, H" in the denominator
can be ignored whenever it is less than 10% of HA; H* in the denominator will turn
out to be less than 10% of HA whenever (HA), ;, is at least 100 times greater than
K. For the problem given above (HA) = (1000 x K_); thus, H* in the denominator
can be ignored. Solving for X,

K, =(H"»%0.01=10"° (S)
Ht= 10—3.5 (T)

and
pH=3.5 )

The degree of dissociation (a) is the fraction of HA that dissociates:
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. A~ _ H+ _ 10—3.5
HA),;, HA)y, 107

=0.032 V)

Thus, HA is 3.2% dissociated. The degree of dissociation depends on the concen-
tration of HA; ;. As the concentration of HA, ;, is decreased, a larger fraction of it
must dissociate to satisfy the equilibrium conditions.

Type 2. What is the pH of a 0.01 M solution of NaA (pK, of HA = 5.0)? The salt
NaA completely dissociates in H,O to give Na™ and A™. This is a type 2 problem
because only the base form (A7) is initially present. HA is a weak acid, the A~ will
tend to combine with any available H* to form HA. The only H* available, however,
comes from H,O dissociation, and H,O is such a weak acid that only a limited
amount of H* will become available. The two reactions below will proceed
simultaneously until equilibrium is obtained.

H,0 & H' + OH~ W)
with K, = K, = 107'%, and
H'+A"o HA X)

withK, = 1K, = 10°. The overall reaction is the sum of the two (W and X):

A"+ H,0 © HA+ OH” )
and
_(HA)(OHY) 1 (Z)
Keq = T = E . Kw
or
K. =(K,) (UK)=10" (A"

Note that the overall K, is the product of the K, values for each reaction.
This problem can now be solved in the same manner as a type 1 problem.

A” HA OH-
Initial concentration 001 M ~0 ~0
Change due to dissociation -X +X +X
Concentration at equilibrium 0.01-X X X

Since HA =0OH =X,
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_HA©OH)_OH) _ (B")

K
“ (A7) 0.01 - OH-

Ignoring OH™ in the denominator because 0.01 is at least 100 times greater than
107® (see justification for ignoring H* in the denominator of Eq. R),

(OH")? = (0.01)(10%) = 1071 = 10 x 1072 (C)
OH =32x107 (D)
since
-14 E
H+=Kw/0}r=—m—_6=3.2x10-9 =)
32x10
pH=-log (32x107%) =8.5 F)

This net reaction (Reaction Y) is often referred to as hydrolysis and A™ in this case
is acting as a base because it “dissociates” to give OH™. The equilibrium constant
(K, for Equation B’) is then referred to as K. Thus,

K.=K,/K,=K, (G

Therefore, for a weak acid or its corresponding base, you only need to know K in
order to solve either an acid or a base problem. There is never any need to know
K,.

b

Type 3. What is the pH of a solution containing 0.02 M HA and 0.01 M A™? The
pK,, value for HA is 5.0. Since both the acid form (HA) and base form of (A”) are
present, this is a type 3 problem. The easiest way to solve these problems is to treat
them formally as a type 1 problem in which the initial concentration of A™ is no
longer zero.

HA H* A”
Initial concentration 0.0z M ~0 ~0
Change due to dissociation -X +X +X
Concentration at equilibrium 002-X X 001+X

Since H' =A™ =X,
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K - (H)(A) _(H) (0.01+H") _ 10 (H')
¢ (HA) (0.02 - HY)

It is usually possible to ignore H* in both the denominator and in the (A7) term of
the numerator since 0.02 is at least 100 times greater than 107>, Thus,

(H")(0.01)/(0.02) = 107 (9]
H* = (10°%0.02/0.01 =2 x 107 J)

and
pH=-log(2 x 107 =4.7 X’)

Type 3 problems reduce to a very simple form because the value of H depends
only on X, and the initial ratio of A”/HA. Thus, unlike type 1 and type 2 problems,
the value of H does not depend on the actual concentrations of A~ or HA (provided
both A~ and HA are large enough so that the H* can be ignored). Since this type of
problem is the one most frequently encountered, the Henderson—Hasselbalch
equation is commonly employed:

pH = pK + log[A7HA] (59
or

pH = pK, + log[(base form)/(acid form)] \%9]

Examples of Diprotic Acid—Base Chemistry

Diprotic acids can be treated as type 1, 2, or 3 problems. One additional feature of
diprotic acids (the midpoint) requires special treatment (type 4). Consider a diprotic
acid H)A,

HAeH +HA" K, ;;pK, (N')

a

HA" & H'+A™ K ;pK, 0"
In the reactions above, the following types of problems are possible: H22A only—
type 1; H,A + HA™—type 3 (use pK,,); HA™ only—type 4; HA™ + A" —type 3
(use pK ,); A% only—type 2. HA™ only is a special case because it is a weak acid
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and can undergo dissociation type 1, and it is also the base form of H,A and can
therefore undergo dissociation type 2.

One way to look at this problem is to consider that A%~ and H,A will be equal
during addition of HA™ to water at concentration levels where H,O is an insignifi-
cant contributor of H" or OH™. The pH can then be calculated as follows: Consid-
ering the Henderson—Hasselbalch equations,

(HA") (P)
H=pK , +1
P =pAa og{ HA }

and

2- ’
pH=pKaz+log{(A )} @

(HA)
Summing Reactions P’ and Q’ produces

- 2— R’
2pH=pK_, +pK, +log {M} ®)

(HA) (HAY)

and cancelling HA™ gives

A% ()
2pH=pK, +pK , +log {((H A))}
2

However, since (A%") is very small and approximately equal to H,A, the last term
is zero and Equation S’ becomes

pH =[pK,, + pK ,1/2 (T")

In the case of a diaprotic acid (e.g., H,A), where the concentration of H,A is not
equal to A2, pH can be calculated using mass- and charge-balance equations
(Skoog and West, 1976). For example, upon introducing NaHA to water, the
mass—balance equation is

NaHA = (HA") + (H,A) + (A%) U
and the charge-balance equation is
(Na*) + (H") = (HA") + 2(A™) + (OH) V)
Setting Equations U” and V’ equal and rearranging gives

(H,A) = (A™) + (OH")~(H") W)
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Figure 1A. Potentiometric titration plot of a weak diprotic acid with pK, values of 4.0 and
7 (after Segel, 1976, with permission).

Substituting the appropriate equilibria constants into Equation W’ and rearranging gives
(H") = [K, K ,(NaHA) + KK, )/[(NaHA) + K ;] X))
where K, = HAD)H"Y/(H,A), K, = (AT)YHY/(HA™), and K, = H"OH). In

deriving Equation X', it is assumed that HA~ = NaHA. Also, when
K, <<<NaHA, Equation X’ reduces to T’ and
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H'=[K,K1'"* (Y
or
pH = [pK, + pK,1/2 )

Note that Equation Z’ is similar to Equation T".

The discussion above, dealing with a diprotic acid (H,A), is summarized in
Figure 1A. The figure reveals three equivalence points (noted as a, c, and e) and
includes the equations for estimating pH at these points. Furthermore, the figure
shows two pK, values (identified as b and d) and provides the equations for
estimating pH at these points.

PROBLEMS AND QUESTIONS

1. Convert the following chemical units to milliequivalents per liter (meq L™') and
milligrams per liter (mg L) or parts per million (ppm).
a. A water sample containing 10 mmol L™! sodium (Na):
i. meqL™!
ii. mgL!

b. A water sample containing 10 mmol L™ calcium (Ca):
i. meqL!
ii. mgL!

c. A water sample containing 10 mmol L™! chloride (Cl):
i. meqL!
ii. mgL!

d. A water sample containing 10 mmol L™ sulfate (SO,):
i. meq L™
ii. mgL!

2. Calculate grams (or milligrams) of NaCl that you would need to dissolve in 1 L
of lwater to make a solution of 200 meq L™ Na. Convert the dissolved Na to mg
L™
a. mgL~! NaCl
b. mg L' Na

3. Calculate grams (or milligrams) of CaCl,2H,0O that you would need to dissolve
in 1 L of water to make a solution of 200 meq L~! Ca. Convert the dissolved Ca
tomg L.

a. mg L™' CaCL,2H,0
b. mgL™' Ca
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4.

10.

11.

12.

Calculate grams (or milligrams) of CaCl,2H,O that you would need to dissolve
in 1 L of water to make a solution of 200 meq L' ClL. Convert the dissolved Cl
tomg L.

a. mg L' CaCl,2H,0

b. mgL-! Cl

Use the gravimetric formula to answer the following question. NO,—N (note,
NO;—N means N in the NO; form) in drinking water is regulated by the federal

government at 10 ppm N. A given water sample is known to contain 50 ppm NO,.
Calculate its nitrogen content in units of ppm N.

Calculate the total dissolved solids in water assuming all the following metals are
associated with chloride:

Ca=75ppm
Mg = 120 ppm
Na = 50 ppm
K =39 ppm
Fe = 80 ppm

Would you rather have a high covalent character bond between a pollutant and a
soil mineral or a high ionic character bond? Why?

. Consider a water sample with 10 mmol L™ hydrochloric acid (HCI). Calculate

the following:

Cl = ppm

H*=mol L™!

pH=

H* = ppm

Calculate the pH of a water sample containing 1078 mol L™! nitric acid (HNO,).
Nitric acid is one of the acid forms in rain.

A water sample containing 10 mmol L™! hydrochloric acid (HCI) requires neu-
tralization. Calculate the amount of Ca(OH), (in grams) needed to neutralize 1 L.
of this water.

A water sample containing 10 mmol L™! hydrochloric acid (HCI) requires neu-
tralization. Calculate the amount of CaCO, (in grams) needed to neutralize 1 L
of this water.

Consider
H,CO, © HCO; +H* K, =107
and

HCO; & CO +HY K, =107102



13.

14.

15.
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Consider a water sample with 2 mmol L™! carbonic acid (H,CO,). Calculate its
pH.

Calculate the pH of a water sample containing 10~ mol L™! sodium bicarbonate
(NaHCO,) (baking soda).

Consider a water sample containing 10 mmol L™' NaHCO, and 5 mmol L1
H,CO;; calculate its pH.

Calculate the pH of a water sample made by mixing equal volumes of 10 mmol
L~! disodium carbonate (Na,CO;) and 10 mmol L NaHCO, (baking soda).



2 Solution/Mineral-Salt Chemistry

2.1 INTRODUCTION

Environmental soil-water scientists are interested in acquiring the knowledge neces-
sary for predicting soil-water system processes. All such processes are products of
biophysical-chemical reactions. This chapter covers mineral solubility, a process
related to ion availability to soil microbes and higher plants, ion release to ground or
surface water, mineral precipitation, soil mineral weathering, and/or soil formation.
The chapter deals specifically with chemical equilibria and its purpose is to provide
students with the tools necessary for quantifying such reactions.

Two parameters in soil-water chemistry must be understood in order to make
reaction predictions. One parameter is concentration, which refers to the total dis-
solved quantity of a given element; the other is single-ion activity, which describes the
thermodynamic behavior of a particular chemical species in solution. Single-ion
activity (o) is estimated by

where ¥, is the single-ion activity coefficient of ionic species j and m; is the molar
concentration of species j. The single-ion activity coefficient is estimated by the
equations shown below. Equation 2.2 describes ionic strength (I):

n (2.2)
=172 2 ij m,
i=1

where Z; and m; are the charge and molar concentration of the ionic species (Sposito,
1981c; 1984b). The single-ion activity coefficient ; is then calculated by the Debye—
Huckle equation:

log y;=—AZ? [I'/(1 + B&I'%) (2.3a)

where A is a constant which at 25°C equals 0.512; B = = 0.33 in water at 25°C; 4 =
adjustable parameter corresponding to the size of the ion. There are several equations
for estimating single-ion activity coefficients. These equations and some of their
limitations are given in Table 2.1. Tabulated single-ion activity coefficient values using
the extended Debye—Huckle equation with the appropriate constants (Tables 2.1 and
2.2) are given in Table 2.3,

45
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TABLE 2.1. Equations for Estimating Single-Ion Activity Coefficients

Approximate lonic

Type of Equation Equation® Strength (/) Range

Debye—Huckle logy=-AZYD)!? <1023

Extended Debye~Huckle logy = — AZH[(D"¥1 + B&(I)"?] 1071

Guntelberg log y = - AZH[(DV41 + (I)'?] 107! in mixed electrolyte
systems

Davies logy=—-AZ2[I"*/(1 +1"») -0.31] <0.5

Source: Stamm and Morgan, 1970.

4 A =0.512 for water at 25°C; B = = 0.33 in water at 25°C; 4 = adjustable parameter corresponding to the
size of the ion.

TABLE 2.2. Values of the Parameter & Used in the Extended Debye—Huckel Equation
(Eq. 2.3a) for Selected Ions

a Ions and Charge
Charge 1
9 H*
6 Li*
4 Na*, CdCI*, Cl103, 103, HCO;, H,PO;, HSO3, H,AsO7, Co(NH;3),(NO,)3
3 OH-, F~, CNS-, CNO-, HS-, C103, CIO;, BrO;3, 107, MnOg, K*, CI-, Br—, I, CN-,

NOj3, NO;, Rb*, Cs*, NH;, TI*, Ag*

Charge 2

8 Mg“, Be?t

Ca2+, CU2+, an", Sn2+, an*, Fez+’ Ni2+, C02+

5 Sr?*, Ba?*, Ra?*, Cd?*, Hg?", §%, 5,03, WO, Pb%*, CO%-, SO%-, MoO?-,
Co(NH,3),CP*, Fe(CN),NO?"

4 Hg3t, SO, 5,07, S,0%, Se07-, CrOZ-, HPO7-, S,0%

(=,

Charge 3

A, Fe3*, Cr, Se™, Y, La*, In*, Ce™, Pr’*, Nd*, Sm*
4 PO, Fe(CN)r, Cr(NH,)Y, Co(NH,)H,0%

O

Charge 4

11 Th*, Zr**, Ce*, Sn**
6 Co(SZO3)(CN)§‘

Source: Novozamsky et al., 1976.
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TABLE 2.3. Single-Ion Activity Coefficients Calculated from the Extended
Debye-Huckel Equation at 25°C

Ionic Strength

a 0.001 0.0025 0.005 0.01 0.025 0.05 0.1
Charge 1
9 0.967 0.950 0.933 0.914 0.88 0.86 0.83
8 0.966 0.949 0.931 0.912 0.88 0.85 0.82
7 0.965 0.948 0.930 0.909 0.875 0.845 0.81
6 0.965 0.948 0.929 0.907 0.87 0.835 0.80
5 0.964 0.947 0.928 0.904 0.865 0.83 0.79
4 0.964 0.947 0.927 0.901 0.855 0.815 0.77
3 0.964 0.945 0.925 0.899 0.85 0.805 0.755
Charge 2
8 0.872 0.813 0.755 0.69 0.595 0.52 0.45
7 0.872 0.812 0.753 0.685 0.58 0.50 0.425
6 0.870 0.809 0.749 0.675 0.57 0.485 0.405
5 0.868 0.805 0.744 0.67 0.555 0.465 0.38
4 0.867 0.803 0.740 0.660 0.545 0.445 0.355
Charge 3
9 0.738 0.632 0.54 0.445 0.325 0.245 0.18
6 0.731 0.620 0.52 0.415 0.28 0.195 0.13
5 0.728 0.616 0.51 0.405 0.27 0.18 0.115
4 0.725 0.612 0.505 0.395 0.25 0.16 0.095
Charge 4
11 0.588 0.455 0.35 0.255 0.155 0.10 0.065
6 0.575 0.43 0.315 0.21 0.105 0.055 0.027
5 0.57 0.425 0.31 0.20 0.10 0.048 0.021

Source: Novozamsky et al., 1976,

Generally, for simple but strong (dissociable) electrolyte solutions (e.g., NaCl, KCl,
CaCl,, and MgCl,) single-ion activity coefficients can be approximated by the equa-
tions given in Table 2.1. Choose the correct one by following the restrictions given in
the table and using as m; in Equation 2.2, the total molar concentration of the particular
elements in solution, assuming they exist as fully dissociated species. In the case of
complex mixed electrolyte solutions, however, the most appropriate way to estimate
single-ton activity coefficients is to employ the Davies equation (Davies, 1962,
Sposito, 1981c; 1984b):
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Figure 2.1. Relationship between solution ionic strength and single-ion activity coefficients of
ions with different valencies. Calculated utilizing the extended Debye—Huckle equation) (from
Skoog and West, 1976, with permission).

log ¥, = —AZ} [I'*/(1 + ') - 0.31] (2.3b)

where / is also calculated using Equation 2.2, but m; denotes effective molar concen-
tration. The latter necessitates estimation of ion pairs and complexes (see Section
2.1.3). This requires the simultaneous solution of Equations 2.1, 2.2, and 2.3b, along
with the equations predicting the molar concentration of ionic species (see the section
entitled Iteration Example in this chapter) by ion-association models (e.g., GEO-
CHEM, Sposito and Mattigod, 1979; Parker etal., 1995; MINTEQ, Allisonetal., 1991;
SOILCHEM, Sposito and Coves, 1988). Note that direct measurement of single-ion
activity in mixed electrolyte systems cannot be made. Therefore, the validity of
ion-association models can only be demonstrated indirectly, for example, by experi-
mentally quantifying the precipitation of a given metal under a given set of conditions
(i.e., pH, ionic strength, and solution ionic composition) and then comparing these
values to those predicted by ion-association models.

The importance of single-ion activity in predicting the chemical behavior of a
particular ionic species is demonstrated in Figure 2.1. For example, the y value of any
divalent or monovalent ions at the highest possible ionic strength (I) causes 60%
suppression in the activity of the divalent ion and 25% reduction in the activity of the
monovalent ion. This implies that as Y, decreases, the apparent solubility of any given
mineral increases, as demonstrated later in this chapter.

2.1.1 Mineral Solubility

Mineral solubility is dependent on the type of ions composing a particular mineral.
The parameter used to predict mineral solubility is the solubility product constant or
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Kspl. The use of K, in estimating mineral solubility in units of single-ion activity (mol
L) is demonstrated below. Consider the solid silver chloride (AgCls) which, when
introduced to water, undergoes dissociation as shown below:

AgCls & Agh +CI” (24)

Equation 2.4 shows that AgCls undergoes dissociation to produce an equamolar
concentration of Ag* and CI". The K, of AgCls can be expressed as

(AgH(CIN)=182x 1070 =K (2.5)

where the parenthesis denote single-ion activity. Setting

Ag"=X (2.6)
since
Agt=CI” 2.7)
then
Clr=X (2.8)

Substituting Equations 2.6 and 2.8 into Equation 2.5:

X)(X)=1.82x 1010 = K, (2.9)
or
XY =182x10"=K, (2.10)
and
X =(1.82x 1092 =1.35 x 10~ mol L™! (2.11)

According to Equations 2.6 and 2.8, Ag* = 1.35 x 10~ mol L™ and CI" = 1.35 x 107°
mol L~!. Note, the parenthesis around the units for Ag* or CI” denote single-ion
activity. To convert single-ion activity to concentration, divide single-ion activity by
the corresponding single-ion activity coefficient (see Eqs. 2.1 and 2.3).

In the case of AgCls, the two ions involved (Ag* and C17) exhibit the same valence.
A mineral solubility example is presented below where the cation is monovalent but
the anion is divalent. Consider the solid silver sulfide Ag,Ss,

Ag,Ss & 2Agt + S (2.12)

Equation 2.12 shows that when 1 mol of Ag,Ss dissociates, it gives 2 mol of Ag* and
1 mol of $~. The K, of Ag,S is given by

(Ag"! () =K, (2.13)



50 SOLUTION/MINERAL—SALT CHEMISTRY
Setting
(=X (2.14)
since 1 mol of Ag,Ss produces 2 mol Ag* and 1 mol of $*, then
(Agh) =2X (2.15)

Substituting Equations 2.14 and 2.15 into Equation 2.13 gives

2X)* (X) = K, (2.16)
or
4X)’ =K, @.17)
and
X = (K/4)'? = (6.0 x 10°°%4)'” = 2.47 x 107 mol L™ (2.18)

Solving for X (by substituting the K, of Ag,Ss) and con51denng Equations 2.14 and
2.15 gives S*” = 2.47 x 1077 and Ag = 4.94 x 1077 mol L™! activity. To obtain
concentration, single-ion activity needs to be divided by the corresponding single-ion
activity coefficient (see Egs. 2.1 and 2.3).

When one of the ions of a particular mineral is trivalent and the other is monovalent,
such as ferric hydroxide solid [Fe(OH);s], its solubility can be expressed as follows:

Fe(OH)s < Fe** + 30H™ (2.19)
(Fe*(OH)’ =K, (2.20)

Setting
Fe*) =X (2.21)

since 1 mol Fe(OH),s produces 3 mol OH™ and 1 mol Fe**, then
(OH") = 3X (2.22)
Substituting Equations 2.21 and 2.22 into Equation 2.20,
X) 3X)’ =K, (2.23)
or
21X)* = K, (2.24)

and
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X = (K 27)" = (4 x 107%27)"* =592 x 107 (2.25)

Solving for X and considering Equations 2.21 and 2.22 gives OH™ = 1.78 x 10~>® and
Fe** = 5.93 x 107 in units of moles per liter of single-ion activity. Estimating
dissolved concentrations requires the use of single-ion activity coefficients (see Eqgs.
2.1 and 2.3). If the answers obtained by Equation 2.25 represent a good approximation

of the mineral’s solubility, the charge-balance equation, shown below, should be
satisfied:

3(Fe**)+ H = OH" (2.26)
By substituting the estimated single-ion activity values into Equation 2.26,
1.78 x 10738 4+ (1074178 x 10738 2 1.78 x 10738 (2.27)

or

1.78x 10738 + 562 x 1083 % 1.78 x 10738 (2.28)

where 10714 = K, and K_/(OH") = (H"). Therefore, the answer obtained by Equation
2.25 does not satisfy Equation 2.26 [e.g., H is too large (Eq. 2.28)], and the solution
to the problem is therefore incorrect. A correct approach to solve this problem is to
assume that H* = OH™ and the activity of Fe®* can be calculated by rearranging
Equation 2.20 and substituting values for K, and OH" activity at pH 7. Therefore,

(Fe™) =K /(107 =4 x 107107 =4 x 1077 (2.29)

and by substituting the newly estimated concentration values into Equation 2.26, we
obtain

3(4 x 1071 + 1077 = 1077 (2.30)

This equation shows that the solution of Equation 2.29 appears to satisfy Equation
2.26. Hence, in a natural system, Fe(OH),s is not soluble enough to have any adverse
effects on the pH or concentration of Fe**. Note that environmental concerns are raised
when total iron concentration is greater than 107> mol L1,

2.1.2 Single-Ion Activity Coefficient

Mineral solubility in soil-water systems varies and depends on conditions control-
ling single-ion activity coefficients. Gypsum (CaSO,-2H,Os), a common natural
mineral, is used here as an example to demonstrate the influence of single-ion activity
coefficients on mineral solubility. The solubility of CaSO,-2H,Os in water is expressed
as

CaSO,2H,0s &> Ca** + SOF™ + 2H,0 231
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Reaction 2.31 at equilibrium can be described by
K,, = (Ca™*)(SO%")(H,0)*/(CaSO - 2H,0s) (2.32)

Considering that at the standard state (25°C and 1 atmo pressure) the activity of
water (H,0) and the activity of gypsum (CaSO,2H,Os) are set by convention to 1,
the solubility of CaSO,-2H,Os is expressed by

K,= [Ca2+]yCaz+[SO§‘]ysoi— =245x% 107 (2.33)

where the brackets denote dissociated concentration. Substituting the KSP of gypsum
and rearranging

[Ca**]yo > = [SOi‘]ysoi— =(245%10%)2=495x102 mol L' (2.34)

The single-ion activity coefficient (y) for Ca** or SO3~ for a system in equilibrium
with gypsum is approximately 0.5 (see the section entitled Iteration Example in this
chapter). Therefore, dissociated Ca®* or SOﬁ' concentration equals

495x10° mol L1/0.5=9.9x 10> mol L™! (2.35)

Note that when water is added to CaSO,-2H,0s, the latter dissolves until its rate of
dissolution is equal to its rate of precipitation. This is, by definition, the chemical
equilibrium point. If, at this point, a certain amount of NaCl (a very water-soluble salt)
is added, it suppresses the single-ion activity coefficient of Ca®* and SOf‘;’ . Hence, the

SOLY.,mM./L.

CONCN.,mM. /L.

Figure 2.2. Gypsum (CaSO,2H,0s) solubility data demonstrating the tonic strength effect
(salt effect, NaCl) and complexation effect (MgCl,) (from Tanji, 1969b, with permission).
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activity of the two ions is also suppressed, and the rate of CaSO,-2H,Os dissolution
exceeds its rate of precipitation. Under these conditions, the apparent solubility of the
mineral increases to meet a new equilibrium state. Experimental evidence shows that
CaSO,-2H,0s solubility in the presence of 50 mmol L™ NaCl increases by 33% in
relationship to its solubility in distilled water (Fig. 2.2). This solubility enhancement
phenomenon is known as the salt effect or ionic strength effect.

2.1.3 Ion Pair or Complex Effects

When water is added to any mineral (e.g., CaSQ,-2H,0Os), a portion of the mineral
jonizes, forming charged species (e.g., Ca®*, SO%‘ ) which tend to associate with each
other, forming pairs. A pair is an association of two oppositely charged ions, with each
of the ions retaining their hydration sphere, hence, it is a weak complex (Fig. 2.3). The
ability of ions to associate with each other is shown in Table 2.4. Tables 2.5 and 2.6
list some of the most commonly encountered chemical species (ion pairs) in fresh
water. The importance of ion pairing on mineral solubility is demonstrated below.
From Table 2 4,

CaSOj & C&* + SO% (2.36)
with Keq =525x1072. Substituting the Keq value into Equation 2.36 and rearranging,
(Ca*) (S0¥)/(5.25 x 107%) = CaSO} (2.37)

where the parentheses again denote single-ion activity. Substituting single-ion activity
values for Ca** and SO;' from Equation 2.34 into Equation 2.37,

(CaS0Y) = (4.95 x 107%) (4.95 x 107%)/(5.25 x 107%) = 4.67 x 10 mol L™ (2.38)

Therefore, the total calcium concentration [Cay] resulting from gypsum’s solubility is
the sum of all the calcium species in solution:

[Car] = [(Ca™)/yc] + [(CaSOP Mgys0) + - - (2.39)

Figure 2.3. Schematic of an ion pair.
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TABLE 2.4. Ion Pair Equilibrium Constants

in Waters

Reaction K.’
NaSOj; = Na* + SO3” 2.3 x 107!
HSO; =H* + SO%- 1.2x 1072
CuSOY = Cu?* + SOZ- 436 x 107
ZnSO§ = Zn*" + SO~ 5.0x 1073
FeSOY = Fe?* + SO 5.0x 1073
CaSOY = Ca?* + SOZ 5.25x 1073
MnSO} = Mn?* + SOZ 5.25 x 103
MgSO0j = Mg?* + SO3- 5.88x 1073
AlISOj = AP* + SO 6.30 x 10~*
FeSOj = Fe** + SO 7.1% 107
MgCI* = Mg?* + CI 3.2 x 107!
KSO; =K* + S0O% 1.1x 101
KCI°=K* +CI- Extremely high

9These values were selected from Adams, 1971.

Similarly, total sulfate concentration [SO,;] is the sum of all the sulfate species in
solution:

[SO71 = [(SOF) /Y5021 + [(CaSOPYegst] + - - - (2.40)

where the parentheses denote molar activity for the species shown and y denotes the
single-ion activity coefficient. Although Equations 2.39 and 2.40 contain only one ion
pair, there are many other ion pairs in such systems (see Tables 2.5 and 2.6).

TABLE 2.5. Chemical Species in Fresh Waters

Quantitatively Important Species Known to Exist in Minor Quantities

Ca Ca*, CaSOg CaCOf, CaHCO?, CaHPQY, CaH, PO}
Mg  Mg¥, MgSOQ MgCOY MgHCO?}, MgHPO!
Na Na* NaHCO{, NaCO3, NaSO;
K K* KSO;
N(H)  NH; NH,
Mn Mn? MnSOgz, MnCO}
Fe Fe?*, Fe*, Fe(OH)**, Fe(OH);, FeSOY, SOC
Fe,(OH)3*
Zn Zn**, Zn(OH)* ZnSOj
Cu soce Cu?*, CuOH?, CuSOY
Al AP+, AIOH", AI(OH);

9SOC = soluble organic matter complex or chelate.

Source: Selected and adapted from L. G. Sillen and A. E. Martell, Stability Constants of Metal-lIon
Complexes, Special Publication No. 17, The Chemical Society, London, 1964.
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TABLE 2.6. Chemical Species in Fresh Waters

Quantitatively Important Species Known to Exist in Minor Quantities

S SO%-, CaSOY, MgSO09 HSOj3, NaSO3, KSOg, MnSO§, FeSO),
ZnSO§, CuSOY, H,S(aq), HS™

N NO;, N, (aq) NOz, N,O (aq)

Cl CI-

P H,PO;, HPO?-, MgHPQj, CaHPOY, AlH,PO%*+, FeH,PO}*, FeHPO}

CaH,PO}, SOAP"

Si  H,Si0,, HiSi0;

B H,BO, B(OH); soce

C  CO,(ag), H,CO,, HCO;3 CO¥ SOAP, CaCOY, CaHCO$, MgCOY,
MgHCO3$, NaHCO$, NaCO;3;

4SOAP = soluble organic anions and polyanions (e.g., low FW carboxylates such as acetate, uronides, and
phenolates as well as high FW fulvates and humates).

5SOC = Soluble organic complex (especially sugars and organic ligands exposing hydroxyls).

The parameters K, K., and y play a major role in the solubility of all minerals.
By comparing experimental values of Ca; (obtained by equilibrating CaSO,-2H,0Os
in solutions with varying electrolytes) with computer-generated data [by considering
Y, K, of CaSO,-2H,0s, and K, of solution pairs (Table 2.4)], excellent agreement
between experimental and predicted values was observed (Fig. 2.4). The computer
data in Figure 2.4 was produced by a mass balance—iteration procedure which is
demonstrated later in this chapter.

The potential influence of ionic strength and ion pairing on single-ion activity could
be demonstrated through computer simulations. For these situations, a constant
concentration of the cation in question under variable ionic strength is assumed, and
variability in ionic strength is attained by increasing the concentration of NaCl or
Na,SO,. Ion pairs considered along with their stability constants are shown in Table
2.4. The datain Figure 2.5A show that when dissolved potassium is kept constant under
increasing ionic strength, K* activity decreases. This decrease is greater in the SO%‘
system than in the CI” system. The difference is due to the greater stability of KSO;
(Table 2.4; Fig. 2.5C) as opposed to KCI°. Additionally, the decrease in K* activity
with respect to ionic strength can be considered linear.

The data in Figure 2.5A also show that there is a significant decrease in Mg®*
activity as ionic strength increases; furthermore, this decrease is biphasic. Further-
more, the decrease in Mg?* activity is much greater in the SO%‘ system than in the
Cl™ system. The data in Figure 2.5B demonstrate that at 20 mmol_ L™ background
electrolyte (NaCl or Na,SO,), nearly 30% of the total dissolved Mg is in the
MgSOS form and only about 3% is in the MgCl* form. With respect to Mg activity,
the data in Figure 2.5A reveal that at a background electrolyte (NaCl or Na,SO,) of
20 mmol L, Mg?* activity represents 52% of the total dissolved Mg in the Cl1™ system
as opposed to only 34% in the SO%‘ system.
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Figure 2.4. Relationship between experimental and computer-simulated CaSO4-2H;Os solu-
bility at different concentrations of various salt solutions employing an ion association model
(from Evangelou et al., 1987, with permission).

Thus, if a certain amount of MgCl, is added to a solution in equilibrium with
gypsum, the former (MgCl,) ionizes and interacts with Ca®* and SOi‘ forming
magnesium sulfate pairs (MgSO3) and calcium chloride pairs (CaCI*). When this
occurs, the rate of CaSO,-2H,Os dissolution exceeds its rate of precipitation and a new
equilibrium point is established by dissolving more CaSO,-2H,0Os. Experimental
evidence shows that CaSO,-2H,Os solubility in the presence of 50 mmol L' MgCl,
increases by 69% in relationship to its solubility in distilled water; in the presence of
an equivalent concentration of NaCl, solubility increases by only 33% (Fig. 2.2). This
difference in gypsum solubility by the two salts (MgCl, vs. NaCl) is due to the
relatively high pairing potential of divalent jons (Mg?* and SO%“ ) versus the weak
pairing potential of divalent-monovalent ions (Ca?* and CI~ or Na* and SO3™ ) or
monovalent—monovalent ions (Na* and CI7). The solubility enhancement phenome-
non i1s known as the ion-pairing effect.

If a certain amount of MgSO, or CaCl,, or Na,SQO, (all three salts are highly soluble)
is added to a solution in equilibrium with gypsum, the added SOE‘ interacts with the
Ca®* released from gypsum, or the added Ca®* (added as CaCl,) interacts with the
SO released from gypsum, and the rate of CaS0,-2H,Os precipitation exceeds its
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Figure 2.6. Gypsum (CaS042H;0s) solubility data demonstrating the common ion effect
(from Tanji, 1969b, with permission).

rate of dissolution. Because of this, a new equilibrium point is established by precipi-
tating CaSO,-2H,Os. Experimental data show that CaSO,-2H,Os solubility in the
presence of 50 mmol L™! of the SO, salts (MgSO, or Na,SO,) decreases on average
by approximately 33% in relationship to its solubility in distilled water (Fig. 2.6). This
solubtlity suppression phenomenon is known as the common ion effect.

The data in Table 2.7 show selected minerals and their K, values, and the data in

Table 2.8 contain the solubility of selected, environmentally important, minerals in
distilled water in grams per liter.

TABLE 2.7. Solubility Product Constants® of Selected Minerals

Substance Formula K,
Aluminum hydroxide AYOH), 2x 1072
Amorphous silica (5i0, + H,0 = H,S8i0;) 1.82 x 1073
Barium carbonate BaCO, 1.0x 10783
Barium carbonate BaCO, 51x107°
Barium chromate BaCrO, 1.2x 10710
Barium iodate Ba(10), 1.57x 107°
Barium oxalate BaC,0, 23x 1078
Barium sulfate BaSO, 1.3x 1010

(continued)
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TABLE 2.7. Continued
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Substance Formula K,
Ca-phosphate (1) CaHPO,2H,0 275 %1077
Ca-phosphate (2) Ca,H(PO,);3H,0 1.26 x 107
Ca-phosphate (3) Ca,OH(PO,), 1.23 x 10-56
Cadmium carbonate CdCO, 25x 101
Cadmium hydroxide Cd(OH), 59x 10713
Cadmium oxalate CdC,0, 9x 108
Cadmium sulfide CdS 2x 10728
Calcium carbonate CaCO, 1.0x 1083
Calcium fluoride CaF, 49x 101
Calcium fluoride CaF, 1.0 x 107104
Calcium hydroxide Ca(OH), 1.0 x 10731
Calcium monohydrogen phosphate CaHPO, 1.0x 10756
Calcium oxalate CaC,0, 23x 107
Calcium sulfate CaSO, 1.2x10°®
Cobalt carbonate CoCO, 1.0x 1012
Copper carbonate CuCO, 1.0x 1079
Copper(I) bromide CuBr 5.2x107°
Copper(I) chloride CuCl 1.2 x 10°¢
Copper(I) iodide Cul 1.1 x10°12
Copper(]) thiocyanate CuSCN 4.8x 1071
Copper(I) hydroxide Cu(OH), 1.6x107"
Copper(Il) sulfide CuS 6x 10736
Gypsum CaSO, - 2H,0s 2.45x1073
Iron (III) hydroxide (0Fe,0;) Fe(OH); 20x 104
Iron carbonate FeCO, 1.0x 10103
Tron(IT) hydroxide Fe(OH), 8 x 10716
Iron(Il) sulfide FeS 6x 1018
Iron(III) hydroxide Fe(OH), 4x10°%8
Lanthanum iodate La(10,), 6.2x 10712
Lead carbonate PbCO, 3.3x 1071
Lead chloride PbCl, 1.6 x 10-3
Lead chromate PbCrO, 1.8x 101
Lead hydroxide Pb(OH), 2.5x 10718
Lead iodide Pbl, 7.1x10°°
Lead oxalate PbC,0, 4.8x 10710
Lead sulfate PbSO, 1.6 x 1078
Lead sulfide PbS 7x10°%8
Magnesium ammonium phosphate MgNH,PO, 3x10°1
Magnesium carbonate MgCO, 1x10-
Magnesium carbonate MgCO, 1.0x10°°
Magnesium hydroxide Mg(OH), 1.8 x 1071
Magnesium oxalate MgC,0, 8.6 x 107
Manganese carbonate MnCO; 1.0x 10-101
Manganese(Il) hydroxide Mn(OH), 1.9x 108

(continued)
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TABLE 2.7. Continued

Substance Formula K,
Manganese(Il) sulfide MnS 3x 108
Mercury(I) bromide Hg,Br, 58x103
Mercury(I) chloride Hg,Cl, 1.3x10°18
Mercury(l) iodide Hg.l, 45x10%
Nickel carbonate NiCO, 1.0x 10789
Quartz (Si0, + H,0 = H,Si0y) 1.0 10
Silver arsenate Ag;AsO, 1.0x 102
Silver bromide AgBr 5.2x 101
Silver carbonate Ag,CO, 8.1x 10712
Silver chromate Ag,CrO, 1.1x 10712
Silver cyanide AgCN 7.2x 1071
Silver iodate AglO; 3.0x 108
Silver iodide Agl 8.3x 1071
Silver oxalate Ag,C,0, 3.5x 1071
Silver sulfide Ag,S 6 x 1070
Silver thiocynate AgSCN 1.1x 10712
Siver chloride AgCl 1.82 x 10°10
Strontium carbonate SrCO, 1.0 x 1088
Strontium oxalate $rC,0, 56x107®
Strontium sulfate SrSO, 32x107
Thallium(I) chleride TIC] 1.7 x 1074
Thallium(l) sulfide TLS 1.0x 102
Zinc carbonate ZnCO, 1.0x 107
Zinc hydroxide Zn(OH), 1.2x 107"
Zinc oxalate ZnC,0, 7.5x107°
Zinc sulfide ZnS 45x% 10°%

Source: Taken from L. Meites, Handbook of Analytical Chemistry, pp. 1-13. New York: Mc-Graw-Hill
Book Company, Inc., 1963.

Table 2.8. Solubility of Salts in Water

Salt Type Solubility (L™1)

KCl1 238

NaCl 357

RbCl 770

LiCl 637

NH,CI 297

AgCl 0.0009 (exception)

In general, a similar behavior is expected from bromide
salts, nitrate salts, perclorate (Cl10;) salts, fluoride salts,
sulfate salts, hydroxides, and phosphates

AgNO, 1220 (very soluble)
CaClz' 2H20 977

MgCl,6H,0 (continued)
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Table 2.8. Continued

Salt Type Solubility (L")
BaCl, 375
SiCl, 538

In general, a similar behavior is expected from bromide
salts, nitrate salts, and perclorate (C1Oj) salts

PbCl, 9.9
PbBr, 4.5
Pb(ClO,), 5000

CaF, 0.016
MgF, 0.076
BaF, 1.25

StF, 0.11
PbF, 0.64
AlF; Slightly soluble
Low solubility is also expected from the metal sulfides
Ca(OH), 1.85
Mg(OH), 0.009
Ba(OH), 56
Sr(OH), 4.1
Pb(OH), 0.15
Cu(OH), Slightly soluble
Cd(OH), 0.0026
Fe(OH), Significantly soluble
Mn(OH), Significantly soluble
Al(OH); Slightly soluble
CaCO, 0.014
MgCO, 1.79
BaCO, 0.02
SrCO, 0.01
PbCO, 0.001
CuCO, Slightly soluble
CdCO, Slightly soluble
MnCO, Slightly soluble
FeCO; Slightly soluble
Low solubility is expected from phosphates

AlCl, 700

AlF, Slightly soluble
AI(NO,), 637
MgSO,-7H,0 71
CaSO,-2H,0 241
SrSO, 0.1
BaSO, 0.002
PbSO 0.042
CuSO, 143
AlL(S0y), 313

“The values listed are mostly representative of low-temperature
mineral solubility. Use these values only as a guide. The absolute
solubility of minerals in fresh waters is a complex process.

61



62 SOLUTION/MINERAL—SALT CHEMISTRY

ITERATION EXAMPLE

An example of an iteration procedure is presented below using I, Ky and K, of
ion pairs for predicting mineral solubility. Consider

CaSO,2H,0s & Ca™* +S0;” K, =245x 107 (A)
CaSOj & Ca™ +80; K, =5.32x107 (B)

and
(Ca*) (S07)=2.45x 1075 ©)

where the parentheses denote activity.
(Ca®™) = (SO%") = Y mol L™! activity (D)
Therefore,

Y=(245%x10%)"2 =495 %102 mol L} (E)

First Iteration

a. Calculation of ionic strength (I):
1=1/2Y mZ? ()

where m, = Y in mol L~! and Z denotes ion valence The only two chemical species
(m.) considered are CaZ* and SO%‘ .

I1=1/2[(4.95x 107322 + (4.95 x 107324 = 1.98 x 1072 (G)

b. Calculation of single-ion activity coefficients (Ca** and SO3™ ) using the
Guntelberg equation (see Table 2.1):

—logy=0.5 Z2{I"|/[1 + I’ (H)

Substituting values into Equation H,

~log y=0.5 (2)°[(1.98 x 107%)2)/[1 + (1.98 x 107312 @
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and
¥ =0.566 )

Considering (based on Eq. C) that (Ca") = (SO%') = (245 x 10752 a new
dissociated concentration for [Ca®*] or [SO%‘ ] would be estimated using the newly
estimated y value (Eq. J) as shown below:

[Ca®*] =[SO} 1=[2.45 x 1075/(0.566)) =8.74x 10 mol L' (K)

where the brackets denote concentration.
Second Iteration

a. Calculation of ionic strength (/):
1=1/2% mZ? (L)

where m. = ¥ in mol L™! and Z denotes ion valence.
I=1/2[(8.74 x 107%)2% + (8.74 x 107%)2%] = 3.496 x 10™ M)
b. Calculation of single-ion activity coefficients (Ca?* and SO%"' )
-log y=0.5 ZAI'")[1 + 117 (N)
Substituting values into Equation N,
-log y=0.5 (2)

[(3.496 x 1073)2}/[1 + (3.496 x 107312 0)

and
Y=0.484 (P)

Considering (based on Eq. E) that (Ca®*) = (SO2™) = (245 x 107)!2, a new
dissociated concentration for [Ca**] or [SOZ~ ] would be estimated using the newly
estimated v value (Eq. P) as shown below:

[Ca?*] = [SOZ] = [2.45 x 107°/(0.484)2)1/2 = 1,022 x 102 mol L (Q

Third Iteration

a. Calculation of ionic strength (J):
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=172 [mz]* R)
where m, = ¥ in mol L™! and Z denotes ion valence.
I=1/2[(1.022 x 107%)22 + (1.022 x 107%)2%] = 4.088 x 1072 (S)
b. Calculation of single-ion activity coefficients (Ca®* and SOi‘ ):
~log y = 0.5 Z2[I'"*)/[1 + I' (T)
Substituting values into Equation T
—log y=0.5 (2)? [(4.088 x 107%)1/2]/[1 + (4.088 x 107%)!/?] (U)
and
Y=0.46 V)

Considering (based on Eq. C) that (Ca®") = (SO¥ ) = (2.45 x 107 2 a new
dissociated concentration for [Ca**] and [SO2 ] would be estimated using the
newly estimated y value (Eq. V) as shown below:

[Ca®] =[SO ] =[2.45% 107°/(0.46)*]*= 1.076 x 10 mol L (W)
Note that the difference between the last two iterations in estimated [Ca®*] or
[SO2™ 1is relatively insignificant (1.022 x 1072 mol L™! versus 1.076 x 1072 mol
L"), signifying that an answer has been found.
c. Calculation of CaSQ] pairs:
CaSO0{ = (Ca™) (S0%)/5.32 x 1073 X)
where 532 x 107 = K. Since (Ca™) = (803" ) = 4.95 x 107 mol L, by

substituting activity values in Equation X, the concentration of CaSO0 could be
estimated:

(CaS0Y) = [CaSOY] = (4.95 x 107%) (4.95 x 107)/5.32 x 1073
=4.61 x 103 mot L! (Y)

Note that the y value for a species with zero charge (Z = 0) is always approximately

1 (see Eq. H), and for this reason the activity of the CaSO] pair equals the
concentration.

d. Summation of Ca and CaSO} in solution:
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Pairs of CaSOJ = 4.61 x 10> mol L™ or 9.22 meq L™!
Dissociated Ca** = 1.076 x 1072 mol L™! or 21.52 meq L™!
Total Ca in solution = CaSQY pairs plus dissociated Ca®* = 30.74 meq L™

Experimentally determined gypsum solubility is 30.60 meq L~ (Tanji, 1969b) and
Ca®* activity is 4.95 x 10~ mol L~ (9.9 meq L™!). The fact that there is agreement
between experimentally determined gypsum solubility (30.60 meq L™!) and esti-
mated gypsum solubility (30.74 meq L™!) (based on the iteration procedure used
above and considering only the CaSO] pair) suggests that the CaSOY pair only
contributes significantly to the solubility of gypsum.

2.1.4 Role of Hydroxide on Metal Solubility

When a salt is introduced to water (e.g., AICl,s), the charged metal (A**) has a strong
tendency to react with H,0 or OH™ and forms various Al-hydroxy species. Metal-hy-
droxide reactions in solution exert two types of influences on metal-hydroxide
solubility, depending on the quantity of hydroxyl supplied. They either decrease or
increase metal solubility. The solubility of a particular metal-hydroxide mineral
depends on its K, quantity of available hydroxyl, and solution pH of zero net charge.
For example, aluminum (AI**) forms a number of hydroxy species in water as shown
below:

Al = AP* + AI(OH)** + AI(OH); + Al(OH)j + AI(OH), + AI(OH: ™ (241)

where Al = total dissolved aluminum. The pH at which the sum of all Al-hydroxy
species equals zero is referred to as the solution pH of zero net charge. For any
particular metal (e.g., heavy metal), there appears to be a unique solution pH at which
its solubility approaches a minimum. Below or above this solution pH, total dissolved
metal increases (Fig. 2.7). This behavior is dependent on the commeon-ion effect (low
pH) and the ion-pairing or complexation effect (high pH). An inorganic complex is an
association of two oppositely charged ions, with both ions losing their individual
hydration sphere and gaining one as a complex, hence, becoming a strong complex
(Fig. 2.8).

Commonly, different metals exhibit different solution pH of zero net charge. For
this reason, different metals exhibit minimum solubility at different pH values, which
makes it difficult to precipitate effectively two or more metals, as metal—hydroxides,
simultaneously. Thus metal-hydroxide solubility as a function of pH displays a
U-shaped behavior. The lowest point in the U-shaped figure signifies the solution pH
of zero net charge and is demonstrated below. Consider the solid Fe(OH),s,

Fe(OH),s <> Fe?* + 20H" (2.42)

with a K, of 1071*%, and the solution complexation reaction
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Fe(OH),s < 20H™ = Fe(OH)Z" (2.43)
with a K, of 107*%. Letting Fer be the total solubility of Fe(OH),s,
Fe, = Fe? + Fe(OH)Z" (2.44)
Based on the equilibrium expressions of Equations 2.42 and 2.43,
K, = (Fe*)(OH)? = 107 (2.45)
and
K. =Fe(OH); /(OH")* = 1074 (2.46)
Rearranging and substituting Equations 2.45 and 2.46 into Equation 2.44 yields
Fep = K, /(OH)” + K (OH")? (2.47)

The pH of minimum solubility of Fe(OH),s or solution pH of zero net charge can be
obtained by differentiating Equation 2.47 and setting the derivative of Fe; with respect
to OH™ equal to zero. Therefore,

dFe/d(OH") = - 2K /(OH")’ + 2K ,(OH") (2.48)
setting
dFe/d(OH) = 0 (2.49)
then
OH™ = 2K, /2K, )" = [(2 X 10717)/(2 x 107+%)]'
= 10728 mol L! (2.50)

Since pH = 14 — pOH™ (where pOH™ denotes the negative log of OH"™), the pH of
minimum solubility for Fe(OH),s would be 11.21. The example above is only for
demonstration purposes since only two of the many potentially forming Fe?*—hydroxy
species were employed. A graphical representation of the solubility of Fe(OH),s (Eq.
2.47) and Fe(OH);s as a function of pH are shown in Figure 2.7. The data in Figure
2.9 show the solubility of various heavy metals as a function of pH, whereas the data
in Figure 2.10 show the decrease in metal-hydroxide solubility as pH increases
(common ion effect). They do not, however, show the expected increase in metal—
hydroxide solubility as pH increases.

The pH-dependent solubility behavior of metal-hydroxides and the corresponding
solution pH of zero net charge can be demonstrated by deriving pH dependent
solubility functions for all the metal-hydroxy species of a particular metal in solution.
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Figure 2.9. Solubility of various metal-hydroxides as a function of pH.
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Figure 2.10. Solubility of various metal-hydroxides. Note that the figure exhibits only the
common ion effect (from U.S. EPA, 1983).
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These functions are then plotted as a function of pH. Functions of the Al-hydroxy

species are derived below to demonstrate the process.

Alp= AP + AIOH)* + AIOH)} + . ...

(2.51)

where AI** is assumed to be controlled by the solubility of Al(OH),s. The reaction

describing the first Al-hydroxy species is

K 1
AP* + H,0 & AI(OH)> + H*

_ (AI[OHF*") (H)
eql ( A13+)

= 10—5,1

Rearranging Equation 2.53 to solve for Al(OH)**,

3+
AI(OH)2+ = Eﬂl@l_.)_

(HY

The reaction describing the second Al-hydroxy species is

qu

Al(OH)*" + H,0 & AOH)} + H*

and
AI[OH]}) (H*
eq2= ( 2)5 ) = 10—9.9
AI(OH)*
Rearranging Equation 2.56 to solve for Al(OH);
K. (AIJOHI*)

Al(OH)} = i

Substituting the AI(OH)** term of Equation 2.57 with Equation 2.54 gives

K, K
Al(OH)} =2~

Finally, substituting Equations 2.54 and 2.58 into Equation 2.51 yields

Keql(A13+) N KeqlKeqz(AP")

Al =AP* +
' (H" (H"?

(2.52)

(2.53)

(2.54)

(2.55)

(2.56)

2.57)

(2.58)

(2.59)
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A common denominator for Equation 2.59 is obtained by multiplying the first two
terms on the right side of the equal sign with (H")? and (H*), respectively. Thus,

_ (HHYAP N K. (HY) (A1) N Koy Kop(AT) (2.60)
T (H+)2 (H+)2 (H +)2
or
AL - (APHIHY + K,y (HY) + K, Kool (2.61)
! =Y

Taking the inverse of Equation 2.61,

1 (H"? (2.62)

Alp  (APH[(HY? + Ko (H) + K1 Ko

Equation 2.62 can be used to estimate the percentage of species as a function of pH as
follows: Rearranging Equation 2.62 gives

3+ 2
(AP oo (H")

= x 100 (2.63)
Aly [(H') + K gy (H") + K., K, )]

To estimate the percentage of AI(OH?*) species, multiply both sides of Equation 2.62
with Equation 2.54:

2+ +\2 K_ (AP
————Al(gf{) X 100 = ————— (f{ ) : ‘*‘11(+ ] x 100
T (AI)[H)" + (H )(Keq1) + (chchqg)] (H") (2.64)
Simplifying,
2+ K H+
——AI(EIH) X 100 =—— j‘”( ) x 100 (2.65)
T [HT) + H)K + Koy 1Kegal

To estimate the percentage of Al(OH); species, multiply both sides of Equation 2.62
with Equation 2.58:

Al OH + +\2 K K A13+
f&l : X100 =————"—"— (H+) = eq+2(2 ) x 100
T (Al ) [(H ) + (H )(Keql) + KeqlKeQZ] (H ) (266)
Simplifying,
+
Al(OH)z % 10 KeqlKeq2 % 100 (267)

AIT B [(H+)2 + (H+)(Keq1) + ch lKqu]
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Figure 2.11. Relationship between pH and the distribution and average charge of soluble
aluminum species (from Marion et al., 1976, with permission).

Equations 2.63, 2.65, and 2.67 can be plotted as a function of pH to produce a graphical
solution. The aluminum speciation example above deals only with three Al species.
However, any number of Al species can be calculated (Baes and Mesmer, 1976), as
shown above, using the appropriate Keq constants. The data in Figure 2.11 show six
Al species and their average charge as a function of pH. The pH at which the
Al(OH)] is at maximum is the solution pH of zero net charge. At this pH, one expects
the AI(OH), solid to exhibit its lowest solubility (see Section 2.1.5). The presence and
actual behavior of these aluminum species in nature is of great interest because of their
different toxicological effects.

SPECIAL NOTE

Minimum metal-hydroxide solubility or metal solubility at the solution pH of zero
net charge can be approximated using the K, of the metal-hydroxide pair with zero
charge (M(OH)}. Consider,

K, (A)
Al(OH);s & AI** +30H"

Ko (B)
Al + 30H & A(OH))

Summing Reactions A and B,
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KK, (C)
Al(OH),s & AI(OH)Y

and
(A(OH)}) = [AI(OH)}] = KK, mol L™ (D)

Parentheses denote activity and brackets denote concentration of the species. The
concentration of the AI(OH)] species represents approximately the lowest possible
solubility point of the mineral and it is the product of two constants (Ksp-Keq). Thus,
its magnitude is not in any way related to pH. Mineral solubility increases as pH
increases above the solution pH of zero net charge because of increasing complexa-
tion effects, and mineral solubility also increases at pH values below the solution
pH of zero net charge because of diminishing common-ion effects (Fig. 2A). All
minerals are subject to the common-ion effect and many minerals are subject to the
complexation or ion-pairing effect (Fig. 2B).

Consider the mineral CaSO, - 2H,Os. The common-ion effect can be demon-
strated by expressing its-solubility as

(Ca™) =K, /(SO}) E)

Equation E shows that when SO%‘ activity (or concentration) increases (due
perhaps to the addition of Na,SO,, a very water-soluble salt), Ca?* activity (or
concentration) decreases. It appears from Equation E that a continuous increase in
SO%‘ activity (or concentration) would suppress Ca?* activity (or concentration)
and would approach asymptotically zero. However, the latter does not occur
because dissolved Ca (when under the influence of the common-ion effect) is
controlled by the CaSOY - pair. Consider

I 11 i L) I' L I l T 1_7_
2 -
o) —

°

L Total Al 0 7
Zero Point of Net Change 1

1 2 1 3 1 o 1 00 1 4t 5 1 5 1 5 1 o
2 3 4 5 6 T 8 9 10 1l 12 13

pH

Figure 2A. Distribution of total dissolved Al and AI(OH)§ pairs at an ionic strength 1 M

and temperature of 25°C in solutions saturated with a-Al(OH); (adapted from Baes and
Mesmer, 1976, with permission).




2.1 INTRODUCTION 73

1.0 B

InC)

= 08

J

g 06 |-

o

>

3 oz}

8 Colculafed"\\
0 1 I et [
-50 -40 -30 -20 -10 0

log mol L' KCI

Figure 2B. Solubility of AgCls as a function of KCIl concentration (from Skoog and West,
1976, with permission).

- )
CaSO,2H,0s ¢ Ca’* + SO
ands
Keq
Ca®* + SO% & CaSC) ©)

Summing Reactions F and G,

o ()
CaSO,2H,0s ¢ CaSO!

and

(CaSOY) = [CaSOg] = KK, = (245 X 107°)(1.9 x 10%) = 4.65 x 10~ mol L™
@
The concentration of the CaSOg pair is the product of two constants (K ), and

K
peq
therefore, is independent of the common-ion effect (Fig. 2C).

Congruent and Incongruent Dissolution

Congruent dissolution refers to the potential of a mineral to undergo dissolution but
not form any secondary minerals by the dissolution products. For example, in the
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Figure 2C. Influence of SO, concentration on CaSO] and Ca®* in a solution under
equilibrium with CaSO4-2H,0s.

case where CaCOjss is introduced to water the following reactions are hypothesized
to take effect:

CaCO,s & Ca?* + CO3” (@)
CO;™ +2H,0 < 20H™ + CO, (K)

and
Ca® + 20H™ < Ca(OH),s L)

However, since the solubility of CaCO;s is much smaller than the solubility of
Ca(OH),s (Table 2.7), the latter does not form under the conditions described above,
hence, there is congruent dissolution.

In the case where Ca(OH),s is introduced to water,

Ca(OH),s & Ca** + 20H" M)

CO, + 20H" & HCO; (N)

and
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Ca** + HCO; & CaCO,s + H" ©)

Reactions M-O represent incongruent dissolution of Ca(OH),s because the solu-
bility of CaCO,s is much smaller than the solubility of Ca(OH),s (Table 2.7).
Therefore, introduction of Ca(OH),s to water in equilibrium with atmospheric CO,
leads to spontaneous formation of CaCQO,s. The well-known incongruent dissolu-
tion phenomena are those representing the dissolution of aluminosilicate minerals.
For example, K-feldspars (orthoclase) undergo incongruent dissolution when ex-
posed to water and carbonic acid to form kaolinite:

2KAlSi,Ogs + 2H,CO; + 9H,0 — ALSi,0,(OH),s + 4H,SiO, + 2K* + 2HCO;
(K-feldspars) (Kaolinite) (P)

Metal Hydrolysis

Charged metals (cations) in water behave as Lewis acids (willing to accept elec-
trons). Water on the other hand, because it is willing to share its two unshared
oxygen-associated pair of electrons, behaves as a Lewis base. Strong H,O-metal
(Lewis base—Lewis acid) interactions allow H* on the water molecule to dissociate,
hence, low pH water is produced. The degree of dissociation of water interacting
with a cation (M™) is described by the metal hydrolysis constant (Table 2A)

M™ + H,0 < MOH®™" + H* Q

The larger the hydrolysis constant is the stronger the H,O-metal interaction and
the lower the solution pH.

Simultaneous Mineral Equilibria

An interesting case in mineral equilibria is the presence in a soil-water system of
two minerals with a common jon. An example of such a case is barium sulfate
(BaSO,) plus calcium sulfate (CaSO,). Which mineral would be controlling
SO3™ in the system? Two conditions would need to be met in such a system; one
is mass-balance while the second is charge balance. The mass-balance is given by

S0%" = Ca® + Ba** ®R)
The charge balance is given by

H' + 2Ca* + 2Ba®* = 2502 + OH" (S
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Table 2A. Solubility Products and Hydrolysis Constants of

Metal Ions®

Ion log K, log Ko ¢ log K.,
Be?* -21 -6.5

Mg -10.8 -12

Ca® -5.0 -12.5

Mn? -125 -10.5

Fe?* -14.8 -7

Niz -15 -8

Cu?* -19.5 -1.5

Zn?* -17 -9.1

Cd?* -14 -10

Hg* -25.5 =35

Pb?* -18 -8

Al* -33.5 = -5.5
Fe** -39 -2.9 -33
La3+ -20 -9

Ti** [(Ti0,)(OH)?) -29 >-1

Th* -44 4.1

Source: From L. G. Sillen and A. E. Martell, Stability Constants. Special
Publication No. 25, The Chemical Society, London, 1974,

Considering that the pH would be nearly neutral because of the small hydrolysis
constants of the solution species involved (Ca?*, Ba?*, SOﬁ‘ ) (Table 2A), no other
solution species in significant concentration would be involved. Setting mass-

balance equals to charge-balance,

SO - Ca% - Ba® = - H'-2Ca® - 2Ba* + 2503 + OH~ (Sy)

and assuming that H* = OH", then
SO;” =Ca® +Ba®
since
Ca™ = K ycas0,/SO
and

Ba™ = K, .50 »/SO

4

4

(M

)

v)
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Substituting Equations U and V into Equation T and introducing Ksp values,
SO = [(1.2 X 107%) + (1.3 x 10711/ W)

Since the K| o of CaSO, (1.2 x 107%) is at least 100 times greater than the K, of
BaSO, (1.3 x 10710y, CaSO would be controlling the concentration of SO4
solutlon

Solution Complexes and Mineral Solubility

Let us consider the mineral Ag,Ss. Upon introducing water, Ag,Ss undergoes
dissolution until an equilibrium state is met:

Ag,Ss & 2Ag* + 8% X)
A mass-balance equation can be written as
12Ag* =S* (Y}

However, since sulfide (S*") undergoes speciation when reacting with water,
reactions for all potentially forming species would have to be written as

S* + H,0 & HS™ + OH" Z)
S"+H,0 < H,S + OH" (A"

and
H,0 & H' + OH- B

Complete mass and charge-balance equations can now be produced. The mass-
balance equation is

Ag=2S* +2HS™ +2H,S ()
and the charge-balance equation is
Ag*+H*=28" + HS + OH" (D)
Considering that the K, of Ag,Ss (6 x 107%) is too small to affect water pH,
OH =H* (E")

Setting the mass and charge-balance equations equal,

~Ag +25% + 2HS™ + 2H,S = + Ag* - 25> - HS" F)
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Collecting terms and simplifying,
Agt=28%+3/2HS + H,S (G

We can now proceed to solve Equation G” by substituting equations for the sulfide
and OH™ species from reactions X, Z, A’, and B’. Therefore,

Agh={(12x 107°) +3/2(K_;)(6 X 107°)(107) + (10')K K, (6 x 1079)}!/°

and )

Ag*=2.54%x10" mol L™ @)

where 6 X 107° = K % of Ag,Ss, K. = 8.3 is the equilibrium constant for Reaction
Z,Kp=18x% 1077 is the cqu111br1um constant for Reaction A’, and 107 is obtained
by assuming OH~ equals 1077 M and rearranging.

The above solution approach can be used for any problems involving mineral
solubility and complexation. Complexes may either form by the species released
from the particular mineral in question or by any other inorganic and/or organic
ligands (e.g., chelators).

2.1.5 Solubility Diagrams

In addition to speciation diagrams on a percent species basis (Section 2.1.4), solubility
diagrams can be plotted on a logarithmic scale of molar concentration. For example,
in the case of Al(OH),s, a mineral which regulates aluminum in the solution of many
soils, the solubility can be expressed as follows:

AI(OH); <> AIP* + 30H" (2.68)

with K, =1.9% 1037, Using the equilibrium expression for the above reaction, when
pH = 14 — pOH, substituting and solving for Al**, the logarithmic equation is

pAI** =-9.28 + 3 pH (2.69)
Similarly, for the reaction
AP+ H,0 & Al(OH)* + H* (2.70)

K, = 1071, Using the equilibrium expression for the above reaction and solving for
AI(OH)*, the logarithmic equation is

pAI(OH)** = -4.18 + 2pH (2.71)

And finally, for the reaction
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Figure 2.12. Distribution of hydrolysis products at ionic strength 1 M and temperature of 25°C
in solutions saturated with 0-Al{OH); (gibbsite). (The first number denotes the number of Al
atoms in the species; the second number denotes the number of OH molecules in the species.
(adapted from Baes and Mesmer, 1976, with permission).

APP* + 40H™ & Al(OH); + H* (2.72)

K__ = 10732, Using the equilibrium expression for the above reaction, substituting
AI’* by Equation 2.69, and considering that pH = 14 — pOH, substituting and
rearranging the logarithmic equation yields

pAl(OH); = 14.22 ~ pH (2.73)

One may plot Equations 2.69, 2.71, and 2.73 as pAly, 4, species versus pH. This
will produce three linear plots with different slopes. Equation 2.69 will produce a plot
with slope 3, whereas Equations 2.71 and 2.73 will produce plots with slopes 2 and
-1, respectively. The sum of all three aluminum species as a function of pH would
give total dissolved aluminum. This is demonstrated in Figure 2.12, which describes
the pH behavior of eight Al--hydroxy species. The following three points can be made
based on Figure 2.12; (1) aluminum-hydroxide solubility exhibits a U-shaped behav-
ior, (2) aluminum in solution never becomes zero, and (3) different aluminum species
sredominate at different pH values.

Aluminum-hydroxy species are known to exhibit different biological activity. For
:xample, data have shown that some leafy plants are sensitive to A1** while others are
tnown to be sensitive to AI(OH) monomers. It has also been shown that polymeric
duminum (more than one Al atom per molecule) is toxic to some organisms. Alumi-
wim is one of the cations most difficult to predict in the soil solution. This is because
t has the ability to form complex ions such as sulfate pairs and hydroxy—Al monomers
ind polymers.

The presence of sulfate in water can alter the solubilities of gibbsite and kaolinite,
wo minerals considered to control the concentration of aluminum in natural waters.
“hus, minerals of lesser solubilities control the aluminum concentration in acid sulfate
vaters. These minerals most likely are: alunogen [Al,(SO,);-17H,0s], with a KSp of

077; alunite [KAL(SO),(OH)s], with a K, of 107°% jurbanite [Al(SO,)(OH)-
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Figure 2.13. Solubility diagrams showing the pH range for the most stable Al-OH-SO4
minerals for a potassium activity of 10~% M and a sulfate activity of (¢) 10~* M and (b) 1072 M
(from Nordstrom, 1982b, with permission).

5H,0s], with a K, of 1077, and basaluminite [Al,(SO,)(OH),;:5H,0s], with a K
of 1071177, The pH stability range for these species at SOZ‘ activity of 10 mol L™ 1s
predicted to be between pH 0 and 3.3 for jurbanite and between pH 3.33 and 4.47 for
alunite. Beyond pH 4.47, gibbsite [ A1(OH),s] appears to control aluminum in solution.
This is demonstrated in Figure 2.13a. On the other hand, when SO2~ activity is 1072
mol L7}, between pH O and 4, jurbanite controls aluminum in solution, whereas
between pH 4 and 5.7, alunite controls aluminum in solution. Beyond pH 5.7, gibbsite
[AI{OH),s] controls aluminum in solution (Fig. 2.13b).

2.2 SPECIFIC CONDUCTANCE

Specific conductance or electrical conductivity (EC) of a solution (e.g., natural water
sample) is a function of total dissolved ions, type of ions, and their potential to form
charged or noncharged pairs or complexes. The equation used to predict EC, in units
of milimhos per centimeter (mmhos cm™), is

EC =AC/1000 (2.72)

where A denotes the limiting ionic conductance in units of cm? (equiv-Q)~!, and Cis
concentration in equiv L™}, Limiting ionic conductance values (A) for different ions
are shown in Table 2.9. These data show that because A values between various ions
differ, any two solutions with similar concentrations (in equivalents) will produce
different EC values.
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TABLE 2.9. Equivalent Ionic
Conductance of Different Ions Found

in Natural Water Systems
Ion A [cm? (equiv Q)71)
H* 349.8
K* 73.6
Ca* 59.5
Mg 531
OH- 198.0
Cl- 76.3
SOf 79.8
HCO; 44.5
NO;3 714

Source: Tanji, 1969a.

Generally, the most commonly encountered ions in natural bodies of water, with
the exception of H" and OH™, exhibit A values in the range of approximately 50—-80
cm? (equiv-Q)‘l. Hydrogen and OH™ exhibit A values of 349.8 and 198.0 (equiv-Q)'l,
respectively. Because H" and OH™ exhibit much greater A values than all other metallic
ions, and because ions in solutlon have a tendency to interact physically with each
other (form pairs or complexes), the relationship between solution EC and solution
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Figure 2.14. Relationship between EC and dissolved solids for CI--dominated and SO "-domi-
nated water systems (from Evangelou and Sobek, 1988, with permission).
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salt content is pH-dependent. At low pH (< 3) (e.g., acid drainages), the contribution
of H* to EC is significant. Additionally, ionic interactions also exhibit significant
impact on the relationship between EC and salt concentration. The influence of ionic
interactions on EC is demonstrated in Figure 2.14. Note that two solutions represented
by different anions (C1- versus SO~ ) but the same EC differ greatly in total dissolved
solids (Evangelou, 1995b).

Electrical conductivity is one of the most rapid and inexpensive measurements that
can be made to assess water quality. It is a common practice to change EC values into
milligrams per liter (mg L™!) or parts per million (ppm) of dissolved solids. The
equation for doing so is:

1 mmhos cm™(EC) x 10 = 10 meq L!x64 mg (me:q)'1
= 640 ppm dissolved solids (2.73)

where 64 represents an average equivalent weight of salts commonly found in natural
waters, and 10 represents a constant.

Example

Given: A water sample with an EC of 0.5 mmhos cm™!
Find: Parts per million of dissolved solids
Solution: 0.5 x 10 = 5 meq L™! x 64 mg (meq)~' = 320 ppm

Equation 2.73 is only applicable to water samples with EC less than 1 mmbhos em™.

For EC greater than 1 mmhos cm™, Equation 2.73 gives erroneous results. For
example, according to Equation 2.73, a water sample with an EC of 2.3 mmhos cm™
will have approximately 1472 ppm dissolved solids. If this water sample represented
a sulfate water, its actual dissolved solids would be nearly 1900 ppm. For water samples
with an EC above 1 mmhos cm™! Equation 2.74 maybe more applicable.

ppm(dissolved solids) = 640(EC)1.087 (2-74)

where EC is in mmhos cm™! or dS m™L.

2.3 ACIDITY-ALKALINITY

There are two kinds of acidity or alkalinity components in natural systems: (1) acidity
or alkalinity dissolved in water, and (2) acidity or alkalinity present in the solid phase.
The solid-phase acidity or alkalinity represents the reservoir of acidity or alkalinity
encountered in water. By definition (commonly employed by commercial analytical
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laboratories), acidity refers to the amount of base added to 1 L of solution to bring the
pH to 7 or 8.4. Alkalinity refers to the amount of acid added to 1 L of solution to bring
the pH to 4.2. These definitions of acidity or alkalinity are limited in that they do not
reveal the pH range at which maximum pH buffering capacity is exhibited. The pH
range at which maximum pH buffering capacity is exhibited is related to particular
chemical species in solution.

2.3.1 Alkalinity Speciation

There are two potential inorganic alkalinity sources in natural water systems. One is
phosphate (HZPO;/HPO§') and the other is bicarbonate(HCO3/H,CO,). The role of
the H,PO,/HPO} ™ alkaline buffer is minimal, simply because its concentration in
natural water systems is negligible. Bicarbonate plays a very important role in
buffering large natural bodies of water. Two examples that show the role of bicarbonate
and atmospheric CO, in controlling pH of rain and natural bodies of water are given
below.

Keq1
pCO, + H,0 & H,CO, (2.73)

where pCO, denotes partial pressure of CO,, and

K
H,CO, & H*+HCO; (2.78)
Summing Reactions 2.75 and 2.76,
K _K
pCO,+H,0 & H'+ HCO; 2.77)
and
Ko1K o2 = (HY) (HCO3)/pCO, (2.78)
Since
H"=HCO; (2.79)
then
H' = (K, K, ;pCO,)"" (2.80)

Substituting values into Equation 2.80,

H*= [(10—1.47) (10—64) (10—3.52)] n (2.81)
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TABLE 2.10. Carbon Dioxide

Content of Water and pH
Pressure CO; (atm) pH
0.0003 572
0.0030 522
0.0100 495
0.1000 4.45
1.0000 3.95
H*=2.04 x 105 mol L™ (2.82)
pH=5.69 (2.83)

The actual measured pH of rainwater in equilibrium with atmospheric pCO, is
somewhere around 5.6. Values of pH below 5.6 can either be due to an increased pCO,
or to industrial emissions causing what is known as acid rain. As shown, the dissolution
of CO, in water is an cause of acid water (Table 2.10). However, considering that soils
and/or geologic systems are sources of HCO; and CO%', when water contacts soil or
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Figure 2.15. Dependence of pH in solution on the atmospheric pressure of CO; (expressed as
percent by volume), and the addition of strong acid or base (from McBride, 1994, with
permission).
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TABLE 2.11. Compoesition of Soil Air?

Sandy Loam Silty Clay Loam Silty Clay

Depthof .

Sample (ft) CO, 0, Co, 0, CO, 0,
1 0.8 19.9 1.0 19.8 1.7 18.2
2 1.3 194 32 17.9 2.8 16.7
3 1.5 19.1 4.6 16.8 3.7 15.6
4 2.1 18.3 6.2 16.0 79 12.3
5 2.7 17.9 7.1 153 10.6 8.8
6 3.0 17.5 7.0 14.8 10.3 4.6

9Given as percent by volume of air.

geologic environments, additional HCOJ is picked up and this shifts the pH value of
the water upward.

The role of external alkalinity sources in regulating pH is demonstrated in Figure
2.15. It shows that addition of a base (e.g., an external source of OH") reduces to some
degree the capacity of CO, to bring the pH below 4 as CO, approaches 10%. However,
when CO, is less than 10%, the pH becomes highly sensitive to pCO, changes.
Addition of external acidity, so that the pH becomes approximately 3.95 (Table 2.10),
diminishes the capacity of CO, to have any pH control since only formation of H,CO,
(a weak acid) takes effect. Soil systems exhibit pCO, values higher than those
encountered in the atmosphere (Table 2.11). For this reason, CO, is considered a cause
of soil acidification, especially in the absence of an external HCOj source. For
example, the titration data in Figure 2.16 along with the data in Figure 2.15 show that
CO, has the potential to drop the pH low enough (= 4.3) so that AI(OH),s dissolution
would have an effect, a major environmental concern. However, the pH of soil resulting
from pCQO, could not get low enough to dissolve Fe(OH),s.

/ :
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3k / *
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Figure 2.16. Potentiometric titration of Fe3* and AI**.
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Figure 2.17. Potentiometric titration of Na,COj5 solution.

The maximum buffering capacity of the H,CO,-HCO;3 —CO%“ system occurs at
pH 6.4 and 10.3, because at pH 6.4 the H,CO, is equal to HCOJ and at pH 10.3 the
HCO;J is equal to CO§'. These pH buffer relationships are shown in Figure 2.17. The
same data can also be presented as carbonate species in percent versus pH (Fig. 2.18).
The y intercepts at 50% of the species shown, when extrapolated to the x axis, are
indicative of the pH values at which maximum buffering capacity occurs. To under-
stand Figure 2.18 clearly, the following mathematical relationships should be under-
stood. The total dissolved carbonate (C;) is described by

C=H,CO, + HCO; + COY (2.84)

The percentage of any of the carbonate species in relationship to C; can be expressed
as

% H,CO4 = (H,CO,/C;) X 100 (2.85)
% HCO; = (HCOy/C,) x 100 (2.86)
% CO2™ = (CO%/Cy) % 100 (2.87)

when

HCOj; = (H,CO,) (K, /(H") (2.88)

ql
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Figure 2.18. Speciation diagram of the carbonate system.

ind
COy = (K,y) (HCO3)/(H") (2.89)

3y substituting Equations 2.88 and 2.89 into Equation 2.84 and rearranging, the
ollowing equations are derived:

% H,CO; = [(H)/{(H") + K o (H") + (K,

q1Keq2) H X 100 (2.90)

% HCO; = [(H" (Keq,)/{(H*')2 + Koy (HY) + (K, K, )} 1 X 100 (2.91)
nd

% CO5 = [(K K )/ {(H'Y + K (H) + (K K )} x 100 (292)

ql

/here K, and K., are 1075 and 107'%3, respectively. Knowing the pH of a given
sater sample and its C; (obtained by titration), % H,CO,, % HCO;3 , and % CO%'
an be calculated as a function of pH by Equations 2.90-2.92, as shown in Figure 2.18.

.3.2 Neutralization Potential

ienerally, natural water contains two types of dissolved inorganic components, anions
nd cations. Anions are negatively charged, such as sulfate (SOﬁ"), chloride (C17) and



88 SOLUTION/MINERAL—SALT CHEMISTRY

nitrate (NO3), whereas cations are positively charged, such as calcium (Ca’"), magne-
sium (Mg?"), sodium (Na*), and potassium (K*). Beginning with the concept of
electroneutrality,

Ezici_EZjAj:O (2.93)

where Z denotes sum, Z and Z, are the valency of cations and anions, respectively, and
C and A; denote the concentrations of anions and cations, respectively. For any water
sample, the electroneutrality equation would be as follows:

[2Ca%* + 2Mg?* + Na* + K* + H'] -
[2S0% + CI” + NO; + OH™ + 2CO% + HCO3] =0 (2.94)
Equation 2.94 can be used to calculate alkalinity by considering the following:
Alkalinity = 2C03™ + HCO; + OH™ - H* (2.95)
Note that Equation 2.95 does not include the H,CO, component, which is part of C;
(Eq. 2.34).
A more appropriate way of expressing alkalinity and/or acidity of acid waters

emanating from natural environments is by defining the term commonly known as
neutralization potential (NP):

NP =2CO3} + HCOj; + OH™ - HSO;

— HY = 2Mn?* - 2Fe?" - 2Cu?* - 3AI* (2.96)

If the solution to Equation 2.96 gives a negative number, this value is considered to be
acidity. However, if the solution gives a positive number, this value is considered to be
alkalinity.

2.3.3 Alkalinity Contribution by CaCO3

Alkalinity of effluents in natural systems is often controlled by carbonate minerals.
The most common carbonate mineral in the environment is limestone (CaCO,). The
factors that affect CaCO, solubility are pH and pCO,. The equations that one needs to
consider in estimating solubility and alkalinity are

Ka (2.97)
CaCO, & Ca}, + CO%"
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Kqu
CO,,, + H,0 & H* + HCC; (2:99)
Fa (2.100)
HCOj < H' + CO%- '
where
k = Henry’s constant = 1071 (2.101)
pCO, = 10733 (2.102)
K. =107 (2.103)
K,p=105¢ (2.104)
Koy =107 (2.105)
If
Ca®* =K, /CO} (2.106)
then, based on Equations 2.98-2.102,
HCOj = (CO,, )(10754yH" (2.107)
CO3 = (HCO;)(1071%3)/H* (2.108)

Substituting Equations 2.98 and 2.107 into Equation 2.108,
CO3™ = (pCO,X107+9(10764)(107103) /(H*)? (2.109)

Substituting Equation 2.109 into Equation 2.106 and taking logarithms on both sides
of the equation,

log Ca** =9.9 - 2pH + log 1/pCO, (2.110)

Because pH and pCO, are interdependent, another way to predict the solubility of
CaCO, based on equilibrium considerations is as follows. Considering that

CO,yy + H;0 & H' + HCO3 (2.111)

and
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HCO; = (1074)(CO,,,)/H" (2.112)
If
CO,,, = pPCOL(107) (2.113)
then
CO,,, = (107°)(107"%) = (10°7%) (2.114)
By replacing CO,,, in Equation 2.112 with the value estimated by Equation 2.114,
HCO; = (10714/H" (2.115)
and
COF = (107'%*)(HCO3)/H* (2.116)

Substituting Equation 2.115 into Equation 2.116 gives

COF = (107193107114 /(H*)? = (1072 )/ (HYY? (2.117)
Since
2Ca** + H" =2C05™ + HCO; + OH” (2.118)
and
Ca** =Ksp/CO3” (2.119)

Then substituting Equation 2.117 into Equation 2.119 gives
Ca® = 1078310 /(HH] (2.120]
or
Ca®* = 10"4(H*)? (2.121)

Substituting Equations 2.115, 2.117, and 2.121 into Equation 2.118 and rearranging
gives

(H+)l3.7(H+)4 + (H+)3_ 10—11.4(H+) = 10—21,4 (2122)

Equation 2.122 can be solved by trial and error, giving (Ca®*") = 1074,
(CO%) =107, (HCO; )= 107, (H,CO,) = 107°, and (H*) = 10~** (Garrels and Christ,
1965). By generating similar equations for various pCO, values, Figure 2.19 is
produced. As shown from Equation 2.110, the solubility of CaCO, depends on two
variables, pCO, and pH. When pCO, changes, pH and Ca®* also change. The concen-
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Figure 2.19. Stability diagram of CaCO; in natural water systems and soil or geologic solutions
ifrom Jackson, 1975, with permission).

tration of Ca®* reflects the level of alkalinity in water since mass balance reveals that
any Ca** quantity (in equivalents) released from CaCO, must be accompanied by a
similar quantity (in equivalents) of HCOj. Figure 2.19 indicates that as pCO, increases,
HCOj also increases and parallels the increase of Ca’*. When the pH decreases,
however, OH™ and CO3™ decrease. However, the magnitude of the decreases of OH"
and CO%“ is small in comparison to the increases in HCO3 . Based on the above,
alkalinity increases as pCO, increases, but pH decreases. Note that in the case of
absence of CaCO;, alkalinity is independent of pCO,.

24 CHELATES

Chelates refer to organic molecules that have the potential to form inner-sphere
complexes with divalent hard metals and heavy metals. The behavior of the complex
. ion is, in general, different from that of the noncomplexed ion. For example, copper
kyvdroxide precipitates when sodium hydroxide is added to a solution of Cu®*. If
hydroxide is added to a solution containing strongly chelated Cu®*, no precipitation
tzkes place. Chelation is the process by which metals bond to ligands or functional



92 SOLUTION/MINERAL—SALT CHEMISTRY
AN
0] o M—O 0 0] 0 M—O0 0—M
R N Ny N
o 0 o 0 o o) o] 0
Free ion Unidentate complex Bidentate complex Bridged bidentate
_ IOl oa
/ )
TR o,
/C"\ Cl
o /
0 ___.—-—-—“M\ /CH,
/ P N CH,
c
=L\
CH
/ 2z
[&
l
L O i
Polydentate complex

Figure 2.20. Schematic of ligands (from Skoog and West, 1976, with permission).

chelate groups. There are various coordination modes of metal-chelate complexes.
These modes include monodentates (single point of chemical bonding), bidentates
(double point of chemical bonding), and polydentates (three or more points of chemical
bonding (Fig. 2.20).

The treatment of complex ion equilibria in solution is analogous to the treatment
of weak acids. One of the best known chelators is the well-known EDTA (ethylene
diamine tetraacetic acid). The metal stability constants for EDTA are very high, which
indicates strong complexes. Various other compounds are available with high metal-
stability constants for agricultural or environmental uses. Some of the more important
ones are DPTA (diethylene triamine pentaacetic acid), CyDTA (cyclohexane diamine
tetraacetic acid), EDDA [ethylene diamine di (O-hydroxyphenyl acetic acid], or
Chel-138.

Tables 2.12 and 2.13 list the logarithm of the stability constants for the complexes
of these chelating agents with various metal ions. Note that with the exception of
Chel-1338, calcium and magnesium form rather stable complexes with these chelating
agents; Fe’* forms the most stable chelate of any metal listed. Generally, ferric iron is
followed by Cu?*, Zn?*, Mn**, Fe?*, Ca®*, and Mg?*. The weak acid properties of these
chelating agents must be considered in any evaluation of their behavior. Because they
are weak acids, the hydrogen ion tends to compete with the metal ions for association
with the active groups.
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TABLE 2.12. Log Stability Constants
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Metal Ion EDTA DPTA CyDTA Chel-138
Mg?* 8.69 9.0 10.3 2.3
Ca? 10.59 10.6 12.5 1.6
Cu® 18.80 21.0 213 >15
Zn? 16.50 18.1 18.7 9.26
Mn?* 14.04 15.1 16.8

Fe?* 14.2 16.7

Fe** 25.1 28.6 ~30

To simplify notation, the anion form of the chelating agent is usually represented
by the letter Y. Thus, EDTA* = Y* and the acid formed is H,EDTA = H,Y. The
disassociation of hydrogen ions takes place in steps:

HY o H + HY (2.123)
and
K, = (HY)(H, Y )/(H,Y) (2.124)
H,Y & H +HY> (2.125)
and
K, = HYH, Y 2/(H,Y") (2.126)
H,Y> & HY + HY* (2.127)
TABLE 2.13. Formation Constants for EDTA Complexes
Cation K log K, Cation Keq log K
Ag* 2.1x 10 7.32 Cu? 6.3 x 1018 18.80
Mg 4.9 x 108 8.69 Zn* 3.2x 10 16.50
Ca2* 5.0 109 10.70 Cd>* 2.9 %10 16.46
Sr2* 43 108 8.63 Hg* 6.3 x 102! 21.80
Ba2* 5.8 x 107 7.76 Pb2* 1.1 x 1018 18.04
Mn2* 6.2 x 1013 13.79 A 1.3% 101 16.13
Fe?* 2.1 % 10M 14.33 Fe3+ 1.3 % 10% 25.1
Co? 2.0 x 1016 16.31 V3 7.9 x 10% 25.9
Ni2* 4.2x10'% 18.62 Th 1.6 x 1023 23.2




94 SOLUTION/MINERAL-—SALT CHEMISTRY

and
K, = (HYHY>)/(H,Y?) (2.128)
HY* @ HY + Y+ (2.129)
and
K, = (HY(YY)/HY) (2.130)
Considering that
Cr=H,Y+H,Y +HY?+HY +Y™* (2.131)

taking the inverse of the above equation,
VCr=V/{H,Y+H,Y + H,Y 2+ HY? + Y™¥) (2.132)

Replacing the EDTA species in solution as a function of H" and the various dissociation
constants (K,) gives

VCp = U{(HY* + K,(HY + K K,(H")? + K, KK (H)
+ K1K2K3K4(H+)4} (2 133)

For simplicity, Equation 2.133 is written as

i=4, j=1
V/Cr=1/{HY* +Y, K(H" (2.134;
i=1, j=4
and rearranging
i=4, j=1
o =H,Y/Cp = HY/{HDY + ) K, (HY) (2.135
i=1, j=4
i=4, j=1
o, = HyY'"/Cr = K,(HD /[HY + > K (HY) (2.136.
i=1, j=4
i=4, j=1
o, =H,Y*/Cr = K K(H)Y)(HY + 3 K, (H)) (2.137,
i=1, j=4
i=4, =1
oy =HY>/Cp= K KKHY/{HY + Y K(HY) (2.138)

i=1, j=4
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and

i=4, j=1
o, =YV /Cr= K KKK AMEY +Y K'Y (2.139)
i=1, j=4

The components ¢; denote the mole fraction of the species present in solution at any
given pH. A plot of o, versus pH is given in Figure 2.21.

The EDTA-metal complexes are rather unique because they always form in 1:1
ratio regardless of the charge on the cation. The EDTA-metal formation constant can
be described by the reaction

M™ + Y+ & MY®9 (2.140)
and the equilibrium expression is
K, = (MY /M) (Y*h) (2.141)

Equation 2.140 shows that formation of the MY®#* complex is Y+~ dependent.
The species Y+ is pH dependent. Figure 2.21 shows that the species Y* begins to form
above pH 7 and approaches maximum at pH 12. Because of this pH dependency of
the Y#~ species, conditional formation constants are used to estimate EDTA-metal
complexes in solution. Considering that

o, = (Y"M)/(Cy) (2.142)

Figure 2.21. Composition of EDTA solutions as a function of pH (from Skoog and West, 1976,
with permission).
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then
Y4 = (a,)XCp) | (2.143)
By replacing the species Y*~ in Equation 2.141 with Equation 2.143
Koon = 04K, = MY /(MM Gy (2.144)

where K_, = conditional formation constant. Therefore, by knowing o, at any given

pH (Eq. 2.139), MY®** can be estimated for any pH

[MYEH] = (K () (M™)(Cy) (2.145)
or

[MY!"~#] = (0K, )M™)(Cy) (2.146)

Using Equation 2.146, the lowest possible pH at which the total metal in solution can
be complexed by an equamolar EDTA solution can be predicted (Fig. 2.22).

Other competing reactions, however, must also be considered to determine whether
or not a particular metal chelate would be stable. For example, when two metals are
present in a solution system (e.g., Fe?* and Cu®*) in the presence of EDTA, speciation
calculations can be carried out as follows: Consider

[FeY? ] = (0K, r)(Fe™)(Cy) (2.147;
and
[CuY?#] = (0K, o, (CU*)(Cp) (2.148
Note that
(YD) = Y*¥ + FeY® 9 4 Cu 9" (2149

Substituting all the terms of Equation 2.149 by Equations 2.143, 2.147, and 2.148 anc
taking the inverse gives

L/(YT) = 1/{(0)(Cy) + (0K ogpd(F)(Cp) + (@K o0, NCU*)(Cp)} (2150

and by multiplying Equation 2.150 by Equation 2.143, 2.147, or 2.148, the followin :
three equations describing the distribution of the metal-EDTA species as well as th::
Y*" species are produced:

Oy = Y/(Y4) = (@UC/A (L + Kogr) ) + (Koo, XCu2H]} (215!



2.4 CHELATES 97

logKe, = log{ MY®4H)/(Mn+)(Y4))
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Figure 2.22. Minimum pH needed for 100% complexation of various cations with equamolar
EDTA (from Reilley and Schmid, 1958, with permission).

O = FeYO ™ /(YT!) = (K, p ) (Fe™) /{[1 + (K gp) (Fe™) + (K0, (CUP]}
2.152
and ( )
0, = CuYEI/(YT) = (K oy o )CUP /{1 + (K g ) (Fe™) + (K ) (Cu™)])
(2.153)
The various chelating agents described above are all manmade. There are also many
natural chelating agents. In fact, nature abounds with chelating agents. The main

structural requirement is that the compound have groups capable of associating with
the metal ion on adjacent carbon atoms. Such groups include amine and carboxyl.
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Other groups which can associate with metal ions include R,CH-OH, R,C=0, and
RCH,-SH. Thus, organic acids, amino acids, amines and sugars can all be chelating
agents if they meet the steric requirements for ring formation.

PROBLEMS AND QUESTIONS

1. Given a 10-mM KCl solution, calculate the following parameters using the
appropriate equations given in this chapter:

a.
b.
c.
d.

Ionic strength.

Activity coefficients (y) of K* and CI~,

Activity of K* and CI".

Discuss the difference between activity and concentration.

2. Given a 10-mM MgCl, solution, calculate the following parameters using the
appropriate equations given in this chapter:

a.

b
c.
d

f.

Ionic strength.

. Activity coefficients (Y) of Mg?* and CI".

Activity of Mg®* and C1~.

. Discuss the difference between the activity of divalent and monovalent ions

(see answers to problem 1).

. Using the equilibrium constant of the MgCl* pair (Table 2.4), calculate its

activity and then its concentration.
What can you conclude about the potential of Mg?* to form pairs with the CI™?

3. An aquifer was found to contain the mineral barite (BaSO,s, s = solid, K, =1.3
x 10719

a.

b.

Calculate the expected barium (Ba®*) activity in the aquifer’s water when in
equilibrium with BaSO,s.

Calculate the expected barium (Ba®*) concentration in the aquifer’s water
when in equilibrium with BaSO,s.

Explain whether the calculated Ba®* concentration is above or below the
allowed maximum contaminant level (1 ppm).

4. A company manufactures calcium oxide (CaO) for commercial purposes (e.g., it
is used to remove sulfur from the smokestacks of coal-fired plants), but a portion
of this oxide is rejected because of low quality. The management decides to
discard it in an adjacent river and quickly CaO becomes Ca(OH),s as follows:

CaO + H,0 — Ca(OH),s (s = solid)

and Ca(OH),s reaches an equilibrium state with the river water:

Ca(OH),s = Ca®* + 20H; K, = 107%
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a. Calculate the maximum potential pH of the river water in equilibrium with
Ca(OH),s.

b. Explain whether the pH of the river water is going to increase, decrease, or
remain the same if the CaO discharge practice is discontinued.
c. Consider also

Ca(OH),s = CaOH' + OH", K, = 107403

Calculate the approximate total Ca concentration in the river water contributed
by the Ca(OH),.

5. Cyanide (CN7) is acomplexing agent used in the processing of various metal ores.
Using the speciation procedure outlined in Sections 2.1.4 and 2.4 (the pK, of
hydrogen cyanide (HCN) is 9.2 (HCN < H* + CN").

a. Produce two equations that would allow you to calculate the concentration of
HCN and CN™ as a function of pH.

b. Plot these data similarly to Figure 2.18.

c. Since HCN is gaseous and toxic, point out the range of pH and the values at
which HCN will persist.



PART 11
Soil Minerals and
Surface Chemical Properties

3 Soil Minerals and
Their Surface Properties

3.1 COMPOSITION AND STRUCTURE OF SOIL MINERALS

The major mineral groups commonly found in seil include: (1) aluminosilicates, (2)
oxides, and (3) organic matter. Through their surface electrochemical properties, these
soil minerals control adsorption, transformation, and release behavior of chemical
constituents (e.g., nutrients and contaminants) to water or soil solution. Soil-surface
electrochemical properties vary between soil types and depend on factors such as
parent material, climate, and vegetation (Table 3.1). Generally, the overall makeup of
soil is (Fig. 3.1)

1. Inorganic mineral matter (defined as soil material made up mostly of oxygen,
silicon, and aluminum—many other metals in small quantities may be included)

2. Organic mineral matter (defined as soil material having derived mostly from
plant residues and made up mostly of carbon, oxygen, and hydrogen)

3. Solutes (refers to the portion of soil composed of water and mostly dissolved
salts (plant nutrients)

4. Air (refers to the gaseous portion of soil composed of the same gases found in
the atmosphere (oxygen, nitrogen, and carbon dioxide) but in different propor-
tions)

Soil is a highly complex, highly variable biomolecular sieve with an array of physical
and chemical properties. The physical properties include:

1. Macroporosity (composed of pores with diameter greater than 200 pm)
2. Microporosity (composed of pores with diameter less than 200 um)

100
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TABLE 3.1. The 11 Soil Orders

101

Name of Order

Derivation of Order Name

Character of the Soils

Entisol Nonsense syliable “ent,”
from “recent”

Vertisol L. verto, turn, invert

Inceptisol L. inceptum, beginning

Aridisol L. aridus, dry

Mollisol L. moliis, soft

Spodosol Gr. spodos, wood ash

Alfisol Syllables from the
chemical symbols Al
and Fe

Ultisol L. ultimus, last

Oxisol F. oxide, oxide

Histosol Gr. histos, tissue

Andisols Modified from Ando

Negligible differentiation of horizons in
alluvium, frozen ground, desert sand, and
so on, in all climates

Clay-rich soils that hydrate and swell when
wet, and crack on drying. Mostly in
subhumid to arid regions

Soils with only slight horizon development.
Tundra soils, soils on new volcanic

deposits, recently deglaciated areas, and
so on

Dry soils; salt, gypsum, or carbonate
accumulations common

Temperate grassland soils with a soft,
organic-enriched, thick, dark surface layer

Humid forest soils. Mostly under conifers,
with a diagnostic iron- or organic-enriched
B horizon and commonly also an ash-gray
leached A horizon

Clay-enriched B horizon, young soils
commonly under deciduous forests

Humid temperate to tropical soils on old land
surfaces, deeply weathered, red and
yellow, clay-enriched soils

Tropical and subtropical lateritic and
bauxitic soils. Old, intensely weathered,
nearly horizonless soils

Bog soils, organic soils, peat, and muck. No
climatic distinctions

From volcanic ejecta, dominated by
alophane or humic complexes

Source: Hausenbuiller, 1985; Buol et al., 1997.

‘-Orgcnic Matter

Mineral Matter
{ 50— 60%)

Figure 3.1. Average com-
position of soil material.

Air
(15-25%)
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3. Physical stability (refers to bonding strength between soil particles forming
aggregates)
4. External/internal surface and its geometry (defined as magnitude of soil’s

specific surface in square meters per gram and depth or width of clay’s internal
surface in nanometers)

The chemical properties include:

1. Permanent charge (defined as cation exchange capacity, CEC, which is inde-
pendent of pH)

2. Variable charge (defined as pH-dependent CEC)

3. Point of zero charge, PZC (defined as the pH at which the net surface charge is
zero or CEC minus anion exchange capacity, AEC, equals zero)

4. Inner-sphere/outer-sphere surface complexes (defined as strong surface com-
plexes or inner-sphere complexes, as opposed to weak surface complexes or
outer-sphere complexes)

5. Hydrophobic-hydrophilic potential (defined as the potential of soil to adsorb
water; hydrophobic = does not like water; hydrophilic = likes water)

6. pH buffering (defined as the potential of soil to resist pH changes)

These physicochemical properties play a major role in regulating surface and ground-
water chemistry or quality and nutrient availability to plants or soil organisms. In this
chapter, soil makeup and the physical and chemical properties of soil are discussed.

3.2 ALUMINOSILICATE MINERALS

The approximate elemental composition of the earth’s inorganic mineral surface is
reported in Table 3.2. Elemental composition alone, however, cannot justify the unique
properties of soil and how such properties influence the soil and water environment.
The component that explains many of the physical and chemical properties of soil is
the molecular arrangement of elements, forming structures with unique physicochemi-
cal properties. Soil mineral structures are briefly discussed below.

The inorganic minerals of soil are classified into (a) primary minerals and (b)
secondary minerals (Table 3.3). Primary minerals are minerals with the chemical
composition and structure obtained during the crystallization process of molten lava,
whereas secondary minerals are those that have been altered from the original structure
and chemical composition by weathering, a process referred to as the geomorphic cycle
(Fig. 3.2). Generally, the size of soil mineral particles varies from clay-sized colloids
(< 2 um) to gravel (< 2 mm) and rocks.

Aluminosilicates or phyllosilicates are inorganic crystalline structures which make
up a large part of the < 0.2 mm soil-sized particles. These minerals, commonly referred
to as clay minerals, consist of Si—O tetrahedrons, in which one silicon atom (Si*") is
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TABLE 3.2. Approximate Elemental Composition
of the Earth’s OQuter-Surface Layer

Element Percent
O 46.5
Si 27.6
Al 8.1
Fe 5.1
Ca 3.6
Mg 2.1
Na 2.8
K 2.6
Ti 0.6
P 0.12
Mn 0.09
S 0.06
Cl 0.05
C 0.04

centered between four oxygen atoms (Fig. 3.3), and Al-O octahedrons, in which one
aluminum atom (AI**) is centered between six oxygen atoms (—O%") (OH molecules
may also be included depending on mineral type) (Fig. 3.4). The cations of Si** and
AP?* are referred to as coordinating cations. The simple Si—O tetrahedral and Al-O
octahedral structures form sheets by sharing oxygen atoms (Fig. 3.5). The substitution
of an aluminum atom for silicon in the tetrahedron or the substitution of divalent
cations (e.g., Fe** and Mg®*) for aluminum in the octahedral sheet is a common
occurrence.

The amount of substitution in the tetrahedral and octahedral sheets and the ratio of
octahedral to tetrahedral sheets are the primary differentiating characteristics between
the many clay minerals (Fig. 3.6). For example, clays that have one tetrahedral sheet
and one octahedral sheet are known as 1:1 clay minerals (e.g., kaolin group) (Fig. 3.7);
clays that have two tetrahedral sheets and one octahedral sheet are known as 2:1 clay
minerals (e.g., smectite group) (Fig. 3.8) or mica and vermiculite (Fig. 3.9), while clays
that have two tetrahedral sheets and two octahedral sheets are known as 2:2 clay
minerals {e.g., chlorite) (Fig. 3.10). These sheet arrangements give rise to various
mineral surface identities such as magnitude (specific surface), functional groups, and
interactions with solution species.

Substitution of a given coordinating cation by a cation with lower valence in a
mineral gives rise to permanent negative charge or cation exchange capacity, CEC.
Location of this substitution (e.g., tetrahedral sheet or octahedral sheet) gives rise to
clay minerals with unique physicochemical properties. For example, in the case of
vermiculite, a2:1 clay mineral, most of the coordinating-cation substitution takes place
in the tetrahedral sheet (Table 3.4), which limits the mineral’s potential to expand its
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TABLE 3.3. Selected Common Primary and Secondary Minerals®

Name Chemical Formula
Primary Minerals
Quartz Si0,
Muscovite KAL(AlSi;0,5)(OH),
Biotite K(Mg, Fe);(AlSi;0,,)(OH),
Feldspars
Orthoclase KAISi;Oq
Microcline KAISi,04
Albite NaAlSi,; Oy
Amphiboles
Tremolite Ca,Mg;Siz0,,(OH),
Pyroxenes
Enstatite MgSiO,
Diopside CaMg(5i,04)
Rhodonite MnSiO,
Olivine (Mg, Fe),Si0,
Tourmaline (Na, Ca)(Al, Fe**, Li, Mg);Al¢(BO3);(Sis0,5)(OH),

Clay minerals®
Kaolinite
Montmorillonite
Vermiculite
Chlorite

Allophane

Goethite

Hematite

Maghemite

Ferrihydrite

Gibbsite

Pyrolusite

Dolomite

Calcite

Gypsum

Secondary Minerals

51,A1,0,4(OH),

M, (Al, Fe?*, Mg),Si30,,(OH), (M = interlayer metal cation)
(Al, Mg, Fe*"),(Si, Al){O,,(OH),

[M Al (OH).J(AL Mg),(Si, AD;O(OH)SF),
Si;A1,04, - nH,0

FeOOH

a-Fe,O,

¥-Fe, 05

Fe,;0,5 - 9H,0

Al(OH),

B-MnO,

CaMg(CO),

CaCO,

CaSO, - 2H,0

Source: From Sparks (1995).

“Adapted from Mineralogy: Concepts, Descriptions, Determinations by Berry, Mason, and Dietrich.
Copyright © 1959 by W.H. Freeman and Company and Hurlbut, C. §., Jr., and Klein, C. (1977). Manual
of Mineralogy, 19th ed. Copyright © 1977, John Wiley & Sons, Inc. Reprinted by permission of John Wiley

& Sons, Inc.

bFormulas are for the full-cell chemical formula unit.
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Figure 3.3. Schematic of a silicon tetrahedron made up of four oxygen atoms surrounding one
much smaller silicon atom. In a clay crystal, each oxygen atom may be part of a two-silicon
tetrahedral, of a one-silicon tetrahedron and a two-aluminum octahedral, or of a one-silicon
tetrahedron and a hydrogen atom (from Taylor and Ashcroft, 1972, with permission).

Figure 3.4. Schematic of an aluminum octahedron made up of six oxygen atoms forming an
octahedral structure around one aluminum atom. The six oxygens of the octahedron satisfy the
three valence bonds of the central aluminum, leaving each oxygen with one and one-half
unbalanced valence bonds, which are satisfied by a second aluminum, asilicon, or one hydrogen
(from Taylor and Ashcroft, 1972, with permission).
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Figure 3.6, Structural comparisons of 1:1 and 2:1 layer mineral silicates.

interlayer space (Table 3.5), identified as the space between two tetrahedral sheets
occupied by charge balancing cations (Fig. 3.11). The reason for limiting interlayer
expansion is the strong interaction between the charge-balancing cations and the two
tetrahedral sheets owing to their (1) physical proximity to the exchangeable cations
and (2) limited number of O~ sharing the excess negative charge produced by the
coordinating-cation substitution.

In the case of smectites (e.g., bentonite and montmorillonite, also 2:1 clay minerals),
some coordinating-cation substitutions take place in the octahedral sheet (Table 3.4).
Because the octahedral location of the coordinating-cation substitution is far removed
from the interlayer spacing where the cations balancing this excess negative charge
reside, and because more O~ in the octahedral sheet shares this excess negative charge,
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Figure 3.6, Continued
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Gibbsﬁze' gheet

Sikicate shoet

Figure 3.7. Schematic of the kaolin structure showing one silicate and one gibbsite sheet in
each layer, which has been expanded along the c-axis to show bonding. The basic unit is repeated
along the two horizontal axes to form layers. Adjacent layers are held together by hydrogen
bonding (from Taylor and Ashcroft, 1972, with permission).
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Crnons and x M0

-Interlayer

Figure 3.8. Schematic of the smectite structure showing one gibbsite sheet between two silicate
sheets. The basic unit is repeated many times in the horizontal directions to produce layers. The
basic unit with the 9.6 A c-axis spacing expands to 14 A when water enters between layers. The
exchangeable cations located between the layers produce the counter charge for the isomorphous
substitution. It occurs in the layers marked with an asterisk (from Taylor and Ashcroft, 1972,
with permission).
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Figure 3.9. Schematic of the illite structure showing one gibbsite sheet between two silicate
sheets. Potassium holds the layers together in a 12-fold coordination, preventing expansion.
Isomorphous substitution can occur in the layers marked with an asterisk (from Taylor and
Ashcroft, 1972, with permission).
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TABLE 3.4. Clay Minerals that Commonly Occur in Soils

Negative Charge
Formula CalculatedObserved
Clay Name Formula InIve InVI Total  Weight CEC CEC Cause
Kaolinite (5i,)T(A1)°0,,(OH)s 0 0 0 516 0 5 Minute substitution
Muscovite mica K,(SigAl)T(Al,)°O(OH), ~2 0 -2 796 251 40 Blocked by K
Vermiculite K(SiAL)T(AL,)°05(OH), -2 0 ~2 757 264 132 1 K Remains
Montmorillonite  (Si, Al )T(Al;;Mgo3)°0(OH)y  -0.4  —03 07 719 97 100 —

“0Or T (tetrahedral) sheet.
b0Or O (octahedral) sheet.
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6 (OH)
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Trioctahedral

6 (OH)

60
Al+3 Si
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—

Chilorite  for example, Al Mg(OH),, (Al2Si6)AIZSib)AI Mg_‘Om(OH)‘

Figure 3.10. Schematic of the chlorite structure showing two gibbsite sheets between two
silicate sheets (from Jackson, 1964, with permission).

the interaction between the charge-balancing cations and the two tetrahedral sheets is
rather weak, leading to a relatively large interlayer expansion (Table 3.5).

Minerals such as the kaolin group (1:1) and chlorite (2:2) do not exhibit significant
expansion potential between layers (a layer is a mineral structure composed of
combinations of sheets) (Table 3.5, Figs. 3.7 and 3.10).

TABLE 3.5. Clay Minerals and Some of Their Properties

Property Kaolinite Muscovite Vermiculite Montmorillonite

Minimum c axis spacing (A) 7 10 10 10

Maximum c axis spacing (A) 7 10+ 16 20Ca
>100 Na

CEC (cmol/100 g) 5 40 130 100

Type of lattice 1:1 2:1 2:1 21
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Interlayer

Figure 3.11. Schematic of the vermiculite structure showing one brucite sheet between two
silicate sheets. [somorphous substitution occurs mostly in the tetrahedral sheet with some in the

octahedral sheet (from Jackson, 1964, with permission).

It follows that, generally, degree of cation substitution controls magnitude of
permanent CEC and location of substitution (e.g., tetrahedral versus octahedral)
controls expansion and specific surface of 2:1 clay minerals {Table 3.6). Additional

information on clay surfaces and their behavior is presented in Chapter 4.

TABLE 3.6. Clay Minerals and Some of Their Surface Properties

Specific Surface
Mineral CEC (cmol kg™ (m? g1 Layer Type
Kaolinite 3-15 10-20 1:1
Montmorillonite 60-100 600-800 2:1
Vermiculite 110-160 600-800 2:1
Illite 20-40 40-180 2:1
Chlorite 10-30 70-150 2:2

Mica 20-40 70-120 2:1
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SOIL MINERAL TERMS AND DEFINITIONS

Brief Definitions and Discussion

I. Crystal. A crystal is made up of ions with a certain arrangement which repeats
itself indefinitely.

II. Tons. Ions are made uvp of a positive nucleus composed of protons and
neutrons which are surrounded by negatively charged electrons. In general, when
the positive charges (protons) exceed the negative charges, the ions are referred to
as cations (K, Na*, Ca?*, Mg?*, AI**), but when the negative charges (electrons)
exceed the positive charges (protons), the ions are referred to as anions (C17, F7).

III. Quasi-crystal. A quasi-crystal is made up of ions with a certain arrangement
which does not repeat itself indefinitely.

IV. Amorphous (noncrystal). An amorphous material is made up of ions without
any repeating arrangement.

V. Makeup of crystals. Soil mineral crystals are made out of ions. However, not
all crystals are made out of ions. Exceptions include sulfur crystals (which are made
of S atoms), diamonds (which are made out of carbon atoms), and asphalt crystals
(which are made out of large organic molecules arranged in a repeating fashion).

VI. How does one understand clays? Most substances in nature are understood
by their reactivity with other substances. For example,

CaCO, + HCl — CO,_ + CaCl, (A)

2gas

They also are understood by their dissolution in water. For example,
CaCl, + H,0 — Ca*" + 2CI" ®)

Clays are generally insensitive to such approaches. They don’t react readily with
acids or bases, and they don’t go into solution when reacted with water. Their
reactions are characterized as being slow and incomplete. Important information
about clay structure was not available until 1930 with the introduction of X rays
(Dixon and Weed, 1989).

General Rules of Bonding in Soil Mineral Structures

Electronegativity relates to ionization potential for cations, or electron affinity for
anions. Pauling’s general rule on bonding states that ions of closer electronegativity
have a greater tendency to form covalent bonds, (NaCl = 2.1) < (CaS = 1.5) < (CuS
= 0.5) < (CS = 0) (Table 3A). Ionic radii and electronegativities permit the
formulation of some specific rules about chemical bond formation.
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TABLE 3A. Partial List of Electronegativities and Percentages of Ionic Character
of Bonds with Oxygen

Ion Electronegativity Ionic Character (%)
Ca?t 0.7 89
K* 0.8 87
Na* 0.9 83
Li* 1.0 82
Ba** 0.9 84
Ca?* 1.0 79
Mg* 1.2 71
Be?* 1.5 63
AP+ 1.5 60
B3 2.0 43
Mn?* 1.5 72
Zn** 1.7 63
Sn** 1.8 73
Pb?* 1.8 72
Fe?* 1.8 69
Fe3+ 1.9 54
Ag* 1.9 71
Cu* 1.9 71
Cu? 2.0 57
Aut 24 62
Si** 1.8 48
c+ 25 23
pt 2.1 35
N+ 3.0 9
Se 2.4

S 2.5

0 3.5

I 25

Cl 3.0

F 4.0

I. For any given cation and two different anions, the larger anion forms a
stronger covalent bond, for example, MgS > MgO; S?~ 1.85 A crystalline radius >
0% 1.40 A crystalline radius.

II. For any given anion and two different cations, the smaller cation forms a
stronger covalent bond or is more covalently bonded, for example, MgO > BaO;
Mg?* 0.65 A crystalline radius < Ba?* 1.35 A crystalline radius. Data on cation size
is presented in Table 3B.
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TABLE 3B. Ion Sizes and Ionic Hydration

Tonic Radii (A)
Ion Not Hydrated Hydrated
Li* 0.68 10.03
Na* 0.98 7.90
K+ 1.33 5.32
NH;j 1.43 5.37
Rb* 1.49 3.6
Cs* 1.65 3.6
Mg?* 0.89 10.8
Ca?* 1.17 9.6
Sr2+ 1.34 9.6
Ba?* 1.49 8.8
Al 0.79 —
La3* 1.30 —

I1I. For any two given ions of similar size but different charge, the one with the
highest charge (z) is the most covalently bonded (e.g., Ca—O > Na—O in Na,0; Ca,
z=2;Na, z=1).

IV. Ions of metals in the middle of the periodic table form more covalent
character bonds with anions than do ions of metals in the first two or three groups
of the periodic table (e.g., CdS > CaS).

Rules Explaining Cation—Anion Coordination

I. Coordination Number. The number of ions surrounding the ion of opposite
charge in a mineral. The coordination number refers to a specific cation. For
example, in the case of NaCl, the cation (Na*) coordinates six anions (CI7).

II. Coordinating Cation. The cation that is surrounded by the coordinated
anions.

III. Hedra or “Hedron.” The number of planes or surfaces created by the anion

coordination is called “hedra.” The number of “hedra” or surfaces is coordination
number dependent.

IV. The Radium Ratio (R). It is defined as the ratio of the cation crystalline
radius to the anion crystalline radius (R/R,). The driving force which explains the
radium ratio’s role on coordination is that of the closest packing. In general,

A. If R/R, (R) is between 0.41 and 0.73, the cation would most likely
coordinate six anions (e.g., Na/Cl, R, = 0.54).
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B. IfR /R, (R)isbetween 0.73 and 1, the cation would most likely coordinate
eight anions (e.g., Cs/Cl, R_= 0.92).

C. If R/R, (R) is between 0.22 and 0.41, the cation would most likely
coordinate four anions (e.g., Zn>*/S%", R, =0.40).

Clay mineral structures are composed of the cations Si**, AI**, Ca®*, Mg?*, Fe, 340
Mn**?*, Cu®*, and the anions O* and OH™. A summary of potential cation
coordination numbers is presented in Table 3C.

V. Tetrahedron. A solid that is geometrically characterized by having four
planes, formed by four O*~ coordinated by a Si** (Fig. 3.3).

VI. Octahedron. A solid that is geometrically characterized by having eight
planes, formed by six O>~ coordinated by an AI** ion (Fig. 3.4).

VII. Isomorphism. It is a term that refers to two compounds with similar
structure but different chemical formulas. The ions that differ are of the same size
(ionic radii do not differ more than 15%), but not necessarily the same charge. For
example, Mg,Si0, (fosterite) versus Fe,S10, (faylite).

VIII. Polymorphism. It implies that compounds have similar formula but dif-
ferent structure. For example, aragonite (CaCO,) versus calcite (also CaCO,).

TABLE 3C. Comparison of Observed Coordination Number with Numbers
Predicted from Geometric Crystalline Radius Ratios

Coordination Observed Theoretical
Predicted from  Coordination Limiting Radius

Ion Radius Ratio® Ratio Number Ratios
Ca®t 1.19 12 12

1.00
K* 0.95 8 8-12
Sr2t 0.80 8

0.73
Ca** 0.71 6 6,8
Nat 0.69 6 6, 8
Fe?* 0.53 6 6
Mg 047 6 6

0.41
AP+ 0.36 4 4,6
Si+ 0.30 4 4

0.22
Sé+ 0.21 3 4
B3* 0.16 3 3,4

9onic radius/radius of O™, Radius of O~ = 1.40 A,
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IX. Phyllosilicates. Minerals (clays) made out of 0% coordinated by metal

cations and stacked in a certain sequence (Fig. 3.6).

A. SHEET. Combinations of planes of ions form sheets (Fig. 3.5).
B. LAYERS. Combinations of sheets form layers (Fig. 3.5).

C. INTERLAYERS. The zones between the layers where the basal oxygens of
two layers meet (Figs. 3.8 and 3.11).

D. UNIT CELL. The total assemblage of a layer plus interlayer material or
smallest repeating three-dimensional array of ions in a crystal (Table 3.3).

E. LAYER CHARGE. The magnitude of charge per formula unit or structure
or the difference between the sums of cationic and anionic charges in a mineral
per unit cell.

F. SILOXANE CAVITY. Phylosilicate functional group made up of six planar
tetrahedral O%" (see Chapter 4).

G. SILANOL. Phylosilicate tetrahedral -OH edge functional group (see
Chapter 4).

H. ALUMINOL. Phylosilicate octahedral -OH edge functional group (see
Chapter 4).

How Are Layer Silicates Differentiated?

I.  Number and sequence of tetrahedral and octahedral sheets

A. 1:1—One tetrahedral to one octahedral (kaolin, halloysite, dickite,
nacrite) (Fig. 3.7).

B. 2:1—Two tetrahedral to one octahedral (mica, pyrophylite, talk, mont-
morillonite, vermiculite) (Fig. 3.8).

C. 2:2—Two tetrahedral to two octahedral (chlorite) (Fig. 3.10).
II. The layer charge per unit cell of structure

A. Pyrophylite and talc exhibit zero charge per unit cell

B. Mica exhibits —1 charge per unit cell

C. Vermiculite exhibits —0.6 to —0.9 charge per unit cell

D. Montmorillonite exhibits ~0.3 to —0.6 charge per unit cell
III. The type of interlayer bond and interlayer cations

A. Kaolin—Hydrogen bond (Fig. 3.7)

B. Pyrophylite and talc—Van der Waals attraction force between basal
planes (Fig. 3.6)

C. Mica—Unhydrated K* shared between adjacent siloxane cavities
(Fig. 3.9)

D. Vermiculitt—Commonly, hydrated Mg?* shared between adjacent
siloxane cavities (Fig. 3.11)
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removing the top layer of oxygen. Minerals may contain any combination of AI** and Mg?*,
while Fe3* or Fe?* may also substitute isomorphously (from Taylor and Ashcroft, 1972, with
permission).

E. Smectite—Commonly, hydrated Na* or Ca®* shared between adjacent
siloxane cavities (Fig. 3.8)

IV. The type of cations in the octahedral sheet

A. For example, AI** in the octahedral sheet forms kaolinite, but Mg?* in
the octahedral sheet forms antigorite

V. Number of positions occupied in the octahedral sheet

A. Triochahedral-—All available cation-coordinating positions in the oc-
tahedral sheet are occupied by a divalent metal which acts as the coor-
dinating cation (Fig. 3A).

Figure 3B. Schematic of a portion of gibbsite sheet showing the relative locations of all
AIP* by removing the top layer of oxygen. Minerals may contain any combination of AP
and Mg?*, while Fe3* or Fe* may also substitute isomorphously (from Taylor and Ashcroft,
1972, with permission).
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B. Dioctahedral—Only two of the available three cation-coordinating po-
sitions are occupied in the octahedral sheet by a trivalent metal which
acts as the coordinating cation (Fig. 3B)

Clay mineral term refers to layer silicates, however, in soil science it is loosely

used and it is often taken to represent any soil material with an effective diameter
of less than 2 um.

Clay Mineral Groups in Soil

I. Kaolin group

II. Mica group

III. Smectite group
IV. Vermiculite group
V. Chlorite group

I.  Kaolin group
A. Minerals and structural composition
1. Consists of one tetrahedral and one octahedral sheet

2. Kaolinite is an important mineral in soils of temperate and tropical
climates

3. Hydrated halloysite has the same structure as kaolinite with water
(single layer of H,O molecules) sandwiched between the mineral
layers (10-A spacing). This mineral is commonly encountered in
tropical soils

4. Nacrite—more regular layers and larger in size (a polymorph of
kaolinite)

5. Dickite-—same as nacrite, a polymorph of kaolinite
6. Antigorite—AI** has been substituted by Mg>* in the octahedral
position
B. Some general properties of the kaolin group
1. Particle size for kaolin ranges from 0.1 to 1 pm in diameter. For

nacrite, the most ordered, the size of the crystal approaches the
range of 1 mm

2. Cation exchange capacity (CEC)—specific surface. CEC varies
from 1 to 10 meq/100 g or cmol_ kg™!, while specific surface var-

ies from 10 to 20 m? g~!. CEC is pH dependent and therefore not
due to isomorphous substitution

3. Hydration and plasticity—small between layers because they are
nonexpanding due to hydrogen bonding

C. Some general information on kaolinitic soils
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Kaolinitic soils—Southeastern United States

Low CEC—require specific management practices
Usually low water holding capacity

Resistant to weathering

Al e

Physical problems (e.g., compaction and water infiltration) not se-
vere

II. Mica group
A. Some general information on noncharged 2:1 layer minerals (pyro-
phylite)
1. Consists of two tetrahedral and one octahedral sheet

2. Serves as an excellent example for understanding the structure of
2:1 soil clay minerals because of no isomorphous substitution

3. Layers are held together by van der Waals forces (nonexpanding)

4. Exchange capacity very low—only due to broken bonds at the
edges of the crystals

B. Mica and some of its properties

1. Similar to pyrophylite—except that one out of four Si** in the tet-
rahedral is replaced by aluminum (AI**)

2. High negative charge

3. Interlayer K* is tightly held in 12 coordination and perfectly fits in
the hexagonal siloxane cavities. Muscovite is dioctahedral; biotite
is trioctahedral

4. Layer charge is high but the K ions are held tightly and therefore
nonexchangeable

5. High charge (-1 per unit formula); CEC = 20-40 meq/100 g or
cmol, kg™!; specific surface 70-120 m* g!

III. Smectite group

A. Minerals and structural composition
The following substitutions in the pyrophylite give rise to the smec-
tite group: Mg?* for AI** or Fe** for AI** in octahedral, and AI** for
Si** in tetrahedral

1. Montmorillonite

a. Mg?* replaces AI** in the octahedral position (1 out of six AI**
in octahedral are replaced by Mg?)

b. Negative charge taken care by exchangeable cations
2. Beidellite

a. AP* replaces Si*' in the tetrahedral position; Extra Al in octahe-
dral

3. Nontronite
a. Ferric iron (Fe**) replaces AP** in octahedral




124 SOIL MINERALS AND THEIR SURFACE PROPERTIES

b. Some replacement of Si** by Al** in the tetrahedral

4. Saponite
a. Mg?* replaces AI** in octahedral

B. General properties of the smectite group

1. Crystal size varies from 0.01 to 0.1 um

2. Irregularities in structure causes breakdown of crystals to smaller
size

3. CEC = 80-120 meq/100 g and specific surface 600-800 m’g~

4. Hydration and plasticity high because of expanding interlayers
(> 18 A)

5. Soils high in montmorillonite possess high CEC and high H,0
holding capacity but exhibit slow intake of H,O, “puddle” easily;
swell and shrink and thus subject to dispersion—flocculation phe-
nomena

IV. Vermiculite group
A. Minerals and structural composition

1. They are formed by alteration of micas through K* replacement by
exchangeable Mg?*

2. Interlayer spacing expands from 10 to 14—15 A because AI** sub-
stitutes Si** in the tetrahedral position

3. Mg? and Fe?* also substitute AI** in the octahedral position
4, Net charge = —0.7 per unit formula weight
5. CEC = 120-150 meq/100 g or cmol_kg™!
6. Specific surface = 600-800 m® g~*
B. General properties of vermiculitic soil

1. Swells less than smectitic soil because of its higher charge in the
tetrahedral sheet

2. Mineral collapses to 10 A with K* and NH}
3. Possesses higher elasticity and plasticity than kaolin and mica
V. Chlorite group
A. Minerals and structural composition
1. Gibbsite [AI(OH),; Fig. 3B] and/or brucite [Mg(OH),; Fig. 3A]
substitute the exchangeable cations in the interlayer
2. CEC=10-40 meq/100 g

3. Surface area = 70-150 m%g™!

Primary Mineral Classification Based on Structural Arrangement

I. Independent tetrahedra (Fig. 3C)
A. Olivines, Fe, Mg (Si0O,)
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A}

Al

A
N7

O

Figure 3C. Individual tetrahedra held together by divalent cations, for example, olivine
(smaller spheres represent coordinating cations).

1. Isomorphous series end-member
a. Fayalite (Fe,Si0,)
b. Forsterite (Mg,SiO,)
2. Compact, physically strong
3. Chemically reactive because Fe** and Mg?* are readily exposed at
crystal faces
4. Alter to serpentine, magnetite, goethite, magnesite, opal
II. Chains of tetrahedra
A. Pyroxenes-Single chains (Fig. 3D)
1. Augite-Ca(Mg, Fe, Al)(Si, Al), O,
B. Amphiboles—Double chains (Fig. 3E)
1. Hornblende—(Na, Ca), (Mg, Fe, Al), (Si, Al); (Si, Al)g O,, (OH),
C. Weathering—proceeds parallel to chains

Figure 3D. Tetrahedra unichain silicates, for example, pyroxenes (enstatite, diopside)
(smaller spheres represent coordinating cations).
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Figure 3E. Chain of linked hexagonal rings of tetrahedral units (duochain), for example,
amphibole (tremulite, hornblende) (smaller spheres represent coordinating cations).

III. Three-dimensional network of tetrahedra
A. Each oxygen bonded to two Si atoms
B. AI* substituting for Si**, 1/3 > (AVAL + Si) > 1/4

1. Feldspars
a. Plagioclase feldspars
i. (Na, Ca) (Al, Si),Oq
b. Potassic feldspars
ii. Orthoclase, microcline (KAISi;Og)
2. Three-dimensional network of tetrahedra with no AI’* substituting

a. Quartz—SiO, (Fig. 3F)
IV. Two-dimensional sheets of tetrahedra and octahedra
A. Substitution in octahedral—tetrahedral sheets, “‘charge balancing” cat-
ions present

1. Mica
B. No substitution in either octahedral or tetrahedral sheets; no charge-

balancing cations present

1. Pyrophylite (Dioctahedral form), talc (Trioctahedral form)
C. Substituting of Al for Si in tetrahedral sheet

2. Muscovite (Dioctahedral form), biotite (Trioctahedral form)

Additional information on primary minerals is given in Tables 3D and 3E.
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Figure 3F. Continuous framework structure of SiQ, demonstrating the arrangement of Si0y
tetrahedra. Open circles represent O™ and small solid circles represent Si** (from Berry and
Mason, 1959, with permission).

TABLE 3D. Primary Minerals as Sources of Essential Nutrients

Primary Mineral Representative
Class Minerals Chemical Formulae Essential Elements
Feldspars Orthoclase KAISi;04 K, Na, Ca
Albite NaAlSi;04
Anorthite CaAl,S1,04
Pyroxenes Enstatite MgSiO, Ca, Mg, Fe
Diopside Ca, MgSi,Oq
Augite Ca, (Mg, Fe, Al)(Si, Al),O4
Amphibole Homnblende  (Na, Ca),(Mg, Fe, Al)s(Si, Na, Ca, Mg, Fe
A1);0,(OH),
Olivine Forsterite Mg,Si0O, Mg, Fe
Fayalite Fe,Si0,
Apatite Apatite Ca,(F, OH, Cl), (PO, Ca,P,Cl
Tourmaline Tourmaline Na(Mg, Fe);Al Na, Mg, Fe, B
(BO;3);S160,4(OH) 4
Sulfides? Pyrite FeS, Fe, S
Mica Muscovite K,Al;S13A1,0,0,(0H), K, Fe, Mg
Biotite K,AlL,Sig(Fe, Mg)¢O,0(OH),4

“Trace clements occur as impurities in the primary minerals, especially the sulfides.
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TABLE 3E. Classification of Silicate Minerals Based on Structural Arrangements in Silicate Crystal Lattices

Mineral Series Example
(Isomorphous Series)*

silicates); pyroxene family (Fig. 3D) (SiO;);2

Silicate Number of
Structural Formula of Olons  Average Si:O Ratio 1dealized Formula with
Groups Structural Arrangement Group Shared (Unsubstituted) Series Name Substitution Involved
S1 Independent silica tetrahedra (Si0 ) 0 Sioz? Olivine (Mg, Mn, Fe),Si0,
(unitetrahedral silicates (Fig. 3C)
S2 Linked pairs of tetrahedra (Si,04)6 1 Si033 Melilite (Ca,Na),(MgAl)(SiAl),0,
(duotetrahedral silicates) (Fig. 3G)
S3 Closed rings of tetrahedra
(cyclosilicates):
(a) trigonal rings; (Si304);8 2 Si03? Benitoite Ba TiSi;O,
(b) hexagonal rings (Figs. 3H and 3I) (Siz0,,):12 2 Si03? Beryl BeAlSigO
S4 Infinite chains of tetrahedra (unichain  Si,0, Si0;2 Diopside CaMg(510,),




6C1

S5 Infinite double chains of tetrahedra Sig0 g+ 2 Sio;12 Tremolite (OH),Ca,Mg; Siz0,,
(duochain silicates); amphibole and
family (Fig. 3E) (5i,0,,):¢ 3
S6é Infinite layers of tetrahedra (layer Sig0g + Kaolinite (OH),Al,51,05
silicates): (a) hexagonal linkage, 1:1 (Si,05);% 3 SiOz4 Montmorillonite (OH),Al, ;Mg 13
layers, kaolin family; (b) hexagonal SijO,5 + 51,040 X H,O
linkage, 2:1 layers, pyrophyllite (5i,04);% Muscovite (OH),KAl,(AlSi;)0
family
S7 Infinite framework of tetrahedra Si.0 4 SiOz° Quartz Sio,
(framework silicates) (Fig. 3F): e .
+ (Slol)n
SigO0y4
(a) trigonal and hexagonal linkage, . 4 Sioz°
silica family; (b) 4-tetragonal, 2-  OlOn)e)
hexagonal +(81,0y),
(SiOyy), Orthoclase K(Al, Si)4O4

“0One example only. There are many isomorphous series in each structural group. Each isomorphous series contains several individual minerals or “species.”
Source: Adapted from M. L. Jackson. Crystal chemistry of soils. I. The fundamental structural groups and families of silicate minerals. Soil Sci. Soc. Amer. Proc. 1948,
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Figure 3G. Pair of tetrahedra linked by sharing one oxygen, for example, melilite (Ca,
Na),(Mg, A)(Si, Al),O7 (smaller spheres represent coordinating cations).

Figure 3H. Closed rings composed of three tetrahedra sharing two oxygens [(Si304)8~] and
held together in crystals by cations, for example, benitoite (BaTiSi30g) (smaller spheres
represent coordinating cations).

Figure 31. Closed rings composed of six tetrahedra sharing two oxygens [(SigO;5)i2"] and
held together in crystals by cations, for example, beryl (BeAlSigO,g) (smaller spheres
represent coordinating cations).
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3.3 METAL-OXIDES

Iron and manganese are commonly found in soils and often in large quantities. Iron
commonly occurs in soil in the 2+ and 3+ oxidation states while manganese occurs in
the 2+, 3+, and 4+ oxidation states. Iron of the iron—oxide form is in the 3+ oxidation
state and manganese of the manganese—oxide form is the 3+ or 4+ oxidation states.
The solubility of these two oxides is extremely low in the pH range typically
encountered in most soils.

Iron— and Mn-oxides exhibit a structure similar to that of AI(OH), or gibbsite,
another oxide mineral commonly encountered in soils in large quantities. The manga-
nese oxides as a group are almost exclusively in octahedral arrangement. They differ
from gibbsite, however, by having oxygens at the corners of the octahedron instead of
hydroxyls (Fig. 3.12). The most common Fe—oxides, hematite (Fe,0,) and goethite
(FeOOH), also have the gibbsite octahedral arrangement. Metal oxides are present in
soils as:

1. Free oxides
2. Clay mineral coatings
3. Clay edges

Metal-oxides exhibit charge due to protonation and deprotonation of the oxygen
coordinated to the metal (Fe’*, Mn**, Mn*, AI**, and Si*"). This charge is known as
variable charge or pH-dependent charge. On the average, soil pH-dependent charge
may vary from 1 mmol/100 g soil (milliequivalents, meq per 100 g) to 30 meq/100 g.
The pH-dependent charge can be positive or negative depending on the pH, and the
specific pH at which the positive charges on the surface of the oxide equal the negative
charges on the surface of the oxide (see Section 3.5).

3.4 SOIL ORGANIC MATTER

Soil organic matter (SOM) is made of two major groups of compounds: The nonni-
trogenous compounds, which are mainly carbohydrates, and the nitrogenous com-

Glbbaite

I,

Figure 3.12. Diagram showing the compositional arrangement of gibbsite (from Schulze, 1989,
with permission).
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SACCHARIDES
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Figure 3.13. Chemical composition and structure of saccharides, chlorides, amino sugars,
amino acids, amides, and a heterocyclic amino acid.

pounds principally derived from proteins. Some of the simple compounds making up
soil organic material are shown in Figure 3.13. The degradation steps of plant residues
leading to formation of soil organic matter are briefly described below.

Cellulose is one of the first plant-cell polysaccharides (carbohydrate) to be attacked
by microorganisms at the early stages of decomposition. It is composed of glucose
units bound together into a long linear chain, b, of 1-4 linkages. The first decomposi-
tion step is enzymatic hydrolysis of the linear chain by an extracellular enzyme called
cellulase which breaks cellulose to cellobiose, the repeating unit of cellulose (Fig.
3.14). Cellobiose is then broken down intracellularly by the enzyme b-glucosidase.
Although the by-products differ to some extent by the type of organism consuming



3.4 SOIL ORGANIC MATTER 133

o< AMINO ACIDS

COOH ?00H ?OOH
HzN‘?‘H HZN‘(I:'H HzN—C—H
1
H ?Hz CH,
}
COOH CH,
|
GLYCINE COOH
ASPARTIC GLUTAMIC
AMIDES
COOH goon
|
HZN"C-H HzN_CI"H
|
CH
$H, H
C CH,
VARN |
0 ' NH, C
7 N\
0 NH,
ASPARAGINE GLUTAMINE

HETEROCYCLIC AMIND ACID

”z(%-CH2
]

PROLINE H,C  CHCOOF
NS

N
H

Figure 3.13, Continued

the cellulose, those usually found are formic acid, lactic acid, succinic acid, ethyl
alcohol, butelene glycol, and hydrogen, and about two thirds of the original cellulose
1s converted into carbon dioxide.

Hemicelluloses, the second group of plant-cell constituents, are water-insoluble
polysaccharides. During the first stage of attack, hemicelluloses disappear more rapidly
than cellulose. Later, hemicelluloses slow down in degradation owing to their hetero-
geneity. Fungi, bacteria, and actinomycetes are able to break down hemicelluloses by
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Q H H Q
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Figure 3.14. Schematic of cellobiose, a repealing unit of cellulose.

the enzyme hemicellulase into water-soluble, simple sugars which are then absorbed
by the microbial cells, where oxidation takes place and various other organic acids are
formed.

The third plant cell constituent, lignin, has as its basic unit a phenyl—propane type
of structure. Organisms capable of breaking down lignin are the fungi, such as
basidiomycetes, cladosporium, helminthosporium, and humicola. Eventually, lignin
is broken down into vanillin and vanillic acid or other methoxylated aromatic structures
by the fungi. In the final stages, low-molecular-weight organic acids are produced.

Generally therefore, as organic matter decomposes, the carbon and nitrogen are
partially used by microorganisms, partially escape as gas (carbon dioxide), or are
transformed into other substances. The plant material takes on a black coloration due
to the oxidation of sugars, forming quinones (Fig. 3.15). The volume decreases because
of the diminished strength of the plant fibers resulting from the microbial digestion of
their wall structures. The final product is humus, the completely decomposed organic
material. Seventy to eighty percent of the organic matter, by weight, found in most
soils consists of humic substances (Schnitzer, 1986).

CYCLIC COMPOUNDS

OH COOH OH 1?
N T |
\/| "IN l o N I

OH OH ‘6
CATECHOL GALLIC ACID HYDROQUINONE  quiNONE
H,Q Q

Figure 3.15. Cyclic compound produced by oxidation of simple sugars.
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SOIL OGRGANIC MATERIAL
PHYSICAL SEPARATION
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Figure 3.16. Soil organic matter fractionation procedure.

Generally, humic substances are defined as condensed polymers of aromatic and
aliphatic compounds produced by decomposition of plant and animal residues and by
microbial synthesis. They are amorphous, dark-colored, and hydrophilic, with a wide
range in molecular weight from a few hundreds to several thousands. Furthermore,
humic substances contain a large number of nonidentical functional groups, with
different pK values, and are partitioned into three main fractions based upon their
solubility behavior (Fig. 3.16) (Evangelou, 1995b):

1. Humic acid—soluble in dilute alkali, but precipitates in acid solution
2. Fulvic acid—soluble both in alkali and acid solutions
3. Humin—insoluble both in alkali and acid solutions

3.4.1 Humic Substances

The basic structure of humic substances consists of aromatic rings of the di- or
trihydroxy-phenol type bridged by —O~, -CH,—, -NH-, -N=, —S—, and other groups
and contains both free OH groups and the double linkage of quinones (Stevenson,
1982). Some investigators proposed structural formulae for humic and fulvic acids,
but to this day none have proven satisfactory. A model used to demonstrate the general

structure and function of humic and fulvic acids is shown in Figure 3.17. Humic
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Figure 3.17. Model of soil humic and fulvic acids (from Stevenson, 1982, and Schnitzer ar.:
Khan, 1972, with permission).

substances generally exhibit similar elemental- and functional-group composition :-
spite of the origin and environmental conditions of their formation. However, hum:.
substances formed under different climatic regimes and natural soils contain differe-:
ranges of aromaticity and functional group contents. The aromatic component of sc:
humic substances has been reported to range from 35 to 92% (Hatcher et al., 1981



3.4 SOIL ORGANIC MATTER 137

Generally, humic and fulvic acids have a similar structure, but they differ in
molecular weight and elemental and functional group contents. Fulvic acid is lower in
molecular weight and contains more oxygen-containing functional groups and ele-
mental oxygen, but less nitrogen and carbon per unit weight than humic acid (Schnitzer
and Khan, 1972; Sposito et al., 1976; Schnitzer, 1991). Furthermore, almost all oxygen
in fulvic acid can be accounted for by functional groups (COOH, OH, C=0), whereas
a high portion of oxygen in humic acid occurs as a structural component of the nucleus
(e.g., in ether or ester linkage) (Stevenson, 1985).

Functional groups of humic substances are fractioned into three clusters of different
dissociation constants:

1. Very weak cluster, which is assumed to include phenolic—hydroxyl residues,
carboxyl residues, and nitrogenous bases of very high pK s

2. Weak cluster, which is assumed to include various aliphatic and aromatic—
carboxyl residues and nitrogenous bases of medium pK,’s

3. Strong cluster, which is assumed to include the carboxyl residues of low pX, of
salicylate or phthalate

Humic substances exhibit:

1. Polyfunctionality due to the broad range of functional group reactivity

2. Molecular negative charge due to proton dissociation from various functional
groups
3. Hydrophilicity due to formation of strong hydrogen bonds with water molecules

4. Structural lability due to intermolecular association and molecular conformation
changes in response to changes in pH, redox potential (Eh), electrolyte concen-
tration, and functional-group binding

3.4.2 Reaction Among Humic Substances, Clays, and Metals

Heavy metal and soil colloid (clay, humic substances, or combination) interactions are
explained on the basis of ion exchange, surface adsorption, or chelation reactions. The
potential of humic substances to form complexes with heavy metals results from
oxygen-containing functional groups such as carboxyl (COOH), hydroxyl (OH), and
carbonyl (C=0). The extent of heavy metal retention by mixtures of soil colloids
(organics plus clays) varies with ionic strength, pH, type of clay minerals, type of
functional groups, and type of competing cations.

Commonly, the amount of metal ions adsorbed by the solid surface increases with
increasing pH for humic substances, clays, or clay—humic acid mixtures. Metal-ions
adsorbed in acid media increase with pH until the threshold value required for partial
dissolution of solid and formation of soluble metal-humate complexes is exceeded
(Fig. 3.18). Metal—organic complexes experience three types of interactions, which
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Figure 3.18. Concentration of Cu as a function of pH in three different soil samples (from Kuo
and Baker, 1980, with permission).

determine the apparent solubility of metals as a function of pH. These interactions, as
summarized by Evangelou (1995b), are:

1. Protons (H") compete with cations for organic binding sites
2. Hydroxyl ion (OH™) competes with humic substances for the cationic metal-ion
3. Soft metals compete with hard metals for organic functional groups

Commonly, humic substances form a strong complex with clay. The most likely
mechanisms of clay—humic complex formation are:

By anion and ligand exchange to clay edges

By cation or water bridges to basal clay surfaces
By H-bonding to the siloxane or gibbsite sheet
By van der Waals forces

By trapping in the crystal pores

. By adsorption in interlayer spaces

o R i A

The relative contribution of the various mechanisms to forming clay~humic complexes
are different for different clay minerals.
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Figure 3.19. Schematic presentation of metal-humic substances complexation (adapted and modified from Stevenson, 1982, with permission). 1,
Electrostatic interaction; 2, inner-sphere complexation; 3, weak water bridging.
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3.4.3 Mechanisms of Complex Formation

The adsorption reaction that occurs between metallic ions and the charged surfaces of
clay-organics may involve formation of either relatively weak outer-sphere complexes,
or strong inner-sphere complexes.

An outer-sphere complex is a relatively weak electrostatic association between a
charged surface and a hydrated cation. This cation can easily be exchanged by other
cations also capable of forming outer-sphere complexes. An inner-sphere complex is
arelatively strong complex between a charged surface and an unhydrated cation. This
cation can only be effectively exchanged by cations which are capable of forming
inner-sphere complexes. Studies have shown that humic substances interact with metal
ions in a number of ways. The schematic presentation of humic substances—metal
complexes can be seen in Figure 3.19 (Evangelou, 1995b).

Interaction 1 denotes electrostatic forces between humic substances (negatively
charged) and metal ions (positively charged). It is a relatively weak interaction
(outer-sphere complex) and the cation can be readily exchanged by other weakly
bonding cations,

Interaction 2 denotes chelation or inner-sphere complexation. For this interaction
to take place, the ligand must contain at least two donor atoms capable of being
positioned within the ligand forming aring. This type of interaction commonly appears
to have two modes: in the first mode the metal is bound in both phenolic OH and COOH
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Figure 3.20. Relationship between charge (CEC) and pK,, (from Posner, 1966, with permis-
sion).
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groups (2a); in the second mode, the metal is bound only by COOH groups (2b)
(Schnitzer, 1969; Gamble et al., 1970),

Interaction 3 shows metal-humic substances interacting through water bridging. It
is a weak interaction involving metals with high hydration energy (Bohn et al., 1985).

It is often difficult for one to distinguish the potential of organic material to form
inner-sphere complexes with heavy metals, but it is known that such complexes
represent a significant fraction of the total charge of SOM. The total charge of SOM
is related to the pK, (Fig. 3.20). The greater the pK, value is, the lower the charge
(CEC). Organic material contribution to soil CEC has been reported to vary from 36
cmol kg™! at pH 2.5 to 213 (:molckg‘1 at pH 8. Furthermore, it has been reported that
the apparent pK, of organic matter increased from 4 to 6 when trivalent metals (AP
were complexed (Thomas and Hargrove, 1984). This suggests, according to Figure
3.20, that upon AI** complexation, CEC decreases by more than half.

3.5 CLAY MINERAL SURFACE CHARGE

There are two types of charges at the surface of mineral particles: (1) permanent charge
and (2) variable charge. Permanent charge is due to isomorphous substitutions,
whereas variable charge is caused by dissociation of mineral-edge hydroxyls.

3.5.1 Permanent Structural Charge

As pointed out in Section 3.2, when coordinating cations of higher valence are replaced
by cations of lower valence, a deficit of internal positive charge resuits or, conversely,
a net negative charge on the mineral surface is generated. Correspondingly, a negative
electrical potential is created at the mineral surface. To maintain electrical neutrality
in the system, cations from solution are absorbed onto the negatively charged mineral
surface (Fig. 3.21). Figure 3.21 is only a representation of exchangeable cations and
surface negative charge, because the latter is of a delocalized nature and the internal
charge deficit is averaged over the whole surface. For this reason, as the distance
increases from the particle surface to the bulk solution, the concentration of counte-
rions decreases at some exponential rate (Fig. 3.22). Thus, a large portion of the
adsorbed cations remain at some distance from the mineral surface partially or nearly
fully hydrated. The electrical force acting on these cations is pulling them toward the
particle surface, whereas the force of diffusion is pulling them away from the surface.
The net interaction between these two forces allows the absorbed ions to extend
outward to a point where the surface’s attractive electrical force equals that of diffusion,
a repulsive force. This theory of ion adsorption and distribution was first described by
Gouy and Chapman, independently, in 1910 and is now known as the Gouy—Chapman
diffuse double layer theory. The complete derivation of the Gouy—Chapman model
has been outlined by several authors (Singh and Uehara, 1986; Stumm and Morgan,
1981; Van Olphen, 1971; Gast, 1977; Babcock, 1963).
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Figure 3.21. Schematic of cation adsorption by a negatively charged surface.

Application of the electric double layer theory to soil minerals at a quantitative level
is difficult because soil mineral surfaces at the microscopic scale are not well defined,
that is, they are neither perfectly spherical nor flat, as the double layer requires.
However, application of the double layer theory at a qualitative level is appropriate
because it explains much of the behavior of soil minerals in solution, for example,
dispersion, flocculation, soil permeability, and cation and/or anion adsorption. When
equilibrium between the counterions at the surface (near the charged surface) and the
equilibrium solution is met, the average concentration of the counterions at any
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Figure 3.22. Distribution of charged species with respect to distance from a charged surface.
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distance x from the charged surface can be expressed as a function of the average
electrical potential, W/, by the Boltzman equation. In the case of cations,

n, =n g e+r <t (3.1)
and in the case of anions

n_=n _Oez-ﬁ"x/ kT (3.2)
and

p=zF(n,—n.) (3.3)
where

n, = concentration of positive counterions

n.,o = concentration of positive counterions in the equilibrium solution
n_ = concentration of negative counterions

n_, = concentration of negative counterions in the equilibrium solution
z, = valence of positive counterion (cation)

z_ = valence of negative counterion (anion)

F = Faraday’s constant (96,490 C eq™!)

y, = electrical potential at any distance x from the charged surface (V)
R = universal gas constant (8.314 Jmol™' °K)

p = charge density at any point

T = absolute temperature

K = Boltzman constant (1.38 x 1072 J °K™1)

When v is negative, n, > n_, whereas when , is positive, n_ > n_. The surface charge
density p and the electrical point y at any point are related by Poisson’s equation:

dAy/dx? = - (dn/e)p (3.4)

where d*y/dx? describes variation in the electric field strength, —dy/dx, with distance
and € is the dielectric constant. By combining Equations 3.1-3.4, and considering that
sinh x = (¢ — €™)/2, the fundamental differential equation for the double layer is
obtained:

d*y/dx* = k*/sinh (zF\y/RT)(zF/RT) 3.5)
The component £ is the inverse of the thickness of the double layer, which extends
from the solid surface to the point where the local potential is that of the bulk solutjon,

and is given by (Stumm and Morgan, 1970)

k= [(8nne*?/exT]}’? (3.6)
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where e = electron charge (1.6 x 10" ©), n = number of ion pairs (cm™), and € =
relative dielectric permittivity (dimensionless, € = 80 for water).
Also, for luo < 25 mV, Equation 3.5 reduces to

diy/d = Ky (3.7)

and upon integrating twice with the appropriate boundary conditions (Stumm and
Morgan, 1981),
V= woe—kx (3.8)

Equation 3.7 points out that the variation in the electric field strength (—dy/dx) is
related to the second power of the inverse of the thickness of the double layer times s,
while Equation 3.8 shows that yr decays exponentially with respect to distance (x) from
the surface (Fig. 3.23). A plot of In(y/y,) versus x produces a straight line with slope
k, which is the inverse of the double layer thickness. The assumption y, < 25 mV is
not applicable to all soil minerals or all soils. Commonly, clay minerals possess more
than 25 mV in surface electrical potential, depending on ionic strength. The purpose
of the assumption was to demonstrate the generally expected behavior of charged
surfaces.

The total surface charge, ¢, can be obtained by solving for p using the Poisson
equation (Equation 3.4) and integrating with respect to x by considering as boundary
conditions for x, O and oo.

Constant charge surface

V=V,
Low electrical concentration

High electrical concentration

Surface potential (y)

Distance from surface (x) =t

Figure 3.23. Schematic of electric potential distribution for two electrolyte concentrations as
a function of distance from a constant charge surface (from Dixon and Weed, 1977, with
permission).
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=~ [ pdx = e/4n [ (d2y/de)dx
0 4]

=—~¢/4n[dy/dx] =0 (3.9)
Since, from the first integration of Equation 3.5,
dy/dx = (RT/zF) 2k sinh (zFy/RT) (3.10)
substituting Equation 3.6 into Equation 3.10 and then into Equation 3.9 gives
6 = [(2/m)nexT )] %sinh(zFy,/2RT) (3.11)

Equation 3.11 shows that the surface charge is directly related to the surface electrical
potential () and number of ion pairs per cubic centimeter () or ionic strength (7).

Note that the only terms in Equation 3.6 that are variable are the valence and
concentration of the ions in the bulk solution. In further dissecting Equation 3.6, one
finds that under constant temperature, 87ne?z>/€x is a constant and can be defined as
A. Therefore,

k=222 (3.12a)
or
k1=3.0x 103 ()2 (cm) (3.12b)

where I = ionic strength of the solution. For a small y, (y, < 25 mV), Equation 3.11
reduces to

o = (ek/4m)y, (3.13a)
or
o =AY e /amyy, (3.13b)

Equations 3.12 and 3.13 reveal that when 7 increases, k increases but y, decreases,
leading to a constant ¢. The term & is related to the experimental CEC. Since the
concentration and valence of the charged solution constituents dictate the distance that
the diffuse layer could extend into the bulk solution, when [ increases (either by
increasing ion concentration or by increasing ion valence), the drop in potential occurs
a short distance from the solid surface, thereby creating a thinner diffuse double layer
(Fig. 3.23).

It follows that the CEC of a constant charge mineral should be independent of pH,
salt concentration, or type of metal cation. Charged surfaces however, respond to ion
valence according to the Schulze—Hardy rule. It states that ions of higher valence are
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Figure 3.24. Electrical potential effects of various electrolytes (from Taylor and Ashroft, 1972,
with permission).

more strongly adsorbed by a surface than ions of lower valence. The behavior is
graphically demonstrated in Figure 3.24. It shows that cations with higher valence are
more effective in suppressing the surface electrical potential or zeta potential (defined
as Y at the point of slippage or boundary between water moving with the charged-
particle surface and bulk or immobile water; see Chapter 9) than cations of lower
valence. Furthermore, cations with high valence have a tendency to induce surface-
charge reversal.

3.5.2 Variable Charge

Metal oxides and other nonsilicate or silicate minerals possess variable charge or
pH-dependent charge. Variable charge arises from the protonation and deprotonation
of functional groups at surfaces. Figure 3.25 represents the terminal edge of an iron
oxide crystal under three pH conditions. In the acid condition, an excess of adsorbed
H* results in a net positive charge at the oxygen and hydroxyl functional groups. High
pH conditions induce oxygen deprotonation with the surface gaining a net negative
charge. At near neutral pH, the positive and negative charges are equal. This pH value
is referred to as point of zero charge (PZC). Generally, the PZC represents the pH of
maximum particle agglomeration and lowest potential mineral solubility (Parks and
DeBruyn, 1962).

As noted, metal oxides are not the only minerals with variable charge behavior.
Kaolinite, an aluminosilicate, may attain as much as 50% of its negative charge by
deprotonation of terminal oxygens and hydroxyls at high pH (pH~7).

In variable charge or pH-dependent charge minerals, the surface potential, Vs,
remains constant and is not affected by the concentration of ions in solution. In the
case of permanent charge minerals, however, \,, varies with the concentration of salt
in solution (Fig. 3.26). The relationship between y, and surface charge is given by the
Gouy-Chapman model, as previously demonstrated.
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Figure 3.25. Schematic showing the zero point of charge of an iron oxide surface and the charge
generated as a function of added hydrogen (H*) or hydroxyls (OH™) (from Singh and Uehara,
1986, with permission).

6 = [(2/m)nexT)]' *sinh(zF\y,/2RT) (3.14)

where
o = total surface charge (C cm™)
n = number of ion pairs (cm™)
€ = dielectric constant of solution
Y/, = surface electric potential
KT = Boltzman’s constant times absolute temperature
Z = valence
e = electron charge

Constant Charge Surface pH Dependent Charge Surface

(a) (b)

Y=y
° vy,

Low elec. cong.
High 1} n

Low elec. conc.
ngh " [

Surface Potental,
Surface Potental, Y

Distance from Surface{ x)-= Distance from Surface( x)-e

Figure 3.26. Surface electrical potential as a function of distance from the surface of a constant
charge or pH-dependent charge.
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Equation 3.14 reveals that as surface electrical potential () increases, total surface
charge (o) increases. The surface electrical potential W, can be approximated by the
Nernst equation:

v, = (RT/F)ln C/C, (3.15)

where
C = concentration of potential determining ion in solution
C, = concentration of potential determining ion at y, =0
F = Faraday’s constant
T = temperature

Note that variably charged soil mineral surfaces do not exactly obey the Nernst
equation. The assumption is only valid at approximately one pH unit above or below
the PZC or at approximately 25 mV of surface electrical potential. The assumption is
only used for demonstration purposes. Since H" and OH™ are considered to be potential
determining tons (PDIs), Equation 3.15 can be rewritten as

W, = (RT/F)ln H'/H;, (3.16
or
Wo =59(-pH + pHy) mV at 25°C (3.17

where pH,, is the pH at which 6, and y,, equal zero, and represents the PZC. Equatior
3.14 reveals that the CEC of soil composed of variably charged minerals is dependen:
on pH, salt concentration, and ion valence. It follows from Equation 3.17 that wher.
pH decreases, y,decreases. Furthermore, as y, decreases, ¢ (or CEC) also decreases
On the other hand, as salt concentration and/or ion valence increase, ¢ also increase:
(Equation 3.14).

In summary, constant charge minerals (variable surface potential) differ fror
variably charged (constant surface potential) minerals because for constant chargs
minerals the electrolyte components (e.g., cations) represent potential determinin:
ions, thus the surface electrical potential (y,) decreases as electrolyte concentratio:
increases (observe Fig. 3.26a and note the difference in y, at the two electrolyte levels
For the variably charged minerals, the surface potential W, remains constant whe-
electrolyte concentration increases (observe Fig. 3.26b and note that there is n:
difference in y, at the two electrolyte levels). This implies that the particular electroly ::
is indifferent with respect to the surface. The only time y, would change is when tk.:
electrolyte contains potential determining ions. In the case of a variably charge:
surface potential, determining ions include those capable of undergoing reversib.:
inner-sphere complexation with the surface. Such ions commonly include H" and/c-
OH".
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3.5.3 Mixtures of Constant and Variably Charged Minerals

Figure 3.27 demonstrates that soil systems are mixtures of variable and constant charge
minerals. It appears that as pH rises above 3, the positive charge or anion exchange
capacity (AEC) of the minerals decrease, but the CEC remains unaffected up to pH 5
and increases significantly above pH 5. Therefore, above pH 5 the potential of soil to
adsorb cations (e.g., Ca?, Mg?", Mn?*, and Fe?*), increases, whereas the potential of
soil to adsorb anions (e.g., SO%‘) decreases. Since natural soils are mixed systems with
respect to their charge, that is they contain both variable plus constant charge minerals,

O;=0,+0, (3.18)

where oy = total charge, G_ = constant charge, and o, = variable charge.
Considering that o, is given by Equation 3.14, substituting its y, by Equation 3.17
and collecting terms gives

o, = [(2/m)nekT)]" %sinh 1.15z (pH,, — pH) (3.19)

For a 1:1 indifferent electrolyte and for pH values within one unit of pH,, sinh(pH,, -
pH) = 1.15(pH,, - pH) and Equation 3.19 can be rewritten as

o, = A n'*(pH,-pH) (3.20)

where A = 1.67 x 107 esu cm™ (Uehara and Gillman, 1980) and
6 =0, + 1.67 x 10%2'(pH, - pH) (3.21)
Equation 3.21 points out two zero points of charge, when 6 = 0 and when 6, =0. The

zero point of charge of the mixture is
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Figure 3.27. Mineral cation exchange capacity (CEC) behavior as a function of pH (from Bohn
etal., 1985, with permission).
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Figure 3.28. Mineral cation and anion exchange capacity as a function of pH.

6.+0,=0 (3.22)

c v

Substituting the term o, in Equation 3.22 by Equation 3.20 and rearranging,

o, =-n"%(1.67 x 10%)[pH, — pH] (3.23)

and

pH,,. = pH, + 6/n"*(1.67 x 1075 (3.24)

The term pH,,_ in Equation 3.24 represents the point of zero net charge (PZNC). It is
the pH value at which the cation exchange capacity equals the anion exchange capacity
(Fig. 3.28). Equation 3.24 shows that pH, _ varies with ionic strength (n), whereas pH,

or PZC is an intrinsic property of the mineralogically heterogeneous soil (Uehara and
Gillman, 1980).

3.5.4 Relevant Soil Charge Components

The relationship between pH and surface charge of soils is rather difficult to predict.
This is especially true in soil systems where clay minerals represent a mixture of
constant and variable charge. Surface charge generation on variably charged colloid
surfaces takes place because of specific adsorption or inner-sphere complex formation
of H* or OH". However, specific adsorption is not limited to H* and OH™. Other ions
such as HPO;~, Fe**, and AI**, may also specifically or strongly adsorb and may
influence the surface charge of soils (Wann and Uehara, 1978; Singh and Uehara, 1986:
Uehara and Gillman, 1981; Sposito, 1984a). Wann and Uehara (1978) and Singh and
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TABLE 3.7, Examples of Oxides and pH of Point Zero

Charge

Oxide pH,,c
Aluminum oxide 9.1
Aluminum trihydroxide 5.0
Iron oxide 6-8
Manganese oxide 2-4.5
Silicon oxide 2
Kaolinite 45
Montmorillonite 2.5

Uehara (1986) presented evidence that weak specific adsorption also has an influence
on variable charge surfaces.

Ions forming outer-sphere complexes differ with respect to their potential to
influence surface charge of variably charged minerals (e.g., metal-oxides), when
compared to ions forming inner-sphere complexes (e.g., HPO%"' and FeOH?"). Gener-
ally, cations forming outer-sphere complexes (e.g. Ca**) shift the PZC to lower pH
values while cations forming inner-sphere complexes (e.g. AI**) shift the PZC to higher
pH values (Singh and Uehara, 1986). Anions forming outer-sphere complexes (e.g.
SOZ") shift the PZC to higher pH values, whereas anions forming inner-sphere
complexes (e.g., HPO%") shift the PZC to lower pH values (Sposito, 1981a; Singh and
Uehara, 1986). Table 3.7 shows the PZC of various minerals commonly found in
natural soil.

Wann and Uehara (1978) reported that in iron-rich soil, the use of CaCl, as
background electrolyte shifted the PZC to lower pH values than when the background
electrolyte was NaCl. They attributed this shift to the ability of Ca®* to undergo
low-affinity specific adsorption or form outer-sphere complexes, thus increasing the
negative charge of the mineral’s surface by displacing protons. The same authors also
reported a decrease in the PZC of an oxisol from pH 4.7 to 3.5 in the presence of 1500
ppm P as PO?[ with CaCl, as the background electrolyte (Fig. 3.29). The data in Figure
3.29 reveal that the potential of the soil to adsorb cations increases as a function of pH,
phosphate added, and cation valence. The higher the valence is, the higher the potential
of the charged mineral surface to adsorb cations (note the difference in the slope
between the two lines in Fig. 3.29).

The role of pH on metal adsorption by soils is also demonstrated in Figure 3.30.
These data show that as pH increases, lead (Pb) adsorption increases. However, Pb
adsorption appears to be greater for the A soil horizon than the B soil horizon. Since
the A soil horizon contains a greater amount of organic matter, this increase in metal
adsorption is most likely due to the organic matter’s high charge density and greater
pH dependence.

Attempts to model soil-metal adsorption behavior using the double-layer model
have not been adequate (Van Raij and Peech, 1972). The reason is that in the
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Figure 3.29. Relationship between PZC, (pHc) and phosphorus (P) levels (from Wann and
Uehara, 1978, with permission).

Gouy—Chapman double layer model, it is assumed that ions behave as point charges
and can approach the surface without limit. This leads to predicting extremely high
concentrations of metals at high surface potentials. Because of this, Stern proposed a
model (Van Raij and Peech, 1972 and references therein) where ions are given a finite
size and the surface charge is assumed to be balanced by the charge in solution, which

;4 Dekalb A Dekalb B

6.7 B
Pb

8.3

Metal adsorbed (cmol kg™')

0 0.1 0.2 0.3 0.1 0.2 0.3

Equivalent solution concentration (umol mL~)

Figure 3.30. Adsorptionisotherms for lead (Pb) by a soil’s A and B horizons adjusted at various
pH levels by Ca(OH), (from Harter, 1983, with permission).
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is distributed between two layers. The charge closer to the mineral surface, called the
Stern layer, is represented by o,; the charge in the other layer (diffuse layer) is
represented by ©, (Fig. 3.31). Thus,

Or=0,+0, (3.25)
where
0,=N,Ze/1 + (N, q/M)exp[-(Zey; + ¢/KT)] (3.26)
and
0, = 2nexT/m)!’ *sinh(zeys/2KT) (3.27)
where

N, = number of available sites

N, = Avogadro’s number

q = is the density of the solvent

M = molecular weight of solvent

€ =relative dielectric permittivity (dimensionless, € = 80 for water)

5 = electric potential at the boundary between the Stern layer and the diffuse layer
0 = energy of specific adsorption and all other terms as previously defined

i
[}
]
a- : KStem Layer
g Yo E
L
5 l—Ws
°
o
Q Position of the Stern lons
| =
g Diffuse or Gouy Layer
w 1 Thickness of
!the Stern LayN

Distance from Surface, x

d = Specific adsorption potential
Yy = Surface potential

Y = Stern potential

O, = Stern layer charge

O, = Diffuse layer charge

Figure 3.31. Diagram of the Stern model (from Van Olphen, 1977, with permission).
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Figure 3.32. Calculated cation distribution near a mineral surface (from Shainberg and Kemper,
1966, with permission).

The data in Figure 3.32 show the theoretical estimated concentration of Na*, Li*, and
K* or Rb* between the Stern layer and the diffuse layer based on the Stern model. The
distribution appears to be consistent, as expected, with the hydration energy of the
cation. The greater the heat of hydration (see Chapter 4, Table 4.1) is, the greater the
concentration of the cation in the diffuse layer in relationship to the Stern layer. The
Stern model has been the basis for many variations of the model recently also known
as the surface complexation model (Goldberg, 1992).

3.6 SOIL-MINERAL TITRATIONS

Soil or soil-mineral titrations are often used to establish surface acidity composition
and acid—base behavior. Soil or soil-mineral surfaces are complex in nature owing to
their large variation in functional group content and behavior. For example, the data
in Figure 3.33 show that soil surface acidity is made up mostly by Al and a smaller
quantity of H*. The titration behavior of such soil would depend on amount of Al
present, affinity by which this Al is adsorbed by the surface, degree of surface Al
hydroxylation, and finally the pK, values of the surface-associated H". Commonly.
two types of titrations are employed to evaluate soil or soil-mineral surfaces: (1)
conductimetric titration and (2) potentiometric titration.

3.6.1 Conductimetric Titration

Conductimetric titration denotes change in specific conductance of any given clay or
soil suspension as a function of base or acid added. An ideal conductimetric titration
curve is shown in Figure 3.34. The first slope of the curve (left-hand side) is attributed
to easily dissociated hydrogen (very low pK, surface-functional groups) (Kissel et al..
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Figure 3.33. Makeup of surface acidity in two Kentucky soils (from Lumbanraja and Evan-
gelou, 1991, with permission).

1971). The second and third slopes are attributed to AP* and interlayer hydroxy-
aluminum (Kissel and Thomas, 1969; Rich, 1970). Conductimetric titrations of two
soil samples at three initial pH values are shown in Figure 3.35. None of the soil
samples contain dissociated protons. This was concluded because the lines with the

pH

EC (dsm™)
Zero point of titration (ZPT)

H' —— —— OH added (cmol. kg™)

Figure 3.34. Ideal conductimetric titration plot.
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Figure 3.35. Conductimetric titration plots for various Kentucky soils.

negative (downward) slope (near the y-axis) represent HCI titrations. If strong acid
groups were present, at the lowest pH values of the titration a line with negative slope
would appear if KOH was the titrant. The absence of such line suggests that the
difference between total acidity and AI**, shown in Figure 3.33, represents weak acid
groups on the clay surfaces.

Some soils produce conductimetric titration lines that parallel the x axis; they
represent adsorbed AI**. When the slopes of the titration lines become positive, they
represent surface-adsorbed Al-hydroxy species (Kissel and Thomas, 1969, Kissel et
al., 1971, and Rich, 1970). For example, at all three initial pH values, the Nicholson
soil (Fig. 3.35) exhibits titration lines that nearly parallel the x axis. On the other hand,
the Eden soil exhibits a line nearly parallel to the x axis only for the sample with an
initial pH of 5.78. One expects this behavior to be exhibited by the sample with initial
pH of 4.3. For the samples with initial pH 4.3 or 7.3 the titration lines exhibit positive
slopes, suggesting neutralization of surface-adsorbed Al-hydroxy species. The overall
data in Figure 3.35 show that most surface acidity of the soils is dominated by
aluminum under various degrees of hydroxylation.

3.6.2 Potentiometric Titration

Potentiometric titration denotes a change in the pH of any given clay or soil suspension
as a function of base or acid added. Generally, three types of potentiometric titration
curves are produced (Fig. 3.36). The first type, represented by Figure 3.36a, shows a
common crossover point for all three potentiometric curves, representing three differ-
ent concentrations of an indifferent electrolyte (i.e., NaNO,). The crossover point of
the titrations is known as the point of zero salt effect (PZSE). The intercept of the dotted
line with the titration lines is known as the pH of zero titration (PZT). For a pure oxide,
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Figure 3.36. Ideal potentiometric titration plots under various concentrations (/;—/3) of an
indifferent electrolyte.

the PZSE is identical to PZC or isoelectric point (IEP) (Sposito, 1981a). The PZSE of
any given mineral may also represent

1. pH of minimum mineral solubility

2. pH of maximum particle settling rate

3. pH at which AEC equals CEC, also known as point of zero net charge (PZNC).
This is most likely to occur when inner-sphere complexes are not affected by
pH and ionic strength (Sposito, 1984a)

The second type of potentiometric titration curves are shown in Figures 3.36b and
c. Figure 3.36b shows that the crossover point of the same colloid system as in Figure
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3.36a shifts to higher pH. This implies that a cation has been adsorbed by the colloid
in an inner-sphere mode. In the case of Figure 3.36c, the crossover point shifts to a
lower pH than that in Figure 3.36a. This implies that an anion has been adsorbed by
the colloid in an inner-sphere mode. Finally, the third type of potentiometric titration
curves are shown in Figure 3.36d, which reveals no crossover point. This behavior is
often associated with permanent charge minerals (Sposito, 1981a; Uehara and Gilman,
1980).

Experimental potentiometric titration curves are shown in Figures 3.37 and 3.38.
The data in Figure 3.37 show the PZSE of an iron oxide by the crossover point of the
various background salt titrations at approximately pH 6.8. The titration data in Figure
3.38 show that a given soil’s acid—base behavior could be dependent on the soil’s initial
pH (PZT). The Eden soil exhibited a PZSE when the PZT was near 4. At the PZT of
approximately 6, no definite trend in variable charge behavior was apparent because
the titration graphs were displaced to the right upon increasing the concentration of
the background electrolyte, demonstrating titration behavior of a permanently charged

soil. Finally, for the PZT of about pH 7, the soil exhibits variable charge behavior with
a PZSE of approximately 7.4.
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Figure 3.37. Potentiometric titrations of an iron oxide (hematite) formed under laboratory

conditions (the point at which all three lines converge is representative of the PZC) (from
Evangelou, 1995b, with permission).
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Figure 3.38. Potentiometric titrations of Kentucky soil (from Lumbanraja and Evangelou,
1991, with permission).

The apparent shift in the PZSE of a soil by changing initial pH suggests removal
of exchangeable bases from clay surfaces or buildup of Al-hydroxy species on the
soil’s surfaces (Uehara and Gillman, 1981). Parker et al. (1979) cautioned that a PZSE
does not necessarily reflect the adsorption or desorption of a potential determining ion
(H* or OH"). Potentiometric titrations also involve exchange reactions and/or disso-
lution reactions. Therefore, a drop in the PZSE could also be caused by the dissolution
of Al during soil acidification, whereas an increase in PZSE could be caused by the
formation of Al-hydroxy species on the soil’s surfaces. Hendershot and Lavkulich
(1983) demonstrated that illite did not exhibit a PZSE when PZT was in the range of
6-7; however, it did exhibit a PZSE near pH 4 when coated with Al. They also reported
that soil samples behaved similarly.
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3.6.3 Soil Acidity

Generally speaking, soil acidity is separated into three types:

1. Soluble and exchangeable acidity (A1** plus H*)

2. Titratable acidity (soluble and exchangeable AI** plus H* and nonexchangeable
Al-hydroxy or Fe—hydroxy polymers)

3. Total acidity, which refers to titratable acidity up to pH 8.2. Titratable acidity
includes H,O in the pH range < 4, AI** in the pH range of 4-5.6, “strong”
aluminum hydroxy in the pH range 5.6-7.6, and “weak” aluminum—hydroxy in
the pH range greater than 7.6 (Thomas and Hargrove, 1984)

A process that leads to low soil pH and soil acidification is hydrolysis. The metal most
commonly associated with soil acidification is A1**. Aluminum ions on mineral
surfaces hydrolyze to produce H*, which in turn attacks the clay surfaces to produce
more acidity. The process is demonstrated below:

—AP* + nH,0 < —AI(OH)®™ + nH* (3.28)

If, for whatever reason, available OH™ in soil increases (e.g., by liming), Al1-OH
monomers form large Al-hydroxy polymers. This leads to the formation of double
Al-hydroxy rings [Al,,(OH),,]**, leading to triple rings [Al ;(OH),,]**, and so on.
The continuous increase in OH™ relative to Al decreases the charge per Al from 0.8"
to 0.33*, When the charge contributed per Al finally reaches zero, formation of
crystalline aluminum hydroxide takes effect (Hsu and Bates, 1964).

This implies that Al in soils is found in various stages of hydroxylation, hence at
various degrees of positive charge (e.g., 8* to 18%). For this reason, various other anions,
besides OH", may be found associated with Al. Furthermore, because polymerization
and production of crystalline AI(OH), takes time, titratable acidity, which represents
a quick procedure, may not necessarily reflect soil-available acidity. A similar problem
persists with KCl-extractable soil Al. Polymeric aluminum is strongly adsorbed by soil
mineral surfaces and, for this reason, such Al may not be extractable with metal salts
(e.g., KCD).

Soil aluminum has drawn a great deal of research interest because of its chemical
complexity and agricultural importance. In the range of 1-3 ppm, aluminum in soil is
highly toxic to plants. It has been shown that as Al concentration in the soil solution
increases, plant productivity decreases. For this reason, AI** complexing agents such
as SOM (Fig. 3.39) support plant growth even at pH values at which aluminum is
expected to induce high plant toxicity (Fig. 3.40). Although it is known that plant
toxicity is induced by soluble aluminum, the species responsible for this toxicity is not
well known. For some plants, it has been shown that total dissolved aluminum and
relative root growth give poor correlation (Fig. 3.41), while correlation between the
activity of AI** species in solution and relative root growth appears to be significantly
improved (Fig. 3.42).

Soil acidity is commonly neutralized by CaCO, or Mg(CO;),. The general reactions
that explain soil acidity neutralization by CaCOj are as follows:
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Figure 3.39. Aluminum concentration in solution at various amounts of H peat and base (after
Hargrove and Thomas, 1981, with permission).

CaCO, + H,0 & Ca®* + HCO; + OH" (3.29)
and from Equation 3.28,
OH +H*'— H,0 (3.30)
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Figure 3.40. Dry weight of plants as a function of organic matter content and soil pH (from
Hargrove and Thomas, 1981, with permission).
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Figure 3.41. Relationship between total dissolved aluminum and relative root growth (from
Pavan et al., 1982, with permission).

The overall reaction of acid soil with CaCO, is as follows:

2Al-soil + 3CaCO, + 3H,0 — 3Ca-soil + 2AI(OH), + 3CO,  (3.31)

When all soil acidity has converted to Ca-soil, the pH would be about 8.3. Commonly,
only exchangeable acidity is easily neutralized. A significant fraction of the titratable
acidity may remain intact owing to its extremely weak form or high apparent pK,
values. Soil acidity is for the most part produced in soils under high rainfall regimes
(tropical or temperate regions).

Relative Root Growth- %
[&,]
o

1 2 3 4 5

Activity of A1¥'x (0-%

Figure 3.42. Relationship between AI** activity in solution and relative root growth (from
Pavan et al., 1982, with permission).
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3.7 SOIL AND SOIL SOLUTION COMPONENTS

There are mainly three forms of chemical constituents in soil material (1) pore—
solution constituents, (2) surface-adsorbed constituents, and (3) potentially
decomposable—soluble solids. Pore—solution constituents represent those dissolved in
the pore water and involve a number of cations and anions. A range of concentration
values most commonly encountered in soils is: K*, 1-10 mg L1 Na*, 1-5 mg L
Ca®", 20-200 mg L™'; Mg?*, 2-50 mg L!; Si, 10-50 mg L™!; SO,, 60-300 mg L™Y;
F~,0.1-0.1 mg L™'; CI", 50-500 mg L™'; Mn**, 0.1-10 mg L™!; Cu?*, 0.03-0.3 mg
L, Al < 0.01, Fe < 0.005, Zn < 0.005, P, 0.002-0.03 mg L!; Mo, 0.001-0.01 mg
L~!. These concentrations reflect soils under temperate climatic zones. Under arid
environments, salt concentrations close to those of seawater are sometimes common.

Surface-adsorbed constituents are those composed of minerals or nutrients (e.g.,
Ca® Mg?*,K*, and Na*), heavy metals (e.g., AP, Fe**, Mn?*, Cu?*, and Pb?*) and/or
H". Potentially decomposable--soluble solids include pyrite, carbonates, metal oxides,
and primary minerals such as feldspars.

Soil CEC is composed of two types of constituents: (1) weak Lewis acid metals,
commonly referred to as “bases” (e.g., Ca?*, Mg?*, K*, and Na*) and (2) relatively
strong Lewis acid metals, H*, and heavy metals, depending on the nature of the sample,
for example, geologic waste or natural soil (AI**, H*, Fe?*, Fe?*, and Mn?*). The term
percent base saturation is commonly used to describe the percent of the sum of
exchangeable “bases” relative to the CEC near pH 7 or at pH 7 (CEC,). The equation
for percent base saturation is given as

Jebase saturation = (exchangeable bases/CEC.) x 100 (3.32)

awlk e y=4.22+003x
12:0.80
30 M L2 1 1 5 n

i |
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% BASE SATURATION

Figure 3.43. The relationship between soil suspension pH and percent base saturation (from
Magdoff and Bartlett, 1985, with permission).
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An empirical relationship between pH and percent base saturation is shown in
Figure 3.43. This relationship appears to be linear, but this does not imply any mechanistic
molecular meaning, because soils or clay minerals contain many different functional sites.
The general behavior of these data, however, is of practical value. For example, a sample
with base saturation of approximately 20% will exhibit a pH of approximately 5, while a
pH of approximately 7 suggests a percent base saturation of 100%.

3.8 ROLE OF SOIL-MINERALS IN CONTROLLING
WATER CHEMISTRY

Soil modifies water chemistry or quality through the processes of

Surface-exchange hydrolysis

Dispersion by monovalent metal ions

Soil’s catalytic role in many chemical and/or electrochemical reactions
Precipitation reactions of heavy metals through hydroxylation
Oxidation reactions of organics and inorganics

Hydrolysis reactions of organics and inorganics

Condensation reactions of organics

Physical adsorption of metals and metalloids

e A o B e

Chemical reactions with metalloids

e
L

Soil-dissolution reactions

Overall, soil systems behave as complex biomolecular sieves. It is the purpose of this
book to elucidate these soil processes in the following chapters.

PROBLEMS AND QUESTIONS

1. Explain (a) coordination, (b) coordination number, (¢) tetrahedral, and (d) octa-
hedral.

What is the driving force in cation coordination?
Name the various clay mineral groups present in soil.

What are 2:1, 1:1, and 2:2 clay minerals? How do they differ?

VoA W D

Explain how and why the surface charge properties of various 2:1 clay minerals
might differ?

6. What is a clay interlayer? How does it form? What is its role in ion adsorption?
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7.
8.
9.
10.
11.
12.

13.

14,

15.

16.

17.

18.

19.

What are primary minerals and how do they differ from secondary clay minerals?
Explain isomorphous substitution and its practical significance.
Name the various cation exchange sites on clay minerals.
What is soil organic matter? How does it form?
Explain the two major groups of organic compounds found in soil.

What are (a) outer-sphere complexes and (b) inner-sphere complexes? What is
their practical significance in soil?

Explain the potential reactivity of soil organic matter with (a) cations and (b) clay
minerals. Explain the practical significance of this reactivity.

How does humic acid differ from fulvic acid? What is the practical significance
of this difference in soil?

Consider a surface characterized by the following reactions:
SOH} < SOH + H* pK,=4.0
SOH & SO"+H* pK,=8.0

where S denotes charged mineral surface.
a. Plot net surface charge as a function of pH.
b. What is the pH of zero point of charge?

c. Describe briefly (2-3 sentences maximum) how would you determine the
pK, values of this surface?

Explain the relationship between variably charged soils and surface electric
potential and the relationship between constant charge soils and surface electric
potential. Define the role of potentially determining ions in variably and constant
charged soils. Discuss the practical meaning of the above.

Ten grams of soil were displaced with 250 mL of 1 M ammonium acetate and
made to a final volume of 1 L. Analysis of the final 1-L solution showed 20 mg
L' Ca, 2 mg L' Mg, 1 mg L™! K, and 0.5 mg L~! Na. Estimate exchangeable
cations in meq/100 g soil.

After the 1-M ammonium acetate extraction in problem 17, the sample was rinsed
twice with distilled water and the NHJ concentration of the second rinse was
determined to be 180 mg L1 The rinsed moist sample (60% moisture by weight)
was then displaced with 250 mL of 1 M KCl solution and made to a final volume
of 1 L. Analysis of the final 1-L solution showed 30 mg L™! NH. Estimate the
CEC (in meq/100 g) of the soil.

Based on your calculations in problems 17 and 18, estimate the percent base
saturation of the sample and discuss its practical significance.
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20. Explain how one may determine the PZSE. How is it related to the PZC? What is
the practical significance of the PZC?

21. Explain when and why PZC equals the IEP of a mineral.

22. Explain the difference between the PZNC and the PZSE. When would one expect
PZNC to be the same as PZSE? How would you determine that PZNC and PZSE
differ?

23. Explain what type of soil mineral would not show an apparent PZSE.

24. Calculate the change in ionic strength when the thickness of the double layer is
suppressed by 50% (see Eq. 3.12).

25. Give two reasons for the observed decrease in CEC of soil organic matter when
in the presence of some soluble Al.

26. Give an explanation for the constant CEC of soil organic matter when in the
presence of soluble sodium.

27. Name the various functional groups of (a) clay mineral surfaces and (b) soil
organic matter. Explain which of these functional groups exhibits constant charge
or variable charge behavior and discuss the practical significance of this behavior.

28. Based on the double layer theory, explain the potential effect of temperature on
soil CEC.

29. Based on the classical double layer theory, name two assumptions that are now
known not to be valid when one tries to predict ion adsorption on the basis of
surface electrical potential.

30. How did the Stern model get around the limitations of the double-layer or
Gouy—Chapman model?

31. On what basis does the Stern model distinguish the potential location of ions near
a surface under the influence of an electrical potential?

32. Based on the classical double layer theory, name all parameters affecting CEC and
explain how they affect it.



4 SORPTION AND
EXCHANGE REACTIONS

4.1 SORPTION PROCESSES

Mineral solubility and precipitation were discussed in Chapter 2 as techniques for
predicting the release of ionic constituents to water or soil solutions or the removal of
ionic constituents from water or soil solutions. In this chapter, a second source/sink
for ionic constituents (e.g., contaminants or nutrients) is presented and the mechanisms
controlling this sink are referred to as adsorption or sorption. Both terms denote the
removal of solution chemical species from water by mineral surfaces (e.g., organics,
metal oxides, and clays) and the distinction between the two terms is based on the
mechanism(s) responsible for this removal. In adsorption, a chemical species may be
adsorbed by a surface either electrostatically or chemically (electron sharing), whereas
in sorption, a chemical species may accumulate on a mineral’s surface either through
adsorption, hydrophobic interactions, and/or precipitation.

Mineral surfaces may catalyze ion precipitation via a number of mechanisms such
as simultaneous adsorption of cations and anions. When the solution activity of two
ionic species (anion and cation) reaches the saturation point with respect to a given
mineral, surface precipitation follows. Another potential surface precipitation mecha-
nism could be based on the inability of a mineral’s surface to exclude counterions. For
example, assuming that a surface attracts a cation (i.e., Ca*), it encounters water with
low dielectric constant (the dielectric constant of free water is 80 while that of
surface-adsorbed water is less than 20), which increases the force of attraction between
oppositely charged ions. In this case, failure of the mineral’s surface to repulse the
associated anion (i.e., SO27), allows CaSO,nH,0 precipitation to occur.

Upon reacting with a surface, a chemical species may form either an inner- or an
outer-sphere complex (Fig. 4.1). These two terms are defined in Chapter 3. When a
mineral’s surface and a particular contaminant react covalently (chemisorption) or
through short-range electrostatic interactions (physical adsorption), three reaction
modes may be identified: (1) monodentate, (2) bidentate, and (3) polydentate (Fig.
4.2). Generally, a monodentate is represented schematically by a single point of
attachment, a bidentate is represented by two points of attachment, and a polydentate
is represented by more than three points of attachment. The first two modes, monoden-
tate and bidentate, are common to inorganic and organic mineral surfaces, while the
polydentate mode is common to organic surfaces. A prerequisite to polydentate

167
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Inner-sphere surface complexes
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Figure 4.1. Schematic demonstrating inner- and outer-sphere complexes between inorganic
ions and hydroxyl groups of an oxide surface (adapted from Hayes, 1987).

complexes is the potential of organic surfaces to undergo reconfiguration during
complexation.

The term specific adsorption, often encountered in the scientific literature, describes
adsorption of chemical constituents by a surface owing to some unique characteristics
between the surface and the adsorbing species which allows a high degree of selectivity
(e.g., good fit) between an adsorbing species and a surface site (steric effect). Chemi-
sorption and physical adsorption are distinguished by the magnitude of the heat of
adsorption. The higher the heat of adsorption is, the stronger the bond. Chemisorption
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Figure 4.2. Schematic of inner-sphere monodentate and bidentate metal complexes between
metal ions and hydroxyl groups of an oxide surface (adapted from Hayes, 1987).

exhibits higher heat of adsorption (> 20 kcal mol™!) than physical adsorption (< 10
kcal mol™!) (McBride, 1994 and references therein).

4.1.1 Surface Functional Groups

The mineral surface components responsible for adsorption are the so-called func-
tional groups. In the case of minerals with permanent charge (e.g., aluminosilicates),
the functional group is the siloxane or ditrigonal cavity (Figs. 4.3 and 4.4); in the case
of clay-mineral edges, the surface functional groups are —OH species capable of
dissociating hydrogen (H"). There are three such potential functional groups on clay
minerals. The first group is the —Al-OH (octahedral) or aluminol with a pK  of around
5, the second is the silanol (—Si—OH) (tetrahedral) with a pK, of around 9, and the
third is the intermediate —Si—-Al-OH,, or Lewis-acid site (OH is shared between a
tetrahedral sheet and an octahedral sheet), with an apparent pK, of around 6-7 (see
the meaning of pK, in Chapter 1) (Fig. 4.5). Overall, these functional groups are
distributed on three different clay—mineral site types. The first site type is known as
planar and is represented by mostly exposed siloxane cavities. The second site type is
known as edge and is represented by aluminol, silanol, and intermediate functional
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INNER-SPHERE SURFACE COMPLEX: OUTER-SPHERE SURFACE COMPLEX:
K* ON VERMICULITE Ca(H,0)2* ON MONTMORILLONITE

Figure 4.3. Schematic of inner- and outer-sphere complexes between metal cations and the
siloxane ditrigonal cavities of 2:1 clay minerals (from Sposito, 1984a, with permission).

Figure 4.4. Schematic of the siloxane ditrigonal cavity showing the fit of the K* ion in the
cavity, thus producing an inner-sphere complex (from Sposito, 1984a, with permission) (average
inside diameter of siloxane cavity is 0.26 nm while K* diameter is 0.133 nm).

Aluminol
e H

o)
Lewis
Acid Site

Silanols

Kaolinite Surface Hydroxyls

Figure 4.5. Schematic of the kaolinite surface hydroxyls. In addition to the basal OH groups,
the schematic is showing the aluminol groups, the silanol groups, and the Lewis acid sites
contributing to water adsorption (from Sposito, 1984a, with permission}.
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Figure 4.6. Schematic structure of montmorillonite showing the planar sites, the interlayer
sites, and edge sites (adapted from Jackson, 1964).

—OH groups. The third site type is known as interlayer and is represented by the space
between adjacent siloxane cavities (Fig. 4.6).

The Henderson—Hasselbalch equation (see Chapter 1) can be used to explain
functional surface-group behavior. Consider the functional group —AI-OH. Upon
dissociation it produces —Al-O~, which attracts cations and forms surface-metal
complexes such as —Al-O - nH,OM, where M denotes any metal cation. According
to the Henderson—Hassalbalch equation, a surface functional group with a pK, of 5
signifies that at pH 5 half of the surface is dissociated and, therefore, its negative charge
is one half of the potential maximum. At approximately 2 pH units above the pK_, all
the surface groups are dissociated and thus the negative surface charge approaches
maximum. At approximately 2 pH units below the pK , all surface groups are
protonated and thus the negative surface charge approaches zero. Any further decrease
in pH may induce surface-charge reversal by forming —Al-OH3, which allows surfaces
to form complexes with anions (e.g., CI™ and SOff) (Fig. 4.1). The functional groups
~Al-OH and ~Al-Si—OH are known to exhibit surface-charge reversal potential
within natural pH ranges, whereas the —Si—OH does not exhibit this characteristic.

It follows that the method by which pH regulates charge and metal adsorption by
a surface (S) can be described as a competitive process. For example,

-S-0-H + K* & -S-0-K + H' (4.1)

the symbols —O---K signify an outer-sphere surface oxide—potassium complex. In such
a case (Reaction 4.1), the affinity of ~S—O~ for H" is much greater than the affinity of



172 SORPTION AND EXCHANGE REACTIONS

—S-0O~ for K. In essence, ~O-H, an inner-sphere complex, is much stronger than
—O--K; the latter’s formation potential is pX, or pH dependent. Under these conditions,
relatively weak surface-metal complexes (e.g., outer-sphere complexes) begin to form
approximately 2 pH units below the pK_, and their formation potential increases as pH
increases.

When —S-O" forms an inner-sphere complex with a heavy metal (M*), the reaction
is expressed by

-$-0-H + M* & -S-0-M + HY (4.2)

Considering that —O—H may be a weaker complex than —O—M, formation of the latter
would be relatively independent of pH. The latter complex would involve a strong
bond (e.g., chemisorption). The same explanation applies to anion adsorption. For
example, phosphate (PO,) adsorption by oxides may take place in an outer- or
inner-sphere mode of the monodentate or bidentate type (Fig. 4.7).

These mechanisms also apply to all soil metal-oxides and SOM (soil humic
substances). Soil organic matter functional groups include enolic and alcoholic OH
with pK near 9, as well as carboxylic OH with a pK, around 4. The positive charge
on organic matter is mostly due to amino groups (-NH3) exhibiting a wide range of
pK, values. However, SOM-NH, groups exhibit a short life span owing to their rapid
degradation by soil microbes. The dominant surface charge in SOM is mostly negative
owing to the resistance of charge-contributing molecules to microbial degradation.
Thus, because of its electron configuration, —O~ behaves as a Lewis base and partici-
pates in the makeup of most functional groups in soil systems.

Specific examples of clay—mineral structures and the role of ligands (complexing
structures) are discussed below. There are two types of 2:1 clay minerals—those that
have the potential to swell significantly (e.g., smectite) and those with limited swelling
potential (e.g., vermiculite) (Figs. 4.6, 4.8, and 4.9). These two mineral groups do not
differ greatly in their overall structure. In the case of smectite (e.g., montmorillonite),
most of the isomorphous substitution is in the octahedral sheet; in vermiculite, most
of the isomorphous substitution is in the tetrahedral sheet. Therefore, in vermiculite
the close proximity of the siloxane cavity (located in the tetrahedral sheet; see Chapter
3) to the site of isomorphous substitution (also in the tetrahedral sheet) allows greater

G
I‘ =Fe—O O
H /..
=M @) P nnuo p :
$ N3
lE =Fe —O/ @)
@)
Monodentate Bidentate

=M = Metal Oxide

Figure 4.7. Schematic of adsorption of phosphate by an iron oxide in an inner-sphere bidentate
or monodentate mode.
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Figure 4.8. Schematic of K—vermiculite. The numbers on the lower portion of the diagram
represent the distances (A) of the various sheets (from Jackson, 1964, with permission).

attraction between the siloxane cavity and the interlayer cations than in montmorillo-
nite. In the case of montmorillonite, the large distance between the siloxane cavity
(located in the tetrahedral sheet) and the site of isomorphous substitution (located in
the octahedral sheet) diminishes the force of attraction between the siloxane cavity and
the interlayer cations.
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Figure 4.9. Schematic of Mg-vermiculite. The numbers on the lower portion of the diagram
represent the distances (A) of the various sheets (top from Jackson, 1964, with permission).

A large attraction force between interlayer cations and adjacent siloxane cavities
allows some cations with certain hydration energy to dehydrate. If the dehydrated
cation radius is smaller than the inside diameter of the siloxane cavity, the mineral
could collapse and an inner-sphere complex would form (e.g., K-vermiculite) (Fig.
4.3). When vermiculite contains a relatively strongly hydrated cation such as Ca®* or
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Mg?* (Table 4.1) its interlayer spacing would be approximately 5 A or 0.05 nm wide
(1A=10"%cm) (Fig. 4.9). When K" replaces the interlayer Ca®™, or Mg2+, the low
hydration energy of K* and its good fit in the siloxane cavity would allow vermiculite
to collapse and bring the 5-A (0.05 nm) interlayer gap to near O A. Thus, an
inner-sphere complex would form and such K is often referred to as “fixed K*”.
Vermiculite is also known to form inner-sphere complexes with NH.

Because of the higher affinity for higher-valence cations by the interlayer siloxane
cavity, relatively low pH values allow the interlayer to become loaded with Al-hydroxy
polymers. Complete occupation of the interlayer spacing by octahedrally coordinated
aluminum-hydroxy polymers produces chlorotized vermiculite or montmorillonite
(Fig. 4.10). Such minerals are referred to as 2:2 clay minerals. Under these conditions,
the interlayer space is limited to approximately 4 A (0.04 nm) and Al is nearly
permanently lodged in the interlayer, diminishing mineral CEC. However, in most
cases chlorotization is partial. Thus, Al-hydroxy islands are formed (Fig. 4.11). In
such cases, the interlayer gap is also held at approximately 4 A and many interlayer

TABLE 4.1. Crystallographic Radii and Heats and Entropies of Ion Hydration at 25°C

Crystallographic Ion ~ Heat of Hydration, Entropy of Hydration,

Ton Radius (mm) AH (kJ mol™) AS (J mol™! °K-1)
H* — -10 109
Li* 0.060 -506 117
Na* 0.095 -397 874
K* 0.133 =314 51.9
Rb* 0.148 -289 40.2
Cs* 0.169 -225 36.8
Be?t 0.031 -2470 —
Mg? 0.065 -1910 268
Ca® 0.099 -1580 309
Ba** 0.135 -1290 159
Mn?* 0.080 -1830 243
Fe?* 0.076 -1910 272
Cd* 0.097 -1790 230
Hg?* 0.110 -1780 180
Pb** 0.120 -1460 155
APt 0.050 —4640 464
Fe3* 0.064 -4360 460
La 0.115 -3260 368
F- 0.136 =506 151
Cl- 0.181 =377 098.3
Br- 0.195 -343 82.8
I- 0.216 -297 59.8

S 0.184 -1380 130
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Figure 4.10. Schematic structure of chlorite showing the various isomorphous substitutions
and d-spacing (top from Jackson, 1964, with permission).
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Figure 4.11. Schematic showing the distribution of aluminum-hydroxy polymers in the
interlayer space of 2:1 clay minerals. (I) A uniform distribution; () an “atol” distribution (from
Dixon and Jackson, 1962, with permission).

siloxane cavities remain free of aluminum. The pathway to these siloxane cavities is
highly tortuous (channelized) and only cations with low hydration energy (e.g., K" and

) are able to reach them through diffusion.

Vermiculite is also known for the so-called wedge effect (Fig. 4.12), which may
explain certain cation replaceability behavior in the interlayer. For example, cations
such as Ca?* may expand the outermost portion of the interlayer, but because Ca® is
held strongly in such sites, K* would be trapped deeper in the interlayer. On the other

K not exchangeable to large cations ("wedge zone" areas)

C .7»4

Q

1]
n
+

Hydroxy — Al (or Fe) "islands"

Figure 4.12. Schematic demonstration of the potential role of an aluminum-hydroxy polymer
on cation exchangeability (from Rich, 1968, with permission).
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hand, K ions adjacent to Ca®* may be replaced by diffusing cations, owing to the
propping effect induced by hydrated Ca®*.

4.2 ADSORPTION-SORPTION MODELS

Equilibrium between solution and adsorbed or sorbed phases is a condition commonly
used to evaluate adsorption or sorption processes in soils or soil—clay minerals. As
previously stated, equilibrium is defined as the point at which the rate of the forward
reaction equals the rate of the reverse reaction. Two major techniques commonly used
to model soil adsorption or sorption equilibrium processes are (1) the Freundlich
approach and (2) the Langmuir approach. Both involve adsorption or sorption iso-
therms. A sorption isotherm describes the relationship between the dissolved concen-
tration of a given chemical species (adsorbate) in units of micrograms per liter (ug
L"), milligrams per liter (mg L"), microequivalents per liter (uequiv L"), or milli-
moles per liter (mmol L), and the sorbed quantity of the same species by the solid
phase (adsorbent) in units of adsorbate per unit mass of adsorbent (solid) (e.g., ugkg™",
mg kg~!, eq kg~!, or mmol kg hat equilibrium under constant pressure and tempera-
ture. Sorption isotherms have been classified into four types, depending on their
general shape (Fig. 4.13):

L-type S-type

AMOUNT SORBED &
AMOUNT SORBED -

EQUILIBRIUM CONCENTRATION ——»

C-
ee Hetype

AMOUNT SORBED —#

AMOUNT SORBED —&

EQUILIBRIUM CONCENTRATION ——»
Figure 4.13. Classification of adsorption isotherms (adapted from Sposito, 1948a).
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1. L-type: describes high-affinity adsorption between the adsorbate and adsorbent
and usually indicates chemisorption (e.g., phosphate—soil interactions)

2. S-type: describes adsorbate~adsorbate interactions on the adsorbent, often referred
to as clustering, and/or the interaction of the adsorbate with solution ligands. When
ligand saturation is reached, adsorption proceeds (e.g., aluminum—fulvic acid—clay
interactions)

3. C-type: describes partitioning, which suggests interaction between a generally

hydrophobic adsorbate with a hydrophobic adsorbent (e.g., pesticide—organic
matter interactions)

4. H-type: describes strong chemisorption interactions, which is basically an
extreme case of the L-type isotherms (e.g., phosphate—iron oxide interactions)

4.2.1 Freundlich Equilibrium Approach

Soils are multicomponent systems consisting of solid, liquid, and gaseous phases.
These three phases are constantly in a dynamic state, trying to maintain equilibrium.
Any type of perturbation in one phase influences the other two phases so that a new
equilibrium state is approached. An equilibrium process that has been extensively
investigated in soil systems employing the Freundlich equation involves sorption.
Consider the reaction

-S + 1/nC & -SC (4.3)

where —S denotes a heterogeneous soil mineral surface, C denotes a chemical sub-
stance (e.g., organic contaminant in solution, mg L™!) in equilibrium with —S, 1/n is
an empirical linearization constant, and —SC denotes the adsorbate—surface complex
in milligrams of adsorbate per unit mass of soil (e.g., per 100 g of soil). The equilibrium
expression for Reaction 4.3 is given by

Ky=-SC/C!/" (4.4)
where K[, is the distribution coefficient. By rearranging Equation 4.4 to solve for —-SC,
-SC = K,[C'"] (4.5)

A diagram of —SC versus C will produce a curvilinear plot, as shown in Figure 4.14.
Taking logarithms on both sides of Equation 4.5 gives

log-SC =log K, + 1/nlog C (4.6)

When plotted as log —SC versus log C, Equation 4.6 produces a linear plot with log
Ky, as the y intercept and 1/n as the slope. Figure 4.15 shows the linearized form of the
Freundlich plot of the data in Figure 4.14. The linearized Freundlich plot has no
particular molecular mechanistic interpretation; it simply represents an empirical
approach for predicting the distribution of a constituent (e.g., herbicide) between the
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Figure 4.14. Example of a Freundlich isotherm.

solution phase and the solid phase. Such a model can be used, for example, to predict
the leachability of a particular herbicide in soil. Generally, for soils with similar 1/n,

the greater the K|, the lesser is the potential of the herbicide to leach.
In some sorption cases 1/n equals 1. When this condition is met, a plot of —SC

versus C will produce a straight line with K, as slope (C-type isotherm; Fig. 4.16).
This type of isotherm best describes soil sorption of hydrophobic organics (e.g.,
chlorinated hydrocarbons) (Fig. 4.17). The linearity of such data can be explained
by the schematic model in Figure 4.18. In this model, (linear partition model), the
hydrophobic organic contaminant distributes itself linearly between hydrophobic
organic matter adsorbed on an inorganic mineral particle and solution. Linearity
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Figure 4.15. Linearized form of data in Figure 4.14.
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Figure 4.16. Linear Freundlich plot.

is obtained because no single specific interaction takes place between the adsorbent
(organic matter) and the adsorbate (contaminant), and thus no saturation is attained.
Since SOM is most often the main component responsible for sorption of organic
chemicals, e.g., contaminants (Fig. 4.19), researchers use octanol (an eight-carbon
alcohol) to simulate organic matter—hydrophobic contaminant sorption phenomena.
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Figure 4.17. Sorption of trichlorobenzene and tetrachlorocthylene by two Michigan soils
{adapted from Weber et al., 1992).
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Figure 4.18. Linear “partition” model.

They carry out this process by extrapolating the octanol-water partition coefficien:
(K, of a particular organic contaminant to the SOM-—water partition coefficient (K.
and finally to the soil-water partition coefficient (K;) as follows. Consider that

K,,=CJC, (472

where C_ denotes concentration of contaminant in octanol and C,, denotes concentra
tion of contaminant in water, and

K, =C,/C, (4.7b

10

' | Migo=0.0015
0 1000 2000
Equilibrium, pg L~

3000

Figure 4.19. Sorption of tetrachloroethylene by three Michigan subsoils (adapted from Webe:
et al., 1992).
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where C_, denotes concentration of contaminant in organic carbon and C,, denotes
concentration of contaminant in water. Consider also that the mass fraction of organic

carbon in soil (Mg, ) is given by the equation

M;,. = carbon mass/soil mass (4.7¢)
Then
—-SC = Kp[C] = My K [C] (4.8)
and
K, =Ky/M; (4.9)

The magnitude of K. for a particular contaminant can be obtained from the octanol-
contaminant partition coefficient K, by the following relationship (Means et al.,
1987):

log K, = 1.00 log K, ~ 0.317 (4.10)

Therefore, by knowing the organic matter content (M ) of any given soil and
introducing K _ from Equation 4.10 into Equation 4.8, one may produce the adsorption
coefficient (Kp,) of the given hydrophobic organic chemical for any given soil.
However, Equation 4.10 does not necessarily apply to all organics under ail soil
conditions. Therefore, in the case of untested organic contaminants, sorption evalu-
ation is needed under a wide range of soil conditions (e.g., soil pH, ionic strength,
solution composition, and soil type).

4.2.2 Langmuir Equilibrium Approach

The Langmuir equilibrium approach was developed in 1918 by Langmuir to describe
vapor adsorption on a homogeneous surface. It incorporates several assumptions when
employed to model adsorption of chemical species in soil-solution suspensions. These
assumptions are that

The number of surface adsorption sites are fixed
Adsorption includes a single monolayer
Adsorption behavior is independent of surface coverage

All adsorption sites are represented by similar types of functional groups

ook LN

The isotherm displays L-type behavior

Mathematically, a Langmuir-type reaction can be described as follows:

S+Ce-SC 4.11)
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where the terms are defined as in Section 4.2.1. The equilibrium expression for
Reaction 4.11 is

K, = [-SCJ/[-S][C] (4.12)
Solving for —SC by rearranging gives
—SC =K, [-S][C] (4.13)
Considering that
=S = [§7] - [-SC] (4.14)

where S denotes total number of adsorption sites, by substituting Equation 4.14 into
Equation 4.13 and rearranging,

—SC =K 5;C/[1 + K, C] (4.15)
When K| C << <1,
—SC=K§;C (4.15a)

When plotted as —SC versus C, Equation 4.15 produces a curvilinear line approaching
asymptotically St (Fig. 4.20). When K| C < << 1 (Eq. 4.15a), a plot of —SC versus C
would produce a straight line with slope K| S; and the y intercept would be zero. Upon
rearranging Equation 4.15 such that

-SC= STC/[ I/KL + C] (4.16)
or
400_
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Figure 4.20. Example of a Langmuir isotherm.
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-SC = 8;C/[K, +C] 4.17)
and assuming that —SC = 1/28,, it can be shown that
K,,=C (4.18)

Thus, K, denotes the concentration of adsorbate (e.g., contaminant) at which 50% of
the total adsorption sites are occupied by the contaminant. Therefore, the larger K.
is, the lower the affinity of the adsorbent (surface) for the adsorbate (contaminant).
The magnitude of K, ; allows one to predict the potential of a particular surface to keep
a contaminant from being released to solution. One can rearrange Equation 4.16 to
produce a linear equation:

C/-SC = /K, Sy + C/S; (4.19)

A plot of C/-SC versus C will produce a straight line with slope 1/S; and y intercept
of 1/K; S; (Fig. 4.21). Such a plot will allow one to determine the so-called adjustable
parameters, S; and K| . Note that both the Freundlich equation and the Langmuir
equation produce a surface adsorption affinity constant, but the latter (Langmuir) also
produces the often-sought adsorption maximum (S.).

Equation 4.19 could be modified to produce a competitive interaction such as

-SB+C & -SC+B (4.20)

where B is the competing cation. By substituting the term C with the term C/B, and
considering that K| represents a unitless competitive selectivity coefficient, K-y,
Equation 4.19 can be expressed for the competitive form by '

(CBY(-SC) = /K5S¢ + (C/B)/S (4.21)
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Figure 4.21. Linearized form of the Langmuir data in Figure 4.20.
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A plot of (C/B)/(—SC) versus C/B will produce a straight line with slope 1/S; and y
intercept of 1/KqpS5.

Researchers and field practitioners often employ two-site models to describe
Langmuir-type behavior. The expression is as follows:

—SC = K, S;C/[1 + K, C] + K,§7C/[1 + K|C] (4.22)

However, the fit of experimental data to a one- or two-site model does not necessarily
provide any mechanistic meaning. It only serves as a tool to model reactions for
predictive purposes.

4.2.3 Surface Complexation Models

Currently, an advanced approach to treating experimental adsorption data is through
the use of surface complexation models based on a molecular description of the electric
double layer (Chapter 3). These models include (1) the constant-capacitance model
(CCM), (2) the triple-layer model (TLM), (3) the Stern variable surface charge—
variable surface potential model (VSC-VSP), (4) the generalized two-layer model,
and (5) one pK, model (Goldberg, 1992). These models are fairly complex to use and
require various degrees of computing power MINTEQA2/PRODEFA?2). Considering
that the purpose of this book is to introduce the reader to the principles of soil and
water chemistry, no detailed discussion is carried out on these models. For further
information about these models, see Goldberg (1992). Some discussion on the CCM
model is presented here because it has been tested extensively by Goldberg (1992) and
it deals with inner-sphere complexes, an important component for predicting the
behavior of heavy metals and oxyanions such as arsenic (AsO,, AsO,), and selenium
(Se0,;, Se0,) in soils.

The constance-capacitance model (CCM) was developed by the research groups of
Stumm and Schindler (Goldberg, 1992 and references therein). It explicitly defines
surface species, chemical reactions, equilibrium constant expressions, and surface
activity. The surface functional group is defined as SOH which signifies a surface
hydroxyl bound to a metal ion S (Al or Fe) of an oxide mineral, or aluminol-silanol
group on the clay edge. Furthermore, the CCM model is characterized by the following
four assumptions (Goldberg, 1992):

1. Surface complexes are of the inner-sphere type
2. Anion adsorption takes place by ligand exchange

3. An indifferent background electrolyte is employed to maintain constant ionic
strength

4. The relationship between surface charge and surface potential is linear (see also
Chapter 3)

Two types of mineral surface constants are considered by the CCM. One is a
protenation—deprotonation constant and the other is an adsorbate complexation con-
stant. The model is based on the consideration that the formation of an inner-sphere
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complex is controlled by a chemical potential (e.g., potential of surface, S, and
contaminant to react chemically) and an electrical potential {determined by specific
adsorption or inner-sphere complexes of electrical potential determining ions H* and
OH-) which controls the physical attraction—repulsion of the contaminant by the
surface. For example, in the case of a deprotonation reaction,

-SHe S+ HF (4.23)

where S denotes surface. The intrinsic conditional equilibrium constant [K_; ]
expression describing Reaction 4.23 is

K_y = (-ST1HV[-SH]exp[-Fy/RT] (4.24)

where
F = Faraday’s constant (96,490 C eq™!)
W = surface electrical potential (V)
R = universal gas constant (8.314 ] mol™! °K™1)
T = absolute temperature (°K)

In the case of surface adsorption of a particular chemical species, for example, a metal
(M™"), the reaction is

—SH + M™ & -SM™D 4 ig* (4.25)

where m denotes metal charge. The intrinsic conditional equilibrium constant [K_; ]
expression describing Reaction 4.25 is

K iy = ((-SMED[H1/[=SH][M™])exp[(m ~ 1)Fy/RT ] (4.26)

Equation 4.26, as noted above, has two terms—a chemical complexation term,
[-SM™@-D[H*}/[-SH][M™], and an electrical potential term, exp[(m—1)F\/RT]. The
electrical potential term is directly dependent on pH (see Eq. 4.27b). Therefore, by
regulating the magnitude of the physical attraction between a metal and a surface, the
electrical potential indirectly affects the magnitude of surface complexes that could
form. Recall that before a chemical complex or inner-sphere complex between two
reactants is formed, they must physically collide successfully at a given frequency.
When a metal—-ion (e.g., contaminant) and a surface are oppositely charged, physical
collisions maximize, and, thus, inner-sphere complex formation maximizes. When a
metal-ion (e.g., contaminant) and a surface are similarly charged, physical collisions
minimize, and inner-sphere complex formation also minimizes.

According to the Nernst equation, the surface electrical potential (y) can be
approximated as a function of H* activity or pH as follows:

W = (RT/F)ln H'/Hj (4.27a)
or

y = 59(—pH + pH)mV at 25° (4.27b)
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where H* denotes hydrogen activity in solution, Hj denotes hydrogen activity in
solution at the PZC of the mineral surface (see Chapter 3), and the other terms are as
previously defined. Therefore, based on the Nernst equation (Eq. 4.27b), when pH
equals pH, or H" = H{, y equals zero, and Equation 4.24 reduces to

K iy = -STIH'V[-SH] (4.28a)
or, in the case of the surface-metal complex (Equation 4.26),
K ming = [-SM™V[H1/[-SHI[M™] (4.28b)

It follows that the classical Langmuir equation (see Eq. 4.12), when used to describe
metal-ion adsorption by a charged surface,

K, = [-SM/[-S][M] (4.29)

is only useful for experimental data representing a particular single pH value. For
Equation 4.29 to be applicable to a wide range of pH values, the electrical term
described by Equation 4.27 has to be introduced. This is demonstrated below, where
adsorption is expressed on a surface-fraction basis (8).

ADSORPTION ON A SURFACE-FRACTION BASIS

Consider the reaction
S+ Mt e -SM (A)

where the meaning of the terms is as previously defined. The equilibrium expression
for Reaction A can be expressed as

K, =-SM/[-ST][M*] (B)
Expressing the terms —SM and —S™ on a surface-fraction basis, 6,
0 = [-SMY/[[S{]] ©)
where
(St} =[-SM] + [-§7] (D)
and -S~ on a surface-fraction basis is 1 — 6, then
[1-0]=([Sg] - [-SMI])/[Sy] (E)

By substituting Equations C and E into Equation B

K =06/([1-06][M*]) (F)
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Considering that surface coverage by a metal (—SM) is given in units of 6 (see box
above), and 1 — 0 represents the uncovered surface (-S) (see Equation E), then based
on Equation F and the pH-dependent surface electrical potential, ¥ (Equation 4.27),

6/1 -8 =K M™ {exp~[(m - 1)Fy/RT]} (4.30)

where K, denotes the intrinsic conditional equilibrium constant. Substituting the
Nernst equation (Eq. 4.27) for y gives

8/1-6= KmMHH- [(HE/H+)](m_1) (4.31)

Taking logs on both sides of Equation 4.31 and considering a metal cation with valence
2 gives

log(6/1 - 6) = logK ,, + log M™ — (pH, — pH) (4.32)

Equation 4.32 reveals that plotting percent surface coverage (6 x 100) versus pH will
produce a sigmoidal plot. Figure 4.22 (percent metal adsorbed versus pH) shows, as
predicted by Equation4.32, asigmoidal plot characterized by a narrow pHrange where
adsorption sharply increases (adsorption edge). This only applies to a single type of
surface complex. When more than one type of surface complex form, the number of
equations and constants needed to predict such complexes increases. Furthermore, in
such systems, a plot of percent adsorption versus pH may not necessarily produce an
ideal sigmoidal plot.

As a general rule, adsorption by soil mineral surfaces exhibiting variable charge is
predicted by the pK, value of the adsorbing compound (conjugated acid) or in the case
of metal cations, their hydrolysis constant. In the latter, the pH position of the
adsorption edge is generally related to the metal’s acid—base properties. The greater

o, Metal adsorbed

Figure4.22. Relationship between metal surface coverage and pH (from Schindler et al., 1976,
with permission).
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Figure 4.23. Relationship between pH and anion adsorbed by goethite (from Hingston et al.,
1972, with permission).

the hydrolysis cons