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Preface

In deciding whether to write a new textbook in any field, authors must answer two
questions: (1) is there a need for another text in the field, and (2) how will their text
be different from what is already available? It is obvious from the fact that this book
exists that we answered yes to the first question. Our reasons for doing so are based
on our answers to the second question, and they are related to the broad goals we set
for coverage of topics in this book. Although previous introductory water chemistry
textbooks provide excellent coverage on inorganic equilibrium chemistry, they do not
provide much coverage on other topics that have become important aspects of the field
as it has developed over the past few decades. These include nonequilibrium aspects
(chemical kinetics) and organic chemistry—the behavior of organic contaminants and
the characteristics and behavior of natural organic matter. In addition, most water
chemistry textbooks for environmental engineering students focus their examples on
engineered systems and either ignore natural waters, including nutrient chemistry and
geochemical controls on chemical composition, or treat natural waters only briefly. This
isin spite of the fact that environmental engineering practice and research focuses at least
as much on natural systems (e.g., lakes, rivers, estuaries, and oceans) as on engineered
systems (e.g., water and wastewater treatment systems and hazardous waste processing).
Most existing textbooks also focus on solving inorganic ionic equilibria using graphical
and manual algebraic approaches, and with a few exceptions, they do not focus on the
use of computer programs to solve problems.

This book was written in an effort to address these shortcomings. Our overall goals
in this textbook are to provide readers with (1) a fundamental understanding of the
chemical and related processes that affect the chemistry of our water resources and (2)
the ability to solve quantitative problems regarding the behavior of chemical substances
in water. In our opinion, this requires knowledge of both inorganic and organic chemistry
and the perspectives and tools of both chemical equilibria and kinetics. The book thus
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takes a broader approach to the subject than previous introductory water chemistry
texts. It emphasizes the use of computer approaches to solve both equilibrium and
kinetics problems. Algebraic and graphical techniques are developed sufficiently to
enable students to understand the basis for equilibrium solutions, but the text emphasizes
the use of computer programs to solve the typically complicated problems that water
chemists must address.

An introductory chapter covers such fundamental topics as the structure of water
itself, concentration units and conversion of units, and basic aspects of chemical
reactions. Chapter 2 describes the chemical composition of natural waters. It includes
discussions on the basic chemistry and water quality significance of major and minor
inorganic solutes in water, as well as natural and human sources and geochemical
controls on inorganic ions. Chapters 3—7 cover important fundamentals and tools needed
to solve chemical problems. The principles of thermodynamics as the foundation for
chemical equilibria are covered first (Chapter 3), followed by a separate chapter on
activity-concentration relationships, and a chapter on the principles of chemical kinetics.
Chapter 6 provides basic information on the structure, nomenclature, and chemical
behavior of organic compounds. Engineers taking their first class in water chemistry
may not have had a college-level course in organic chemistry. For those that have
had such a course, the chapter serves as a review focused on the parts of organic
chemistry relevant to environmental water chemistry. Chapter 7 develops the basic
tools—graphical techniques, algebraic methods, and computer approaches—needed to
solve and display equilibria for the four main types of inorganic reactions (acid-base,
solubility, complexation, and redox). The equilibrium chemistry and kinetics of these
major types of inorganic reactions are presented as integrated subjects in Chapters 8—11.

Of the remaining eight chapters, six apply the principles and tools covered in the first
11 chapters to specific chemicals or groups of chemicals important in water chemistry:
oxygen (12), disinfectants and oxidants (13), minor metals, silica, and silicates (15),
nutrients (16), natural organic matter (18), and organic contaminants (19). The other two
chapters describe two important physical-chemical processes that affect and sometimes
control the behavior or inorganic and organic substances in aquatic systems: Chapter 14
describes how solutes interact with surfaces of solid particles (sorption and desorption),
and Chapter 17 describes the principles of photochemistry and the role of photochemical
processes in the behavior of substances in water.

The book includes more material and perhaps more topics than instructors usually
cover in a single-semester course. Consequently, instructors have the opportunity
to select and focus on topics of greatest interest or relevance to their course; we
recognize that the “flavor” and emphasis of water chemistry courses varies depending
on the program and instructor. Those wishing to emphasize natural water chemistry,
for example, may wish to focus on Chapters 12, 15, 16, and 18 after covering the
essential material in Chapters 1-11; others who want to focus on engineered systems
and contaminant chemistry may want to focus more on Chapters 13, 14, and 19. Within
several chapters, there also are Advanced Topic sections that an instructor may or may
not use. With supplementary material from the recent literature, the book also may be
suitable for a two-quarter or two-semester sequence.

A strong effort was made to write the text in a clear, didactic style without
compromising technical rigor and to format the material to make the book inviting and
accessible to students. We assume a fairly minimal prior knowledge of chemistry (one
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year of general chemistry at the college level) and provide clear definitions of technical
terms. Numerous in-chapter examples are included to show the application of theory
and equations and demonstrate how problems are solved, and we have made an effort to
provide examples that are relevant to both natural waters and engineered systems. The
problems included at the end of most of the chapters generally are ordered in terms of
difficulty, with the easiest problems coming first. Finally, we encourage readers to visit
the book’s companion Web site at www.oup.com/us/WaterChemistry, which contains
downloadable copies of several tables of data, an interface for the kinetics software,
Acuchem, additional problems and figures, and other useful information.

Patrick L. Brezonik and William A. Arnold
University of Minnesota
February 2010
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Symbols and Acronyms

Symbols
[1] mass or molar concentration
{} activity
=M metal center attached to a solid surface
=S surface site
%o parts per thousand

fraction of X present as species i

o, beam attenuation coefficient of light at wavelength A
B cumulative stability (formation) constant

B buffering capacity (Chapter 8)

B Bunsen coefficient (Chapter 12)

Y activity coefficient

Yi mean ionic activity coefficient of a salt

Y interfacial energy or surface tension (Chapters 3, 14)

Ag ligand field splitting parameter

® temperature coefficient in kinetics

Oy macroscopic binding parameter for sorbate A (Chapter 14)

K transmission coefficient (Chapter 5 only)

k! radius of ionic atmosphere (Debye parameter), and characteristic thickness
of the electrical double layer

N wavelength

v chemical potential

v stoichiometric coefficient

v kinematic viscosity (m? s—1) (Chapter 12)
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fundamental frequency factor

Scatchard equation variable (= [ML/L;])

extent of reaction

density

susceptibility factor (Chapter 19)

flushing coefficient for water in a reactor (= Q/V)
Hammett constant

characteristic time

quantum yield

electrostatic surface potential

electrostatic interaction factor

light absorption coefficient at wavelength X
activity of i

size parameter for ion i in Debye-Hiickel equation
preexponential or frequency factor in Arrhenius equation
atomic weight

atomic number

boiling point

concentration

correction factor (Chapter 19)

heat capacity

change in heat capacity for a reaction
wavelength-dependent distribution function for scattered light (Chapter 17)
diffusion coefficient

distribution coefficient (Chapter 19)

dielectric constant (relative static permittivity)
permittivity in a vacuum

observed distribution coefficient (Chapter 4)
thermodynamic distribution coefficient (Chapter 4)
daltons (molecular weight units)

change in internal energy

type of molecular orbital

a hydrated electron

electrical (reduction) potential under standard conditions
energy of activation

band gap energy

scalar irradiance just below the water surface
electrostatic units

fraction of a substance in a specific phase (Chapter 19)
fugacity of substance i

fragment constants for fragment i (Chapter 19)
fraction of organic carbon

Helmholtz free energy

Faraday, unit of capacitance (Chapter 14)

Gran function (used in alkalinity titrations)
Faraday’s constant



G(M)
Gy

AG®
AG#

PHpzc
PHznpc

SYMBOLS AND ACRONYMS xvii

Gibbs free energy

total irradiance (sun + sky) at the Earth’s surface

free energy of formation under standard conditions

change in free energy (or free energy of reaction under standard conditions)
free energy of activation

Planck’s constant

enthalpy

Henry’s law constant (= K 1)

current

exchange current

ionic strength

(wavelength-dependent) number of photons absorbed per unit time
joule

kilopascals (unit of pressure)

Boltzmann constant (gas constant per molecule)

molar compressibility of i

rate constant

diffuse attenuation coefficient of light at wavelength X
thermodynamic equilibrium constant (products and reactants expressed in
terms of activity)

equilibrium constant expressed in terms of concentrations of products and
reactants

solid-water partition coefficient

Henry’s law coefficient (= H~1)

gas transfer coefficient (units of length time=")

Langmuir sorption constant

organic carbon-water coefficient

octanol-water partition coefficient

ion product of water

(light path) length

ultimate (first-stage) biochemical oxygen demand

molal concentration

molar concentration

total mass

mass-to-charge ratio

number (of molecules, atoms, or molecular fragments)
nuclophilicity constant (Chapter 19)

normality (equivalents/L)

probability function for equilibrium constant K

Avogadro’s number

negative logarithm of relative electron activity; a measure of the free energy
of electron transfer, pronounced “pea epsilon”

negative logarithm of hydrogen ion activity

pH of point of zero charge on surfaces

pH of zero net proton charge

negative logarithm of X

pressure



xviii SYMBOLS AND ACRONYMS

P primary production (Chapter 12)
q heat
q charge density in diffuse layer (Chapter 14)
Q hydraulic flow rate
r ratio of peak areas determined via gas chromatography
R gas constant
R respiration (Chapter 12)
R rate
s substrate constant (Chapter 19)
Sy wavelength-dependent light-scattering coefficient
S entropy
S saturation ratio
Sc dimensionless Schmidt number (kinematic viscosity/diffusion coefficient)
by type of molecular orbital
ty, half-life
t. critical time (time to achieve maximum DO deficit in Streeter-Phelps
model)
T temperature
TOTX  total concentration of X in all phases of a system
U wind velocity 10 m above the surface
v volume
A\ standard molar volume for i
w, W work
X total concentration of all species of X in solution
max maximum sorption capacity
y amount of O, consumed at any time in biochemical oxygen demand test
z depth (Chapter 17)
z,7 charge (on an ion)
Zag collision frequency between A and B
Acronyms
2.4-D 2.4-dichlorophenoxyacetic acid
AAS atomic absorption spectrophotometry
ACD Ahrland-Chatt-Davies classification system
ACP actual concentration product
ACT activated complex theory
AHM aquatic humic matter
ANC acid-neutralizing capacity (= alkalinity)
AOP advanced oxidation process
APase alkaline phosphatase
BCF bioconcentration factor

BET Brunauer-Emmet-Teller sorption equation



BNC

BOD
BTEX

CAS

CB

CCM
CD-MUSIC
CFSTR

cgs

CDOM

CH

COD
CP-MAS NMR

CUAHSI

DBP
DCE
DDT
DEAE
DFAA
DHLL
DIC
DLM
DMF
DMG
DO
DOC
DOM
DON
DOP
EAWAG

EDHE
EDTA
EfOM
EPC
EPICS
EPI Suite
EXAFS
FA

FFA
FITEQL
FMO
FT-ICR MS
GC-MS

SYMBOLS AND ACRONYMS

base neutralizing capacity

biochemical oxygen demand

benzene, toluene, ethylbenzene, and xylene

Chemical Abstract Service

conduction band

constant capacitance model

charge distribution multisite complexation (model)

continuous-flow stirred tank reactor

centimeter-gram-second, system of measure

colored (or chromophoric) dissolved organic matter

carbonate hardness

chemical oxygen demand

cross-polarization-magic angle spinning nuclear magnetic
resonance (spectroscopy)

Consortium of Universities for the Advancement of Hydrologic
Science, Inc.

disinfection by-product

dichloroethylene

dichlorodiphenyltrichloroethane

diethylaminoethyl (functional group)

dissolved free amino acid

Debye-Hiickel limiting law

dissolved inorganic carbon

double-layer model

2,5-dimethylfuran

dimethylglyoxime

dissolved oxygen

dissolved organic carbon

dissolved organic matter

dissolved organic nitrogen

dissolved organic phosphorus

German acronym for Swiss Institute for Water Supply, Pollution
Control, and Water Protection

extended Debye-Hiickel equation

ethylenediaminetetraacetic acid

effluent organic matter

equilibrium phosphorus concentration

equilibrium partitioning in closed systems

Estimation Programs Interface Suite

extended x-ray absorption fine structure spectroscopy

fulvic acid

furfuryl alcohol

nonlinear data fitting program

frontier molecular orbital (theory)

Fourier transform ion cyclotron resonance mass spectrometry

gas chromatography-mass spectrometry

Xix



XX SYMBOLS AND ACRONYMS

GCSOLAR

HA

HAA
HAc
HMB
HMWDON
HOMO
HPLC
HRT
HSAB
IAP

IC

ICP

IHSS
IMDA

1P

IR

is

IUPAC
LC-MS
LED
LFER
LFSE
LMCT
LUMO
MCL
MEMS
MINEQL
MINEQL+

MINTEQA2
MW
NADP
NCH
NDMA
NMR
NOM
NTA
NTU

os

PAH
PBDE
PCB
PCDD/Fs
PCE
PCU

public domain computer program to calculate light intensity and
rates of direct photolysis

humic acid

haloacetic acid

acetic acid

heteropoly-molybdenum blue

high-molecular-weight dissolved organic nitrogen

highest occupied molecular orbital

high-performance liquid chromatography

hydraulic residence time

(Pearson) hard-soft acid-base (system)

ion activity product

ion chromatography

inductively coupled plasma

International Humic Substances Society

imidodiacetic acid

inositol phosphate

infrared

inner sphere (complex)

International Union of Pure and Applied Chemistry

liquid chromatography-mass spectrometry

light-emitting diode

linear free energy relationship

ligand-field stabilization energy

ligand-to-metal charge transfer (process)

lowest unoccupied molecular orbital

maximum contaminant level

microelectromechanical system

computer program to calculate mineral equilibria

commercially available equilibrium computer program based on

MINEQL

public domain computer program based on MINEQL

molecular weight

National Atmospheric Deposition Program

noncarbonate hardness

N-nitrosodimethylamine

nuclear magnetic resonance (spectroscopy)

natural organic matter

nitrilotriacetic acid

nephelometric turbidity unit

outer sphere (complex)

polycyclic aromatic hydrocarbon

polybrominated diphenylether

polychlorinated biphenyl

polychlorinated dibenzodioxins/furans

perchloroethylene or tetrachloroethylene

platinum-cobalt color unit (Hazen unit)



PES
PFOA
PFOS
PFR
PON
POP
PP
PPC
PPCPs
PPR
RPHPLC
S

SC

SD
SEC
SIT
SMILES
SMP
SRFA
SRP
STP
SUVA
TCE
TCP
TDP
TDS
TH
THM
ThOC
TLM
TMA
TNT
TOC
TON
TP
TST
UF
U.S. EPA
USGS
Uuv

VB
vVOC
WWTP
XANES

SYMBOLS AND ACRONYMS

potential energy surface
perfluorooctanoic acid

perfluorooctane sulfonic acid

plug-flow reactor

particulate organic nitrogen

persistent organic pollutant

particulate phosphorus

products of proton consumption
pharmaceutical and personal care products
products of proton release

reverse-phase high-performance liquid chromatography
salinity

specific conductance (same as EC)
standard deviation

size-exclusion chromatography

specific ion interaction

Simplified Molecular Input Line Entry System
soluble microbial products

Suwannee River fulvic acid

soluble reactive phosphate (expressed as P)
standard temperature and pressure
specific ultraviolet absorption
trichloroethylene

2.4,6-trichlorophenol

total dissolved phosphorus

total dissolved solids

total hardness

trihalomethane

threshold odor concentration

triple-layer model

trimethylamine

trinitrotoluene

total organic carbon

total organic nitrogen

total phosphorus

transition state theory

ultrafiltration

U.S. Environmental Protection Agency
U.S. Geological Survey

ultraviolet

valence band

volatile organic compound

wastewater treatment plant

x-ray absorption near-edge spectroscopy

XXi



This page intentionally left blank



Units and Constants

Units for physical quantities

Fundamental quantities Some derived quantities
Quantity SI units Quantity SI units
Length meter, m Force newton (kg-m-s—2)
Mass kilogram, kg Volume cubic meters (m3)*
Time second, s Electric charge coulomb, C=A"s
Electric current ampere, A Power watt, W =J . s~!
Temperature Kelvin, K Electric potential volt, V=W A"l
Amount of material mole, mol Electric resistance ohm, 2 =V -A~!

Conductance Siemens, S =A-V-!

Important constants

Atomic mass unit 1.6605 x 10-%7 kg

Avogadro’s constant (number) 6.022 x 1023 mol~!

e (the “natural” number) 2.71828

Electron charge 1.602 x 10~ coulombs (C) or 4.803 x 10~10 esu
Electron mass 9.109 x 10-3 kg

*The liter (L) is not an SI unit but is widely used as the unit of volume in freshwater studies. 1 L = 1073 m3
= 1 dm?>. Some scientific journals use SI units only and use m® for volumetric measurements.
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Fundamental frequency, v,
(reciprocal of molecular
vibration period)

Faraday, F

Gas constant per mole, R

Gas constant per molecule, K,
called the Boltzmann constant

Gravitation constant (of the
Earth)

Melting point of water

Molar volume of an ideal gas at
0°C and 1 atm

Molecular vibration period

Permittivity of a vacuum, g

T

Planck’s constant, h

Relative static permittivity of
water, D, also called the
dielectric constant)

Speed of light (in a vacuum), ¢

6.2 x 1012 g1

96,485 C mol~!
8.314 J mol~! K-! or 1.987 cal mol—! K-!
1.3805 x 1023 JK-!

9.806 m s—2

0°Cor273.15K
22.414 L mol~! or 22.414 x 103 cm™3 mol~!

1.5 x 107135
8.854 x 10-12 J-1 C2 m~!
3.14159

6.626 x 10734 J s
80 (dimensionless) at 20°C

2.998 x 108 ms~!



Conversion Factors

Energy-related quantities

1 newton (unit of force) = 1 N = kg m s—2

1 joule (unit of energy) = 107 erg = 1 N m = kg m? s~2 = 1 volt coulomb (V C) =
0.239 calories (cal) = 9.9 x 1073 Latm~! = 6.242 x 1018 eV

lcal=4.184]

lwatt=1kgm?s3=1Js"! =239 x 10~* kcal s~! = 0.86 kcal h~!

1 entropy unit = 1 cal mol~! K=! =4.184 J mol~! K~!

Pressure

1 atm = 760 mm Hg = 1.013 x 10° Pa (pascals) = 1.013 bars
1 mm Hg =1 torr
1 Pa= 10" bars =1 N m2

Some useful relationships

RT In x = 2.303RT log x = 5.709 log x (kJ mol—!) = 1.364 log x (kcal mol—1) at 25°C
(298.15 K)
(RT/F) In x = 2.303RT/F log x = 0.05916 log x (V at 25°C, or 59.16 mV at 25°C)
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Introductory Matters

Obijectives and scope of this chapter

This chapter sets the stage for the rest of the book by addressing four main topics. First, a
brief introduction to the history of water chemistry and its relationship to other branches
of environmental chemistry provides context for the topics treated in this book. Second,
a description of the unique properties of water and their relationship to its molecular
and macroscopic structure provides an appreciation for the complexity of the medium
that supports the chemistry we wish to understand. Third, many different units—some
common, some standard chemical units, and some unique to environmental engineering
and chemistry—are used to report concentrations of chemicals in water. We introduce
these units and show how to use them and make interconversions among them as a
first step in describing the chemistry of water quantitatively. Finally, we introduce the
major types of chemical reactions occurring in natural and engineered water systems
and briefly describe the kinds of equations used to quantify the equilibrium conditions
to which they tend and rates at which they occur.

Key concepts and terms

* The “overlapping neighborhoods” of water chemistry, geochemistry,
biogeochemistry, soil chemistry, and many other branches of the environmental
sciences

* The unique and extreme physical-chemical properties of water

* Liquid water as a structured fluid caused by extensive hydrogen bonding to form
water “clusters”
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* Common mass units of concentration: parts per million (ppm) and parts per billion
(ppb); milligrams per liter (mg/L), micrograms per liter (pLg/L)

* Chemical concentration units: moles/liter (molarity, M), moles/kilogram of water
(molality, m), equivalents/liter, normality (N), mole fraction

* Concentration units unique to water chemistry: mg/L as CaCO;; mg/L as N, P, CI,
or other elemental (atomic) components of ions and molecules

* Associative reactions: acid-base, solubility (precipitation and dissolution),
complex formation and dissociation

* Redox processes: oxidation as a loss of electrons; reduction as a gain in electrons

* Sorption: a phase-transfer process

* Gas transfer and Henry’s law

Origins and scope of water chemistry

As arecognized field of inquiry, water chemistry developed in the mid-twentieth century
(late 1950s and early 1960s) at the dawn of the “environmental era.” Its origins as
subareas of specialization in many other disciplines date back, however, to the early
twentieth century and even before. For example, the chemical composition of lakes
and the oceans has been of interest to limnologists and oceanographers since the early
development of those sciences in the late nineteenth century. Similarly, geochemists
long have been interested in the composition of natural waters, in addition to long-
standing interests in the composition of geosolids. Water chemistry also was a significant
component of the field of environmental engineering (or sanitary engineering, as it was
known prior to about 1960), in part because of the important role of chemical processes in
drinking water treatment. In all these examples, however, chemistry played a supporting
rather than a central role. Analytical and descriptive aspects of chemistry were the prime
considerations, and chemistry was viewed primarily as a tool to be used by scientists and
engineers in the above disciplines rather than a subject worthy of intellectual inquiry in
its own right.

One of the seminal papers in the transformation of water chemistry from its
supporting role in science to a science having its own intellectual merit is “The
Physical Chemistry of Seawater,”! written in 1960 by Lars Gunner Sillen (1916—
1970), a prominent inorganic coordination chemist from Sweden. In this paper Sillen
examined the geochemical origins of seawater and insightfully described the chemistry
of seawater as resulting from a “geotitration” of basic rocks by volatile acids, such
as carbon dioxide and acids from volcanic emissions. This descriptive model led to
many other articles on the geochemical origins of natural waters and to the long-held
interests of aquatic chemists and geochemists in chemical models? and weathering
processes.? Sillen’s paper also described the “speciation” of a wide variety of metal
ions in seawater—that is, the nature of the chemical complexes in which they occur
in seawater. Those ideas led to many further studies to quantify and explain the
chemical composition of natural waters, and these efforts ultimately resulted in the
development of computer codes used to calculate chemical speciation in complicated
aquatic systems.

At the same time, the field of environmental engineering was evolving from
its narrower predecessor field, sanitary engineering, which had been focused on
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drinking water and wastewater treatment, to encompass the broader goals of under-
standing environmental systems (including atmospheric and terrestrial components)
and developing the technical tools to manage, protect, and, where necessary, restore
environmental quality. Leaders of this emerging field realized that a more fundamental
scientific approach was needed to develop the understanding needed to provide sound
scientific underpinnings for environmental policy and management. To the considerable
extent that the field of water chemistry was developed by scientists and engineers
working in or associated with environmental engineering programs, these considerations
also played an important role in developing the new science of water chemistry.
Academic programs initiated around 1960, like the ones led by Werner Stumm (see
Box 1.1) at Harvard University and G. Fred Lee at the University of Wisconsin,
espoused a fundamental approach to water chemistry that emphasized scientific rigor
and quantitative approaches, involving the two cornerstones of physical chemistry—
thermodynamics and kinetics. These programs also emphasized the commonality of
chemical principles across all kinds of natural and engineered water systems and forged
links with marine chemists, limnologists, soil chemists, and scientists in other related
fields. Thus, water chemistry is linked to a wide range of earth and environmental
sciences (Figure 1.1). Moreover, a multidisciplinary perspective that includes the
principles of chemistry but is not limited to them is now understood to be essential
for a holistic understanding of the biogeochemical processes that affect the composition
of aquatic environments.

No field of science can exist for long without an organizing framework articulated in
a textbook. Building upon an important foundation provided by an earlier geochemistry
text by Garrels and Christ,* Stumm and Morgan provided this broad perspective in
1970 in the first text of the field, Aquatic Chemistry.’> Through three editions, the
most recent published in 1996, Aquatic Chemistry continued to set a high standard
for the field. In the sense of being quantitative and focused on both understanding
systems and solving problems, the text has an engineering orientation, but it also
provides a multidisciplinary approach to understanding the chemistry of water in
natural and engineered environments. Several other textbooks, modeled to greater
or lesser extents after Stumm and Morgan’s text, have been published over the past
quarter century.®~!! Some provide a more didactic approach suitable for students with
limited academic backgrounds in chemistry,®!! and all focus mostly (or exclusively) on
inorganic equilibrium chemistry.

In contrast to the focus of water chemistry textbooks on inorganic and equilibrium
chemistry, as the field itself has continued to develop and mature, increasing emphasis
has been placed on two other major subjects: (1) the kinetics of chemical reactions—
natural waters as dynamic systems, and (2) the behavior of organic compounds that
contaminate natural waters as a result of their production and use by humans. The list of
such compounds is too long to enumerate, but categories of current interest include
pesticides, polyhalogenated aromatic compounds, chlorinated solvents, polycyclic
aromatic hydrocarbons, and more recently, a variety of pharmaceuticals, antibiotics,
personal care products, and perfluorinated compounds. Despite the importance of
these contaminants for water quality and ecosystem health and the massive amounts
of research undertaken for more than 40 years by environmental engineers and
scientists to understand the behavior, fate, and effects of these compounds, the book
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Box 1.1 Werner Stumm

3
bxsd i

Werner Stumm (1924-1999) is widely considered to be the founding father of
water chemistry. His contributions to the development of the field are both
broad and deep, not only in terms of the span of his research contributions,
but equally important as the mentor of many students who became leaders in
the field and his authorship (with James Morgan, his first Ph.D. student) of the
important textbook Aquatic Chemistry (1970). Stumm was born in Switzerland
and received his Ph.D. in inorganic chemistry from the University of Zurich
in 1952 under G. Schwarzenbach, a coordination chemist who pioneered in the
use of complexing agents (e.g., EDTA) in analytical chemistry. Stumm spent
15 years at Harvard University (1956-1970), where he developed a strong
research and teaching program, mentoring many of the future leaders of water
chemistry and environmental engineering. He returned to Switzerland in 1970 as
a professor at the Swiss Federal Institute of Technology and Director of EAWAG,
the Swiss Institute for Water Supply, Pollution Control, and Water Protection,
which he led until his retirement in 1992. Under his direction, EAWAG became
the preeminent research institute for aquatic sciences in the world, recruiting
outstanding scientists and engineers to its staff and attracting numerous scientists
for sabbatical visits. Stumm’s approach to aquatic chemistry was fundamental
and multidisciplinary. He emphasized molecular-level studies and application
of the principles of physical chemistry to develop both an understanding of
chemical processes in natural systems and science-based applications in water
technology. Stumm emphasized an ecosystem perspective that integrates the
understanding of chemical, geochemical, biological, and physical processes
occurring within aquatic systems. He was the author, coauthor, or editor of
300 research publications and 16 books during his illustrious career, and his
research spanned most of the field of water chemistry: ionic equilibria, kinetics of
iron and manganese oxidation, corrosion chemistry, coagulation and flocculation
processes, evolution of the chemical composition of natural waters, phosphorus
cycling and eutrophication, acid rain and its effects of chemical weathering
and lake chemistry, and chemical processes at water-solid interfaces (aquatic
surface chemistry). He received many awards during his life, including honorary
doctorates, the Tyler Prize, Stockholm Water Prize, and the Goldschmidt Medal.
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Figure 1.1 Overlapping neighborhoods of the subfields in water chemistry and related
disciplines. The size of the ovals is not intended to indicate the importance of a given subfield
or discipline, and the extent (or lack) of overlap of ovals reflects drawing limitations more
than the extent of concordance among subfields and disciplines. In the interest of clarity,
not all active and potential interactions are illustrated; the double-headed arrow shows one
obvious interaction not otherwise indicated in the diagram—between nutrient chemistry and
environmental engineering and its subfield of water/wastewater treatment.

by Schwarzenbach et al.!2 is the only comprehensive text on the environmental aquatic
chemistry of organic contaminants (although a few earlier books and monographs dealt
with components of the subject).

By design, the scope of the present book is broader than other introductory water
chemistry texts. As described above, environmental organic contaminant chemistry
is a major focus of research in water chemistry and environmental engineering, and
a substantial fraction of professional practice in these fields involves cleanup or
remediation of sites degraded by organic chemicals. Consequently, the authors believe it
is important for an introductory textbook on water chemistry to cover this subject matter
and to describe the types of chemical reactions, including photochemical processes,
whereby such compounds are transformed in aquatic environments. Similarly, because
water chemistry has expanded beyond its origins in equilibrium chemistry, we cover
the principles of chemical kinetics in some detail and devote significant portions of the
text to describing the rates at which processes occur in water, as well as the equilibrium
conditions toward which they are headed.



10 WATER CHEMISTRY

Nature of water

Water is by far the most common liquid on the Earth’s surface, and its unique properties
enable life to exist. Water is usually regarded as a public resource—a common good—
because it is essential for human life and society. However, water also is an economic
resource and is sold as a commodity, and water rights in the American West are
continuous source of conflict. Beyond these perspectives, water holds a special place
in human society. It is not an exaggeration to speak of its mystical and transcendent
properties. Water has spiritual values in many cultures and is associated with birth,
spiritual cleansing, and death. The fact that about 70% of the Earth’s surface is covered
by water and only 30% by land makes one wonder whether “Planet Earth” more properly
might be named “Planet Water.” For chemists, water is a small, simple-looking, and
common molecule, H,O, but they also know it has many unusual and even unique
properties, as discussed below. For civil engineers, water is a fluid to be transported via
pipes and channels, and when it occurs in rivers and streams, it is viewed partly as an
obstacle to transportation, for which bridges need to be designed and constructed, and
partly as an energy-efficient means of transportation and shipping. Scientists in many
other disciplines have their own viewpoints about water that reflect how it interacts with
their science.

Water is the medium for all the reactions and processes that comprise the focus of
this book. In this section we focus on the properties of water itself. We then describe its
molecular structure and show how that structure leads to the macroscopic structures of
liquid, solid and gaseous water and their unusual physicochemical properties.

Compared with other small molecules, water has very high melting and boiling point
temperatures: '3

Compound Formula  Mol.  Freezing Boiling
wt. pt., °C pt., °C
Methane CH, 16 —182.5 —161.6
Ammonia NH; 17 =777 =333
Water H,0 18 0 100
Carbon monoxide CO 28 —205 —191.5
Nitric oxide NO 30 —163.6 —150.8

Moreover, as Figure 1.2 shows, water does not follow the trend of decreasing melting
and boiling points with decreasing atomic weight shown by the other Group VI hydrides.

Among common liquids, water has the highest heat capacity, heat conduction, heats
of vaporization and fusion, and dielectric constant (or “relative static permittivity”); see
Table 1.1. The latter characteristic measures the attenuation rate of coulombic forces in
a solvent compared to attenuation in a vacuum, and it is important for the dissolution of
salts in water. The high dielectric constant of water permits like-charged ions to approach
each other more closely before repulsive coulombic forces become important than is
the case in solvents with low dielectric constants. Consequently, it is a key property
enabling water to be such a good solvent for salts.

In general, the unusual physical properties of liquid water reflect the fact that water
molecules do not behave independently. Instead, they are attracted to each other and to
many solutes by moderately strong “hydrogen bonds.” The hydrogen bonds in ice and
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Figure 1.2 Trends in melting point (solid line) and boiling point data'® for the
Group VI hydrides.

liquid water, ~21 kJ/mol,'# are much weaker than the O-H bond of water (464 kJ/mol),
but they are stronger than London-van der Waals forces (< 4 kJ/mol). In addition, the
hydrogen bonds in water are stronger than those in NH; (13 kJ/mol) but much weaker
than those in HF (155 kJ/mol). The differences in H-bonding strengths among these
molecules can be explained in terms of the electronegativity of the non-H atom. The
importance of hydrogen bonds in promoting structure in ice and water is enhanced by
the fact that water has two hydrogen atoms and two pairs of electrons on oxygen, thus
allowing each water molecule to have a potential of four hydrogen bonds. In contrast,
each HF can have only three bonds (because each HF has only one hydrogen atom), and
the importance of hydrogen bonding in NHj is lessened by the fact that the N atom has
only one pair of electrons available to form such a bond.

Hydrogen bonding is a consequence of the basic molecular structure of water. The
angle between the two O—H bonds (105°) in water is greater than the 90° expected for
perpendicular p-orbitals (Figure 1.3). This is caused by repulsion between the hydrogen
atoms and indicates that there is some hybridization of the s and p orbitals in the
electron shell of the oxygen atom. Oxygen’s four remaining valence electrons occupy
two orbitals opposite the hydrogen atoms in a distorted cube arrangement. This explains
the molecule’s large dipole moment. These electron pairs attract hydrogen atoms of
adjacent water molecules and form hydrogen bonds with lengths of 1.74 angstroms
(measured in ice by x-ray diffraction), which leads to the three-dimensional structure
found in ice and liquid water.

The structure of ice is known with great accuracy.!# Ice-I;, the form that occurs under
environmental conditions, has a structure in which each water molecule is surrounded
by the oxygen atoms of four adjacent water molecules in a tetrahedral arrangement
(Figure 1.4). Extending this arrangement in three dimensions gives rise to a fairly
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Table 1.1 Physical properties of water*

Property Value Comparison with Environmental
other liquids importance
State at room Liquid Rather than a gas Provides medium for life
temperature like H,S and
H,Se
Heat capacity 1.0 cal/g°C Very high Moderates climate
(specific heat) 4.18 J/g°C
Latent heat of 79 cal/g Very high Moderating effect;
fusion 330 J/g stabilizes air
temperatures
Latent heat of 540 cal/g Very high Moderating effect;
Evaporation 2257 J/g important in hydrology
for precipitation-
evaporation
balances
Density 1.0 g/cm? at 4°C High; anomalous Causes freezing to occur

Surface tension

Dielectric

constant’

Dipole moment

Viscosity

Transparency

Thermal
conductivity

72.8 dyne/cm at 20°C
72.8 mN/m

80.1 at 20°C
(dimensionless)

1.85 debyes

1.0 x 1073 Pa-s
1 centipoise (cP)
at 20°C

High

0.6 Wm~! K~!

maximum at
4°C

Very high

Very high

High compared
with organic
liquids

2-8 x higher than
organic liquids

Especially in
midvisible range

High compared
with organic
liquids

from air-water surface;
controls temperature
distribution and water
circulation in lakes and
oceans

Affects adsorption, wetting,
and transport across
membranes

Makes water a good
solvent for ions; shields
electric fields of ions

Cause of above
characteristics and
solvent properties of
water

Slows movement of solutes

Allows thick zone for
photosynthesis and
photochemistry

Critical for heat transfer in
natural and engineered
systems

* Adapted from Horne.'*

$ Also called relative static permittivity.
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Figure 1.3 H-O bond angle and lengths in the H,O molecule (left) lead to high polarity
of the molecule with the hydrogen atoms (right: positive, light gray mesh) on one side
and the unshared electron pairs (right: negative, dark gray mesh) on the opposite side.
(See color insert at end of book for a color version of this figure.)

Figure 1.4 Tetrahedral
arrangement of
hydrogen-bonded water
molecules in ice leads to an
open hexagonal ring structure
in crystalline ice-I, . Source:
Wikimedia Commons, file
Hex ice.GIF (public domain).
(See color insert at end of
book for a color version of
this figure.)

open—i.e., low-density—crystalline structure of repeating hexagonal rings (hence the
subscript h in I;)), each of which contains six water molecules. The density of ice
calculated from measured bond lengths and the three-dimensional structure agrees with
the measured density of ice.

In contrast to the rigid crystalline structure of ice, gaseous water has no structure
beyond that of the individual water molecules themselves, except for occasional,
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ephemeral dimers. In the gas phase, each water molecule behaves independently, and
when two water molecules collide, they do not stick together but simply bounce off each
other and continue their independent existences.

The degree of structure in liquid water is intermediate between crystalline ice and
the absence of structure in gaseous water. Models of the structure of water must account
for the properties in Table 1.1, which suggest that water is a structured medium, and
variations in these properties with temperature. The higher density of water than ice and
the density maximum at 4°C also must be explained. The heat of fusion of ice (330 J/g)—
the energy required to convertice at 0°C to liquid water at 0°C—suggests that only ~15%
of the hydrogen bonds in ice are lost upon melting. In addition, studies using a variety
of methods have reported that the average molecule in liquid water participates in ~3.6
hydrogen bonds. The structure of water has been a subject of inquiry for many years, and
many models have been proposed, including a “relic ice” model and another in which
water molecules exist in a clathrate or cagelike structure.!4

The flickering-cluster model described by Frank and Wen!? in 1957 became widely
accepted as a reasonable if not exact description for the structure of liquid water.
According to this model, water molecules form clusters of hydrogen-bonded molecules
of indeterminate structure (Figure 1.5). The clusters have very short lives (~ 10~10s) and
are constantly forming and disintegrating with thermal fluctuations at the microscale.
Although the lifetime of clusters may seem trivially short, it is about a thousand times
longer than the time between molecular vibrations (~ 10~13 s), and clusters thus have
a real, if very ephemeral, existence. Because of dipole effects on individual water
molecules, the formation of hydrogen bonds is a cooperative phenomenon, and formation
of one bond facilitates formation of the next. Consequently, rather large clusters are
formed. The average cluster has 65 molecules at 0°C but only 12 at 100°C. Because the
number of clusters increases with temperature, the fraction of molecules in clusters

Figure 1.5 The flickering cluster model of liquid water.
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decreases much more slowly (from ~75% at 0°C to ~56% at 100°C).!4 Unclustered
water is considered to be “free.”

Frank and Wen did not propose a specific structural arrangement for water in clusters.
According to Stillinger,!¢ liquid water consists of a random, macroscopic network
of hydrogen bonds. The anomalous properties of water are thought to arise from a
competition between the relatively bulky ways of connecting molecules via the ideal
tetrahedral angles arising from the structure of water molecules and more compact
arrangements that have more bond strain and broken bonds. The alternatives should be
considered as a continuum of structural possibilities. However, some structures can be
ruled out by experimental evidence. For example, if the clusters were relic ice structures,
the polygons formed by hydrogen bonding would reflect the hexagonal structure of ice
and contain an even number of molecules. It can be shown that breaking a hydrogen bond
in the three-dimensional hexagonal ring structure of ice yields a 10-membered ring; loss
of a second hydrogen bond yields a 14-membered ring. According to Stillinger,'® the
frequency distribution of polygon sizes in water shows no evidence for rings from relic
ice structures, and the most common polygons found in molecular dynamics simulations
(five-member rings) are not possible products of ice-I;.

Although the larger scale structure of clustered water is not specified by the
Frank-Wen model, recent molecular dynamics modeling!” and measurements by
femtosecond IR spectroscopy and x-ray absorption spectroscopy!® suggest that much
less extensive hydrogen bonding occurs in liquid water than previously thought.
Although earlier molecular dynamics simulations predicted ~3.3-3.6 hydrogen bonds
per water molecule, which agrees with estimates based on the low heat of fusion of ice,
recent studies suggest an average of 2.2 £ 0.5 H-bonds (one donating and one accepting)
per water molecule at 25°C and 2.1 4= 0.5 bonds at 90°C. The smaller number of H-bonds
was reconciled to the small heat of fusion of ice by quantum mechanical calculations
indicating that the H-bonds in the proposed configuration are stronger than those in the
tetrahedral (four-fold H-bonding) configuration, such that the larger number of weak or
broken H-bonds in liquid water causes only a small change in energy. It is likely that
the last word has not yet been written on this topic.

Addition of solutes to pure water distorts its general structure. The nature of the
interactions between solutes and solvent water depends on whether the solute is a cation,
anion, or nonelectrolyte. Solvation of cations results in relatively tight binding of water
molecules in the “primary sphere of hydration” (Figure 1.6). Water molecules in the
hydration sphere no longer act as solvent molecules, and tight binding results in a
loss of volume compared to water in the bulk solvent; this phenomenon is known as
electrostriction. In some models, unstructured transition zones exist between hydrated
ions and the clustered water in the rest of the solvent. In contrast to cations, anions are
not solvated and instead occupy interstices or “holes” in the overall solvent structure.
Changes in viscosity upon addition of salts to water are used to infer changes in the
degree of solvent structure. Most salts are “structure-makers” that increase viscosity,
but a few salts (e.g., KCl and CaSO,) are structure-breakers that decrease viscosity. It
is interesting to note that the viscosity of pure water'® (Figure 1.7) and aqueous salt
solutions?Y generally decreases with increasing pressure, reaching a minimum value at
pressures of ~400-800 kg/cm? (depending on salt content and temperature). Viscosity
then increases if pressure continues to increase. Horne!# explained this phenomenon
as resulting from a breakdown in the cluster structure of water as pressure increases
such that the unclustered water molecules are arranged more compactly than occurs in
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Figure 1.6 Cation hydration leads to an “electrostricted zone” surrounded by clustered and
free water.
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Figure 1.8 Structure of an organic (nonpolar) solute, chloroform,
in liquid H,O computed by energy minimization with MM2 force
field in ChemBio3D Ultra 12.0. (See color insert at end of book
for a color version of this figure.)

the cluster state. Once the cluster structure is lost—at the viscosity minimum—further
increases in pressure pack the water molecules more tightly, and viscosity increases
because of increasing friction as the molecules move past each other.

Nonpolar solutes also reside in the interstices between water clusters (Figure 1.8),
with water molecules surrounding the solute maintaining their hydrogen bonds.?!
Overall, this may promote structure in liquid water and limit the freedom of the organic
molecule as well.!2 Consequently, nonpolar solutes have high negative entropies of
solution (see Chapter 3 for a description of the concept of entropy). Water molecules at
the air-water interface all are oriented with the oxygen atoms facing the interface and
the hydrogen atoms facing the solution (Figure 1.9). This distorts the three-dimensional
structure of clustered water in the bulk solution, and as a result, the interfacial region has
somewhat different physical properties from bulk water. The highly ordered arrangement
of water molecules at the air-water interface also explains the high surface tension of
water (surface tension defines the energy needed to break the surface). An analogous
situation occurs at solid-water interfaces. Water in the first few molecular layers from
a solid-water interface has different physical properties (e.g., low dielectric constant)
from the bulk solution. This has important implications for the behavior of solutes at
interfaces, as discussed in Chapter 14.

Concentration units

1.3.1 Introduction

Avariety of units are used to express concentrations of substances dissolved or suspended
in natural waters. This situation reflects the diversity of substances in these systems, the
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Figure 1.9 The structure of liquid water is perturbed near interfaces, as the O atoms orient
toward the interface.

wide range of concentrations at which they are found, and the multidisciplinary origins
of water chemistry. An important first step in studying the chemistry of natural waters
is to learn about the different concentration units and how they are related to each
other.

In general, concentrations of substances in water can be expressed in two principal
ways: mass per unit volume of solution and mass per unit mass of water. Mass/volume
units more accurately reflect the way that we prepare and analyze solutions, i.e., based on
a certain volume of solution rather than a certain weight, but they have the disadvantage
of being slightly temperature dependent—because the density (mass per volume) of
water varies with temperature. In contrast, mass/mass concentrations are temperature
invariant. For accurate work one should express mass/volume concentrations at a
standard temperature, but for routine purposes, the differences caused by temperature
usually can be ignored. Volumetric glassware is calibrated to contain the nominal volume
at 20°C. In either mass/volume or mass/mass units, the mass of solutes and water may be
expressed in common units (normally metric or ST units) or chemical units, as described
in the following sections.

1.3.2 Common units of concentration

Both mass per unit volume of solution (mass/volume) and mass per unit mass of
solvent (mass/mass) are used widely, often interchangeably, to express concentrations of
dissolved and suspended substances in water (Table 1.2). For major ions in freshwater,
the most convenient mass/volume unit is mg/L because major ions generally occur in the
range of a few mg/L to a few hundred mg/L. The corresponding mass/mass unit is parts
per million (ppm). For practical purposes, the terms are interchangeable for freshwater
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Table 1.2 Common concentration units used in water analysis

Mass/volume — Symbol  Multiple  Equivalent Substances for which units
ofg mass/mass unit* are used
Gram/liter g/l 1 Part per thousand, = Major ions in brackish water and
ppt (%) seawater
Milligram/L mg/L 1073 Part per million, Major ions in freshwater
ppm
Microgram/L  pg/L 10-° Part per billion, Nutrients, minor and trace metals,
ppb many organic contaminants
Nanogram/L  ng/L 10~° Part per trillion® Trace organic pollutants and some
trace metals
Picogram/L pg/L 10712 Not used Ultratrace contaminants, e.g.,
methylmercury
Femtogram/L  fg/L 10- Not used Not commonly used
* This direct conversion is possible only because the density of water is 1, and so 1 L = 1 kg. This direct relationship does

not hold for other solvents.
To avoid ambiguity, the abbreviation “ppt” should not be used; ppt has been used for parts per thousand by marine scientists
for many decades.

because 1 mg =103 g and 1 liter of water = 1 kg (103 g); for solutions in other solvents,
see Example 1.1. Thus, we can write

1 mg of substance in 1 L of water x 1 L water/1 kg water =1 mg substance/l kg water
or
1 g substance/10° g water = 1 part per million.

This assumes that the dissolved substance does not affect the density of the water or
contribute a significant amount to the total mass. If that were the case, the equivalency
of mg/L and ppm no longer would hold. The salt content of seawater is sufficient for
there to be a slight difference between concentrations expressed in mg/L of solution
and concentrations expressed in ppm, and the differences become more pronounced in
hypersaline waters (see Example 1.2). Many substances of interest in aquatic systems
occur at concentrations much less than 1 mg/L, and the major ions of seawater and brines
occur at much greater concentrations. Consequently, a series of concentration units are
used, as shown in Table 1.2. Also, as analytical capabilities have enhanced our ability to
detect and measure ever lower concentrations of inorganic ions and organic compounds
in water, use of mass/volume units with the prefixes micro-, nano-, and pico- have
become increasingly common. Mass/mass units generally are not used for concentrations
of trace and ultratrace contaminants. Because of ambiguities associated with such terms
as trillion, quadrillion, and even billion,* their use in expressing concentrations should
be avoided.

*A “billion” in the United States is a thousand million (10°), but a billion in Europe is a million million (10'2).
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EXAMPLE 1.1 Conversion between mass/volume and mass/mass units: You have 1 ppb
standards of the pesticide alachlor in water and in hexane (p = 0.66 g/mL). What is
concentration of each standard in pg/L?

Answer: For water, the answer is straightforward:

_ 1 pgalachlor y 1 kg water 1 pg alachlor

1 ppb =
kg water 1 L water L water

For hexane, the density alters the answer:

Ipg alachlor  0.66 kg hexane  0.66 g alachlor

1 ppb = =
PP kg hexane 1 L hexane L hexane

1.3.3 Chemical units

Use of chemical units to express solute concentrations is becoming more widespread in
aquatic sciences, especially in limnology and oceanography, but also in environmental
engineering. The fundamental mass/volume unit is molarity (moles of solute per liter of
solution), abbreviated mol/L or M (but never M/L):

grams of solute

Molarity (M) = -
g formula wt. (g/mol) x vol. of solution (L)

_ grams of solute y 1 (1.1
~ vol. of solution (L) ~ g formula wt. (g/mol) '

Major ions in fresh water generally are in the millimolar and submillimolar (mM) range;
minor constituents and nutrients generally are in the micromolar (WM) range.

A mole of a substance is simply a defined quantity or number of units of the
substance, specifically 6.022x10%3 units of the substance, based on the number of
atoms in exactly 12 grams of carbon-12 (!2C). This number is given the symbol N,
and is called Avogadro’s constant (see Box 1.2). The term mole is used mostly with
reference to molecules (and ions), and a mole of a molecule is the mass, in grams, equal
to the molecular weight of the substance (the sum of the atomic weights (at. wt.) of the
atoms in the formula of the molecule). This quantity, the molecular or formula weight
in grams, is called the gram-molecular weight or gram-formula weight of a compound.
As indicated above, it contains 6.022 x 1023 molecules (or formulas) of the compound.
However, the term “mole” can be used to express this number of anything—atomic
particles, grains of sand, stars in the sky. A mole of electrons is 6.022 x 102 electrons,
and this is known as a coulomb. A mole of photons is called an einstein. A gram-atomic
weight of an element (its atomic weight in grams) contains 6.022 x 1023 atoms and is a
mole of the element.
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Box 1.2 Avogadro and his number

Avogadro’s constant (or number), N,, is arguably the most fundamental constant
in chemistry. Although N, is named for Amedeo Avogadro (1776-1856), an Italian
scientist born in Turin, he did not measure its value or even define it precisely
in conceptual terms. Instead, Avogadro hypothesized in 1811 that equal volumes
of all gases at the same temperature and pressure contain the same number of
molecules. The Austrian physicist Johann Loschmidt is credited as the first person
to evaluate the constant. Using the kinetic theory of gases, he actually computed
the number of particles per unit volume of an ideal gas (the number of particles
per cubic centimeter of gas at standard conditions), which is proportional to but
not the same as N,. The French Nobelist Jean Perrin was the first to propose
naming the constant in honor of Avogadro, but it was not until the 1930s that
use of the term became common in textbooks. The precise value of N, was not
known until fairly recently. Estimates reported in the late nineteenth and early
twentieth century ranged from Kelvin’s estimate of 5 x 1023 to Perrin’s estimate of
6.5-6.9 x 1023, The currently accepted value is 6.02214179 4 0.00000030 x 10%3.
In 1960, Avogadro’s number was defined as the number of atoms in exactly 12 g
of the 12C isotope of carbon, and a mole was defined as one Avogadro number
of atoms or molecules (or any other entity). The International System of Units
(SI) adopted the mole as a fundamental unit in 1971 and reversed the above the
definitions: a mole was defined as the number of atoms in 12 g of 12C, with a
dimension of “amount of substance,” and Avogadro’s number became a physical
constant with units of reciprocal moles (mol—1).

It is also useful to recall here that the atomic weight of any element approximately is
equal to the sum of the number of protons plus the number of neutrons in the nucleus of
atoms of the element. The number of protons defines the element’s identity and is called
the atomic number (at. no.). Fractional atomic weights for some elements result from
the contributions of several isofopes, i.e., atoms having the same number of protons but
different numbers of neutrons. For example, chlorine (at. no. 17) is a mixture primarily
of two stable (i.e., not radioactive) isotopes: ~76% 33Cl and ~24% 37Cl; hence, its
atomic weight is 35.45.

The standard mass/mass concentration unit in chemistry is molality (m):

. g of solute
molality (m) = (1.2)
g formula wt. x kg of solvent

This unit is used rarely in freshwater chemistry, but it is the unit of choice for careful
measurements in marine chemistry and chemical thermodynamics. For dilute solutions,
molarity and molality essentially are equivalent, but in solutions as concentrated as
seawater (and higher), the equivalency breaks down (see Example 1.2). Molality is
temperature invariant, but molarity is not.
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EXAMPLE 1.2 Molarity and molality of chloride in seawater: The salt content, or salinity
(S), of “mean standard” seawater is 35.00%o (i.e., 35.00 g/kg seawater). The chlorinity
(chloride content) of seawater is related to salinity by the formula: S%o = 0.03 +
1.805 x Cl%o. What is the molality and molarity of chloride in average seawater at 25°C?

Answer: From above, we find [CI~] = (35.00 — 0.03)/1.805 = 19.374%o, or 19.374 g
Cl~/kg seawater.

The density of seawater at 25°C is 1.02334 kg/L.?> The volume occupied by 1 kg of
seawater thus is

1.000 kg + 1.02334 kg/LL = 0.97719 L (or 977.19 mL).

On a volume basis, [Cl7] thus is 19.374 2/0.97719 L = 19.826 g/L, and the molar
concentration is

19.826 ¢/LL
[ClI'] = £

= 2008 _ 5503 mol/L or 0.5593 M.
35.45 g/mol ot of

Because molality is moles of solute per kilogram of water, we need to find how many
moles of H,O are in 1 kg of seawater. From above, it is clear that 1 kg of seawater
contains 35 g of salt. Thus, 1 kg of seawater contains 1000 — 35 = 965 g H,O. Because
we calculated that 1 kg of seawater contains 19.374 g Cl—, the molality of C1~ thus is

19.374
[CIT] = £ = 0.5663 mol/kg H,O or 0.5663 m.
0.965 kg H,0 x 35.45 g/mol

The difference between the molar and molal concentrations thus is 0.007, or about 1.2%.

It is simple to convert between common and chemical units of concentration: one
multiplies chemical units (M, mol/L) by the gram formula weight of the substance
(g/mol) to obtain common units (g/L) and divides common units by the formula weight
to get chemical units (see Example 1.3). For example, sulfate ion (SO?[) has a formula
weight of 96 g/mol (or 96 mg/mmol) (S = 32; O = 16). A water containing 24 mg/L of
sulfate thus has 24 mg/L divided by 96 mg/mmol = 0.25 mmol/L of sulfate. Usually,
we say the sulfate concentration is 0.25 millimolar (mM).

Another mass/mass unit of concentration is the mole fraction. For any substance X,
the mole fraction of X in a system is simply the moles of X divided by the total moles
of all substances in the system:

moles of i

mole fraction of i = —— (1.3)

> moles of i

i=1

For example, for a 1.0 M solution of NaCl in water, the mole fraction of NaCl is
~ 1/(1 + 55.5), where 55.5 is the number of moles of water in a liter (1 L x 1000 g/
L x mol/18 g = 55.5 mol). Mole fraction units are not common in inorganic solution
chemistry but often are used in the solubility of organic substances in water and in
thermodynamic treatment of solid phases associated with natural aquatic systems.
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An additional mass/volume chemical unit of considerable importance is
normality (N). This unit is similar to molarity except that the amount of the substance is
based on its reactive capacity with regard to some type of chemical reaction. For acid-
base reactions, the basis is the quantity of substance that can accept or donate one mole
of hydrogen ions. For oxidation-reduction reactions, it is the amount that can accept or
release one mole of electrons. This quantity of a substance is called an equivalent, and
a solution containing one equivalent (of any substance) per liter has a concentration of
one normal (1 N):

. grams of solute
Normality (N) = - (1.4)
g eq. wt. of solute x volume of solution (L)

The equivalent weight of a substance is equal to the molecular (or formula) weight
divided by its reactive capacity, r.:

Molecul l jght
Equivalent weight (g) = orecurar .(formu a? weight (&) (1.5)
reactive capacity, t,

I, is the number of H* ions a substance can gain or lose in acid-base reactions or the
number of electrons a substance can gain or lose in redox reactions. For electroneutrality
(charge-balance) calculations, r, is the absolute value of the charge on the ion. Because
these quantities may differ for a given substance, equivalent weight is a potentially
ambiguous term, and the basis for calculation should be specified.

Normality is used in chemistry to express concentrations of titrants. For example,
the concentration of an acid used to titrate a basic solution is expressed in terms of
normality (N or eq/L). Alkalinity, which is defined as the sum of the “titratable bases
in water,” may be expressed in milliequivalents per liter (meq/L) or microequivalents
per liter (jLeq/L), if levels are low. In the older literature, equivalents per million (epm),
which is the same as milliequivalents per liter (meq/L), is sometimes used.

EXAMPLE 1.3 Interconversion among common and chemical concentration units: The
major ion concentrations of “global-average” river water? are reported in mg/L in the
first row of numbers below, and the atomic or formula weights of the ions (in grams
per mole (g/mol) or milligrams per millimole (mg/mmol)) are given in the next row.
Convert the mass concentrations to molar and (charge) equivalent concentrations.

Ton Nat K+ Mg?* Ca2* HCO; SO;” CI-

Concentration (mg/L) 9.0 1.4 50 21 68 20 8
Atomic or formula weight 22.99 39.10 24.30 40.08 61.02 96.07 35.45

Answer: To convert from mg/L to mol/L, we divide the concentrations in mg/L by the
atomic or formula weights (g/mol or mg/mmol) to get mmol/L. For example, for Mg2+,

(1) 5.0mg/L =+ 24.3 mg/mmol = 0.206 mmol/L or 0.206 mM.

Results for all the major ions are shown in the first row of numbers below. Similarly,
to convert the concentrations to a charge equivalent basis (meq/L), we divide the mass
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concentration by the equivalent weight, which for each ion is its atomic (or formula)
weight divided by the absolute value of the charge on each ion. Again, for Mg?+, we have

24.3 mg/mmole
2) 50mg/L + ———— =5.0mg/L - 12.15 mg/meq = 0.412 meq/L.
2 meq/mmole

Results for all ions are given in the second row of numbers below.

Ion Nat K+ Mg2t Ca2* HCO; SO0~ CI-

mmol/L  0.391 0.0358 0.206 0.524 1.114 0.208 0.226
meg/L 0391 0.0358 0.412 1.048 1.114 0416 0.226

According to the electroneutrality constraint, all waters are electrically neutral. That
is, the sum of the concentrations of the cations must be equal to the sum of the anion
concentrations when both are expressed on a charge equivalents basis. Application of
this concept to the results in Example 1.3 yields the following:

Sum of cation concentrations: Z Cations = 0.391 4-0.0358 4 0.412 4 1.048
= 1.877 meq/L
Sum of anion concentrations: Z Anions = 1.114 +0.416 4+ 0.226 = 1.756 meq/L

The cation equivalents thus exceed the anion equivalents by 1.877 — 1.756 = 0.121
meqg/L, or about 6% of the total equivalent concentration of cations. This magnitude
of difference usually is considered acceptable in routine water analyses and probably
can be accounted for by analytical errors in the measured values of the cations and
anions. Other possible explanations are that (1) the analysis did not include all the
major inorganic ions (the concentration of one or more important inorganic ions is not
reported), or (2) unmeasured charged moieties such as carboxylate groups on natural
organic matter accounts for the anion deficit. The former explanation is unlikely; in most
cases the seven ions listed in the table account for the vast majority of the inorganic ions
in natural waters.

EXAMPLE 1.4 Calculations using chemical concentration units:
(A) Preparation of acid reagents

(1) Concentrated sulfuric acid has a density of 1.83 g/mL. If the concentrated acid is
97% H,S0,, what is its molarity and normality?

Answer: The formula weight of H,SO, is 98 (2 + 32 +4 x 16). One liter of acid contains
0.97 x 1830 g/L = 1775 g/L
and
1775 g/ - 98 g/mol = 18.1 mol/L or ~ 18 M.

Because each mole of H,SO, can release two moles of HT, the normality of the acid is
twice its molarity. Thus concentrated H,SO, is 36 N.
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(2) If 2.0 mL of concentrated H,SO, is diluted with distilled water to 250 mL in a
volumetric flask, what is the resulting concentration in units of molarity and normality?

Answer: The 2.0 mL of concentrated H,SO, contains
2mL x 0.97 x 1.83 g/mL + 98 g/mol = 0.0362 moles.

The solution thus is 0.0362 moles/250 mLx 1000 mL/L = 0.145 M and 0.290 N.

(3) What is the volume of the solution in (2) that should be diluted with distilled
water to make a 0.025 N solution of sulfuric acid?

Answer: For this problem we can use the fundamental dilution formula:
VN, = V,N,,

where V| and N, are the volume and normality of the initial (or “stock”) solution and
V, and N, are the volume and normality of the diluted solution. Thus,

(0.29 N) V, = (0.025 N) (1000 mL),
or
V, = 86.2mL.

Note: reagent grade concentrated sulfuric acid is not pure acid and contains 96-98%
H,S0,. A solution containing an exact concentration of acid thus cannot be prepared
by simple dilution. It is necessary to determine the exact normality by titrating the
acid with a basic solution whose normality is known exactly. This process is called
standardization. Because of this, one would not bother to measure the stock solution
(V) to three-place accuracy; instead, one would measure out ~85 mL by pipette (or
graduated cylinder) and determine the exact normality of the diluted acid by titration
(see Chapter 8).

(B) Preparation of standard solutions of oxidizing agents

Potassium dichromate is a strong oxidizing agent used in the analysis of “chemical
oxygen demand” (COD), a method used by environmental engineers to estimate the
total organic matter in wastewater samples.?? In the process of oxidizing the organic
matter, dichromate ion, CrZO%_, is reduced to two chromic ions, Cr3t+, which involves
transfer of six electrons to dichromate:

Cr,02~ 4 14H" + 6e~ — 2Cr** + 7H,0
Exactly how many grams of reagent-grade K,Cr,0, must be weighed out and added to

water to prepare a 1.0 L of a solution that is exactly 0.25 N K,Cr,0,, and what is its
molarity?
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Answer: The formula weight of K,Cr,0; is 2 x 39.1 +2 x 52 47 x 16 = 294.2. Its
equivalent weight thus is 294.2 - 6 = 49.033 g. To make a 1.0 L solution containing
0.250 eq/L of dichromate, we need to weigh out 0.250 eqx49.033 g/eq = 12.258 g. The
molarity of the solution is 0.25 eq/L -+ 6 eq/mol = 0.04167 mol/L.

1.3.4 Other concentration units used in environmental
chemistry

The units described in the previous sections are the preferred ways to express
concentrations of chemicals in water and generally are the most commonly encountered
units today. However, a few other units are used widely in environmental engineering
and water chemistry. We describe and define these units below.

mg/L as calcium carbonate (CaCO;). This unit formerly was used in natural water
chemistry to express concentrations of alkalinity, hardness, and ions related to these
terms. Although it now is used only rarely in scientific literature, the unit still is
used widely within the water treatment industry. Alkalinity is defined as the sum of
the concentration of bases titratable with strong acid, and it is closely related to the
bicarbonate concentration in most natural waters (see Chapter 8). Hardness is the sum
of the divalent cations (generally Ca?t and Mg?*, but occasionally Fe?t+ and Mn?%),
which cause problems with soap precipitation and buildup of CaCOj; scale in pipes (see
Chapter 10).

The unit mg/L as CaCOj is based on the fact that CaCOj has a formula weight of 100
(40 + 12 + 3 x 16) and an equivalent weight of 50, in terms of its reacting capacity with
H+ and the charge equivalents of its constituent ions. Thus, 50 g of CaCO; yields 0.5
moles of carbonate and requires 1.0 moles of H* to be titrated to CO,; 50 g of CaCOj; also
yields one equivalent (or one mole) of cationic and anionic charges. The unit expresses
concentrations of Ca2+, Mg2*, hardness, or alkalinity as if the constituents all have an
equivalent weight of 50. As a “pseudo-equivalents per liter” or “pseudo-normal” unit,
it is convenient in that concentrations expressed this way can be added in a meaningful
way. For example, Ca 4+ Mg (expressed in mg/L as CaCO;) ~ total hardness (in mg/L
as CaCOs). In contrast, Ca + Mg (expressed in mg/L) is not chemically meaningful.

Grains per gallon is a unit still used for hardness in the water utility industry (but
nowhere else in environmental engineering or water chemistry). One grain is an old
English unit equal to 64.8 mg of CaCO;. A grain per gallon thus is equivalent to 64.8 mg
CaCOs/gal + 3.78 L/gal or 17.1 mg/L as CaCO;.

To convert from the preferred chemical units of alkalinity (meq/L) to mg/L as CaCO;,
we multiply the former by the equivalent weight of CaCOj:

Alkalinity (mg/L as CaCO;) = Alkalinity (meqg/L) x (50 mg CaCO;/meq of CaCO;)
(1.5)

or

Alkalinity (mg/L as CaCO;) = Alkalinity (eg/L) x (0.050mg/neq of CaCO5)
(1.6)
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Conversely,
Alkalinity (peq/L) = 20 x Alkalinity (mg/L as CaCO;) (1.7)

To convert between units of mg/L for Ca?>t and Mg?* and units of mg/L as CaCOs;,
we divide the former by the equivalent weight of the atom (to obtain the number of
equivalents of Ca or Mg) and multiply by the equivalent weight of CaCOj;:

/L as C
Caz+(mg/L as CaCO;) = _myLasrd x 50 mg/meq of CaCO; (1.8)
20 mg/meq of Ca
o mg/L as Mg
Mg " (mg/L as CaCO;) = x 50 mg/meq of CaCO; (1.9)

12.15 mg/meq of Mg

EXAMPLE 1.5 Conversion of alkalinity and hardness units: (a) The sensitivity of surface
waters toward acidification from atmospheric acid deposition is inversely related to
the water body’s alkalinity (also called acid-neutralizing capacity (ANC)). Water with
an alkalinity less than 200 peq/L is considered “acid sensitive.” What is this alkalinity
value in mg/L as CaCO;?

Answer: 200 peg/Lx 50 mg CaCO;/meqx 1073 meg/peq = 10 mg/L as CaCO,

(b) Lake Okeechobee in south Florida is a large, shallow, hardwater lake with high
concentrations of Ca?* and Mg?*, typical values of which in the lake are [Ca?*] =
45 mg/L and [Mg?+] = 18 mg/L. Convert these values to concentrations in mg/L as
CaCOj; and evaluate the total hardness of the lake.

Answer:

[Ca*"] = 45 mg/L <+ 40 mg/mmol = 1.125 mmol/L of Ca**

1.125 mmol/L x 2 meq/mmol = 2.25 meq/L of Ca*"

[Ca*"] = 2.25 meg/L x 50 mg/meq CaCO; = 112.5 mg/L as CaCO,

[Mg?*] = 18 mg/L. =+ 24.3 mg/mmol = 0.74 mmol/L of Mg2+

0.74 mmol/L x 2 meg/mmol = 1.48 meq/L of Mg*"

[Mg*"] = 1.48 meg/L x 50 mg/meq CaCO; = 74 mg/L as CaCO,

Total hardness = [Ca®*] + [Mg”"](both in mg/L as CaCO;) = 112.5 + 74
= 186.5 mg/L as CaCO,

mg/L as N or P (or mg N/L; mg P/L). These units are used in water quality and
limnological studies and express concentrations of various chemical forms of nitrogen
or phosphorus in terms of the amount of elemental N or P present. This is a useful
convention for several reasons. From a nutritional point of view, one is not interested in
the concentration of nitrate or ammonium ion, for example, but in the amount of N in



28 WATER CHEMISTRY

the nitrate or ammonium, the actual part of the ion needed by organisms. Also, because
these are pseudo-molar units, we can add concentrations of various species if they
are expressed in terms of N (or P), but we cannot meaningfully add concentrations
of ammonium and nitrate, for example, when they are expressed in mg/L of the ions
themselves. A related term used to express concentrations of N and P forms in the older
marine chemistry literature, ug-at./L (microgram-atoms per liter), is equivalent to a
micromolar quantity of some N or P form; 1 pg-at N = pug N/14; 1 pg-at P = pg P/31.

To convert from mg/L of some N-containing species to mg/L as N, one divides the
former by the formula weight of the species and multiplies the result by 14, the atomic
weight of nitrogen. For nitrate,

NOj (mg/L as N)

_ mg/Lof NOy

= x (14 mg/mg-atom) x (1 atom N/molecule of NO3') (1.10)
62 mg/mmol :

For ammonium,

NHI (mg/L as N)

_ mg/Lof NHI

= x (14 mg/mg-atom) x (1 atom N/molecule of NHZ{) (1.11)
18 mg/mmol

Similarly, for phosphate,*

POi_ (mg/L as P)

/L of PO}~
= MmeLO T x (31 mg/mg-atom) x (1 atom P/molecule of POZ_). (1.12)
95 mg/mmol

Care must be taken in reporting nutrient concentrations to ensure that no ambiguity
exists with regard to concentration units. This is an issue because the units commonly
used to report nutrient concentrations have varied over recent decades, and publications
are not always clear about what units were used.

EXAMPLE 1.6 Conversions among nutrient concentration units: The drinking water stan-
dard for nitrate is 10 mg/L as N (i.e., drinking waters should not exceed this value).
What quantity of nitrate ion does this concentration represent?

Answer:

(10 mg/L as N) — 14 mg N/mg atom = 0.714mg-atom N/L
0.714 mg-atom N/L x 1 mg-atom N/mmol NO3 x 62 mg/mmol NO3 = 44.3 mg/L

*The actual form (degree of protonation) of inorganic phosphate in water depends on pH. POZ_ is important
only at very high pH values. Consequently, phosphate usually is reported as “dissolved inorganic P” or “soluble
reactive phosphate” (SRP), reflecting the operational nature of the analytical results (see Chapter 16).
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Chlorine. Concentrations of chlorine species and related chemicals used for disinfec-
tion or oxidation of contaminants are reported in mg/L as elemental chlorine (mg/L as Cl).
The chlorine is assumed to have an equivalent weight equal to the atomic weight of
ClI; i.e., a one-electron transfer to form chloride, Cl—, is the assumed reaction. The
concentration of other oxidized chlorine species in terms of Cl equivalents is obtained
by multiplying the molar concentration of the species by its reactive capacity, n, i.e.,
the number of electrons the species accepts in being reduced to chloride (Cl—, the
thermodynamically stable form of chlorine in water), and then multiplying this result
by the atomic weight of chlorine. For example, chlorine in hypochlorite, OCl~, and in
hypochlorous acid, HOCI, has an oxidation state of +1, and thus there is a two-electron
transfer when these forms are reduced to chloride. Thus, for hypochlorite ion,

OCI (mg/L as Cl) = mM of OCI™ x 2 x 35.45. (1.13)

Chlorine concentrations are also commonly expressed in units of mg/L as Cl,. Because
Cl,, the form in which chlorine in its elemental form exists, represents twice the oxidizing
capacity of a single Cl atom but also has exactly twice the mass of a single Cl atom,
the net effect is just a trivial modification of the above equation, and the answer is
the same:

OCI™ (mg/L as Cl,) = mM of OCI™ x 70.9 (1.14)

EXAMPLE 1.7 Conversion of chlorine concentration units: Household bleach is ~5%
NaOCl by weight. (1) What is the molar concentration of the chlorine solution and
(2) what is its concentration in mg/L as C1? Note: NaOCl is not a primary standard and
is not available in pure enough form to compute the exact concentration of a weighed
quantity.

Answer: (1) The bleach contains 5 g of bleach per 95 g of water, giving a concentration
of 5 g/0.095 L = 52.6 g/L. The formula weight of NaOCl is 74.5 (23 + 16 + 35.5). The
approximate molarity of the solution thus is

52.6 g/L + 74.5 g/mol = 0.706 M or 706 mM.

(2) Concentration in mg/L as CI:
706 mM x 2 meg/mmol x 35.45 mg/meq Cl = 50,055 mg/L as Cl, or
~ 50,000 mg/L as Cl
or

706 mM x 70.9 mg/mmol Cl, = 50,055 mg/L as Cl,, or ~ 50,000 mg/L as Cl,.

1.3.5 Concentration units for gases and solids

Concentrations of gases in gas phases usually are expressed in terms of pressure (in
atmospheres, atm). Concentrations of gases dissolved in water often are expressed in
common units (mg/L) or chemical units (mmol/L). They also can be expressed, however,
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in terms of the pressure of the gas in the atmosphere that would produce (at equilibrium)
the observed concentration in water, based in Henry’s law: S, = K, P,, where S, =
the equilibrium concentration (solubility) of the gas in water at its pressure (P,) in the
atmosphere and K}, is called the Henry’s law constant (see Section 1.4.3).

Two types of units are used to express gas concentrations in atmospheric science:
mixing ratios and mass per volume. The former units are expressed as parts per
million (ppm) or billion (ppb), depending on concentration, and effectively represent the
fractional contribution of the gas to the total pressure of the atmosphere. The latter units
are expressed as milligrams or micrograms per cubic meter (mg/m3 or wg/m?). These
two concentration units are related to each other by the perfect gas law: PV = nRT,
where P is pressure (atm), V is volume (L), n is the number of moles of the gas,
T is absolute temperature (K), and R is called the gas constant (in units of L-atm
K~! mol~!, R has a value of 0.08205). This equation is derived in Chapter 3, and
details concerning R are described there. Here we rearrange the equation to show the
relationship between mixing ratios and mass/volume concentration units. Dividing by
V yields

P= RT% — RTC,,, (1.15)

where Cy; (= n/V) is the molar concentration of the gas in the atmosphere (moles per
liter of air). Multiplying both sides of the equation by the molecular weight of the gas
(M,,) gives the gas concentration in g/L, and multiplying by a factor of 10° converts the
concentration to mg/m?3:

6
PimM,, = 10° RTC -3 (1.16)

or

C -3
(mgm™")
Pl = 106RT1\34— (1.17)

w

If we divide both sides of Eq. 1.17 by the factor 10 we can express the pressure of the
gas in parts per million by volume (ppm,):

RT
ppm, = C(mg m73) M_w

(1.18)

Concentration units for substances in solids found in natural waters (e.g., suspended
solids or bottom sediments) usually are expressed in common units (e.g., mg/g or ng/g).
For solid phases that consist of only a few components, such as solid solutions of metal
carbonates the concentrations of the components are expressed as mole fractions. For
example, Ca, gsMg (sCOj;, represents a 5% random substitution of Mg+ ions for Ca?*+
ions in solid calcium carbonate. The mole fraction concentration of MgCO;, is 0.05
and the mole fraction concentration of CaCOsy, is 0.95.
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Major categories of reactions in natural waters

Although the number of reactions in natural and engineered waters is huge—perhaps
incalculable, the inorganic reactions in water can be grouped into four major types
of chemical transformations plus two types of phase transformations. Similarly, many
thousands of organic reactions exist, but they can be grouped into only a few major
reaction types. This section describes these reaction types and presents examples of the
relationships used to define their equilibrium status and rates at which they occur.

1.4.1 Chemical reactions and related equilibrium and kinetic
expressions

Consider a generalized reaction
aA+bB = cC+dD, (1.19)

where A and B are reactants, C and D are products, and a—d are “stoichiometric
coefficients,” i.e., the relative number of molecules of the reactants and products
participating in the reaction. For any reaction at equilibrium, the product of the
concentrations of the reaction products, each raised to the power of their stoichiometric
coefficient, divided by the product of the concentrations of the reactants, raised to
the power of their stoichiometric coefficients, is a constant at a given pressure and
temperature. The ratio is given the symbol K and called the equilibrium constant. For
general reaction 1.19, we can write

c d

K= m (1.20)
[A]“[B]’
where brackets, [i], denote molar concentration. This equation is the basis for solving all
equilibrium problems and is used extensively in this book. The concept of equilibrium
and the relationship between equilibrium constants and reaction energetics (chemical
thermodynamics) is developed in Chapter 3. Strictly speaking, concentrations used in
equilibrium constant relationships are not molar values but “thermodynamically ideal”
concentrations, known as activities, denoted in the rest of the book by braces, i.e., {i}.
Relationships between activity and molar concentration are developed in Chapter 4.

Reactions approach equilibrium at rates that normally depend on the concentrations
of one or more of the reactants involved in the reaction. If the reaction proceeds strongly
to the right, such that there is little or no tendency for products to react backward to
re-form the reactants, then product concentrations do not affect the overall reaction rate.
In contrast to the situation describing chemical equilibrium, we cannot predict the exact
form of a reaction’s rate equation from its overall stoichiometry. This subject is dealt
with in Chapter 5; for now we simply note that rate equations for reactions are written
as ordinary differential equations in terms of the rate of reactant, A, loss or product, P,
formation with respect to time as some function of reactant concentrations:

—d[A]/dt = d[P]/dt = k;,,f([A]...), (1.21)
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where ki, is a rate constant (or rate coefficient) for the reaction, f([A] ... ) represents
a function of the concentration of one or more of the reactants. Examples are given in
Section 1.4.2.

1.4.2 Major inorganic reaction types

Inorganic ions participate in four major types of chemical reactions: (1) acid-base,
(2) solubility (or precipitation/dissolution), (3) complexation, and (4) oxidation-
reduction (or redox). Examples of each are given below with corresponding equilibrium
and kinetic expressions and a brief description of their roles in defining the chemistry
of aquatic systems.

Acid-base reactions

Reaction Equilibrium expression

_ {H;0"){B") _ {H,0"}{B")

(lay HB+H,0=H;0"+B~ K,

*" {HB}{H,0} ~  {HB}
. _ {H"){B7)
(Ib) HB = H'+ B K=
. . . _ {HBJ{OH"} _ {HB){OH "}
@ B +H0=HB+OH K, = porer ==
(3) H,0=H"+OH" K, = (H"}{OH™}

Acids and bases are defined in several ways, as discussed in Chapter 8. Here we use
the “Brgnsted definition,” which says that acids are substances that release protons
(i.e., HT), and bases are substances that accept protons. According to this definition,
an acid does not react by itself but reacts with a base (and vice versa). In reaction 1a,
acid HB reacts with water, which is acting as a base; the products are the (weaker) acid
H;O0" and B~, the “conjugate base” of acid HB. This reflects our understanding that
free protons, H*, do not exist in aqueous solution but always are donated to a base (here
H,0). Although it is common to write acid reactions in water as simple dissociations, as
shown in reaction 1b, this is a matter of convenience rather than accuracys; it is easier to
write HT than H;O*. Mathematically, the two are equivalent, because HF = H;O and,
by definition, the activity of water, H,O, = 1 (see Chapter 4). However, reaction lais a
better description of the chemistry that occurs when an acid releases a proton in water.
K,, the acid dissociation constant, is the equilibrium constant for acid dissociation
reactions la and 1b. Acid-base reactions are rapid and usually reach equilibrium in
times of subseconds to a few seconds. Consequently, we generally do not need to worry
about the kinetics of acid-base reactions.

In reaction 2, base B~ reacts with water, which now is acting as an acid, to accept a
proton, forming conjugate acid HB and hydroxide ion, OH~, from the water molecule.
Although we wrote the base here as an anion (as the conjugate base of acid HB), bases
are not necessarily ionic. Ammonia, NHj, is an example of a nonionic base; it accepts
a proton from water to form OH~ and its conjugate acid, ammonium ion (NH}). K}, is
the base dissociation constant for base B~.
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It is apparent from reactions 1 and 2 that water is both an acid and a base; substances
that behave this way are called amphoteric or amphiprotic. Reaction 3, which is written
more properly as 2H,O = H;0" + OH~, illustrates this dual nature. The equilibrium
constant for reaction 3, K, is called the ion product of water. Because water is the
solvent and because pure solvents have unit activity, as described in Chapter 4, we do
not include it in the ion product for water, and it can be eliminated from the K values
in reactions la and 2. It also can be seen that the sum of reactions 1b and 2 gives
reaction 3. Moreover, the product of the equilibrium constants for 1b and 2 is equal to
the equilibrium constant for reaction 3:

_ HTBT} , (HB}HOH™}

K K,
b {HB} {B™}{H,0}

a

= {H"}{OH"} =K,

In general, for any acid and its conjugate base, we can say that
KK, =K. (1.22)

An important generalization from reactions 1-3 is that whenever two reactions are
added, K for the resulting reaction is the product of the K values for the reactants that
were added together.

The primary acid-base system in natural waters is the CO,-bicarbonate (HCO3 )-
carbonate (CO%‘) system, usually just called the carbonate system. The relative
concentrations of the acid-base forms in this system control the alkalinity and pH
of most natural waters (see Chapter 8). pH is defined as the negative logarithm of
the proton activity, i.e., pH = —log{H*}. It is one of the two primary variables
defining ion speciation and controlling a myriad of chemical and biological processes
in water.

Solubility/dissolution reactions

Reaction Equilibrium expression

4 MA, +H,0= M?;q) +Aqg) K= {M+t}H{A™}
{M"}{HA}

(5) MA, +Ht = M(tq) + HA K, = W

6) Mt H,0 = M(OH H* K = (H )"

( ) +n 2 ( )n(s) +n n— {Mn+}

Subscripts () and (g, denote solid and aqueous phase constituents, respectively, and
numerical subscripts in the K's refer to the number of H reacting to dissolve the solid.
As was the case for water in acid-base equilibria, we usually do not write terms for solid
phases in solubility equilibrium constants because they have unit activity (if they are
pure). Reaction 4 is the simple dissolution or precipitation of a sparingly soluble salt,
MA. Reaction 5 is the acid-promoted dissolution of the salt. Reaction 6 is the khydrolysis
of metal ion M"+. Multivalent metal ions (e.g., ferric ion, Fe3*) generally are insoluble at
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neutral pH because they react with water to form insoluble hydroxides (e.g., Fe(OH);
or ferric hydroxide). Precipitation reactions control the concentrations of many metal
ions in natural waters. The most common of these reactions is the formation of calcium
carbonate (CaCOj,)), which causes the build up of marl (CaCO;-rich) sediments in lakes
and the oceans and limestone (scale) deposits in water distribution systems. Dissolution
of CaCO; is a major source of Ca>* ions and carbonate alkalinity in natural waters.
Solubility reactions also control the concentrations of Fe, Al, and many trace metals in
natural waters.

Complexation reactions

Reaction Equilibrium expression
{ML‘H‘I‘I*I }
7)) M"t + L~ = ML+ K. . . =
( ) stab 1 {MmJF}{L,}
_ {ML+m—n }
(®) M"t +nL- =ML"" By= o)
{M"™HL™}
- MLy
9) ML™ " = Mm+ 4+ nlL- Ky =0 &1 g
)] +n diss n {MLn} B
+n—1 +
(10) M+ + HL = ML+ 4+ H* K, = {ML™ " }{H"}
{M"T}{HL}
m—n {M(OH), ™™ }{H*}
(11)  Mm+ 4+nH,0 =M(OH),;" " + nHt *B, = A

Complexation is the formation of a “complex” species from components capable of
independent existence in solution. All complexes contain a central metal ion (electron-
pair acceptor or Lewis acid) and one or more ligands (electron-pair donors or Lewis
bases). Ligands contain an electronegative atom that has one or more pairs of electrons
available for sharing (bond formation); they may be anions (e.g., Cl~, SOZ_) or neutral
molecules (e.g., NH;). Both inorganic and organic ligands, such as carboxylic acids
and compounds with amino groups, are important in complex formation in natural
waters. Reaction 7 defines the first “stepwise” stability (or formation) constant for metal
ion M+ with ligand L~; reaction 8 defines the “cumulative” stability constant, B, to
form ML, from M and n L. From the earlier comment on the addition of reactions, it
should be apparent that 8, = K - -K, - - - K,,. Reaction 9, the reverse of the cumulative
formation of ML, defines the dissociation (or instability) constant for the complex.
When a protonated free ligand reacts with a metal ion to form a complex in which the
ligand is deprotonated, we use a superscript * before the K or B, as for reaction (10) with
HL and cumulative reaction (11), where the protonated ligand, water, forms hydroxide
complexes with metal ions, releasing H* as a product. Many trace metals exist in natural
waters primarily as complexed species; complexation is less important for the major
cations, especially the monovalent ones, Na™ and K*. Complexation affects metal ion
solubility and reactivity toward oxidation, as well as metal bioavailability to aquatic
organisms.
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Oxidation-reduction (redox) reactions

Reaction Equilibrium expression
(12) Fe’t 4+ e~ — FeZt ES, =0.771V
(13) %0, +e +H* - % H,0 ES; =1.224V
(14) Fe’t +% 0, + HY - Fe3t + % H,0 Eg, =0453V;
(Fe™) 7.67
net = oA = 100
{Fe " }{H }P02

Oxidation involves a loss of electron(s) by a species; reduction involves a gain in
electron(s). Because free electrons cannot build up in a system, whenever a species is
oxidized (gives up electrons), other species must be reduced (accepting those electrons).
Nonetheless, it is convenient to separate the steps in a net redox reaction and write the
separate “half-reactions” for oxidation and reduction. We combine them by appropriate
addition or subtraction, multiplying the half-reactions, as necessary, to ensure that
each half-reaction involves the same number of electrons—so there is no loss or gain
of electrons in the net reaction. The tendency for half-reactions to occur is defined
quantitatively in terms of reduction potentials, E°, in volts, V, or the related dimensionless
term pe°, described in Chapter 11. The potential for the net reaction is the difference
between E° for the oxidation and reduction steps: Ep,, = E¢; — Eg,. In turn, E; and
pene; are related to the energetics of the reaction and to its equilibrium constant.

The reactions shown above represent the reduction potentials (half-reactions) for
the ferric-ferrous iron couple and the oxygen-water couple. Subtraction of reaction 12
from reaction 13 yields the net reaction (14)—the oxidation of ferrous iron, Fell, to
ferric iron, Fell, by molecular oxygen.* Ferric ion is insoluble at neutral pH and
forms ferric hydroxide, Fe(OH);(,. The standard potential for the net reaction is:
Elet = Ered 0, = Eox ey = 1:224 — 0.771 = 0.453 V. Details regarding the relation-
ship between E;, and K. and other aspects of redox chemistry are described in
Chapter 11. Redox potential (E) and related term pe represents the second “master
variable” (along with pH) defining the chemical composition of natural waters and
associated sediments. Dissolved oxygen often is considered a surrogate variable for
redox conditions and plays a major role in defining the chemical composition of aquatic
systems.

In contrast to acid-base reactions, which achieve equilibrium in seconds or less,
redox reactions have a very wide range of rates. Some are nearly instantaneous, but
others are exceedingly slow. For many redox reactions, rates depend strongly on solution
conditions, such as pH. For example, reaction 14 reaches equilibrium in seconds at pH 9
but requires months or years for completion at pH 3—4. Oxidation of ferrous iron by
molecular oxygen, called the autoxidation of iron, has a rate equation of the form

—d[Fe"/dt = k

obs

[FeH]PO2 {OH}2. (1.23)

*The oxidation state of an element, regardless of its exact ionic form, is given by Roman numerals using
either of two conventions: in parentheses after the element, or as superscripts. In this book we use the latter
convention.
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Because a one unit increase in pH represents a 10-fold increase in the activity {OH™},
the {(OH~}? term in Eq. 1.23 means that the reaction rate increases 100-fold per unit
increase in pH. Assuming other factors remain constant, over the pH range of 5-9, the
rate of Fell autoxidation increases by a factor of 108! Reasons for the high sensitivity of
this reaction to {OH~} are discussed in Chapter 15.

1.4.3 Phase transfers

Chemicals in aquatic systems undergo two important phase transfers: (1) gas or vapor
dissolution into water or volatilization from water, and (2) sorption of substances (called
sorbates) from solution onto solid surfaces (called sorbents), or desorption of substances
from surfaces to the solution phase. Mathematically, these processes are treated like
chemical reactions and described by equilibrium constants and rate equations. In fact,
sorbate interactions with sorbents involve a gradient from weak physical binding by van
der Waals forces to electrostatic attractions between ions and charged surface sites, and
stronger chemisorption processes in which the sorbate is chemically transformed.

Gas transfer

(€O, 1,
(15) COyy = CO, Ky= T;‘i

VP
(16)  TCEq = TCE, H= [Tci:c]fq

Equilibrium constants for gas solubility, K, are called Henry’s law constants. In
general, K; (and gas solubility) decreases as water temperature increases. Henry’s
law also applies to air-water transfers of volatile organic compounds (VOCs) like
trichloroethylene (TCE) in reaction 16, but then the process usually is written in reverse
direction (water to air) from that for fixed gases and given the symbol H. Obviously,
H=Ky ! for any given compound. Care must be taken to recognize which convention is
being used when reading the literature on phase transfers of gases and volatile organic
compounds.

Sorption

N _ [TCE](sfc)
(17) TCE(aq) + X(sfc) = TCE(SfC) Ksorp = m

Our example is the volatile organic pollutant TCE adsorbing onto a solid surface, e.g.,
activated carbon or natural organic matter. Sorption of ions to mineral surfaces is an
important process that receives similar mathematical treatment. [X,] represents the
concentration of surface sites available for sorption of TCE. It is difficult to measure
[X,.] directly, and the equilibrium condition thus is not solvable when written as in
Eq. 17. A common way to portray sorption equilibria is by the Langmuir equation,
which is based on a simple physical model for sorption but in practice is largely an
empirical formulation:

XK, C

_ (1.24)
1+K,C
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where X is the amount of sorbate sorbed per unit of sorbent (e.g., pg/g), X, is
the sorption capacity (ug/g), K; is a constant related to binding energy (L/pg), and
C is the equilibrium sorbate concentration in solution. Many other models, ranging
from empirical formulas to complicated, multiequation formulations with many fitting
parameters, are used to describe sorption equilibria (Chapter 14).

1.4.4 Reactions of organic compounds

Some of the chemical reactions and phase transformations described in the preceding
sections involve organic compounds, as well as inorganic species, as reactants and
products. Many natural and synthetic organic compounds act as acids and bases, e.g.,
compounds with carboxylic acid (—COOH) and/or amino (—NH,) functional groups.
Such organic compounds also act as ligands and form complexes with metal ions in
aquatic systems. In addition, gas-liquid and liquid-solid phase transfers are important in
the environmental processing of many organic compounds. The number and variety of
reactions for organic compounds is extremely large, reflecting the huge diversity of such
compounds. This is especially true if we include reactions involved in organic synthesis,
but if we limit ourselves to aqueous-phase reactions related to the breakdown of organic
compounds, we need to consider just three kinds of reactions: hydrolysis, photolysis,
and redox (electron transfer) reactions.

Hydrolysis

(18) R—Cl+H,0 —> R— OH+ HCI

0 [
(19) I > C + R,—OH
R1/C\O/R2+ H20 Ry~ “OH

In a general sense, hydrolysis involves the reaction of organic compounds with water.
The products typically have hydroxyl or acid functional groups and are more polar than
the reactants and more susceptible to biodegradation. Two examples are the hydrolysis
of organic halides (reaction 18) and the hydrolysis of esters (reaction 19). R in these
reactions stands for some organic structure, the nature of which need not concern us here.
R-Cl is an organochlorine compound, and R-OH is an alcohol. The organic reactant
in reaction 19, an ester, hydrolyzes to a carboxylic acid, R;COOH, and an alcohol,
R,OH. All organic compounds are thermodynamically unstable, and we cannot write
equilibrium expressions for reactions 18 and 19. Instead, we are interested in the kinetics
of these reactions. Many hydrolysis reactions are catalyzed by acids or bases, and a
typical rate equation for hydrolysis reaction 18 is

—d(R — Cl)/dt = ky,y[R — CIJ{H*}. (1.25)

The rate constant k;,, is specific for a given compound, RCl, and varies with temperature
and other solution conditions. The {H*} term in the rate expression reflects catalysis by
hydrogen ions. Essentially, this means that H* participates in the mechanism to facilitate
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the reaction and increase the rate, but there is no net consumption (or production) of H
(see Chapter 5).

Photolysis

OH
Cl

i

N
CHy N7 SN +  Hol
CHy N7 SN +HO —> ] | H,
| | Ha ~CH, Z AN
CH. A~ _C He” N7 ONT N7 chg
cHs” N7 N7 N7 g H H
H H

(20)

3

Atrazine Hydroxyatrazine
R1\ /Rz ; Ry Ro
@) we=cH t % T 77 ou-ue
HO OH

Light, the energy source that activates molecules into a reactive state in photolysis,
is denoted in reaction 20 by hv. This term derives from Planck’s law, which
relates the energy of light to its frequency (v). In direct photolysis, the compound
of interest absorbs a photon, becomes activated, and forms a product. Atrazine, a
common herbicide, undergoes direct photolysis (reaction 20) in which a Cl atom
is replaced by an —OH group to form hydroxyatrazine. This essentially is a light-
induced hydrolysis reaction. In indirect photolysis, the substance that absorbs a photon
transfers its energy to another compound that undergoes chemical reaction (Chapter 19).
Atrazine also is degraded by several indirect photolysis mechanisms. Reaction 21 is
an example of an indirect photolysis reaction. Singlet oxygen, 'O,, the first excited
state of molecular oxygen, is formed when ground-state O, collides with another
molecule (called a sensitizer molecule) that has been excited by absorbing a photon
of light. 'O, reacts readily with certain classes of organic molecules, including
compounds with carbon-carbon double bonds to form glycols (dialcohols), as shown
in reaction 21.

Electron transfer (redox) reactions

0
Ho Il +H0
c g 2 2C0, + 2H,0
(22) YN + o0, — <
CH;  OH
3 HoC”  OH N S
OH OH
cl cl
(23) + 3HOCI — +3H,0

Cl
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o o}
@) +4Mn'" + H,0 —> <:j + 4Mn'" + 2H*
o}

o, g o, A .
(25) C=C/ + Feo(s) +Ht > /C=C\ + Fe=" + Cl
/ \
H Cl H H

NO,

NH
(26) +6Fe!l +6H" —> © + 6Fe'l + 2H,0

Electron transfer (redox) processes are important in transforming organic compounds
in aquatic systems. These reactions involve a highly diverse set of organic reactants,
inorganic oxidants and reductants, and both abiotic (chemical) and biotic mechanisms.
Reaction 22 shows the oxidation of ethanol to acetic acid by molecular oxygen, which
is mediated by many microorganisms, and the subsequent oxidization (mineralization)
of acetic acid to carbon dioxide and water. Neither step in reaction 22 occurs directly
by abiotic (chemical) reaction under normal environmental conditions. Reaction 23
shows the chlorination of phenol, an abiotic oxidation that occurs in water treatment
plants using chlorine for disinfection. Phenolate (deprotonated phenol) also is oxidized
by manganese minerals, leading to quinones (reaction 24). Degradation pathways for
organic compounds also may involve reduction steps. Reaction 25 shows the reductive
dechlorination of trichloroethylene (TCE) to dichloroethylene (DCE) by zero-valent iron
(iron in its metallic state), a step in some remediation processes to remove chlorinated
solvents from contaminated ground water. The reduction of a nitroaromatic compound,
a common structural component in pesticides and explosives, by ferrous iron (Fell) to
form an aniline is shown in reaction 26.
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Inorganic Chemical
Composition of Natural Waters

Elements of Aqueous Geochemistry

Obijectives and scope

This chapter addresses four questions about the chemical composition of natural waters:

(1) What is the nature of the dissolved or suspended substances in water?

(2) What are the natural and human-derived sources of these materials?

(3) How do these sources and the natural hydrologic cycle control the chemical
composition of water?

(4) Can we develop simple conceptual models to describe or predict the
composition of natural waters?

We describe the major and minor ions whose behavior forms the basis for the chemical
composition of natural waters. Natural weathering processes, the role of atmospheric
transport and transformation processes, and human activities are described as sources
of those ions. The characteristics of hard and soft waters are summarized, and examples
of the chemical composition of freshwaters, seawater, and hypersaline waters are
presented. We describe the hydrologic cycle as cycling of water between major global
reservoirs such as the atmosphere, surface streams, rivers and lakes, and ground-water
aquifers, and we illustrate how important chemical reactions and processes affect the
chemical composition of water as it moves among these major reservoirs. Controls on
the composition of natural waters are explained in the context of simple geochemical
models. Information is presented on accessing water chemistry data through online
databases, and ways to portray water chemistry data graphically are described. Finally,
we briefly discuss analytical methods by which major and minor inorganic solutes are
measured.

41
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Key terms and concepts

* The seven major ions: Nat, K™, Mg**, Ca**, HCO;3, SOi_, CI—; minor solutes:
Al, B, Fe, Mn, F, Si

e Hardness, hard and soft waters

» Salinity and chlorinity, hypersaline water

* Electroneutrality and ion balances

* Primary and secondary aluminosilicate minerals, congruent and incongruent
dissolution, weathering

* Hydrologic and hydrochemical cycles

* Maucha diagrams, trilinear (Piper) diagrams

Introduction

As stated in Chapter 1, this book is mostly about what is in water rather than water
itself. Although water may not completely deserve its common label as “universal
solvent,” nonetheless it is a very good solvent, especially for ions and polar substances.
Some have argued that every element in the Periodic Table (at least those with stable
isotopes) can be found in water. At some level, that is true, but many elements—in
fact, the majority—occur at vanishingly small concentrations and are of little concern
to environmental chemists and engineers. However, concentrations of many elements
are high enough to be of interest, and that makes water chemistry a complicated and
challenging subject.

The Periodic Table in Figure 2.1 highlights the elements of interest in water
chemistry. By our reckoning, 43 of the first 94 elements are in this category. Several
others could be added to the list; e.g., isotopes of °Be, *°Y, and ?!°Po are used for dating
sediments and water, and some noble gases (e.g., Ar; see Section 16.2.2) are used as
reference substances. Nine elements are classified as major elements in natural waters
and four as minor elements—that is, common in freshwater but generally present at
concentrations < 1 mg/L. Three elements (C, N, P) are classified as major nutrients,
but many other elements, including most of the major and minor elements and many
trace elements, are essential in the nutrition of aquatic organisms. Our classification of
some trace elements as pollutants is somewhat arbitrary in that many trace elements not
so classified (e.g., Cu, Zn) also cause problems if present in elevated concentrations,
although they are benign or even essential nutrients at low concentrations. Those
elements labeled “pollutant” (e.g., Cd, Pb) have no apparent beneficial effects even at
very low concentrations and are found in natural waters primarily as the result of human
activity. Considering that most elements exist in water as several chemical species (ions
or molecules) and some (e.g., C, N, P) occur in numerous ions and compounds, it is easy
to see why the chemistry of natural waters is a complicated subject.

Table 2.1 lists the common physical and chemical variables used to describe the
composition and quality of water and indicates which chapter discusses the variable.
Table 2.1 provides another perspective on the complexity of natural waters. Of course,
not every variable needs to be measured to obtain an understanding of the chemical
behavior of a water body or whether it is fit for human use or various ecosystem services,
but it is safe to say that “more is better” and that water chemists invariably rely on many
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key: Major Element

H Minor element [He |
Trace element

Li |Be| Tracepollutant efement BS CJ O|F |Ne
YNajor nutrient .

NaMg Rare, usually not of interest Al SI 7 S CI Ar

K(Calsc| Ti|Vv|cr|Fe|Mn| co|Ni|cu|zn|Ga|Ge| As| Se|Bs| Kr
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Fr [Ra | *

La [Ce|Pr |Nd|Pm|Sm|Eu|Gd|Tb | Dy| Ho| Er |Tm |Yr |Lu

Ac [Th | Pa| U |Np | Pu

SMinor element in seawater.

Figure 2.1 Periodic Table with the size and font for the elements keyed to categories
of interest in water chemistry. (See color insert at end of book for a color version of
this figure.)

kinds of chemical measurements, as well as several physical properties, to define aquatic
systems.

Inorganic chemical composition of natural waters

2.2.1 Major and minor ions and their chemical behavior

In spite of the emphasis made above on the chemical diversity of natural waters, one
important feature that freshwaters share is the identity of the ions that constitute their
inorganic solutes. In nearly all cases, just seven ions (four cations and three anions) and
one un-ionized species (silica, which exists as Si(OH), at the pH of most natural waters)
constitute 95-99% of the total dissolved inorganic solutes of natural waters. The seven
ions are as follows:

Major cations Major anions
Ca>", Mg?*, Na*t, K* HCOj3, SO; ™, CI~

The near-ubiquitous status of these species as major ions in water stems from their
relative abundance in the Earth’s crust and the fact that their salts are moderately to
very soluble. The proportion of total ionic solutes represented by a given ion depends
on local geochemical conditions, but a few general trends can be stated. First, although
many exceptions occur, the order of the ions in the lists reflects the most common
order of abundance in natural waters. Within the cations, [Ca?*] almost always is larger
than [Mg?*], and [Na*] is larger than [K*], which usually is the least abundant of
the major cations. In water bodies not affected by human activities and located away



Table 2.1 Important physical and chemical measures of water quality

Variable Measure Chapter Units
Physical
Color Absorbance of light 17,18 platinum-cobalt units (PCU)
Specific conductance (SC) Electric carrying capacity 4 micro-Siemens per cm (L S/cm)
Dissolved solids Concentration of solids < a given filter pore size mg/L
Suspended solids Concentration of particles > given filter pore size mg/L
Temperature Thermal energy 3,16 °C (or K)
Transparency Light transmission (e.g., Secchi depth) 17 m
Turbidity Light scattering (related to suspended solids) 17 nephelometric turbidity units (NTU)
Chemical
Aggregate Alkalinity (acid neutralizing capacity) 7,8 peg/L, meqg/L, or mg/L as CaCOs3
Biochemical oxygen demand (BOD) 1,12 mg/L
Chemical oxygen demand (COD) 12 mg/L
Dissolved/total organic carbon (DOC/TOC) 18 mg/L
Dissolved inorganic carbon (DIC or Cr) 7,8 Same as alkalinity
Hardness: > _(divalent cations) ~ [Ca*"]+[Mg?*] 2,9, 10 meq/L or mg/L as CaCO;
Inorganic Major cations: Ca?*, Mg?*, Nat, K+t 2,10 meq/L or mg/L as CaCO;
Major anions: HCOy, S0, ClI- 2,7,8,9 mg/L or meq/L
Minor ions, e.g., Al, Fe, Mn, F~ 2,15 mg/L, pg/L or meq/L, peq/L
H* (pH) 7,8 mol/L (no units for pH)
Dissolved gases 0, (DO), N, CO, (H,CO3) 8,12, 16 mg/L, mL/L
Nutrients NHI/NH3 (ammonium/ammonia) 8,9, 16 mg/L as N
NO; (nitrate), NO; (nitrite) 16, 17-19 mg/L as N
Dissolved (or total) organic N (DON, TON) 16 mg/L as N
Orthophosphate (H,PO; /HPO?™) 7,8, 16 mg/L or pg/L as P
Total (dissolved) phosphate (TDP, TP) 16 mg/L or pg/L as P
Silica (Si(OH)4) 2,15 mg/L as Si or as SiO,
Contaminants Heavy metals, e.g., Cd, Cu, Hg, Ni, Pb, Zn 9-11, 18 pg/L to pg/L
Persistent organic pollutants (POPs): numerous classes, 6,19 pg/Lto pg/L

thousands of compounds
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from coastal areas, C1~ usually is the least abundant anion in inland waters with humid
climates. Chloride salts are so soluble that they do not persist in soil formations in humid
environments. Natural sources of C1~ are somewhat geographically restricted, but halite
(NaCl) crystals are commonly found within sedimentary rocks of marine origin.

The above order of abundance does not apply at the extremes of ionic strength.
Brackish and saline waters have higher concentrations of Na™ than of the divalent
cations because of solubility constraints on the divalent ions, especially Ca**; CI~ is
high in such waters for analogous reasons. Generalizations about order of abundance
are difficult to make for waters of very low ionic strength. Such waters tend to occur in
regions with poor, noncalcareous soils and slow-to-weather granitic bedrock.

The chemistry of the major cations is relatively simple. None participates in redox
reactions, and as strong base cations (i.e., they form soluble salts, rather than complexes
and insoluble minerals with hydroxide), their acid-base behavior is limited. However,
the divalent cations, especially Mg+, do react with OH™ at high pH, which is important
in removing hardness from waters. Na™ behaves nearly conservatively in natural waters;
that is, it is only slightly reactive and once in water tends to stay in it. Na™ engages in ion
exchange reactions with clays, but this reaction is more important as a source for Na* in
water than a sink. However, high ratios of Na™ to the sum of Ca?>* and Mg?™ soil solutions
can cause “sodification,” the replacement of divalent cations in clays by Na™, causing
them to swell and become impervious.! This can be a problem in irrigated agricultural
soils. In general, K* has a stronger tendency to sorb onto clays and soil particles,
accounting for its more limited concentration range in freshwaters. Salts of both Na™
and K are highly soluble (precipitation is not an issue in freshwaters), and complexation
reactions are not very important for these cations, especially in freshwaters.

Ca®* and Mg?* are much more reactive—hence nonconservative in natural waters.
Complexation with organic ligands and even with some major anions can be important
for both cations. The concentration of Ca’* in freshwater and seawater usually is
limited by the solubility of CaCOs ), which depends on pH because bicarbonate, HCO3,
increasingly dissociates to form CO?, a moderately strong base, as pH increases. The
removal of dissolved CO, from water by photosynthesis causes pH to increase, and
precipitation of CaCOj3 in productive lakes and is the source of CaCOs ) deposits (called
marl) in lake sediments. Over geological timescales, marl deposits turn into limestone.
The solubility of CaCOj, decreases with temperature, giving rise to scale problems in
hot water pipes where the water is high in Ca*" and HCO; (see Chapter 10). MgCOs is
much more soluble than CaCO;, and Mg?* solubility is limited by Mg(OH),(), which
also depends on pH. Ca®* usually is more abundant than Mg+ in freshwaters because
mineral sources of Ca?* are more abundant, but this trend does not continue at higher
ionic strengths, because there are fewer chemical controls on Mg?* concentrations. As
described in Section 2.2.4, Mg?>* exceeds Ca’>" in seawater and hypersaline waters.
All four major cations are taken up by aquatic organisms, but this does not represent a
significant sink for the ions.

Of the major anions, bicarbonate (HCO5) has the most complicated chemistry,
including acid-base, solubility, complexation, and redox reactions that are central to
the chemistry of natural waters. Details are provided in Chapters 7—11. Here we simply
note that HCO;3 is the first acid dissociation product (pK,; = 6.35) of carbonic acid
(H,COs3), which is formed by hydration of dissolved CO,, and HCO; dissociates
further (pK,», = 10.33) to form carbonate ions (CO%f). At circumneutral pH, HCO3 is
the predominant species of the CO,-H,CO3;-HCO3 —CO_%f acid-base system (hereafter
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referred to as the carbonate system). Because HCOS can accept and donate protons, it
is important in buffering pH and constitutes the great majority of the alkalinity (acid
neutralizing capacity; see Chapter 8) of natural waters.

In contrast, chloride, the least reactive major anion, usually is considered to be a
conservative substance in water. It does not participate in acid-base, solubility, or redox
reactions in freshwaters or seawater and does not form complexes with the major cations.
However, it is taken up by plants and thus is not entirely conservative. It is an important
complexing agent for a few trace metals. The dominant forms of Cd"" and Zn'" in seawater
are chloro-complexes (see Chapter 9).

Sulfate has a richer chemistry than chloride. It serves as a microbial electron acceptor
under anoxic conditions and is reduced to sulfide, which also has a rich chemistry and
is an important minor or possibly even major ion in anoxic aquatic systems. Sulfide, a
weak acid (pK,; = 7.02), limits the concentrations of many heavy metal ions in anoxic
waters. Sulfate is a stronger ligand than chloride, and sulfato-complexes constitute a few
percent of the speciation of the major cations in seawater (Chapter 9). Sulfate salts of the
monovalent cations are very soluble, and MgSOy also is quite soluble (Kyo = 107>13).
However, solid forms of calcium sulfate (anhydrite (CaSOy), Kyo = 10~*%, and gypsum
(CaS0y - 2H,0), Ky = 10~*+61) limit the solubility of these ions in brackish waters,
forming evaporite deposits of these minerals in arid areas of the western United States.
Sulfuris an essential element for biota, and sulfate is the main source for microorganisms,
which reduce it in vivo to sulfide (S™™), the main oxidation state for S in organisms.
Sulfate is rarely limiting for microbial growth in natural waters, and the amounts required
for growth are small relative to ambient concentrations such that biological uptake is
not a major sink for sulfate.

Silica, SiO,, occurs in water as the hydrated species Si(OH). (pK, = 9.84),
primarily a result of weathering of clays and aluminosilicate minerals in soils.
Concentrations are variable depending on the ease of weathering of local soils and
rocks and range from sub-mg/L values in dilute (soft) waters to tens of mg/L
in many rivers and ground waters. Because silica is a required nutrient for some
algae (diatoms), concentrations vary seasonally in surface waters, with minimum
concentrations occurring during summer.

Four elements in Figure 2.1 are considered minor constituents in fresh waters: Al,
Fe, Mn, and F. For seawater we may add the minor species boron (present as boric acid,
B(OH)3), strontium, and bromide, which are trace elements in freshwaters. The minor
elements rarely constitute more than a few percent of the inorganic solutes of water
bodies, and their concentrations usually are below 1 mg/L in freshwaters. The minor
nonmetals occur in the low mg/L range in seawater. The three metals (Al, Fe, and Mn)
are insoluble at circumneutral pH in oxic waters. Under these conditions Fe and Al are
in the +III oxidation state, and Mn is 4+1V, and they occur in the pwg/L to tens of pg/L
range (~10~7 to 1076 M). Under anoxic conditions, the reduced oxidation states (+1II)
of Fe and Mn are more soluble, and concentrations may rise to many tens to hundreds
of pg/L (~1-10 wM). Al has only one oxidation state (+III), and regardless of redox
status its solubility is limited to the submicromolar range at pH > 5 by the low solubility
of AI(OH);(s). Elevated dissolved Al concentrations can occur in acidic waters, and this
is a concern regarding lake and stream acidification by acid deposition because of toxic
effects on biota.

Fluoride occurs naturally at trace (ppb) levels in most freshwaters, but concentrations
> 1 mg/L are found in some arid regions of the western United States. Fluoride often is
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added to drinking water at levels of 0.7-1 mg/L to help prevent tooth decay.” Because
of this widespread practice, which is still controversial, municipal wastewater effluent
usually has elevated F~ concentrations (~1 mg/L), and F~ concentrations in waters
receiving wastewater effluent are correspondingly elevated.

2.2.2 Hard versus soft waters

Hardness is defined as the sum of the concentrations of divalent cations in water. In
most cases, it is essentially the sum of Ca®>* and Mg?*, both expressed in mg/L as
CaCOgs; (see Section 1.3.4). Various other chemical conditions, however, are associated
with hardness and its converse, softness. Hardness and alkalinity are usually closely
correlated because they are derived in large part from a common source—dissolution of
limestone (CaCO3). Hard waters tend to be high in total dissolved solids (TDS) and have
relatively high pH (> 7). Soft waters tend to have low TDS and lower pH. They also
tend to be more corrosive to metals and more susceptible to acidification by atmospheric
acid deposition (because they have less buffering capacity; Chapter 8). We will use the
terms hard water and soft water as shorthand way of describing these broader chemical
characteristics. Waters often are classified according to hardness as follows:

Hardness meq/L.  mg/L as CaCO;
Soft <1 <50
Moderately hard  1-3 50-150

Hard 3-6 150-300

Very Hard > 6 > 300

2.2.3 Water quality significance of the major and minor ions

The major ions generally do not have negative ecological effects over the concentration
ranges at which they occur in fresh water, although elevated salt levels in waters of arid
climates can cause problems for agriculture. However, many aquatic organisms do have
preferences for certain chemical conditions. Some aquatic plants and species of algae
prefer hard (or soft) water—so much so that indices have been developed that predict
various chemical characteristics of water (pH, alkalinity, nutrient concentrations) based
on the species composition of algae or major classes of algae (e.g., diatoms).?
Similarly, none of the major ions causes serious health issues for humans within
the ranges found in fresh waters, but several ions raise concerns related to human
health and drinking water quality. Sodium is implicated in cardiovascular disease.
Although food rather than drinking water is usually the major source of sodium in
human diets, high levels of sodium in water softened by ion exchange (see below)
may be of concern to persons on restricted-salt diets. Chloride causes a salty taste in
drinking water, and the federal secondary drinking water standard’ for C1~ is 250 mg/L.
Sulfate also causes taste problems (bitter or astringent taste) and has a laxative effect at

*The mineral fluorapatite (Cas(PO4)3F) is more resistant to dissolution and decay than is the main ingredient
of tooth enamel, carbonated hydroxyapatite, which is Cas(PO4)3;OH with some —OH groups replaced by
carbonate groups.

Secondary standards are nonenforceable guidelines based on aesthetics; primary drinking water standards,
usually called MCLs (maximum contaminant levels), are legally enforceable values based on human health
issues.
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high concentrations. This can cause diarrhea problems for travelers to areas with much
higher sulfate concentrations in drinking water than found in their home environments
(and also for infants living in such areas), and the federal secondary drinking water
standard for sulfate is 250 mg/L.

Calcium, magnesium, and potassium are essential mineral nutrients for humans and
aquatic organisms, and the presence of these ions in water is considered beneficial
for human health. The hardness cations, primarily Ca?* and Mg?*, nonetheless cause
household problems—soap precipitation causing poor lathering and ineffective cleaning,
mineral deposits on glassware, and buildup of limestone scale in hot water heaters
and pipes. As a result, if high hardness is not removed by a central (municipal) water
treatment plant, consumers often choose to remove it from their water by point-of-use
ion-exchange softeners, which replace each Ca’t and Mg”* ion with two Na% ions.
Central water treatment plants usually remove hardness by the lime-soda softening
process (see Chapter 10).

As mentioned above, the addition of fluoride to drinking water to prevent tooth
decay is controversial. The controversy has two aspects, and a huge literature exists on
this topic. First, fluoride has well-known negative effects at higher concentrations. At
concentrations only slightly above the optimum for tooth protection, it causes dental
Sfluorosis—mottling that ranges from mild discoloration to strong staining and pitting
of tooth enamel. At higher concentrations it causes a condition called skeletal fluorosis,
leading to joint stiffness, arthritic symptoms, and increased risk of bone weakening and
fracture. Severe cases generally are associated with high F~ concentrations (> 10 mg/L),
but a recent review?® concluded that the U.S. EPA’s current MCL of 4 mg/L in drinking
water should be lowered because of increased risk of dental fluorosis, bone fracture,
and skeletal fluorosis at concentrations between ~2.5 and 4 mg/L. The second aspect
of the fluoridation controversy is a philosophical difference between proponents and
opponents regarding the appropriate balance of government actions that benefit many
but may infringe on individual rights. Fluoridation is one of many examples of such
public policy conflicts. Some opponents argue that fluoridation is a medical treatment
and that it is unethical to practice it without medical supervision or informed consent.
Proponents view it as an appropriate public intervention that just replicates the benefits
of naturally fluoridated water. They argue that it provides the greatest benefits to those
least able to help themselves and that it would be unethical to withhold treatment.* The
chemistry and water quality significance of the other minor elements are described in
Chapter 15.

2.2.4 Sources of major and minor ions

Sources of the inorganic species in natural waters can be divided into two broad
categories: natural and human derived. In turn, natural sources can be divided into
terrestrial and atmospheric. The former involve weathering reactions of rocks, minerals,
and soils in the catchment of a water body or solid matrix of an aquifer. The latter
represent a transport mechanism rather than an ultimate source. Except for the fixed
gases (e.g., O, and N,), atmospherically derived materials in natural waters originate in
terrestrial or in some cases aquatic (mainly marine) environments, although they may
undergo chemical transformation while in the atmosphere.
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In a simple sense, weathering is just the dissolution of minerals. There are two main
types of mineral dissolution processes: congruent and incongruent. In the former, the
solid phase dissolves to form only soluble species, and no new solid phase is formed.
Dissolution of simple salts, including metal sulfates and carbonates, behaves this way.
For example, limestone (impure calcium carbonate) dissolves to form only calcium and
bicarbonate ions:

CaCOss) + HaO + COyq) — Ca*" +2HCO; (2.1)

Primary silicate minerals such as feldspars and secondary aluminosilicate clay
minerals dissolve incongruently, forming a secondary mineral phase, in addition to
releasing ions to solution. Recalling Sillen’s geotitration model (Chapter 1), we can
write a generalized weathering equation:

basic rocks/minerals+ acidic rain — base cations+ alkalinity + silica+clay minerals
2.2)

For example, albite, a sodium feldspar, reacts as follows:

NaAlSi303(5) + H,O + COz(aq) — Nat + HCO; + ZSi(OH)4(aq) + Al,Si,05 (OH)4(S)

albite all in solution kaolinite

(2.3)

Aluminosilicate weathering is complicated (see Chapter 14 for details). Here we
mention a few important features. First, weathering is essentially an acid-base reaction,
and some source of acid—carbonic acid from atmospheric CO,, mineral acids (H,SO4
or HCI) from acid rain or volcanic activity, or organic acids from humic matter—is
needed to accelerate the process. Water itself can act as an acid, but it is so weak that
weathering is very slow in pure water. Second, the process occurs as two steps: the
mineral being weathered is broken down first to soluble species, and the secondary
mineral is formed separately. Third, many primary and secondary silicate minerals—
with varying susceptibilities toward weathering—can serve as the reactant, and various
clays are formed as the solid-phase products. The products, however, always have a
higher Al:Si ratio than the reactants because of the production of dissolved silica in the
weathering process. Fourth, the HCO; produced from dissolved CO; by weathering
is a major source of alkalinity. Fifth, although aluminosilicate weathering is slow, it is
energetically favorable and essentially irreversible—i.e., reactions like Eq. 2.3 have a
strong tendency to proceed to the right and do not go in the opposite direction. Finally,
the nature of the base cation(s) produced depends on the composition of the minerals
undergoing weathering, but such reactions do yield all four major cations.

Globally, atmospheric transport contributes major ions to freshwaters from marine
aerosols formed when sea spray evaporates. These aerosols can travel great distances
in the atmosphere and are an important source of major ions in rainfall over terrestrial
areas. Because CI~ is the most abundant ion in seawater (almost twice as high by
weight as Na™, the next most abundant ion) and because terrestrial sources of Cl1~ are
not abundant (absent human activities), atmospheric (or ¢yclic) chloride is a relatively
important source of the ion. On a local scale, wind-blown dust and soil also contributes
ions to water bodies.
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Table 2.2 Effects of some human activities on chemical composition of natural waters

Activity

Effects

Municipal water treatment

Home water treatment
Wastewater treatment

Food processing/cooking
Domestic cleaning materials

Street deicing
Agriculture

Mining activities
Chemical manufacturing
Construction activities

Ca’* and Mg?* (—); Na*t (possible +); F~ (4); C1~ (+)*%;
HPO?[ (corrosion inhibitor) (+); suspended solids and
NOM (—)

Ca?* and Mg?* (—); Na*t (+) by ion-exchange softening

Suspended solids, organic matter and some nutrients (—); C1~
and SO}~ (+)*

Na™, Cl~, other major ions (+); trace elements (+)

Surfactants (soaps, detergents), HPOi’, NHI, various organic
chemicals (+)

Na* and CI~ (+)

N and P forms and K* from fertilizer (4); suspended solids
from soil erosion (+); organic chemicals (pesticides) (+)

SO~ from pyrite oxidation (4)

Cl-, SOi_ (from HCI and H,SO,) (+); Na* (from NaOH) (+)

Ca*", HCOj; from concrete (+); Ca?", SO~ from gypsum (+)

*CI™ is not added directly but is a product of the reaction of Cl, or NaOCl added as disinfecting agents; 5037 is a product
of sulfite added to wastewater effluent as a dechlorinating agent.

The atmosphere is an important proximate source, via rainfall and dry deposition, of
inorganic nitrogen (ammonium (NHI), and nitrate (NO3')) and sulfate to surface waters.
Although all three ions occur in pristine rain, their concentrations have been increased
greatly over the past 50-75 years by human activities. Volatilization from feedlots and
waste treatment lagoons and loss of applied fertilizer from fields are large sources
of atmospheric NHj. Nitrogen oxides (NO and NO,, together referred to as NOy),
from fossil fuel combustion—both stationary sources, such as electric power plants,
and mobile sources, such as cars and trucks—are oxidized by photochemical reactions
to form nitric acid vapor, HNOj3g), in the atmosphere.’ SO,, mainly from combustion
of coal and oil, similarly is oxidized to sulfuric acid, H,SOy, in the atmosphere. The
timescale for these reactions is on the order of many hours (< one day to a few days),
and the spatial scale of transport is hundreds to thousands of kilometers. Volatilized NHj
reacts with sulfuric and nitric acid in the atmosphere to form ammonium sulfate and
ammonium nitrate aerosols, which settle onto terrestrial surfaces by “dry deposition” or
act as nuclei for raindrop formation.

Human activities contribute significant quantities of all seven major ions to natural
waters, as summarized in Table 2.2. Many impacts are associated with the treatment of
water for domestic use and its use for cooking in homes and commercial establishments,
but industrial uses of mineral acids and bases, agricultural activities, mining, and
construction practices also make important contributions.

2.2.5 Chemical composition of natural waters:
some examples

Table 2.3 summarizes the ionic composition, including inorganic nutrients where
available, of freshwaters across a range of ionic strength and hardness, along with
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background information on conductivity and pH. The waters listed include low ionic-
strength rainfall, soft- and hard-water lakes, springs, and ground water from limestone
and igneous aquifers. An estimate of the average composition of North American river
water also is given. Differences in chemical composition between rainfall and the
surface and ground waters—even those with low ionic strength—are readily apparent.
Ammonium and nitrate, primarily from human activities, are a much higher fraction
of the total ions in rainfall than in surface waters, and because rainfall is acidic (pH
is < 6), bicarbonate is absent. The most abundant anion in rain usually is sulfate,
derived from atmospheric oxidation of anthropogenic SO, emissions or sea-salt aerosols.
Concentrations of the major ions in surface and ground waters of calcareous regions are
in the range of tens of mg/L (mM range); major ions in rainfall and very soft waters
generally are < 1 mg/L.

The oceans cover 70% of the Earth’s surface. On a volume basis, seawater represents
an even greater proportion of the Earth’s water resources (~96.5%; see Table 2.4).
Moreover, about half of the inland water (lakes, rivers, ground water) is saline.
Freshwater thus provides only a small fraction (< 0.8%) of the Earth’s total water
resources. An emphasis on understanding the chemistry of freshwater is appropriate
for environmental engineers and scientists, given the essential role of freshwaters
as agricultural and drinking water supplies, the wide range of ecosystem services
they provide, the impacts humans have on freshwaters (including overuse), and the
great lengths humans have gone in order to engineer/attempt to control freshwaters
(diversions, dams, reservoirs). Nonetheless, the abundance of saline waters globally
suggests the need for balance in our coverage. Moreover, we should be mindful
that saline inland waters also provide ecosystem services and benefits to human
society, and the importance of the oceans hardly needs to be stated. Beyond these
considerations, saline waters have many unusual chemical features that make them
worthy of attention.

Table 2.5 lists the chemical composition of seawater and a few hypersaline water
bodies. Although the dissolved salt content of seawater (i.e., its salinity) varies somewhat
around the world’s oceans and seas, the relative chemical composition, especially of the
major constituents, is remarkably uniform. Most ocean water has a salinity of ~35%o
(~97% is between 33%¢ and 37%0),'¢ and standard seawater is defined to have a salinity
of 35.00. Until 1978 salinity was defined in reference to an artificial seawater standard
maintained in Copenhagen, and the salinity of a seawater sample was determined from
the ratio of its conductivity to that of the standard seawater. Since 1978, oceanographers
have defined salinity on the Practical Salinity Scale as the ratio of the conductivity of
a sample to that of a standard solution containing 32.4356 g of KCl in 1 kg of solution
(0.4452 m KCI). As a ratio of conductivity values, salinity is dimensionless, and the
symbol %o is no longer used by oceanographers. An alternative unit called practical
salinity units similarly has been disdained.!” Nonetheless, salinity still serves, at least for
persons who are not marine scientists, primarily as a measure of the dissolved inorganic
solids in a seawater sample, even if it no longer is tied directly to the way dissolved
solids content is measured. For this reason, we will continue to use the symbol %o to
express salinity values in this book.

It is apparent from Table 2.5 that the predominant ions in seawater are Na™ and C1~.
The second-most abundant ions are Mg?* and SOi_. The much lower concentrations of
Ca’* and HCOj are explained by solubility constraints; calcium carbonate minerals



Table 2.3 Chemical composition of atmospheric deposition and some freshwaters

A. Variable* Atmospheric precipitation’ Lakes* Rivers®
Gainesville, Trout Lake, Sagehen Whiteface Little Harriett, Mendota, Tahoe, Colorado Salt North Global
Fla., Wisc., Creek, Calif., Mt., N.Y,, Rock, Vilas Minneapolis, Madison, Calif., River, River, America average
1976-1977 2005 2005 2005 Co., Wisc. Minn. Wisc. Nev. Az Az average
SC — 8.01 2.38 11.39 12.4 484 350 92 966 1337 — —
pH 4.53 5.12 5.44 4.72 6.16 7.3 7.9 7.3 8.3 8.07 — —
Ca** 0.41 0.139 0.014 0.052 0.84 40 31 8.4 70.9 529 212 14.7
Mg+ 0.12 0.018 0.003 0.008 0.29 13 25.5 2.5 27.7 15.8 4.9 3.7
Na* 0.44 0.027 0.023 0.024 0.18 50 6.3 6.0 92.7 188 8.4 7.2
K+ 0.20 0.031 0.004 0.020 0.60 5.6 4.0 1.6 44 5.4 1.5 1.4
NH; 0.129 0.344 0.024 0.166 0.024 0.064 — 0.004 — — — —
HCO; — — — — 1.32 131 200 56 161 153 72.3 53.0
SOﬁ’ 2.05 0.783 0.067 0.932 2.73 9 24 2.0 243 64.2 18.0 11.5
Cl- 0.98 0.048 0.044 0.051 0.37 97 7.9 2.0 80.3 300 9.2 8.3
NOJ 0.84 0.828 0.121 0.727 0.123 0.044 — 0.033 1.2 0.55 — —
F~ 0.01 — — — 0.02 0.15 0.17 — 0.3 — — —
Si(OH)4 — — — — — — 0.8 22.1 8.8 — 7.2 10.4




B. Variable* SpringsT Ground water*

Silver Blue Apopka Floridan Floridan Well-water, Near Lake Kenora, Ont.,
Ocala, Seminole, Winter aquifer (1) aquifer (2) Pennsylvania Tomahawk, Wisc., unconfined
Fla. Fla. Garden, Fla. unconfined aquifer aquifer

SC 440 2120 255 458 — — 50.1 —

pH 7.2 7.2 7.8 7.48 7.69 7.47 6.3 6.3

Ca** 76 77.8 31.5 80 56 55 9.9 4.8

Mg>*+ 9.4 359 8.6 194 12 28 1.8 1.54

Na*t 6.8 307 6.3 8.5 7.9 3.1 1.46 2.07

K* 0.59 10.3 1.4 1.3 1.0 0.6 0.70 0.59

NH; 0.1 0.09 — — — — — —

HCO; 231 185.4 100 207.4 160 265 45.0 24.0

SOZ’ 26 82 12 8.2 53 20 0.46 1.1

Cl- 9.6 550 14 35 12 10 0.68 0.6

NOj 1.1 0.36 4.5 0.02 — — 0.02 —

F- 0.19 0.091 0.073 0.4 — — 0.05 —

Si(OH)4 10 8 5 14 — — 15.0 22.1

* Specific conductance (SC) in puS/cm; all ions in mg/L as the stated species; silica in mg/L as SiO;.

T All sites are wet-only precipitation; Gainesville from Hendry and Brezonik®; other sites from National Atmospheric Deposition Program.” Data are volume-weighted annual average values.

¥ Little Rock and Harriett data from the author (P.L.B.); Mendota median values from 1966-1967, courtesy of J. Delfino,? , Univ. of Florida; Tahoe data compiled from various sources, courtesy of C.
Goldman and P. Arneson, University of California—Davis.

§ Salt River, Arizona, at Lake Roosevelt (reservoir); Colorado River at Granite Reef in Colorado-Arizona Project canal. Data compiled by and courtesy of Larry Baker, University of Minnesota; North
American and global average values from Berner and Berner® based on data of Meybeck.!?

1 Spring data for various dates in 2002-2008 compiled by St. Johns River Water Management District (SJRWMD) from various sources; courtesy of E. Lowe, SIRWMD, Palatka, Fla.

£ Floridan aquifer and Pennsylvania wells are in dolomitic limestone; Kenora aquifer is in igneous rock; aquifer near Lake Tomahawk is in glacial till. (1) from Gainesville regional utility courtesy of
J. Delfino and P. Chadik, University of Florida; well near Lake Tomahawk, unpublished data of the author (P.L.B.); other columns from Freeze and Cherry.!!
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Table 2.4 Distribution of Earth’s water resources!?

Source Volume (km®)  Percent of total ~ Residence time
Oceans and seas 1.338 x 10° 96.5 ~ 4000 years
Ice caps, glaciers, permanent snow  2.406 x 107 1.74 10-1000 years
Ground water 2.304 x 107 1.7 2 weeks-10,000 years
Freshwater 1.053 x 107 0.76
Saline water 1.287 x 107 0.94
Ground ice and Permafrost 3.0 x 10° 0.022
Lakes 1.764 x 10° 0.013 ~10 years
Fresh 9.10 x 10* 0.007
Saline 8.54 x 10* 0.006
Soil moisture 1.65 x 10* 0.001 2 weeks-1 year
Atmosphere 1.29 x 10* 0.001 ~10 days
Swamps 1.15 x 10* 0.0009 1-10 years
Rivers 2.12 x 10 0.0002 ~ 2 weeks

Table 2.5 Chemical composition of seawater and some hypersaline water bodies*

Constituent Seawater’ Great Salt Lake* Mono Lake* Dead Sea®
pH 8.1 8.5 9.65 6.3
Na* 10.76 15.6 32.0 39.2
K+ 0.399 1.22 1.71 7.3
Ca** 0.412 0.13 0.0064 16.9
Mgt 1.294 1.73 0.0405 40.7
Sr2t 0.0079 — — —
Cl- 19.35 28.3 10.05 212.4
SO;~ 2.712 3.45 5.44 0.5
HCO; 0.145 0.43 40.30** 0.2
Br~ 0.067 — — 4.2
F~ 0.0013 — — —
B(OH); as B 0.0046 — — —
Si(OH), as Si 0.0029 — — —

* Concentrations in g/kg for seawater and g/L for other waters except for pH (dimensionless).

T From Holland.'?

¥ From Domagalski et al.'4

§ From Nissenbaum.!®

** Based on reported average alkalinity of 660 meq/L and stated pH.

(calcite and aragonite) are close to saturation in seawater, which is important for species
that have shells (see Chapter 10). The ionic content of seawater sometimes is expressed
in terms of its chloride content, or chlorinity, which for standard seawater is 19.4%o.

A simple formula relates chlorinity and salinity:

Salinity(%oc) = 0.03 + 1.805 x chlorinity(%o)

(2.4)

An extreme example of a hypersaline water body is the Dead Sea (Israel-Jordan),
which is located in a closed basin at the lowest location on the Earth’s surface not
covered by water or ice (480 m below sea level). (Hypersaline refers to conditions



INORGANIC CHEMICAL COMPOSITION OF NATURAL WATERS 55

more saline than seawater.) With a salt content of ~320 g/L, about nine times that of
seawater, it is the Earth’s second saltiest water body. It has an unusually high density
1.23 g/mL, providing much more buoyancy than seawater or freshwaters (Figure 2.2a),
and its chemical composition is markedly different from that of seawater, being depleted
in sulfate and bicarbonate but elevated in Br~. It is said to have the highest Br~
concentration of any water body on Earth. Its water is saturated with NaCL'® and
halite crystals occur on rocks around its shoreline (Figure 2.2b). Mono Lake (California-
Nevada), an alkaline brine, is quite different from the Dead Sea and seawater in chemical
composition. The order of abundance of cations is Nat >> K >> Mg?* > Ca’",

I ]
- __...,—..-.mrﬁ'

_,% X

Figure 2.2 (a) The buoyancy of the Dead Sea is seen by how high in the water the
chemist’s body floats. (b) Halite crystals on rocks along the Dead Sea shoreline.
(a) Courtesy of Carol Brezonik; (b) by author (P.L.B.), August 1998. (See color
insert at end of book for a color version of this figure.)
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Figure 2.3 Mono Lake (California-Nevada), showing tufa towers of calcium carbonate formed
in situ when the lake level was higher. Photo by author (P.L.B.), December 1999. (See color insert
at end of book for a color version of this figure.)

and the concentration of Ca>* is lower than found in typical hard waters of limestone
regions. The low Ca?* concentrations allow high HCO; concentrations in Mono Lake,
and the water is described geochemically as a Na—CO3—Cl-SO; brine. In spite of the
low Ca”* concentrations, the lake is at or near saturation with respect to CaCOjss), and
spectacular limestone formations called tufa towers are formed in the lake (Figure 2.3).
In contrast to Mono Lake, Great Salt Lake (Utah) is a low-alkalinity Na—Mg—Cl-SO4
brine. Its two main basins (separated by a manmade causeway) differ in salinity, which
overall, has varied significantly over historical times, reflecting cycles of lower or
higher precipitation and corresponding changes in lake stage. More information on
the chemistry of these interesting water bodies is provided in the references cited in
Table 2.5.

.| The hydrologic and hydrochemical cycles

The hydrologic cycle involves the cyclic movement of water on a global scale: (1) evap-
oration from surface waters, especially the oceans, to the atmosphere; (2) transport as
water vapor and clouds; (3) precipitation on land as rain and snow; (4) subsequent runoff
into streams and rivers or (5) percolation into aquifers, which provide (6) base flow for
downgradient rivers and streams; (7) storage in lakes and reservoirs; (8) appropriation
by humans from surface and subsurface storages and conduits for use in agriculture,
industry, and cities; and (9) ultimate return to the oceans by rivers and ground
water discharge. The above numbers are keyed to portrayal of processes in the cycle
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Figure 2.4 Schematic representation of the hydrologic cycle illustrating the role of human
activities in the cycle and related hydrochemical cycle. See text for explanation of numbers.
From NSF WATERS Network initiative, courtesy of Jerald Schnoor, University of lowa. (See
color insert at end of book for a color version of this figure.)

in Figure 2.4. In a broader sense, the hydrologic cycle involves the transport not just
of water, but also numerous dissolved and suspended constituents that accumulate
in water at steps in the cycle. This idea leads to the concept of the hydrochemical
cycle. The chemical composition of water varies dramatically in different parts of the
cycle, as a result of interactions with the atmosphere, soil and subsurface solids, natural
biological processes, and human activities. The residence times of the water in different
compartments (see Table 2.4) also are important in this regard. Although the residence
time of water in the atmosphere is short, gas-water exchange is rapid, and atmospheric
water can be assumed to be in equilibrium with surrounding gases. Ground water often
has high levels of dissolved solids, in part because of the long water-mineral contact
times. Minerals that dissolve in streams and rivers as they flow through landscapes
accumulate in the oceans. Concentrations of some species in surface waters (e.g., oxygen
and carbon dioxide) are dynamic because of biochemical processes in sunlight exposed
waters. With reference to the reaction types described in Section 1.4 and previous
discussions in this chapter, the major processes affecting global hydrochemistry are
described below.

When water vapor condenses into cloud droplets in the atmosphere, it absorbs
reactive gases, such as CO,, NH3, SO,, and NOy, and aerosols formed photochemically
from the reactive gases, as well as aerosols from salt residues when seawater
droplets evaporate. Although the chemical composition of cloud water and rainwater
is complicated, it is dilute compared to most water bodies (Table 2.3). Because of
the absorption of acidic gases and aerosols, rainfall is a weakly acidic solution of
sulfuric, nitric, and carbonic acids with a pH of ~4.0-5.5 across most of the United
States. The acidity of precipitation promotes mineral weathering of soils and rocks
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on the Earth’s surface. Rocks and minerals (including clays) of varying composition
participate in the weathering reaction, which accounts for most of the silica and much of
five major ions in natural waters (the four cations and bicarbonate). “Cyclic salts” from
marine aerosols account for some of the nonanthropogenic CI~ and SOZ*. Dissolution
of calcium sulfate minerals is a source of natural SOi_ in arid environments.

As water percolates through soils and aquifers, weathering reactions continue. In
calcareous regions the dissolution of limestone and dolomite, CaMg(COs3),, is an
important source of divalent cations and bicarbonate. Oxidative dissolution of sulfide
minerals adds sulfate, iron, and other heavy metals to the water. Biological processes
also affect the chemical composition as water moves through the landscape. Primary
production raises the pH because it removes the weak acid COy,q), and this causes
CaCOs; to precipitate. Natural organic ligands produced by aquatic microorganisms
form complexes with major cations and trace metals produced by weathering reactions.
Organic matter of plants exerts an oxygen demand as it decomposes to more refractory
forms, adding dissolved organic matter (DOM, measured as DOC) to the water. This may
induce anoxic conditions in ground water and bottom layers of lakes, thus stimulating
a range of redox reactions, including the reductive dissolution of iron and manganese
oxides.

Thus far, we have not mentioned the effects of human activities on hydrochemistry.
A century or so ago, the above overview would have been satisfactory as a simple
explanation of the global hydrochemical cycle. We are not implying that human activities
had no effects on water chemistry prior to the last century or two, but the smaller
global population and lower use of fossil fuels and other minerals meant that human
impacts were limited to local areas or small regions. Today, human impacts at the
scale of continental- or global-average concentrations cannot be ignored. Impacts on
the hydrochemical cycle start in the atmosphere, where SO, and NOy emissions from
fossil fuel combustion lead to higher acidity in rainfall than occurs naturally, accelerating
weathering reactions in landscapes. Major human interventions in hydrochemistry occur
when rainwater or stored water is used to irrigate crops and when water is captured
behind dams (both large and small). Numerous other hydrologic modifications caused
by human activities—conversion of wetlands to uplands, drainage of agricultural soils
by tile drains, stormwater management practices and other hydrologic modifications in
urban areas—all have implications for aquatic biogeochemistry. Pumping groundwater
at rates faster than it is recharged or pumping “fossil” ground water (where recharge,
if any, is extremely low) also is a human alteration of the hydrochemical cycle.
Modern industrial-scale agriculture consumes large quantities of fertilizer, herbicides,
insecticides, antibiotics, and other chemicals to produce impressive yields of grains,
vegetables, fruits, and livestock, but excess nutrients and synthetic organic chemicals—
unintended by-products of these operations—contaminate streams and ground water in
agricultural regions.

The appropriation of water by cities changes water chemistry and quality signifi-
cantly. In treating water for drinking purposes, chemicals are added to remove turbidity.
Softening removes Ca>* and Mg?* but adds Na™. Disinfection adds chlorine to the water.
Use of treated water by domestic and industrial consumers adds various salts to water, and
road salt (mainly NaCl) used for deicing in cold climates affects the chemistry of urban
runoff. Domestic use of water adds large amounts of organic matter and related nutrients
(N and P) to water. Most but not all of the organic matter is removed by wastewater
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treatment plants before discharge into a receiving water body. Finally, domestic use
of personal-care and household products, as well as consumer use of pharmaceuticals
and antibiotics and industrial production and use of synthetic organic chemicals, adds
a potpourri of organic compounds to water draining from urban areas. Many of these
compounds are slow to degrade and remain a part of the water cycle for long times. The
low solubility of many organic chemicals in water promotes their partitioning to solids
and settling from water to the bottom sediments. Other important processes that remove
organic contaminants from the water environment include photolysis, hydrolysis and
oxidation/reduction.

The hydrochemical changes described in preceding paragraphs are exemplified by
water chemistry data for a series of sampling sites in the Upper Mississippi River Basin
(Table 2.6). Sites were selected to illustrate the effects of major natural processes and
human interventions on water chemistry. Differences in water chemistry can be seen
(1) between the headwaters (Lake Itasca) and conditions down river, (2) as the river
passes through the urban area of Minneapolis and St. Paul, Minnesota, and (3) between
a tributary draining a largely forested basin (the St. Croix River) and a tributary draining
a large agricultural region (the Minnesota River). In addition, large effects of treatment
processes and human use of water are readily evident in the water chemistry/quality data
from the drinking water and primary and secondary wastewater effluent samples from
a wastewater treatment plant (WWTP).

Models of the chemical composition of natural waters

2.4.1 Introduction

Although Tables 2.3, 2.5, and 2.6 represent just a very small sample of available water
chemistry data, the diversity in chemical composition found in the world’s natural waters
is readily apparent. The two previous sections provide qualitative explanations for that
diversity, but we understand how readers might be tempted at this point to conclude that
the expression “anything goes” applies to water chemistry. That is not the case, however.
In this section we describe evidence that the inorganic chemical composition of natural
waters can be explained by relative simple relationships and models.

We start with empirical evidence for constraints on the chemical composition of
natural waters. Figure 2.5, cumulative frequency distributions of concentrations for ions
in the then-available literature, has been widely cited since it was published more than
40 years ago.'” The plot encompasses concentrations over a range of five orders of
magnitude (1072 to 10* mg/L), but distributions for individual ions generally occupy
only a small part of the range. For example, nearly 80% of the K* data are in the range of
1-5 mg/L, and silica values are narrowly distributed around 10 mg/L, probably because
of chemical controls on them (e.g., K™ tends to sorb onto clays in soils). Less reactive
ions, such as Nat and CI™, tend to have wider distributions than do more reactive ions
like Ca>*. Taken at face value, the plots indicate that the composition of natural waters
is not amorphous—*“anything goes” does not apply—and suggest that there are limits
to compositional variation and explanations for those limits.

A second line of evidence for constraints is provided by log-log plots of ion
concentrations in rivers of the United States versus annual runoff per unit area (expressed



Table 2.6 Chemical composition of waters in the Upper Mississippi River Basin near Minneapolis-St. Paul, MN*
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Constituent' 1 2 3 4 5 6 7 8 9 10 11
Lake Miss. R., Minnesota  Miss. R.,  Miss. R., St. Croix Miss. R., Minneapolis St. Paul  Metro Metro
Itasca above River St. Paul at Lock River below drinking drinking  WWTP WWTP
Minneapolis center and Dam Prescott,  water water primary  final
no. 2 Wisc. effluent effluent
Major ions
Na* 6.2 11.3 51.4 21.0 31.4 5.65 24.6 12.6 16.0 165 163
K* 1.9 3.0 6.5 3.8 4.3 1.2 34 2.7 2.6 17.3 14.4
Ca*t 40.8 50.4 72.8 55.8 51.1 28.9 44.0 16.6 24.8 66.2 67.5
Mg+ 16.5 18.1 38.8 22.6 20.1 11.4 17.9 4.4 34 21.9 20.6
HCO3 210 198 266 215 198 127 172 24 57 349 172
Cl~- 1.7 26.6 65.1 31.2 43.1 8.8 34.5 26.6 30.1 235 235
S0* 0.9 28.3 134 51.8 46.1 6.3 343 28.3 23.1 78.9 79.6
General
pH 7.92 8.37 8.16 8.24 8.35 8.65 8.32 8.02 8.10 7.12 7.42
SC 174 315 628 387 397 185 344 174 191 1064 985
Turbidity 0.6 3.9 55 35 9.3 1.8 8.9 0.26 0.06 65 1.6
Color 63 79 58 58 42 71 29 12 - 323 96
Alkalinity 172 162 218 176 162 104 141 19.5 47 286 141
DOC 2.98 8.97 11.2 9.93 10.8 5.11 8.6 5.1 4.8 59.7 13.9
Minor ions
Fe 0.002 0.003 0.010 0.006 0.006 0.004 0.003 0.018 0.016 0.088 0.028
Mn 0.0005 0.0003 0.002 0.0006 0.001 0.0002 0.0006 0.001 0.001 0.419 0.002
Sr 0.086 0.115 0.312 0.16 0.14 0.05 0.114 0.065 0.062 0.15 0.15
F~ 0.09 0.15 0.26 0.18 0.20 0.08 0.16 0.83 1.02 1.06 0.93

Br~ 0.006 0.04 0.109 0.047 0.057 0.008 0.040 0.032 0.020 0.24 0.22



Nutrients

NO; -N 0.11 0.84 1.73 0.96 1.39 0.28 0.94 0.69 0.75 0.46 16.5
Total 0.013 0.098 0.166 0.116 0.123 0.017 0.101 0.319 0.005 5.78 0.21
dissolved
phosphorus#®
SiO, 11.6 13.3 17.8 13.7 11.8 6.6 10.1 5.6 6.4 15.8 17.8

*Sketch of sample locations in the metropolitan area of Minneapolis-St. Paul, Minnesota:

~300 mi NW
Minneapolis
| St. Croix
River
Minnesota
River

Mississippi River\ 7

Note: the City of St. Paul takes its drinking water from a combination of the Mississippi River, a drainage basin northeast of the metro area, and ground water.
Concentrations in mg/L except pH (no units), conductivity (uS/cm), turbidity (NTU, [nephelometric turbidity units]), color (PCU [platinum-cobalt units]), and alkalinity (mg/L as CaCO3).

SYILVM TVINLYN 10 NOILISOdNOD TVIINIHD DINVDUONI

L9



62 WATER CHEMISTRY

100

90
80
70
60
50

Percent

40
30
20
10

0.01 0.1 1 5 10 50 100 1000
Parts per million

Figure 2.5 Cumulative frequency distributions for concentrations of inorganic solutes in
natural waters; data mostly from the United States. Reprinted with permission from Stumm
and Morgan'® (original from Davies and DeWiest'?), copyright by John Wiley & Sons, Inc.
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Figure 2.6 Conceptualized plots of (a) chloride, (b) bicarbonate, and (c) total dissolved solid (TDS)
concentrations (mg/L) versus annual areal runoff (in cm) in the catchments of U.S. rivers based on
plots in Holland."® Dotted lines represent approximate ranges of observed data; solid lines in (a)
and (c) with slope of —1 represent the “constant source” model: [i] x runoff = constant. Dashed
lines in (b) and (c) represent general trend in observed data, and the black data point represents
world average concentration and annual runoff.

in cm) in the drainage basin (Figure 2.6). Although there is much scatter in such
plots, chemically unreactive ions like C1~ (Figure 2.6a) have a slope of —1. Holland"?
interpreted the general trend as reflecting simple dilution of a constant (atmospheric)
source of a highly soluble compound by increasing runoff. The high scatter reflects the
importance of other natural and human-influenced sources of C1~ for individual water
bodies. For example, small amounts of halite (NaCl) crystals found in sedimentary rocks
of marine origin are thought to be a more important source, on average, of Na* and C1~
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than is cyclic salt.? Plots for Na* and SO?[ also have slopes of —1. In contrast, the slope
for a reactive species like HCO; (Figure 2.6b) is much flatter (less negative), and the
scatter in the data at low annual runoff (<~15 cm) is lower than the scatter at higher
runoff. Plots for Ca>*, Mg?", and SiO, have the same features, and the plots suggest
there are solubility constraints on these ions in arid (low runoff) regions.'? In addition, a
log-log plot of total dissolved solids (TDS, mg/L) versus annual runoff (cm; Figure 2.6¢)
shows a mixture of the trends for conservative and reactive species: a slope of —1 at
annual runoff > 10 cm and a flatter slope (approaching a value of zero, suggestive of
solubility constraints) at lower runoff. The slope of —1 implies that the annual load of
TDS per unit area, i.e., TDS concentration (g/m3) times flow (m?) per unit area (m?), is
independent of runoff amount at values > 10 cm/yr.

2.4.2 Asimple model for the inorganic chemical composition
of natural waters: does it work?

Based on an analysis of data for 135 water bodies around the world, Gibbs?® proposed
an appealingly simple conceptual model to explain the world’s water chemistry
(Figure 2.7a). Gibbs found that the waters were distributed within “boomerang-shaped”
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Figure 2.7 (a) Conceptual model of world water chemistry: total dissolved solids
(TDS) versus cation and anion ratios based on figures in Gibbs.2’ Waters in region A
are dominated by atmospheric precipitation, in region B by rocks (mineral weathering),
and in C by evaporation-crystallization (chemical precipitation). (b) Data for 300 soft-
water lakes in northeast Minnesota and north-central Wisconsin from Eilers et al.?3
superimposed on conceptual plot from (a).
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envelopes on plots of TDS versus the ratio of Nat: (Na* 4+ Ca?*) and Cl~: (CI~ +
HCOy) and concluded that the distribution reflected the relative importance of three
underlying processes—atmospheric precipitation, rock dominance, and evaporation-
crystallization—over three ranges of TDS. At low TDS, the chemical composition of
natural waters was presumed to be dominated by atmospheric precipitation, which
in turn is dominated (in terms of major ions) by the chemistry of seawater—via
the role of sea-salt aerosols in rainfall chemistry. Low-TDS waters (<~40 mg/L)
thus should have high ratios of Na*: (Na* + Ca’>") and Cl~: (CI- + HCO3). At
medium values of TDS (~40-1000 mg/L), Gibbs argued for “rock dominance” on
water chemistry, and given the preponderance of easily weathered limestone, dolomite,
and other minerals rich in divalent ions, he concluded this should lead to low values of
the two ratios. As TDS values continue to rise (through a combination of weathering
and evaporation), solubility constraints are reached for divalent metals and carbonate
(especially CaCO3), leading to increasing values of the ratios (high proportions of Na™
and CI7) as TDS continues to rise above ~1000 mg/L (upper arms of the boomerang in
Figure 2.7a). Because of its simplicity and seemingly rational basis, the model has been
widely cited.

It now is evident, however, that the “real world” does not follow the Gibbs model
and that his proposed mechanisms are not the correct explanation for the composition of
some natural waters. For example, some low-TDS South American waters in the high
Na*: (Na®™ 4 Ca’*) arm were found to be the result of watershed weathering processes
rather than atmospheric input of cyclic salts from marine aerosols.”?! Numerous waters
have been found not to fit in the envelope proposed by Gibbs. Kilham?? demonstrated that
surface waters in tropical Africa occupy a much broader envelope than Gibbs proposed,
and Eilers et al.”? showed that the model does not fit data from several large surveys
of dilute, acid-sensitive lakes (Figure 2.7b). These findings do not diminish the general
importance of the mechanisms Gibbs proposed as drivers of the chemical composition
of natural waters, but they indicate that the mechanisms have little power to predict the
ratios of cations and anions as a function of TDS.

2.4.3 Stoichiometric models of chemical provenance

Many papers were published in the early days of water chemistry that attempted to
explain the chemical composition of a water body by stoichiometrically forming again
the minerals that are presumed to have weathered in the catchment to produce the
composition of the water body. The approach is based on Sillen’s seminal paper on the
origin of seawater.?* For example, Garrels and MacKenzie? accounted for the chemical
composition of springs in the Sierra Nevada Mountains by this method (Table 2.7).
For such models to be more than academic accounting exercises, evidence should exist
that the minerals and products occur in the catchment. Because the primary mineral
plagioclase, a feldspar of mixed Na* and Ca®* content, is common in the region of
the springs and is easily weathered, it made sense for the authors to convert as much
Na* and Ca’* as possible back to that mineral (a “reverse weathering” calculation).
The variable cation composition of plagioclase allows a fair amount of flexibility in
varying the amounts of Na* and Ca’>* used to form the mineral. Potassium feldspar
(orthoclase) and biotite, a mica-type of silicate mineral, also are found in bedrock of the
region containing the springs.



Table 2.7 Stoichiometric source model for Sierra Nevada springs*

Reaction Nat K* Ca®* Mg** HCO; SOy CI- Si(OH), Products
Initial concentrations 1.34 028 0.78 0.29 3.28 0.10 0.14 2.73
Minus concentrations in snow  1.10  0.20 0.68  0.22 3.10 0.00 0.00 2.70 Derived from rock
Change kaolinite back into plagioclase
1.23 AL Si,05(OH)4 + 1.10 Na™ + 0.68 Ca’* + 2.44 HCO; + 2.20 Si(OH); —
kaolinite 1.77 NagCag3sAl; 38512608 + 2.44 CO, + 8.07 H,O
plagioclase
Minus plagioclase 0.00 020 0.00 0.22 0.64 0.00 0.00 0.50 1.77 Nag 6,Cay 35 feldspar
Change kaolinite back into biotite
0.37 Al,Si,05(OH), + 0.073 K + 0.22 Mg?* + 0.15 Si(OH), + 0.51 HCO; —
kaolonite 0.073 KMg3AlSi30,0(OH), + 0.51 CO, + 0.56 H,O
biotite
Minus biotite 0.00 0.00 0.00 0.13 0.13 0.00 0.00 0.35 0.073 biotite
Change kaolinite back into orthoclase (K-feldspar)
0.065 Al,Si,0s(OH), + 0.13 K* + 0.13 HCO3 + 0.26 Si(OH), —
kaolinite 0.13 KalSi;Og + 0.13 CO, + 0.715 H,O
K—feldspar
Minus orthoclase 0.00 0.00 0.00 0.00 0.00 0.00 0.00 0.12 0.13 K-feldspar

* Concentrations of reactants and products in 10~* mol/L. From Garrels and MacKenzie.?>
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An interesting result of the calculations is that only a small fraction of the initial
dissolved silica remained after aluminosilicates were formed from the available cations.
This suggests that the main source of silica in the spring water is weathering of
aluminosilicate minerals, not dissolution of quartz. This finding agrees with other
stoichiometric modeling studies, including Sillen’s model for seawater. A more recent
development on this topic—a spreadsheet calculation model that solves for the
stoichiometric coefficients in the source-reaction equations simultaneously—has been
used to apply the “reverse weathering” approach more broadly to water bodies across the
United States.?® Although this type of model generally has good explanatory power, it
has little predictive power. Such models can “hindcast” what happened to form the water
but are unable to predict the composition of an unmeasured water body in a catchment
from a given set of rocks and mineral—because they are unable to predict how much
weathering will occur. Weathering rates depend not just on the nature of the minerals
but also on concentrations of weathering agents (acids, ligands) and on flow paths and
rates of travel of water through mineral assemblages (see Chapter 15).

Holland'? used a general accounting approach to calculate the sources of inor-
ganic solutes in global-average river water. He based these values on estimates by
Livingstone?’ for the composition of major rivers on each continent and took the simple
average for the global value. His calculations (Table 2.8) show that about two-thirds
of the Ca>* was attributed to weathering of carbonate rocks (limestone and dolomite),
and ~20% comes from weathering of silicate minerals. A greater fraction (~57%) of
the Mg?* is derived from silicates (e.g., olivine and biotite), and only 37% comes
from dissolution of carbonates (dolomite). Nearly all the K* is derived from silicate
weathering, but only half of the Na™ is; the other half comes from NaCl. Holland
attributed 40% of the sulfate in global average river water to atmospheric sources, and
a large fraction of that was considered to be anthropogenic. Sulfate and sulfide minerals
were thought to contribute the remaining 60% in equal amounts. Only about a third of the

Table 2.8 Holland’s attribution of solute sources in global average river water*

Source Anions (meg/kg) Cations (meg/kg) Neutral
(mmol/kg)
HCO; SO, CI- Ca** Mgt Nat K* Si(OH)4
Atmosphere 0.58 0.09 0.06 0.01 <0.01 0.05 =<0.01 <001

Weathering or
dissolution of

Silicates 0 0 0 0.14 0.20 0.10 0.05 0.21
Carbonates 0.31 0 0 0.50 0.13 0 0 0
Sulfates 0 0.07 0 0.07 0 0 0 0
Sulfides 0 0.07 0 0 0 0 0 0
Chlorides 0 0 0.16 0.03 <0.01 0.11 0.01 0
Organic matter 0.07 0 0 0 0 0 0 0
Total
(meq/kg) 0.96 0.23  0.22 0.75 0.35 0.26  0.07 0.22
(mg/L) 58.6 11 7.8 15 4.3 6 2.7 13.2

* From Holland'3
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Table 2.9 Sources of major solutes (in percent of total concentration) in global river water
according to Berner and Berner*

Solute Weathering

Concentration ~ Atmospheric ~ Carbonates  Silicates  Evaporites' — Human

(mg/L) cyclic salt activities
Ca** 14.7 0.1 65 18 8 9
Mgt 3.7 2 36 54 <1 8
Na* 7.2 8 0 22 42 28
K* 1.4 1 0 87 5 7
HCO; 53 <1 618 378 0 2
So;F 115 2 0 0 22 43
Cl~ 8.3 13 0 0 57 30
Si(OH), 10.4 <1 0 99+ 0 0

* From Berner and Berner.®

T Includes NaCl from shales and thermal springs.

§ For carbonates, 34% is from calcite and dolomite and 27% from atmospheric (soil) CO» (as driver of carbonate dissolution
(equation 2.1); for silicates, all 37% is from atmospheric CO; (as the driver of silicate weathering, equation 2.3). Total HCO3'
from atmosphere (soil) CO3 is 64%.

* Other sources also are important for sulfate: natural biogenic emissions to atmosphere (delivered to land by rain), 17%;
volcanic activity, 5%; pyrite weathering, 11%.

HCOj3 inriver water was attributed to carbonate rocks, but this is misleading. As Eq. 2.1
shows, CaCOs s, dissolution requires one molecule of CO, (or other acid) for every Ca*t
produced; i.e., the HCOJ is derived equally from carbonate rock and atmospheric CO;.
In this sense, CaCOs dissolution is responsible for 0.62 meq/kg (65% of the total
HCO;3). Similarly, the production of major cations by silicate weathering is associated
with consumption of CO; and production of HCO; (Eq. 2.3), and silicate weathering
accounts for the remaining 0.27 meq/kg of atmospheric CO,.

A similar analysis of solute sources in global average river water by Berner and
Berner’ (Table 2.9) used a more recent estimate of global average river concentrations'®
that separates natural and anthropogenic contributions. These are significant for three
major ions: Na*, Cl~ (ultimately mined from rock salt), and especially SOi_ (mostly
from combustion of fossil fuels). This analysis included CO, used from the atmosphere
(or soil air) to dissolve carbonate and silicate minerals in the contributions of those
minerals to river HCO3, and that accounts for most of the difference with Holland’s
estimates for these minerals. The importance of silicates and atmospheric sources for
other ions are generally similar between Tables 2.8 and 2.9, once we consider that human
activities are treated as a separate source in Table 2.9 and not in Table 2.8.

Data sources and the analysis of chemical composition

2.5.1 Sources of water chemistry data and online databases

Water chemistry data increasingly are becoming available online. Students should
become familiar with these resources because they provide easy-to-exploit opportunities



68 WATER CHEMISTRY

to examine what already has been measured on water bodies. Such information is useful
in putting new data into context. In some cases, historical data may be sufficient for
one’s needs—eliminating the need for expensive and time-consuming sample collection
and analysis. An important first step in planning any sampling program is to gather
information on what already is known about the water bodies of interest. Online data
bases help in that task, but readers are cautioned not to fall into the trap of assuming that
if it is not available on the Internet, it simply does not exist. This is especially true for
older data, which is important in analyzing temporal trends.

Two federal agencies have important online databases. The national water infor-
mation system of the U.S. Geological Survey (USGS (http://waterdata.usgs.gov/nwis)
provides information for more than 1.5 million sites in the United States, including
stream flow records and lake and ground water levels, and water quality data (basic
water chemistry, nutrients, trace metals, organic contaminants). The site also provides
access to monitoring sites that produce real-time flow data and near real-time continuous
data on a few basic water quality variables (conductivity, pH, dissolved oxygen). The
U.S. Environmental Protection Agency (U.S. EPA) is a major repository for national
water quality datarelated to pollution in two STORET (short for STOrage and RETrieval)
databases. A legacy system (http://www.epa.gov/storpubl/legacy/gateway.htm) contains
data collected before 1999, and a modernized system (http://www.epa.gov/storet/dw_
home.html) has all data collected since then. Both systems contain physical, chemical,
and biological data on surface and ground water collected by government agencies,
volunteer groups, and academic institutions for the 50 states plus the territories and
other jurisdictions of the United States. Monitoring data related to discharge permits
for wastewater treatment and drinking water facilities also can be accessed through
STORET. Because of the size and complexity of these sites, finding information can take
some effort, but the sites are reasonably easy to navigate. Many state water management
agencies also maintain extensive Web-based databases that include chemistry and other
water quality information on water resources within their jurisdiction. The Consortium of
Universities for the Advancement of Hydrologic Science Inc. (CUAHSI) has developed
a search engine to find information on water quality and hydrology in such databases
(covering ~2 million sites in the United States), which can be accessed via http://www.
hydroseek.org.

For information on the chemistry of atmospheric precipitation at 323 U.S. sites, some
since the 1970s (not all still active), the National Atmospheric Deposition Program
(NADP; http://nadp.sws.uiuc.edu/) provides raw and time-averaged data, as well as
isopleths maps showing how the concentrations and deposition of ammonium, nitrate,
and sulfate vary annually across the continental United States.

2.5.2 Graphical display of chemical composition

As we have seen, the chemical composition of natural waters is complicated. Even if we
consider only the major ions, we still are faced with a large variety of concentrations
and ratios among the ions. Graphical displays of major ion composition can help to
gain a “quick picture” of the nature of a water body or differences between waters.
Stacked bar graphs and pie charts (Figure 2.8a,b) are common ways to display major
ion chemistry. In the former case, one bar is used for cations and another for anions,
and concentrations are given in milliequivalents per liter (meq/L). Because of the
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Figure 2.8 (a) Stacked bar graphs showing the major ion composition of three freshwater lakes: Little Rock, Vilas County, Wisc.; Tahoe, Calif.-Nev.;
and Harriett, Minneapolis, Minn. (see table 2.3). C = cations; A = anions. (b) Major-ion pie charts for the same lakes; Little Rock and Harriett have
cation deficiencies that are compensated for by an unknown anion (Unk, ), probably natural organic matter (NOM); Tahoe has an anion deficiency
compensated for by an unknown cation (Unkc), but this probably indicates analytical error. (c) Maucha diagrams from Silberbauer and King?® for
the Upper and Lower Vaal River in South Africa with sizes proportional to total ionic content. (See color insert at end of book for a color version of

this figure.)
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electroneutrality constraint, a difference in the magnitude of the bars signals that the
analysis is in error or incomplete. Similarly, pie charts are divided into one semicircle
for cations and another for anions. In comparing waters, the area of the pie chart may
be made proportional to total ionic concentration (although, for reasons of clarity, that
was not done in Figure 2.8b). Differences in relative chemical composition among the
three lakes are easily discerned from both types of charts.

Maucha diagrams,?® which are eight-sided, star-shaped diagrams, are a variant on the
pie chart approach used in limnology to show differences in the chemical composition of
lakes and rivers (Figure 2.8c). The original format of the diagrams has concentrations of
the four major cations on the right side, and the major anions C1~, SOZ‘, and HCO3 , plus
carbonate, CO3~ are on the left side. More recent versions*> combine HCO; and CO3~
because the latter usually is small and the proportion of total inorganic carbon between
these forms varies with pH. Although Maucha diagrams are tedious to draw by hand,
they are easy to interpret—the areas of the quadrilaterals for each of the major ions are
proportional to their percentage contribution to the total ionic equivalents. Instructions on
drawing the diagrams are available elsewhere,® and a computer program is available
to simplify the process.’! Maucha diagrams also can be scaled so that their size is
proportional to the total ionic concentration.*

Trilinear diagrams have been used in geochemistry for decades to portray the major
ion composition of natural waters.! Each axis on such a diagram (e.g., Figure 2.9)
represents the relative concentration of a major cation (or anion) expressed as a
percentage of the total meq/L of cations (or anions). Because the sum of values on
the three axes must add up to 100, only two axis values are independent, and specifying
any two axis values fixes the value for the third. For the major cations, aggregation
is necessary because four cations are important. Concentrations of K* usually are the
lowest and least variable of the four cations, and by convention concentrations of K™
and Na* are combined. Trilinear diagrams are useful to portray the composition of
water bodies from a given region to see whether there are patterns or “clusters” of

Figure 2.9 Trilinear diagram for
major cations in 55 lakes of
north-central Florida. Circles,
lakes in Alachua County
surrounding the city of
Gainesville; pluses, Ocklawaha
chain of lakes in central Florida;
triangles, softwater lakes in
sand-hill Trail Ridge region
northeast of Gainesville.
Unpublished data from the
author (P.L.B.).




INORGANIC CHEMICAL COMPOSITION OF NATURAL WATERS 71

DISSOLVED SOLIDS
MILLIGRAMS PER LITER

1000
5000
10,000

|

o
o
-

500

SCALE OF DIAMETERS

Ca
CATIONS PERCENT OF TOTAL ANIONS
MILLIEQUIVALENTS PER LITER

Figure 2.10 Piper diagram showing cation and anion composition in trilinear diagrams at
bottom left and right. Circles in the central quadrilateral have areas proportional to the
dissolved solids concentration and are located by extending the points in the triangles to
the point of intersection. From Hem,' who provided information on sample locations.

differing types. For example, the drainage lakes in the Ocklawaha Chain in central
Florida are clustered together and have a distinctly different composition from the
seepage lakes in the Trail Ridge region of north-central Florida (Figure 2.9). In
contrast, 33 lakes of mixed hydrologic character in the county surrounding Gainesville
show a wide range in Ca/(Na + K), but a common feature of all the lakes of the
three regions is a low fraction of Mg (generally 10-20% of cationic equivalents).
Trilinear diagrams also can be used to illustrate how the composition of water
develops or changes along a hydrologic pathway. It is interesting to note that if
two waters A and B with different compositions are plotted on a trilinear diagram,
the composition of any mixture of the two waters lies on a straight line connecting
points A and B.! A common variant of these diagrams by Piper®? projects the cation
and anion loci from trilinear plots onto a tetrahedron between the two triangles
(Figure 2.10).
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2.5.3 Chemical analysis of major and minor ions

Although this book is primarily about the chemical behavior of solutes in water rather
methods to measure them, it is important for readers to have some understanding of
how water chemistry data are obtained. Chemists have used various analytical methods
over previous decades for major ion analyses. These are described in Standard Methods
for the Examination of Water & Wastewater,>> a compendium of analytical methods
for water and wastewater produced on a regular basis by three professional societies.
The U.S. federal agencies with major responsibilities for water research (USGS) and
protection (U.S. EPA) also have water analysis manuals.>*3 It is important to note
that changes in analytical methods over time create difficulties in evaluating long-term
trends in water chemistry and quality. Although different methods intended to measure
the same chemical constituent ideally should give the same results, this ideal often does
not reflect reality. Consequently, readers must exercise caution in downloading and using
historical data.

In the past, C1~ was determined by titration with silver nitrate (AgCl is insoluble),
and sulfate was determined by adding barium chloride to a sample to precipitate
BaSQOy4, which was measured by filtering, drying and weighing the precipitate (i.e.,
gravimetrically) or by the increase in turbidity caused by the BaSOj, particles. Both
methods suffered from lack of sensitivity. During the 1970s, colorimetric methods?
became available for both SOi_ and Cl7, which greatly improved measurement
capabilities for low ionic-strength waters. More recently, analysis of major and minor
anions has been performed by ion chromatography, which has the advantage of providing
results simultaneously for C1~, SOi_, F~, and NOj on one small sample with virtually
no preprocessing required. The only major anion not measured this way is HCO5 , which
still is determined by acid-base titration; HCOj is a weak base and can be titrated with
strong acid, as described in Chapter 8.

Reliable wet-chemical methods are not available for Na™ and K™, and prior to the
1960s they were measured by flame emission spectrophotometry (FES). When the
ions are aspirated into a flame they go into an excited electronic state, and when
the electrons drop back to their ground states, the atoms emit light at characteristic
wavelengths. The amount of light emitted at those wavelengths is proportional to the
concentration of the ions in a sample. Titration methods for Ca’* and Mg?* and their
sum as hardness using the chelating agent ethylenediaminetetraacetic acid (EDTA)
were developed in the 1940s, and these methods still are used in small laboratories.
In the 1960s, atomic absorption spectrophotometry (AAS) became commercially
available and quickly became the method of choice for major cations, as well as for
minor and trace metals. AAS is still used widely for major cation and trace metal
analyses, but large research and commercial laboratories now use a variation on FES
called inductively coupled plasma-optical emission spectroscopy (ICP-OES). The ICP
alternatively can be coupled with a mass spectrometer (ICP-MS) which allows the
detection of different isotopes of metal ions. ICP is able to measure a wide suite of
metals simultaneously on one small sample. ICP instruments have sufficient sensitivity
to measure trace metals at the ng/L range (ICP-MS) or pg/L (ICP-OES) at the same
time that their wide dynamic range permits measurement of major cations in the mg/L.
range.
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Problems

The major ions in a ground-water sample were found to be as follows:

Species (mg/L) Species (mg/L)

Cca>t 75 HCO; 300
Mgt 40 Cl- 10
Na* 10 SO;” 109

(a) Determine concentrations in mol/L and meq/L of each ion.

(b) In any water sample, the sum of the positive charges must equal the sum of
the negative charges (electroneutrality). Is this water electrically neutral? If
not, name two ions not listed in the table that are likely to represent the
imbalance.

(c) Calculate the total dissolved solids in the sample (based on the data above
only).

Consider the major ion data for the natural waters in Table 2.3. Convert the ion
concentrations from mg/L into molar units (mM) and tabulate the results for the
following waters: Trout Lake rainfall, Little Rock Lake, Lake Harriet, average
North American river water, and Silver Springs. Briefly discuss differences among
the waters and note the difference in the chemistry of rainfall compared to the other
waters. Note: to facilitate solving this problem a spreadsheet version of Table 2.3
is available on the textbook’s companion Web site.

Perform ion balances on the five waters in problem 2.2 by summing up the
total concentration of cationic charges (expressed in meq/L or peq/L) and the
total concentration of anionic charges (also in meq/L or peq/L) and compare
the difference as a percent of the sum of the cationic charges. Write a paragraph
discussing your findings and make conclusions about the overall accuracy and/or
completeness of the major ion data for each water.

As a member of the student chapter of Protect Our Lake Ecosystems (POLE), you
obtained the following results on a water sample from a local lake; all units are in
mg/L except pH (no units) and SC (uS/cm):

Measurement  Value Measurement  Value
SC 484 NO3 0.044
pH 7.3 (none) NH 0.064
Ht 5x 107 HCO35 131
Na* 50 Cl- 97

K* 5.6 SO;~ 9
Ca** 40 F- 0.15
Mg+ 13

Note: SC = specific conductance.
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Perform the following calculations:

(a) Convert the given concentrations to mol/L and megq/L.

(b) Calculate an ion balance (Xcations — X anions, in meq/L). What is the likely
cause of any observed imbalance?

(c) Convert the bicarbonate data to mg/L as CaCO3 and the ammonium and
nitrate data to mg/L as N.

(a) Convert the concentrations of nitrate and ammonium for the atmospheric
precipitation sites and lake waters in Table 2.3 from the given units (mg/L) to
pg/L as N.

(b) Convert the concentrations of bicarbonate (HCO3 ), Ca**, and Mg?** from
mg/L to mg/L as CaCO3 and estimate the total hardness (TH) of the springs
and ground-water samples in mg/L as CaCOs.

Prepare stacked bar and pie chart graphs of the major ion data in Table 2.3 for Little
Rock Lake, Lake Tahoe, Lake Mendota, average North American river water, and
Silver Spring, and write a paragraph describing what the graphs show.
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The Thermodynamic Basis for
Equilibrium Chemistry

Obijectives and scope

This chapter provides a basic understanding of chemical thermodynamics, which is the
basis for all of chemical equilibria. We describe the basic concepts, principal functions
of state, and laws of thermodynamics and show how these concepts are used to define the
equilibrium conditions for chemical processes. The effects of temperature and pressure
on thermodynamic functions of state and on chemical equilibria also are developed,
and examples are provided throughout the chapter to illustrate applications of important
thermodynamic principles and equations.

Key terms and concepts

* Thermodynamic systems: isolated, adiabatic, closed, open

* Thermodynamic functions of state: internal energy (E), enthalpy (H), entropy (S),
Gibbs free energy (G)

e Zeroth, first, second, and third laws of thermodynamics and the functions of state
that they define

* Gibbs free energy functions: chemical potential (), free energy of formation
(G?), free energy of reaction (AG;)

* The gas constant R and its relationship to thermal energy

* Relationship between free energy and chemical equilibrium: AGy = —RT In K,

* Effect of temperature on chemical equilibria: the van’t Hoff equation, relationship
with enthalpy and heat capacity

* Effect of pressure on chemical equilibria: change in molar volume of reaction,
molar compressibility
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Introduction

This chapter provides the basis for understanding the concepts of chemical equilibrium
and solving equilibrium problems. As the chapter title indicates, that basis is the field of
thermodynamics. Stripped to its essentials, thermodynamics provides two major kinds
of information:

(1) whether a particular process is possible; i.e., can it proceed spontaneously
(without the input of energy) under specified conditions; and
(2) the composition of a reacting system at equilibrium.

The unifying concept on which decisions related to these two issues are based is that
of entropy production. Entropy is produced in any natural process; at thermodynamic
equilibrium, the rate of entropy production is zero.

Although the field of thermodynamics has a reputation for being highly theoretical
and laden with abstract and sometimes complicated mathematics, in fact the important
concepts of thermodynamics are based on experimental observations, and the laws
and functions derived from these observations have highly practical applications. This
chapter takes a relatively informal approach to the subject. We avoid, as much as possible,
derivations of equations in the text (although a few are provided in boxes) and instead
focus on describing basic concepts and the principal functions and laws discovered by
thermodynamics. After introducing the laws of thermodynamics and the properties they
define, we show how they are related to the equilibrium constants for chemical reactions.
Lastly, we discuss the effects of the two most important physical variables, temperature
and pressure, on the values of key thermodynamic functions and equilibrium constants
for chemical reactions.

Thermodynamic and other systems

Physical systems that we may wish to analyze can be grouped into four types according
to the degree to which they are isolated from their surroundings.

Type Example

(1) Isolated systems cannot exchange heat, Entire universe
work, or matter with their surroundings

(2) Adiabatic systems cannot exchange heat A rising parcel of air, which
or matter with their surroundings but can  expands and thus does work
exchange work

(3) Closed systems can exchange energy Alaboratory beaker or microcosm
but not matter with their surroundings
and can have changes in chemical

composition
(4)  Open systems can exchange both energy  Environmental systems: lakes,
and matter with their surroundings rivers, oceans

We can predict the chemical composition of isolated, adiabatic, and closed systems
from the laws of thermodynamics, but the last of these is by far of greatest interest
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to chemists since it alone (among those systems) allows the possibility of chemical
change. To predict the composition of an open system, we must have additional, i.e.,
extrathermodynamic, information: rates of input and outflow of matter from the system
and rates of chemical reaction within the system. Open systems thus must be analyzed
from a kinetic perspective. In reality, all aquatic systems that we may consider in
the natural environment are open systems—some more so than others. A segment
of a river obviously is more open than a lake; in turn, a lake is more open than a
bedrock aquifer. “Openness” is a matter of degree—a matter of the rate of exchange of
material with the surrounding environment, but no natural system is completely closed.
Exchange of matter with a natural system’s surroundings always occurs, even if at a
very slow rate. Consequently, in a strict sense, real natural systems cannot be analyzed
as thermodynamic entities.

We get around the above constraint by defining “abstractions” or models of real
(open) systems as closed systems. These model systems contain only the chemical
constituents that meet the assumption implicit in thermodynamic treatment, i.e., behavior
as a closed system. From a thermodynamic perspective, an open system behaves as
if it were closed if the rates of material exchange are slow compared with the rates
of chemical reaction that are tending toward an equilibrium condition. For example,
reactions involving the common inorganic acids and bases found in natural waters
are very rapid (timescales for completion are on the order of a small fraction of
a second to a few seconds) compared with the timescales for exchange of these
materials with surrounding systems by hydrologic inflows and outflows. Thus, the
inorganic acid-base system in natural waters can be treated as an equilibrium system
using thermodynamic principles. In contrast, many chlorinated organic compounds
such as polychlorinated biphenyls (PCBs) and many pesticides degrade very slowly
in aquatic environments even though they are not stable thermodynamically; they are
subject to spontaneous decomposition and eventually will decompose to an equilibrium
system containing carbon dioxide, water, and chloride ions. Rates of degradation
for some of these compounds have timescales of thousands of years—much longer
than the timescales of water renewal and exchange for any surface freshwater body.
Consequently, water bodies cannot be treated as equilibrium systems with respect to
these chemicals.

It may seem an extreme statement, but it can be shown that no natural water
body is ever at complete equilibrium with respect to all its chemical constituents.*
Therefore, thermodynamic principles are not applied to water bodies in a holistic sense,
but they are applied to the many chemical components of water bodies that fit the
assumptions implicit in thermodynamic models. Finally, it is pertinent to note that
the time-invariant condition for closed systems, the equilibrium state, is defined by
thermodynamics, but the time-invariant condition for open systems, the steady state, is
defined by kinetics.

*No organic compound is thermodynamically stable in the presence of oxygen, but a wide variety of natural
and synthetic organic compounds are found in natural waters. In addition, N and O, are not stable in the
presence of each other, although they coexist because of a large kinetic barrier. At true equilibrium in an
atmosphere-water system, nearly all the oxygen would be consumed by reacting with some of the N, and
water to form nitric acid.



82 WATER CHEMISTRY

Thermodynamic variables

From a thermodynamic perspective, two kinds of variables are used to define the
equilibrium properties of a system: (1) fundamental variables and (2) characteristic
thermodynamic functions of state. The nature of the former variables is taken as
understood, or at least not subject to derivation by mathematics or experimental
observations. The latter variables are derived from the fundamental variables by the
laws of thermodynamics, which, it must be emphasized, are based on empirical data,
i.e., physical evidence from laboratory experiments. Most thermodynamics texts regard
the following as fundamental variables:

Intensive properties Extensive properties
T (temperature) V (volume)
P (pressure) n (number of moles)

The value of an intensive property does not depend on the size of or quantity of material
in a system, but the value of an extensive property does depend on these factors.
The primary characteristic thermodynamic functions of state are as follows:

E (internal energy) G (Gibbs free energy)
H (enthalpy) S (entropy)
F (Helmholtz free energy)

All these functions of state are extensive properties. The goal of thermodynamics is to
define equations of state that describe these properties as functions of the fundamental
variables (P, T, and V). Simply put, thermodynamics seeks to explain the energetics
of closed systems using the fewest possible fundamental variables (i.e., variables we
assume we understand and do not derive from experimental evidence). Scientists do not
agree completely regarding the classification of the above variables. For example, some
have described entropy as a fundamental variable (although it is defined by the second
law of thermodynamics); others consider temperature to be a characteristic function of
state.

States and processes

Before proceeding to describe the laws of thermodynamics based on the fundamental
variables and functions of state described in the previous section, we take pause to define
some important terms related to states of systems and thermodynamic processes.

(1) In a thermodynamic context, the state of a system is said to be defined when
each of its fundamental properties has a definite value.

(2) Processes bring about a change in the state of a system. We monitor processes
by keeping track of the energy passing into and out of a system.

(3) Adiabatic processes occur when the boundary between a system and its
surroundings is a pure insulator such that no heat is transferred across the
boundary.
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(4) Isothermal processes involve the transfer of heat between a system and its
surroundings such that both are always at the same temperature.

(5) A cyclic process returns a system to its original state.

(6) A reversible process is considered to be the limit of a sum of infinitesimal
processes such that equilibrium is maintained at every step of the process.

(7) In an irreversible process, equilibrium is not maintained at every step. All
naturally occurring (i.e., spontaneous) processes are irreversible.

(8) Heat, symbolized as q (or Q), added to a system from its surroundings is
positive; if a system releases heat to its surrounding, q is negative.

(9) Work (w or W) is done by a system on its surroundings, expressed in terms of
the energy transferred by the system to the surroundings without an
accompanying transfer of entropy (S). For example, expansion of a gas
represents pressure x (volume) work.

The basic laws of thermodynamics were derived from experiments involving
measurements of heat and mechanical work (expansion or pressure x volume work).
However, at least four other types of work can be considered, and the total work done
by a system, expressed in differential form, can be written as

dw = PdV + pdn; + Ede + Mgdh — vy, dA, 3.1
where
PdV = (pressure) x d(volume) = expansion (mechanical) work
Pa(=N/m?) xm®> =N-m =]
pdn; = (chemical potential) x d(moles of chemical i) = chemical work
J/mol x mol =]
Ede = (electrical potential) x d(charge) = electrical work
VEIJC xC=1]
Mgdh = (mass) x (grav. accel.) x d(height) = gravitational work
kg x m/s> x m=N-m =]
vsurdA = (surface tension) x d(area) = surface work

Jm? x m?=1]J

EXAMPLE 3.1: Vigorous exercise burns about 300 Calories per hour. What is the rate of
energy use in watts?

Answer: Energy (i.e., heat or work) usually is expressed in units of joules (J) or calories
(1 cal =4.184J). Food (or exercise) energy units are Calories, where 1 Calorie = 1000
calories:

300 Calories x (1000 calories/Calorie) x (4.184 J/calorie) = 1,255,200J = 1,255 kJ
A watt (W) is a J/s, and so the number of watts is
1,255,200 J /3600 s = 348 W.

This is the equivalent of two to three incandescent light bulbs!
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The laws or principles of thermodynamics

3.5.1 “Zeroth” law

According to most thermodynamics texts, there are three laws of thermodynamics. The
first and second laws define the important functions, internal energy (E) and entropy
(S), respectively, and the third provides a basis for determining the absolute amount
of entropy in a substance. Denbigh, a physical chemist, argued that a “zeroth” law
preceding the first and second laws defines temperature.! In his view, the state of a
system is determined by the two fundamental variables P and V. He argued that from
experimental knowledge a function, T = f(P,V), called temperature, can be derived that
determines whether two bodies are in thermal equilibrium or not. The present authors
find this argument somewhat circular since the law still requires the assumption that the
nature of “thermal equilibrium” is understood.

3.5.2 First law

The first law of thermodynamics is a statement for the conservation of energy. It is based
on experiments by Joule in the 1840s showing that heat and work are interconvertible
quantities. In turn, Joule’s work was based on earlier qualitative work by an American-
born scientist, spy, and international raconteur, Benjamin Thompson (see Box 3.1). In
simple form, the first law states that the total work expended on a body in an adiabatic
process depends only on the initial and final states and not on the pathways between
these states. The latter condition is a definition of a function of state. This work is
expressed as equal to the change in the internal energy, E, which also is a function
of state: E = f(P,V) = f'(T,P). As defined above, an adiabatic process is one in which
there is no change in the heat content of a system. The mathematical form of the first
law derives from the ab