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Preface to the Second Edition

The first edition of Hydrochemistry was published in 2015. Gratifyingly, the textbook
has been well received by the readers, in particular students and lecturers. There-
fore, encouraged by the publisher, I decided to provide an improved and extended
edition of the book.

The general structure of the book has been retained. However, in order to sup-
port the active acquisition of knowledge, the number of examples and problems to
be solved by the reader has been significantly increased compared to the first edi-
tion. The text is now supplemented by 63 examples within the text. The number of
problems to be solved by the reader has been increased to 70.

The problem of the increase in the atmospheric CO2 concentration and the re-
sulting impact on aquatic systems receive now more attention at various points in
the book. In the respective examples and problems, the atmospheric CO2 concentra-
tion has been updated.

Some chapters have been extended by additional topics, for instance, new as-
pects of water quality (Chapter 1), temperature dependence of equilibrium constants
(Chapter 5), coupling of gas–water partitioning and chemical reaction (Chapter 6), re-
lationship between photosynthesis and the carbonic acid system in surface waters
(Chapter 7), establishment of redox half-reaction equations (Chapter 10), and sorp-
tion-influenced subsurface solute transport (Chapter 12). Furthermore, some minor
revisions of the text have been carried out.

I hope this edition will be as well received as the previous one. Thanks to the
staff of the publishing house, De Gruyter. I appreciate the fruitful cooperation.

Eckhard Worch
June 2022

Preface to the First Edition

Yet another book on hydrochemistry? This question could arise if one has in mind
such famous and well-known standard textbooks as Aquatic Chemistry by W. Stumm
and J. J. Morgan andWater Chemistry by M. M. Benjamin. However, students who have
just started studying hydrochemistry often feel overwhelmed with the amount of infor-
mation presented in these comprehensive monographs of about 1 000 and 700 pages,
respectively. What they are looking for is a shorter textbook that provides an easy step-
by-step introduction to hydrochemistry, that requires little prior knowledge in chemis-
try, and that facilitates easier access to the more comprehensive textbooks. This book
is intended to close this gap. It is based on over 20 years of experience in teaching
hydrochemistry at a beginner level for students of various science and engineering
study courses.

https://doi.org/10.1515/9783110758788-202
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This textbook introduces the elementary basics of hydrochemistry in a com-
pacted form with a special focus on reaction equilibria in aquatic systems and their
mathematical description. It is designed as an introductory textbook for students of
all environment-related courses who are taking their first course in hydrochemistry.

After a short introduction in Chapter 1, basic information on the chemical sub-
stance “water” and its extraordinary properties are provided in Chapter 2. Chapter 3
deals with the concentration measures that are needed to quantify the content of
water constituents and with the activities as the effective concentrations in reactions.
Then, some general properties of aqueous solutions that are independent of the
chemical nature of the solutes and that depend only on their concentrations (the so-
called colligative properties) are discussed in Chapter 4. Chapter 5 leads to the main
part of the book on the different chemical equilibria in aqueous systems, and pro-
vides some basics on the chemical equilibrium and its mathematical description by
the law of mass action. From Chapters 6 to 12, all important types of chemical equilib-
ria relevant for the hydrosphere are discussed: gas–water partitioning (Chapter 6),
acid/base equilibria (Chapter 7), precipitation/dissolution equilibria (Chapter 8),
calco-carbonic equilibrium (Chapter 9), redox equilibria (Chapter 10), complex forma-
tion equilibria (Chapter 11), and sorption equilibria (Chapter 12).

The text is supplemented by a large number of examples (>50) to facilitate the
understanding of the theoretical considerations. Furthermore, each chapter (except
the introduction) includes a section with numerous problems (>60 in total) to be
solved by the reader. Complete and detailed solutions to all problems are docu-
mented in Chapter 13 in order to give the reader the opportunity to verify the own
solutions. An appendix comprises a list of important constants, a short introduction
to logarithm rules necessary for the equilibrium calculations, and a useful list of
the most important equations presented in the textbook.

I would be pleased if this book would find a broad acceptance by students and
by all who are interested in hydrochemistry.

Last but not least, I would like to thank all those who contributed to this
book by some means or other. Special thanks to my family and especially my
wife, Karola, for her patience during the times of intensive writing. Thanks to
my students, whose questions and discussions have been an important source of
inspiration. Thanks to the staff of the publishing house, De Gruyter. I appreciate
the useful support and the fruitful cooperation during the work on this book.

Eckhard Worch
November 2014
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1 Introduction

Water is the basis of all life. For humans, water is essential for survival and, there-
fore, irreplaceable. Water is also a habitat for aquatic organisms. Furthermore, indus-
try and agriculture are unthinkable without water. Accordingly, the preservation of
aquatic ecosystems and the protection of water resources belong to the most impor-
tant goals of sustainable development.

The quality of water is determined by its constituents, which is the totality of
the substances dissolved or suspended in water. A substantiated assessment of
water quality, therefore, requires in-depth knowledge about the occurrence and be-
havior of these constituents. That explains the importance of hydrochemistry (also
referred to as water chemistry or aquatic chemistry) as a scientific discipline that
deals with the constituents of water and their reactions within the natural water
cycle and within the cycle of water use.

Although water, with a total mass of about 1.38 × 1018 t, is the most common
molecular substance on the Earth, its distribution between individual reservoirs is
strongly unbalanced (Table 1.1). Approximately 97% of the total water is salt water
of the oceans that cannot be consumed by humans directly and is also not suitable
for many other purposes due to its relatively high salt content. Although the pro-
duction of drinking and service water from ocean water is, in principle, possible
(e.g., by reverse osmosis), it is unfavorable due to the high energy demand for the
treatment processes. Therefore, for drinking and service water production, freshwa-
ter is typically used as raw water resource. The most important freshwater resources
are the glaciers and polar ice caps as well as groundwater and surface water. From
these reservoirs, only parts of surface water and groundwater can be utilized with
acceptable technical effort for drinking water or service water purposes. It is esti-
mated that less than 1% of the huge global water resources is actually available for
human use.

Table 1.1: Global water resources (data from Trenberth et al. 2007).

Water resource Volume ( km) Portion (%)

Oceans    .
Polar ice caps and glaciers   .
Groundwater   .
Lakes and rivers  .
Soil moisture  .
Permafrost  .
Atmosphere . .

Total   . .

https://doi.org/10.1515/9783110758788-001
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However, the usable freshwater inventories are constantly renewed by the hy-
drological cycle. Figure 1.1 shows the global water cycle in a very simplified form.
Approximately 413 000 km3 of water is transferred by evaporation into the atmo-
sphere each year, and the same volume is returned by precipitation to the mainland
and to the oceans. The cycle thus resembles a distillation plant whose energy de-
mand, covered by the Sun, can be calculated from the enthalpy of vaporization of
water (Chapter 2, Section 2.2.3) to be about 1021 kJ/a. For the renewal of freshwater
resources, the proportion of evaporated water from the oceans that is transported
through the atmosphere to the land is of particular importance. This proportion is
approximately 40 000 km3/a.

A part of the rain water reaches directly the surface water bodies (streams, rivers,
lakes, and reservoirs) or flows on the land surface into the surface water. Another
part of the precipitate, the seepage water, infiltrates into the soil. There it is ab-
sorbed by plants or further transported into the ground where it finally reaches the
groundwater level. Surface water can also infiltrate into the subsurface where it be-
comes groundwater. After more or less long residence times and flow paths, ground-
water returns to the surface in the form of springs or directly by exfiltration into
surface water. The hydrological cycle is completed by evaporation processes and the
water runoff to the sea. The evaporation can take place both from the ground and
from the water surfaces as well as from the plants. The runoff to the sea occurs via
creeks, rivers, and streams.

The different concentration levels of water constituents that we can find in differ-
ent water bodies can be explained by considering the water cycle as a distillation pro-
cess as mentioned previously. During evaporation, mainly pure water is transferred to
the atmosphere, whereas the solutes (except the very volatile substances) remain in

413373

40

40

113 73

Ocean

Land

Groundwater

Rivers and lakes

Atmosphere

Figure 1.1: The hydrological cycle (volumetric flow rates in 103 km3/a). Data from Trenberth et al.
(2007).
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the aqueous phase. Therefore, we can find relatively high concentrations in the oceans
(the residue of the distillation). However, the water that is evaporated does not remain
pure water over longer times because during the transport through the atmosphere,
substances (gases, vapors, or aerosols) are dissolved. The main input of solutes, how-
ever, occurs after the precipitation to the mainland. Dissolution of solids from soils,
sediments, aquifers, as well as wastewater effluents leads to an increase in the concen-
trations of inorganic and organic water constituents. Nevertheless, the concentrations,
in particular those of inorganic solutes, in freshwater are typically much lower than in
ocean water. The highest ion concentrations in freshwater are in the mg/L range,
whereas the highest ion concentrations in seawater are in the g/L range.

It follows from the previous discussion that naturally occurring liquid water is
never pure H2O, but contains dissolved, colloidally dispersed and coarsely dis-
persed constituents. Water bodies differ strongly regarding the nature and espe-
cially the concentrations of the various constituents.

The oceans, which cover about 70% of the Earth’s surface, contain an average of
about 3.5% (35 000 ppm) dissolved salts. In ocean water, we can find all the natu-
rally occurring elements, but most of them only in low concentrations. Only a few
ions contribute to the high salt content. These are primarily sodium and chloride
ions; their total concentration alone amounts to approximately 30 g/kg (3%). The six
major constituents of seawater that make up more than 99% of the total salinity are
listed in Table 1.2. The composition of seawater is relatively constant with only very
small differences between and within the big open oceans. In contrast, marginal seas
with limited water exchange with the open oceans often show stronger deviations
from the total salinity and composition of the big oceans due to the impact of freshwa-
ter inflow (leading to dissolution) and evaporation (leading to concentration). Depend-
ing on the relative strength of these effects, the salt concentration in the marginal seas
can be higher or lower than that of the open oceans (e.g., Baltic Sea, 0.3–1.9% salinity,
and Mediterranean Sea, 3.6–3.9% salinity).

Table 1.2: Major seawater components.

Component Concentration in
mg/kg (ppm)

Concentration in
mmol/kg

Concentration in mmol/L
(calculated with a density
of . g/cm)

Cl–   . .
Na+   . .
SO

–
  . .

Mg+   . .
Ca+  . .
K+  . .

Sum    .  .
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The oceans play an important role for the climate because they are able to store
large amounts of heat (Chapter 2, Section 2.2.3). They compensate for temperature
fluctuations and act as a heat buffer. The oceans also have a weakening impact on
the climate change. They can uptake and store large amounts of the greenhouse gas
carbon dioxide, CO2 (for the solubility of CO2, see Chapter 6). About 30% of the car-
bon dioxide released to the atmosphere is absorbed by the oceans. Without this CO2

absorption, the CO2 concentration increase in the atmosphere and the resulting
global warming would be much faster. However, the oceans are not able to absorb
the total anthropogenic CO2 and therefore they cannot completely stop the global
warming. Moreover, a further warming of the oceans would decrease the possible
CO2 uptake due to the temperature dependence of the gas solubility (Chapter 6). An-
other effect that needs to be mentioned is that the CO2 absorption influences the hy-
drochemical state of the oceans, in particular, the carbonic acid system and the
calco-carbonic equilibrium. The resulting effects (referred to as ocean acidification)
are a shift of pH to lower values and a decrease of the carbonate/hydrogencarbonate
ratio (for details, see Chapters 7 and 9). This makes it more difficult for shell-building
marine animals (e.g., corals and oysters) to form their shells from calcium carbonate.

Due to the huge amount of water in the oceans and the slowly proceeding pro-
cesses, the impact of climate change on the oceans is not as pronounced and easily
observable as the changes in the atmosphere. The pH decrease in comparison to the
preindustrial period is estimated to be 0.1 units (NOAA 2022a), and the increase of
the mean surface water temperature of the oceans since 1880 is estimated to be
about 0.06 °C per decade and 0.11 °C per decade since 1980 (NOAA 2022b).

In contrast to seawater, the inorganic composition of freshwaters is characterized
by smaller and strongly variable concentrations. The composition of groundwater is
mainly influenced by the geological background. It is dominated by the cations Ca2+,
Mg2+, Na+, and K+ and the anions HCO3

–, SO4
2–, and Cl– (Table 1.3). These major ions

typically occur in the lower mmol/L or higher µmol/L range. Dissolved gases such as
carbon dioxide and oxygen play a significant role in the interaction of water with
solid phases. When seepage water on its way to the groundwater level flows through
the soil layers, it is enriched with carbon dioxide in particular, which is a product of
biological degradation processes in the soil. This carbon dioxide enhances and accel-
erates chemical processes of dissolution of minerals by seepage and groundwater. Dis-
solved oxygen determines the redox intensity (or the redox potential, see Chapter 10)
and thus the dissolution or precipitation of certain ions (such as iron or manganese).
The solid layers above the groundwater protect it largely from pollutants. However, in
recent years, negative anthropogenic influences on the groundwater quality such as
through input of nitrate, pesticides, and chlorinated hydrocarbons have increased.

The composition of spring water is initially the same as that of groundwater
from which it originated, but as surface water (creeks and rivers), it is then subject
to extensive changes due to natural and anthropogenic inputs as well as through
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gas exchange with the atmosphere. Especially in urban areas, the rivers receive sub-
stantial amounts of inorganic and organic wastewater constituents. Also runoff from
agricultural areas (fertilizers and pesticides) and input from other diffuse (nonpoint)
sources can contribute to the pollution of rivers and lakes. Rivers have a biological
self-cleaning force, mainly based on the oxidative degradation of organic water con-
stituents by microorganisms. These oxidation processes require an adequate oxygen
supply. Although the oxygen uptake from the atmosphere by rivers is favored through
the turbulence of the flowing water, an excessive organic load can increase the risk of
widespread oxygen depletion coupled with a decrease in the water quality.

River and lake sediments act as pollutant sinks, for example, for heavy metals
or weakly soluble organic compounds, and thus are often heavily loaded with
harmful substances. The introduction of complexing agents or changes in tempera-
ture or redox potential can remobilize bound substances from the sediments. Fre-
quently, the concentrations of anthropogenic pollutants are too high for a direct
use of river water as raw water for drinking water supply. In such cases, bank fil-
trate, extracted from wells that are located in a certain distance from the river bank,
is often used as raw water source. During the subsurface transport of the river water
from the river to the extraction wells, the pollutants are eliminated to some extent
by filtration, biodegradation, and sorption processes.

The material balances of standing water bodies are strongly influenced by biologi-
cal processes and, in moderate (temperate) latitudes, also influenced by the change of
stagnation and circulation periods, resulting from the density anomaly of water
(density maximum at 4 °C, see Chapter 2, Section 2.2.1). During the stagnation peri-
ods in summer and winter, the lakes or reservoirs form separate layers due to the
vertical temperature and density differences (lake stratification). The temperature

Table 1.3: Major and minor ions in freshwater.

Major ions

Cations Anions

Na+

K+

Ca+

Mg+

HCO
–

SO
–

Cl–

Minor ions

Cations Anions

NH
+

Fe+ (under reducing conditions)
Mn+ (under reducing conditions)
Al+ (in the medium pH range in the
form of hydroxo complexes)

NO
–

HPO
–/HPO

–

Br–
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at the bottom of the water body is about 4 °C (density maximum), whereas the tem-
peratures in the upper part of the water body are lower (winter) or higher (summer)
than 4 °C (density lower than the maximum). The formation of the separate layers
impedes the vertical transfer of dissolved species, whereas sedimentation of particles
is still possible. In spring and autumn, the temperature and density differences van-
ish and circulation becomes possible. Accordingly, vertical concentration profiles are
found during the stagnation periods in summer and winter, whereas the circulation
in spring and autumn leads to a uniform distribution of the dissolved substances.

In the summer stagnation period, the photosynthetic production of biomass
and oxygen from inorganic substances (water, carbon dioxide, nitrate, phosphate)
dominates in the upper water layer (epilimnion). The dissolved oxygen, however,
cannot be transferred into the deeper water layer (hypolimnion) due to the stratifi-
cation, whereas dead biomass particles are transported to the bottom of the lake by
sedimentation. During the following microbial mineralization of the dead biomass
on the bottom of the lake, the organic substances are converted back to inorganic
material, which is associated with a depletion of dissolved oxygen in the lower
layers of the lake. Since oxygen is not replenished during the stagnation phase, the
redox state in the hypolimnion often changes to reducing conditions with the result
that reduced compounds, such as NH4

+, Mn2+, Fe2+, H2S/HS
–, or CH4, increasingly

occur. During the reduction and dissolution of manganese(IV) oxide and iron
(III) oxide hydrate under reducing conditions, substances bound to these solids
(e.g., other metals or phosphate) are also remobilized from the sediment. In particu-
lar, high inputs of anthropogenic nutrients (especially phosphorus) intensify the
photosynthetic production in the epilimnion and the subsequent mineralization
and oxygen consumption in the hypolimnion with the negative impacts described
previously. This intensified process is known as eutrophication of lakes.

In the last decades, an increasing number of anthropogenic organic substances
have been found in surface water and, to a lower extent, also in groundwater. They
originate from point sources (e.g., municipal or industrial wastewater treatment plants)
or nonpoint (diffuse) sources (e.g., agriculture). The concentrations of the anthropo-
genic organic substances range from ng/L to µg/L. These compounds are therefore also
referred to as organic micropollutants or organic trace pollutants. The micropollutants
belong to very different groups (with respect to their chemical structure or application),
for instance, halogenated solvents, pesticides, polycyclic aromatic hydrocarbons
(PAHs), petroleum-derived hydrocarbons, BTEX aromatics (benzene, toluene, ethylben-
zene, and xylene), phenols, per- and polyfluoroalkyl substances (PFAS), synthetic com-
plexing agents, pharmaceuticals and their metabolites, personal care products,
sweeteners, and corrosion inhibitors. The fate of the micropollutants depends on
their stability. Some of them are persistent; others are transformed or mineralized
by oxidation processes (chemical, biochemical, or photochemical oxidation). Hydro-
phobic compounds can be immobilized by sorption processes onto solid material
(e.g., soils, sediments, or aquifer material), whereas hydrophilic (polar) substances
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are mobile and can be widely distributed in the hydrosphere. Among the organic
water pollutants, persistent, mobile, and toxic substances (PMT substances) are of
particular importance for the water quality. It is therefore an urgent task of water
protection to reduce their entry into water bodies.

In the recent past, a new problem has come into focus: the occurrence of micro-
plastics. Microplastics are any plastic particles with sizes smaller than 5 mm, where
a distinction can be made between primary and secondary microplastics. Primary
microplastics are introduced into the environment with particle sizes that are al-
ready smaller than 5 mm (e.g., microfibers from clothing, microbeads from personal
care products, or other small pellets from various products). Secondary microplas-
tics arise from breakdown of larger plastic material (e.g., plastic bottles or plastic
bags) by natural weathering processes.

Even the few examples presented in the previous paragraphs illustrate that the
composition of natural waters is influenced by a variety of physical, chemical, and
biological processes (Table 1.4), which often act in a very complex manner inside the
water phase but also at the boundaries to other compartments such as the atmosphere
or solid phases like soils or sediments. Therefore, the composition of water not only
varies depending on the type of the water body (oceans, groundwater, lakes, rivers,
reservoirs) but, particularly in freshwater, also within a considered water body type.
Every river, every lake, or every groundwater body has an individual composition, de-
termined by the natural environment and further modified by anthropogenic inputs.
The assessment of water quality, also with respect to possible water use, requires at
first knowledge about the nature and concentration of the water constituents. To pro-
vide this knowledge is the task of chemical analytics, particularly of water analytics.
However, an interpretation of the data provided by chemical analyses is not possible
without understanding the hydrochemical and hydrobiological processes and without
knowledge about the properties and effects of the water constituents.

Besides some general facts about water and aqueous solutions, this textbook presents
an introduction to the main hydrochemical processes that are relevant for under-
standing the occurrence and the fate of water constituents with a focus on reaction
equilibria.

Table 1.4: Physicochemical and biochemical processes in water bodies.

Physicochemical processes Biochemical processes

Absorption and desorption of gases
Acid/base reactions
Dissolution and precipitation of solids
Redox processes
Complex formation
Sorption onto solid material

Photosynthesis
Aerobic mineralization of organic
substances
Other biochemical redox processes
(e.g., nitrification, denitrification, or
desulfurication)
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2 Structure and Properties of Water

2.1 Structure of Water

The isolated triatomic H2O molecule has an angled shape. The O–H bond lengths
are 96 pm (1 picometer (pm) = 1 × 10−12 m), and the angle between the bonds is
104.5° (Figure 2.1). The bonds between hydrogen and oxygen are single covalent
bonds, each consisting of a bonding electron pair (one electron from oxygen and
one electron from hydrogen). The bonding partners oxygen and hydrogen have
different tendencies to attract the bonding electrons toward themselves. This ten-
dency is quantified by the measure “electronegativity” which has, in the Pauling
scale, the value 3.44 for oxygen and 2.2 for hydrogen, respectively. Accordingly, ox-
ygen has a higher tendency to attract the bonding electrons, which leads to a higher
electron density at the oxygen atom in comparison to that at the hydrogen atom.
As a consequence, the atoms possess partial charges (oxygen: δ = −0.34; hydrogen:
δ = +0.17). Here, partial charge means that there is only a shift in the electron den-
sity but not a complete gain or loss of an electron as in the case of univalent ions
(e.g., Cl– and Na+) which have full charges (−1, +1).

As a consequence of the occurrence of opposite charge centers within a certain dis-
tance, dipole moments (dipole moment = charge × distance) exist along the bond
axes and, because the molecule is not linear, a total dipole moment also exists for
the molecule. Vector addition of the dipole moments along the axes leads to a total
dipole moment of 1.84 D, where Debye (D) is the unit that is typically used for di-
pole moments; 1 D is equivalent to 3.33 × 10−30 C⋅m, where the charge is given as
coulomb (C) and the distance is given as meter (m). The relatively high value of the
dipole moment indicates that water is a strongly polar molecule.

The molecular geometry of H2O can be explained by a sp3 hybridization of the or-
bitals of the oxygen atom within the water molecule (Figure 2.2). The oxygen atom pos-
sesses eight electrons. Six of them are valence electrons, which reside in the outermost
electron shell and can participate in the formation of chemical bonds. Whereas the
ground state of a single oxygen atom is characterized by the existence of one 2s and
three 2p orbitals, which contains the six valence electrons (left-hand side of Figure 2.2),

H

O

H

96 pm

δ = –0.34

104.5° δ = +0.17δ = +0.17
Figure 2.1: Schematic representation of the water
molecule.
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the electron configuration of the oxygen atom in the water molecule is different and
can be explained by four sp3 hybrid orbitals (“mixed” orbitals) of equal energy that
contain the six valence electrons (right-hand side of Figure 2.2). The 1s orbital of the
oxygen is not involved in bonding and remains unchanged. Two of the four sp3 hybrid
orbitals are occupied by two electrons each and two are occupied by only one electron
each. Each of the half-filled sp3 orbitals of the oxygen can accept an electron from a
half-filled 1s orbital of hydrogen which results in two covalent bonds. The orbitals
filled with two electrons from oxygen do not take part in bonding. The respective elec-
trons are referred to as lone (nonbonding) electron pairs.

The four sp3 hybrid orbitals are arranged in such a manner that the distance be-
tween them becomes maximal. Therefore, the hybrid orbitals are directed to the cor-
ners of a tetrahedron as shown in Figure 2.3. Due to the higher space requirement
of the lone electron pairs in comparison to the bonding pairs of electrons, the tetra-
hedral structure is deformed, which explains the slight compression of the tetrahe-
dral angle (109.5°) to the value of the bond angle (104.5°).

Energy

1s

2s

2px 2py 2pz

1s

4×2sp3

(b)(a)

Figure 2.2: Electronic configuration of the oxygen atom in the ground state (a) and in the water
molecule (b); hybridization of the 2s and 2p orbitals. The arrows indicate the electrons with their
spins and the dashed arrows are the electrons from the two hydrogen atoms in the water
molecule. The numbers (1, 2) indicate the principal quantum numbers and the letters (s, p) stand
for the azimuthal quantum numbers of the orbitals.

O
H

H Figure 2.3: Tetrahedral orbital geometry of the water molecule.
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In condensed phases (ice and liquid water), the distances between the water
molecules are relatively short and electrostatic interactions between the partial
charges of the oxygen and hydrogen atoms of neighboring molecules are possible
(Figure 2.4). This type of electrostatic interaction is referred to as a hydrogen bond.
The formation of hydrogen bonds determines the structure and the properties of the
condensed phases ice and liquid water.

The ideal ice crystal is a network of oxygen atoms, each surrounded tetrahedrally
by four hydrogen atoms, two of them covalently bonded within the water molecule
and the two others (from neighbor molecules) bonded via hydrogen bonds. The
bonding energy of the covalent bonds is stronger and the bond length is shorter
than those of the hydrogen bonds. Due to the intermolecular interactions, the bond
length of the covalent bonds within the ice crystal is slightly longer than that of the
isolated water molecule (101 pm instead of 96 pm) and the bond angle is very close
to the tetrahedron angle of 109.5°. The hydrogen bond length in the ice structure is
about 180 pm. The resulting hexagonal ice structure is shown in Figure 2.5. This ice
modification (referred to as ice Ih) is the stable structure under normal pressure
conditions. As shown in Figure 2.5, ice Ih has an open structure with large voids in
the interior. At very high pressures and/or very low temperatures, other ice modifi-
cations occur.

Currently, the structure of liquid water is not fully understood. It is beyond con-
troversy that hydrogen bonds play an important role not only for the ice structure
but also for the structure and the properties of liquid water. In the past, two differ-
ent types of structure models have been developed: mixture models and continuum
models. Mixture models treat water as a mixture of two different types of species.
An illustrative, but not uncontroversial mixture model assumes the existence of a
dynamic equilibrium between associates (clusters) with ice-like structure and free
H2O molecules (cluster model). Although such a simple model can explain some of
the unique properties of water, nowadays more sophisticated continuum models
that are in better accordance with X-ray and neutron scattering experiments and
with computer simulations are preferred. Following these models, water can be
considered a dynamic macromolecular less-ordered hydrogen-bonded network in

Figure 2.4: Tetrahedral arrangement of water molecules due to
the formation of hydrogen bonds (dotted lines).
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which the average coordination number of a water molecule is 4. In contrast to the
fixed ice structure, a stronger bending of bonds is possible.

The change of the water structure during temperature increase and phase trans-
formation can be interpreted as a transition from a long-range order in the ice crys-
tal over a pronounced short-range order in the liquid water toward the existence of
mainly isolated molecules in the gas state. As we will see in the following section,
the occurrence of hydrogen bonds explains a number of exceptional properties of
water.

2.2 Properties of Water

2.2.1 Density

The density, ρ, is defined as the ratio of mass, m, and volume, V:

ρ= m
V

(2:1)

The density of ice and water depends on the temperature as shown in Figure 2.6. Ice
has an open structure (see Figure 2.5), which explains its relatively low density. In
contrast to most other solids, ice shows a volume contraction during melting. This can
be explained with partial collapsing of the bulky ice structure where some of the
bonds are broken or bended. The density of the liquid water at 0 °C (0.9998 g/cm3) is
about 9% higher than that of ice at the same temperature (0.9166 g/cm3). Accordingly,

Figure 2.5: Crystal structure of ice (hexagonal ice Ih).
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freezing of water leads to a volume expansion. In closed spaces where the volume
cannot expand, the pressure strongly increases, often to a value where the walls
of the closed space are destroyed. This effect explains, for instance, the alteration
of porous rocks or other porous materials in winter, when the water in the pores
freezes.

Liquid water shows a density maximum at about 4 °C (exactly 3.98 °C). The occur-
rence of a density maximum is a specific property of water and not observed for
other liquids. It is therefore referred to as density anomaly of water. Typically, the
volume of a liquid increases with increasing temperature, due to the volume expan-
sion caused by increasing molecular motion. The density maximum observed in the
case of water is the result of two opposing effects. At low temperatures, the collaps-
ing of the residual ice structures with the related volume contraction (density in-
crease) dominates the overall effect, whereas at temperatures higher than 4 °C the
common volume expansion of liquids dominates.

One of the consequences of the density anomaly of water is the alteration of
circulation and stratification that can be observed in standing water bodies in tem-
perate zones of the Earth (Figure 2.7). Typically, stratification occurs in summer
and winter, whereas circulation occurs in spring and autumn. The water with the
highest density (temperature of about 4 °C) is always found at the bottom of the
lake, whereas water with temperatures lower (in winter) or higher (in summer) than
the temperature of the density maximum is located near the surface due to its lower
density.

Figure 2.6: Density of ice and water as a function of temperature.
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In winter, the water freezes at first at the water surface because the coldest water
in the lake with the lowest density is located here. The formed ice prevents an energy
input into the water body by wind or storm with the consequence that the stratifica-
tion remains stable despite the small difference in density between 0 and 4 °C. In sum-
mer, the temperature differences and therefore also the density differences between
the warmer water layers at the top and the colder (4 °C) layers at the bottom of the
lake are larger due to the higher outside temperatures. Therefore, usually no distur-
bance of the thermal stratification can be observed even in strong winds.

Between these periods of stagnation, phases of full circulation occur in spring and
autumn due to the heating or cooling of the upper water layers and the associated re-
duction of the temperature and density gradients in the water body. With the tempera-
ture equalization, the density differences vanish and circulation becomes possible. The
energy needed to initiate a circulation of the water body comes from winds and storms
that frequently occur in spring and autumn. Such lakes with two mixing periods
per year are referred to as dimictic lakes. During the circulation, a transport of dis-
solved substances from the top to the bottom of the lake occurs, and also from the bot-
tom to the top. In this manner, for instance, oxygen that is introduced into the water
body from the air can be transported to the deeper layers of the lake where it is needed
for degradation of organic material. In contrast, transport of dissolved substances is
not possible during the stagnation periods. This can lead, under certain circumstances,
to serious problems with respect to the water quality. A well-known example is the eu-
trophication of lakes. Introduction of high amounts of nutrients (in particular, phos-
phate) into the lake can cause strong photosynthetical biomass production rates in the
summer. After die-off, the dead biomass is transported by sedimentation (that is not
hampered by stratification) to the bottom of the lake and consumes oxygen for the

Winter Summer

Spring

≈ 4 °C 

≈ 4 °C 

≈ 4 °C 

≈ 4 °C 

< 4 °C 

≈ 4 °C ≈ 4 °C 

> 4 °C < 0 °CIce

Autumn

Figure 2.7: Circulation (spring and autumn) and stagnation (summer and winter) in dimictic lakes
and reservoirs.
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oxidative degradation. Since the dissolved oxygen content in the lower layers cannot
be refreshed during the stagnation period, the redox state changes to reducing condi-
tions under which, for instance, iron(III) hydroxide is reduced and released from the
sediment as Fe2+ together with other ions previously sorbed onto Fe(OH)3 (e.g., phos-
phate or heavy metals). Another example is manganese dioxide (MnO2) that is reduced
to Mn2+. More details about such redox reactions can be found in Chapter 10.

Of course, the sequence of circulation and stagnation phases in the described
manner can only occur under the condition that the outer temperatures show a cor-
responding seasonal trend (two times crossing the temperature of the density maxi-
mum). Although this condition is typically fulfilled in temperate climates, not all
lakes show the described sequence. Deviations can be found in the case of shallow
lakes with frequent mixing by temperature convection or wind (polymictic lakes)
and in the case of deep lakes where the deeper water layers are excluded from circu-
lation (meromictic lakes). Reasons for an incomplete circulation can be an insufficient
energy input by wind and storm (e.g., lakes with small surface area in comparison to
the depth, steep-sided lakes, and lakes in deep forests) or a high salinity and therefore
also a high density in the deeper layers of the lake.

Deviations from the described alteration of stagnation and circulation are also
found in regions of the Earth where the temperatures are always above or below the
temperature of the density maximum (tropical or polar zones).

2.2.2 Phase Diagram – Melting Point and Boiling Point

The conditions under which the different forms of water (ice, liquid water, and water
vapor) are stable can be best illustrated by means of a phase diagram. A phase in the
chemical sense is a domain that is homogeneous with respect to physical and chemi-
cal properties and that is confined from other phases by phase boundaries where the
properties are changing. The term “phase” is often used as synonym for state of mat-
ter (solid, liquid, and gas). This is acceptable for the gas state and the liquid state of
single components where only one phase exists in the respective states. In the solid
state, however, more than only one phase can occur even in single-component sys-
tems (e.g., different ice modifications in the case of water).

The phase diagram of water (Figure 2.8) shows the stability areas of the differ-
ent phases (solid ice, liquid water and gaseous water vapor) with dependence on
temperature and pressure. The curves represent the conditions under which phase
transitions occur: fusion (melting, solid-to-liquid transition), boiling (vaporization,
liquid-to-vapor transition), and sublimation (solid-to-vapor transition). The inverse
processes are referred to as freezing (crystallization, liquid-to-solid transition), con-
densation (vapor-to-liquid transition), and deposition (vapor-to-solid transition).
Along the curves, two phases are in equilibrium, and there is only one degree of
freedom (univariant curves). If, for instance, the pressure is given, the temperature
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of the phase transition is fixed. It follows from the diagram that the boiling point
increases with increasing pressure, whereas the melting point decreases marginally
with increasing pressure. The intercept points of the line at p = 1 bar (normal atmo-
spheric pressure) with the equilibrium curves give the melting point of ice (0 °C)
and the boiling point of water (100 °C) under ambient conditions.

There is only one point in the diagram where all three phases coexist. This point is
referred to as the triple point or invariant point. Here, pressure and temperature are
uniquely specified. The respective data for water are ϑtp = 0.01 °C (= 273.16 K) and
ptp = 0.0061 bar.

The liquid–vapor equilibrium curve ends at the critical point (ϑcrit = 374.15 °C,
pcrit = 221.3 bar), where the differences in the physical properties between liquid
water and vapor vanish and the liquid and the gas phases become indistinguish-
able. Water at pressures and temperatures higher than the critical point is referred
to as supercritical water (general term: supercritical fluid). Supercritical water is
used in practice as an efficient extracting agent.

The areas in the diagram describe the temperature and pressure conditions
under which only ice, liquid, or vapor exist. Within these areas, T and p are both
free to change (divariant areas).

It has to be noted that under extreme conditions (temperatures lower than
−100 °C and/or pressures >100 MPa), further ice phases, different from the normal
ice (Ih) shown in Section 2.1, exist. The stability areas of these other solid phases
are not shown in Figure 2.8.

The occurrence of hydrogen bonding in the solid and liquid states is the reason for
the relatively high phase transition temperatures of water. The melting point of 0 °C
and the boiling point of 100 °C (at atmospheric pressure) differ significantly from the

Figure 2.8: Phase diagram of water.
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general trend of the dihydrogen compounds of the elements in the same group of
the periodic table of elements (group 16 or – antiquated – main group 6): oxygen (O),
sulfur (S), selenium (Se), tellurium (Te), and polonium (Po). Normally, the melting
point and the boiling point are expected to decrease with decreasing molecule size
(Figure 2.9). Thus, the melting point and the boiling point of water should be lower
than those of dihydrogen sulfide, H2S (−85.7 °C, −60.2 °C). If this would be true, it
would mean that water could not occur on the Earth in liquid form. Only the excep-
tionally high phase transition temperatures of water enable the existence of liquid
water and also life in that form we know. The high phase transition temperatures are
indicators that, in comparison to the other compounds, stronger interactions in
the condensed phases must be overcome. These stronger interactions result from the
hydrogen bonds that act additionally to the van der Waals interactions between the
molecules. In contrast to water, the other compounds show no or only negligible hy-
drogen bonding, since the molecules are not as polar as water. The electronegativities
of S, Se, Te, and Po are 2.58, 2.55, 2.1, and 2, respectively. When compared with the
electronegativity of oxygen (3.44), these values are much closer to the electronegativity
of hydrogen (2.2) and therefore the partial charges are very low. Accordingly, in the
case of the other compounds, only the weaker van der Waals forces have to be over-
come during melting and boiling. Also, the hydrogen compounds of the neighboring
nonmetallic elements in the same period of the periodic table (C, N, F) have much
lower melting and boiling points (CH4: −182 °C and −162 °C; NH3: −78 °C and −33 °C;
HF: −83 °C and 19.5 °C) although at least NH3 and HF are able to form hydrogen bonds
(electronegativities: C: 2.55, N: 3.04, F: 3.98). It can be assumed that the tetrahedral
arrangement of the hydrogen bonds in solid and liquid water causes a special stability.

Figure 2.9: Melting and boiling points of the dihydrogen compounds of the elements in the 16th
group of the periodic table of elements.
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2.2.3 Energetic Quantities

In chemical thermodynamics, the heat transfer during a process carried out at
constant pressure is referred to as enthalpy, and given as the difference between
the initial and the final states. Accordingly, the amounts of energy that are neces-
sary for melting a solid or boiling a liquid are expressed as enthalpy of fusion, ΔHfus,
and enthalpy of vaporization, ΔHvap, respectively. For water, these quantities
have relatively high values and amount to ΔHfus = 6.01 kJ/mol (= 334 kJ/kg) and
ΔHvap = 40.66 kJ/mol (= 2 259 kJ/kg). These amounts of energy are stored during
melting of ice and boiling of liquid water, respectively. During the reverse pro-
cesses, condensation and freezing, the same amounts of energy are released. Ac-
cordingly, the enthalpy of condensation, ΔHcond, and the enthalpy of freezing,
ΔHfreez, have the same values as ΔHvap and ΔHfus but, by definition, a negative sign
(exothermic processes). The reason for the relatively high values is the existence of
strong hydrogen bonds in the solid and liquid phases that have to be overcome during
the phase transitions solid/liquid and liquid/gas. It has to be noted that the given heat
of vaporization is related to the phase transition at the boiling point 100 °C. Vaporiza-
tion at lower temperatures is also possible, but requires higher energies (e.g., ΔHvap =
44.02 kJ/mol at 25 °C).

Ice, water, and water vapor are also able to store energy without phase transi-
tion. This amount of energy is given by the heat capacity at constant pressure, cp.
For a considered phase, cp is given by the change of the enthalpy with temperature:

cp = ∂H
∂T

� �
p

(2:2)

Accordingly, cp describes the increase (or decrease) of the enthalpy of the substance
when its temperature is increased (or decreased). In integrated form, we obtain:

ΔH =
ðT2
T1

cp dT (2:3)

and under neglecting the slight temperature dependence of cp:

ΔH = cp ðT2 −T1Þ (2:4)

For liquid water (between 0 and 100 °C), the mean molar heat capacity, cp, is
75.5 J/(K⋅mol) which is equivalent to the mean specific (mass-related) heat capacity
of 4.2 kJ/(K⋅kg). This means that 4.2 kJ energy is stored by 1 kg of water if its temper-
ature is increased by 1 K. The temperature-dependent values of cp show only a slight
variation between 76.0 and 75.3 J/(K⋅mol) with the highest values at 0 and 100 °C
and the minimum at about 35 °C.
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The mean heat capacity of ice in the temperature range between 0 and −50 °C
is 34.6 J/(K⋅mol) and that of water vapor between 100 and 200 °C is 35.8 J/(K⋅mol).
The value of the specific heat capacity of liquid water (4.2 kJ/(K⋅kg)) is much higher
than that of many other liquids (e.g., methanol: 2.54 kJ/(K⋅kg); ethanol: 2.45 kJ/
(K⋅kg); benzene: 1.73 kJ/(K⋅kg)).

The total change of the enthalpy of water with temperature under consideration
of the phase transition enthalpies is shown in Figure 2.10. To express the change of
the enthalpy, a reference state has to be defined. In the diagram, 0 °C is used as the
reference state. For higher temperatures, ΔH becomes positive, and for lower tem-
peratures, it becomes negative.

In summary, it can be stated that the high values of the energetic quantities such as
enthalpy of fusion, enthalpy of vaporization, and heat capacity characterize water
as an excellent medium for heat storage. This is the reason why the temperature in
water bodies does not vary as strongly as the temperature in the air. Since water
can store high amounts of heat, it is also an efficient and widely used cooling
medium.

Figure 2.10: Enthalpy–temperature diagram of water.
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Example 2.1
What is the enthalpy that is stored in 1 mol H2O during a temperature increase from −10 to +30 °C?
The mean molar heat capacity of ice and liquid water is 34.6 J/(K · mol) and 75.5 J/(K · mol), respec-
tively. The enthalpy of fusion is 6.01 kJ/mol.

Solution:
Three quantities contribute to the total increase of the enthalpy: the enthalpy stored in ice during
heating from −10 °C to the melting point 0 °C, the enthalpy of fusion, and the enthalpy stored in
liquid water during heating from 0 to 30 °C. Taking into account equation (2.4), we can write:

ΔHtotal = cp, iceðT2 − T1Þ+ΔHfus + cp,waterðT3 − T2Þ

T1 is the starting temperature (−10 °C = 263.15 K), T2 is the melting point of ice (0 °C = 273.15 K),
and T3 is the end temperature (30 °C = 303.15 K). With the given data, we get:

ΔHtotal = ð34.6 J=ðK ·molÞÞ ð10 KÞ+ ð6.01× 103 J=molÞ+ ð75.5 J=ðK ·molÞÞ ð30KÞ
ΔHtotal = 346 J=mol+6010 J=mol+ 2 265 J=mol=8621 J=mol=8.621 kJ=mol

The total enthalpy that is stored in 1 mol H2O during heating from −10 to +30 °C is 8.621 kJ.

2.2.4 Viscosity

Viscosity is a measure of the molecule mobility, or in other words, a measure of the
internal resistance to flow. The higher the viscosity of a liquid is, the lower is the
mobility of its molecules. The viscosity can be expressed as dynamic or as kine-
matic viscosity. Both are related by the density:

η= ν ρ (2:5)

where η is the dynamic viscosity, ν is the kinematic viscosity, and ρ is the density.
The SI unit of the dynamic viscosity is Pa⋅s (= kg/(m⋅s) = N⋅s/m2). Frequently, the
derived unit mPa⋅s (= 10−3 Pa⋅s) is used, which is identical with the antiquated
unit centipoise (cP). The unit of the kinematic viscosity is m2/s. Other common
units are cm2/s (= stokes, St) or mm2/s (= centistokes, cSt).

The mobility of the molecules and therefore also the viscosity depends on the
strength of the intermolecular interactions. Since the hydrogen bonds in liquid
water reduce the mobility, it can be expected that the viscosity of water is relatively
high. However, not only hydrogen bonds but also van der Waals forces, which typi-
cally increase with increasing molecule size, influence the mobility. Furthermore, ste-
ric effects may play a role. Therefore, when compared with other liquids, the viscosity
of water is not exceptionally high (Table 2.1). In particular, polyhydric alcohols, which
combine larger molecule sizes with the possibility to form a high number of hydrogen
bonds (due to the existence of more than one OH group per molecule), have consider-
ably higher viscosities.
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The viscosity of water decreases exponentially with increasing temperature
(Figure 2.11). The temperature dependence of the viscosity can be explained by an
increase of molecule mobility with increasing temperature due to a decrease in the
strength of interactions between the molecules.

2.2.5 Surface Tension

The surface tension of a liquid describes the energy that is necessary to increase its
surface. It follows from the chemical thermodynamics that the change of the Gibbs
free energy, dG, of a substance (including its surface) during a process can be ex-
pressed by the state equation:

Table 2.1: Dynamic viscosities of selected liquids.

Liquid Dynamic viscosity at  °C (mPa⋅s)

Water .
Cyclohexane .
Benzene .
Tetrachloromethane .
Methanol .
Ethanol .
Ethane-,-diol (ethylene glycol) .
Propane-,,-triol (glycerol)  

Figure 2.11: Temperature dependence of the dynamic viscosity of water.
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dG = −SdT +V dp+σ dA (2:6)

where S is the entropy, T is the absolute temperature, V is the volume, p is the pres-
sure, σ is the surface tension, and A is the surface area. For an isothermal–isobaric
process (dT = 0, dp = 0), the equation simplifies to:

dG = σ dA (2:7)

from which we can derive the definition of the surface tension as the specific free
surface energy or, in other words, as the energy necessary for the generation of a
unit of area:

σ = dG
dA

(2:8)

Accordingly, the unit of the surface tension is N/m (= N⋅m/m2= kg/s2) or mN/m
(= 10−3 N/m).

If we further consider the thermodynamic principle that a process proceeds
spontaneously in that direction that decreases the Gibbs energy, then we can con-
clude that due to the condition:

dG < 0 if dA < 0 (2:9)

the contraction of the surface is a thermodynamically favored process. The forma-
tion of spherical drops which is a typical behavior of liquids is one of the conse-
quences of the surface tension, because a sphere is the geometrical object with the
smallest surface related to the volume.

The effect of surface tension is depicted in Figure 2.12 in a simplified manner. On
the surface, the attractive forces between the molecules are imbalanced. Whereas the
attractive forces of molecules in the interior of the liquid act into all directions, the
attractive forces of molecules at the surface are only directed to the inner of the liquid
resulting in a pull into the interior and a tendency to make the surface as small as
possible.

Figure 2.12: Schematic representation of the effect of surface tension.
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Since in water the intermolecular attractive forces are particularly high due to
the formation of hydrogen bonds, the surface tension of water is very high in com-
parison to other liquids (Table 2.2). Except for mercury, a liquid metal with quite
different structure, the other liquids shown in the table have surface tensions that
are in the range of only one-third of the surface tension of water.

The surface tension of water decreases with increasing temperature as shown
in Figure 2.13.

Since the surface tension of water is very high, all effects connected to surface tension
are also pronounced. Below, two of such effects will be discussed as examples.

The capillary action (capillarity) is one of the effects that are directly related to
the surface tension. The capillary action is the ability of a liquid to rise in a small
tube (capillary) without the support of external forces and in opposition to gravity.

Table 2.2: Surface tensions of selected liquids.

Liquid Surface tension at  °C (mN/m)

Water .
Tetrachloromethane .
Methanol .
Ethanol .
Benzene .
Cyclohexane .
Mercury .

Figure 2.13: Temperature dependence of the surface tension of water.
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The capillary rise, h, is directly proportional to the surface tension, σ, and given by
the equation:

h= 2 σ cos θ
ρ g r

(2:10)

where θ is the contact angle between liquid and capillary wall, ρ is the density, g is
the gravity of Earth, and r is the capillary radius. For hydrophilic capillary surfaces,
the contact angle between the water meniscus and the capillary wall is lower than 90°
and approaches 0° as a limiting value. As can be derived from equation (2.10), besides
the surface tension, the capillary radius is the other main influence factor that deter-
mines the capillary rise. The smaller the capillary, the higher is the resulting capillary
rise. Capillary action is relevant for the vertical water transport in porous media, in
soil, as well as in plants and trees. For instance, capillary rise leads to the formation
of a capillary fringe above the water table (top of the groundwater) in the subsurface.

Example 2.2
Calculate the maximum capillary rise of water at 20 °C in capillaries with inner radii of 0.1 and
0.05 mm. The surface tension of water at 20 °C is 72.8 mN/m (1 N/m = 1 kg/s2 ), the density of
water is 1 g/cm3, and the gravity of Earth is g = 9.81 m/s2.

Solution:
The maximum capillary rise is expected to occur if the contact angle is 0° (cos θ = 1.0). For
r = 0.1 mm = 1 × 10−4 m and ρ = 1 g/cm3 = 1 × 103 kg/m3, we find:

h= 2 σ cosθ
ρ g r

= 2 ð72.8× 10−3 kg=s2Þ ð1.0Þ
ð1× 103 kg=m3Þ ð9.81 m=s2Þ ð1× 10−4 mÞ =0.148 m

and for r = 0.05 mm= 5 × 10−5 m, we obtain:

h= 2 σ cosθ
ρ g r

= 2 ð72.8× 10−3 kg=s2Þ ð1.0Þ
ð1× 103 kg=m3Þ ð9.81m=s2Þ ð5× 10−5 mÞ =0.297m

The capillary rises for r = 0.1 mm and 0.05 mm are h = 14.8 cm and h = 29.7 cm, respectively.

Another effect related to surface tension is the increase of the vapor pressure of a
liquid with increasing curvature of its surface. Accordingly, small droplets have a
higher vapor pressure than the bulk liquid with a noncurved surface.

The increase of the vapor pressure can be calculated by the Kelvin equation:

pðdropletsÞ
p0

= exp
2 σ Vm

r R T

� �
(2:11)

where p(droplets) is the vapor pressure of the droplets, p0 is the vapor pressure of
the liquid with noncurved surface, σ is the surface tension, Vm is the molar volume,
r is the droplet radius, R is the gas constant, and T is the absolute temperature. We
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can derive from this equation that the effect of the increase of the vapor pressure is
greater, the higher the surface tension and the smaller the droplet radius. For water
with its relatively high surface tension, we can expect that this effect is particularly
pronounced in comparison to other liquids.

Example 2.3
Compute the relative increase of the vapor pressure for water droplets with r = 1 × 10−4 mm and
r= 1 × 10−5 mm at 20 °C (σ = 72.8 mN/m, R= 8.3145 J/(mol⋅K) = 8.3145 N⋅m/(mol⋅K)). The molecular
weight of water is 18 g/mol and its density is about 1 g/cm3.

Solution:
The molar volume of water can be calculated from the molecular weight and the density:

Vm = M
ρ

= 18 g=mol
1 g=cm3 = 18 cm3=mol= 1.8× 10−5 m3=mol

If we introduce the given data into the Kelvin equation, we receive for r = 1 × 10−4 mm (= 1 × 10−7 m):

pðdropletsÞ
p0

= exp
2 σ Vm
r R T

� �
= exp

2 ð7.28× 10−2 N=mÞ ð1.8× 10−5 m3=mol

ð1× 10−7 mÞ ð8.3145 N ·m=ðmol · KÞÞ ð293.15 KÞ

� �

pðdropletsÞ
p0

= 1.01

and for r = 1 × 10−5 mm (= 1 × 10−8 m):

pðdropletsÞ
p0

= exp
2 σ Vm
r R T

� �
= exp

2 ð7.28× 10−2 N=mÞ ð1.8× 10−5 m3=molÞ
ð1× 10−8 mÞ ð8.3145 N ·m=ðmol ·KÞÞ ð293.15 KÞ

� �

pðdropletsÞ
p0

= 1.11

This means that the vapor pressure is increased by 1% in the case of droplets with r = 1 × 10−4 mm
and by 11% in the case of droplets with r = 1 × 10−5 mm in comparison to the compact water without
curved surface.

The effect of the increased vapor pressure of small droplets influences the condensa-
tion of water vapor and is responsible for the fact that under certain conditions, air
can be supersaturated with water vapor. This metastable state has relevance, for in-
stance, for condensation processes in the troposphere and for the formation of clouds
and fog. As an example, we want to consider warm air above the ground that is satu-
rated with water vapor. In this context, the term “saturation” means that the partial
pressure (for partial pressure, see also Section 3.5 in Chapter 3) of water vapor in the
air equals the vapor pressure p0 of water at the given temperature. This warm, vapor-
saturated air rises to higher and cooler layers of the troposphere and cools down. Due
to its temperature dependence, the vapor pressure decreases and is now lower than
the partial pressure of the water in the air. Consequently, condensation should occur
to reestablish the equality of vapor pressure and partial pressure. The condensation
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starts with the formation of very small droplets consisting of only some molecules.
Since these small microdroplets have an increased vapor pressure, they vaporize
again instantaneously. In other words, the system is supersaturated with respect to
the vapor pressure of the bulk liquid but not with respect to the vapor pressure of the
microdroplets. Therefore, condensation occurs only if the degree of supersaturation is
very high or condensation nuclei, for instance, dust particles, trigger the condensa-
tion. The latter explains the frequent formation of fog in areas with polluted air.

2.2.6 Relative Permittivity

The electrical property “permittivity” is a measure of the electric polarizability of a
medium in an electric field. It is directly related to the interaction force between
point charges (Coulomb force). The Coulomb force, FC, between the charges q1 and
q2, which are located in a distance of r, is given by Coulomb’s law:

FC =
1

4 π ε
q1 q2
r2

(2:12)

where ε is the permittivity of the medium, which can be expressed by the vacuum
permittivity, ε0, and the relative permittivity of the medium, εr:

ε= ε0 εr (2:13)

The vacuum permittivity is a fundamental constant. Its value is 8.854 × 10−12 A · s/(V ·m).
The dimensionless quantity εr, also known by its antiquated name “dielectric con-
stant,” is a substance property that depends on the temperature. Table 2.3 shows
the relative permittivity of water for different temperatures.

Coulomb’s law describes the simple case where electrostatic interactions exist be-
tween two point charges. However, the situation in aqueous ionic solutions is more
complex and can be described by the concept of ionic atmospheres. Formation of

Table 2.3: Relative permittivity (dielectric constant)
of water at different temperatures.

Temperature (°C) Relative permittivity

 .
 .
 .
 .
 .
 .
 .
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ionic atmospheres means that each ion is surrounded by counter ions (ions with
opposite charge). A well-known theoretical approach to describe this complex situ-
ation was proposed by Debye and Hückel (Debye–Hückel theory of ionic solutions).
Despite the more complex character of the Debye–Hückel theory, the permittivity
plays the same important role for the interaction force as in Coulomb’s law.

The practical relevance of the Debye–Hückel theory consists of the fact that it pro-
vides the theoretical basis for the estimation of activity coefficients that are necessary to
describe reaction equilibria under nonideal conditions (conditions where interactions in-
fluence the behavior of the ions). Accordingly, the relative permittivity also occurs in the
equations that can be used for estimating activity coefficients (Chapter 3, Section 3.8).

2.3 Water as a Solvent

Water is a good solvent for many solids, liquids, and gases. This is the reason why we
cannot find pure water in nature. Seawater and freshwater, such as ground or surface
water, always contain certain amounts of dissolved species of natural or anthropogenic
origin. The solubilities of inorganic and organic compounds in water differ depending
on their chemical nature. The examples shown in Table 2.4 demonstrate the broad
range of aqueous solubilities.

The general condition for dissolution is that the change of the Gibbs free energy
during the dissolution process is negative. The change of Gibbs free energy of solu-
tion, ΔGsol, can be expressed by:

ΔGsol =ΔHsol −T ΔSsol <0 (2:14)

where ΔHsol is the enthalpy of solution, ΔSsol is the entropy of solution, and T is the
absolute temperature.

Table 2.4: Aqueous solubilities of selected compounds at 25 °C.

Solute Aqueous solubility (mg/L)

NaCl  

Phenol  

CaSO⋅HO  

Benzene  

Trichloroethene  

Tetrachloroethene 

Atrazine 

Phenanthrene .
Benzo[a]pyrene .
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From equation (2.14), we can derive that the solubility is influenced by enthalpic
and entropic effects. Typically, the entropy, which is a measure of the disorder (or
randomness) in a given system, increases during a dissolution process. Accordingly,
ΔSsol is positive and the second term in equation (2.14) is negative. The enthalpy of
solution, ΔHsol, summarizes the energetic effects of three different processes occur-
ring during dissolution. Breaking the bonds within the solute is the first process that
is relevant for dissolution. This means that in salts and other crystalline substances
(e.g., oxides and hydroxides), the lattice energy and in nonelectrolytes the intermo-
lecular interactions (van der Waals forces) have to be overcome. This process requires
energy and is therefore referred to as endothermic. The second process is to break the
attraction forces within the solvent (van der Waals forces and hydrogen bonds in
water) to form cavities for the solute to enter. This process also requires energy and is
therefore also endothermic. The third process comprises the formation of interaction
forces between solvent and solute, for instance, ion–dipole interactions in the case of
ionic species dissolved in water. This exothermic process is generally referred to as
solvation. In the specific case of water as a solvent, the term “hydration” is typically
used instead of solvation. The sum of the enthalpies of the three processes can be
positive or negative. As we can further derive from equation (2.14), dissolution can
occur despite a positive enthalpy of solution if the entropy term is greater than the
enthalpy term.

For ionic solids, the enthalpy of solution is given by:

ΔHsol =ΔU +ΔHhyd, cat +ΔHhyd, an (2:15)

where ΔU is the molar lattice energy (here defined as the energy needed to separate
a mole of a crystalline solid into ions), ΔHhyd,cat is the molar enthalpy of hydration
of the cation, and ΔHhyd,an is the molar enthalpy of hydration of the anion. It has to
be noted that the enthalpy necessary to break the interaction forces between the
solvent molecules is here already included in the hydration enthalpies. Figure 2.14
shows schematically the dissolution of an ionic solid and the hydration of the ions.

The interactions between the ions in a crystal are typically very strong and often
the lattice energy cannot be counterbalanced by the hydration enthalpies of the ions.
Therefore, the enthalpy of solution of ionic solids is frequently positive. This means
that, in this case, dissolution is an endothermic process and, accordingly, the solubil-
ity increases with increasing temperature. However, there are also numerous ionic
solids where the dissolution is exothermic.

It has to be noted that the lattice energy is sometimes defined in an opposite
manner as the release of energy during formation of 1 mol of an ionic solid. In this
case, the absolute value of the energy remains the same but it receives a negative
sign. Accordingly, the first term in equation (2.15) has to also be written with a neg-
ative sign so that it remains positive.
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Example 2.4
What are the enthalpies of solution of sodium chloride (NaCl) and lithium chloride (LiCl)? The en-
thalpies of hydration are −398 kJ/mol for Na+, −508 kJ/mol for Li+, and −376 kJ/mol for Cl–. The
lattice energy is 786 kJ/mol for NaCl and 853 kJ/mol for LiCl.

Solution:
NaCl:

ΔHsol =ΔU +ΔHhyd, cat +ΔHhyd, an

ΔHsol = 786 kJ=mol− 398 kJ=mol− 376 kJ=mol= 12 kJ=mol

LiCl:

ΔHsol =ΔU +ΔHhyd, cat +ΔHhyd, an

ΔHsol =853 kJ=mol− 508 kJ=mol− 376 kJ=mol= −31 kJ=mol

The dissolution of NaCl is endothermic and that of LiCl is exothermic. Accordingly, the solubility of
NaCl increases and that of LiCl decreases with increasing temperature.

As can be seen from Example 2.4, NaCl has a positive enthalpy of dissolution. Neverthe-
less, its solubility is very high (see Table 2.4). This demonstrates the important role of the
entropy term (equation (2.14)), which also increases with increasing temperature.

The interactions between the ions in the solid state (lattice energy) and the in-
teractions in the solution (enthalpies of hydration) depend on the size and the
charge of the cations and anions. The variety of possible combinations leads to
quite different solubilities. Therefore, we can find a broad range of solubilities for
ionic solids, from very high solubilities of alkaline earth halogenides (e.g., NaCl) to
very low solubilities of heavy metal sulfides or hydroxides (see also Chapter 8).

Figure 2.14: Dissolution of an ionic solid and hydration of the formed ions.

28 2 Structure and Properties of Water



As shown in Table 2.4, organic substances with covalent bonds also show more
or less pronounced solubilities. Here, higher solubilities are found for molecules
with polar groups that can interact with the solvent water to overcome the relatively
weak intermolecular interactions of the pure solute. In general, the solubility of
nonelectrolytes increases with increasing polarity. However, nonpolar substances,
which are not able to interact significantly with the solvent, also show a weak solu-
bility. This can be explained by the entropy increase due to the dispersion of the
dissolved molecules within the liquid.

Sometimes the dissolution is connected with a chemical reaction, in particular
with a proton transfer. Some strongly polar compounds with covalent bonds are
able to form ions during dissolution. In this case, the dipole interactions with the
polar solvent are strong enough to provide the energy necessary for ionization.
Such compounds are referred to as potential electrolytes. Typical examples are HCl,
NH3, and organic acids (carboxylic acids and phenols) and bases (amines). In the
case of acids, the protons released from the potential electrolytes are accepted by
water molecules as demonstrated for HCl as an example:

HCl + H2O Ð H3O+ +Cl− (2:16)

In the case of bases, protons from water are accepted by the base and the proton-
ated base is formed, here shown for aniline, a basic aromatic amine:

C6H5NH2 + H2O Ð C6H5NH+
3 +OH− (2:17)

Due to the proton transfer during dissolution, the solubility becomes pH-dependent.

2.4 Problems

2.1. Within the hydrological cycle, 413 000 km3 water is evaporated from the oceans
per year. What is the energy that is needed for vaporization of this volume at 17 °C
(which is the estimated mean surface water temperature of the oceans)? The heat of
evaporization of water at 17 °C is ΔHvap = 44.3 kJ/mol. The density of water is 1 g/cm3

and the molecular weight is 18 g/mol.

2.2. What is the enthalpy that is released when 100 L of water freezes? The enthalpy
of fusion of water is 6.01 kJ/mol, the density of water is approximately 1 g/cm3, and
the molecular weight of water is 18 g/mol.

2.3. Calculate the enthalpy that is necessary to heat 1 L of water (M = 18 g/mol) from
10 to 60 °C. The density at 10 °C is approximately 1 g/cm3, and the mean molar heat
capacity is 75.5 J/(K⋅mol).
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2.4. The dynamic viscosity of water at 10 °C is 1.308 × 10−3 Pa⋅s and the density is
approximately 1 g/cm3. What is the kinetic viscosity at the same temperature?

2.5. Compare the capillary rise of water in a capillary with an inner radius of
0.06 mm at 10 and 30 °C. The density at both temperatures is approximately 1 g/cm3.
The surface tension of water is 74.23 mN/m at 10 °C and 71.2 mN/m at 30 °C. The
contact angle is assumed to be 0° in both cases. The gravity of Earth is 9.81 m/s2.

2.6. What is the droplet radius at which the water vapor pressure is increased by 50%
in comparison to the bulk liquid? The temperature is assumed to be 10 °C, and the
surface tension at this temperature is 74.23 mN/m. The molar volume of water amounts
to Vm= 18 cm3/mol and the value of the gas constant is R = 8.3145 J/(mol⋅K).
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3 Concentrations and Activities

3.1 Introduction

As we have seen in Chapter 1, there is no pure water in nature or in the urban water
cycle. All natural waters and waters in the urban water cycle (e.g., drinking water
or wastewater) contain water constituents in different quantities. Therefore, we
need measures to quantify the content of these water constituents. We need such
measures in particular for all material balances and equilibrium calculations. Such
measures that are used to quantify the composition of water are known as concen-
trations. Unfortunately, there are a number of different concentration measures in
use. Therefore, it is necessary to know the exact definitions of the concentration
measures and the possibilities of converting them. Besides the general concentra-
tion measures used in different fields of science, there are also some specific meas-
ures that are, in particular, applied in water chemistry.

The conventional concentrations, which can be measured by analytical meth-
ods, have to be distinguished from the effective concentrations that act in reactions.
These effective concentrations are referred to as activities and have to be applied
for very exact equilibrium calculations.

In this chapter, the most important concentration measures are presented to-
gether with some specific applications. Moreover, general aspects of determination
and application of activities are discussed.

3.2 Concentrations

The most common measures used to describe the amount of water constituents in
an aqueous system are the mass concentration, the molar concentration, and the
equivalent concentration.

The mass concentration, ρ✶, is defined by:

ρ✶ðXÞ= mðXÞ
V

(3:1)

where m(X) is the mass of the substance X in the solution and V is the volume of the
solution. Common units are g/L, mg/L (10−3 g/L), µg/L (10−6 g/L), and ng/L (10−9 g/L).
An alternative symbol for the mass concentration is β.

The molar concentration, c, describes the ratio of the substance amount, n, and
the volume of the solution. It is also referred to as molarity:

cðXÞ= nðXÞ
V

(3:2)
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Since the substance amount (number of moles) can be derived from the ratio of the
mass of the substance and its molecular weight,M:

n ðXÞ= mðXÞ
MðXÞ (3:3)

the relationship between molar concentration and mass concentration is given by:

cðXÞ= mðXÞ
V MðXÞ =

ρ✶ðXÞ
MðXÞ (3:4)

Common units of c are mol/L and mmol/L (10−3 mol/L). Often, the abbreviation M is
used for mol/L. For instance, 0.5 M NaCl means a NaCl solution with the concentra-
tion of c = 0.5 mol/L.

Example 3.1
The mass concentration of calcium ions in a water sample is 140 mg/L. What is the molar
concentration? M(Ca) = 40.1 g/mol.

Solution:
Since the mass concentration is given in mg/L, it is reasonable to express the molecular weight
in mg/mmol (40.1 g/mol = 40.1 mg/mmol). According to equation (3.4), we obtain:

cðCa2+Þ= ρ✶ðCa2+Þ
MðCa2+Þ = 140 mg=L

40.1 mg=mmol
= 3.49 mmol=L

The equivalent concentration is a specific concentration measure that is useful for dis-
solved ions in all cases where charge balances play a role. The equivalent concentra-
tion can be considered a molar concentration normalized to the charge of the ion. An
equivalent (more precisely ion equivalent) can be thought of as that fraction of a real
ion that carries the charge +1 or –1. As a consequence, each positive equivalent com-
pensates (or neutralizes) exactly one negative equivalent. For instance, Al3+ can be
formally divided into three fractions, each of them carrying the charge +1 (Figure 3.1).
Accordingly, each Al3+ ion corresponds to three equivalents and the molar concentra-
tion of the equivalents is three times higher than the molar concentration of Al3+. Ac-
cordingly, the definition of the equivalent concentration is given by:

c
1
z
X

� �
=
n

1
z
X

� �
V

(3:5)

where z is the (absolute) charge number of the considered ion, and
1
z
X represents

the univalent fractions of the ions or, in other words, the equivalents.
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Since the number of equivalents is measured in moles and the ion charge number,
z, is dimensionless, the unit of the equivalent concentration is the same as the unit of
the molar concentration (mol/L, mmol/L). Therefore, it is necessary to use unique sym-
bols for the equivalent concentration to avoid confusion, for instance, c(1/2 Ca2+) or
c(1/3 Al3+). Sometimes, the term “normality” (abbreviation N) is also used to express
the equivalent concentration, for instance, 0.01 N instead of c(1/z X) = 0.01 mol/L.

For the conversion of molar and equivalent concentrations, the following rela-
tionship has to be used:

c
1
z
X

� �
= z cðXÞ (3:6)

Example 3.2
In a water sample, the following mass concentrations were found: ρ✶ Ca2+

� �
= 35.5mg=L,

ρ✶ Na+ð Þ=8mg=L, and ρ✶ SO2−
4 Þ= 27mg=L

�
. What are the equivalent concentrations of these ions?

M Cað Þ= 40.1 g=mol, M Nað Þ= 23 g=mol, M Sð Þ= 32.1 g=mol, M Oð Þ= 16 g=mol.

Solution:
At first, the molar concentrations have to be calculated by means of equation (3.4). The required
molecular weight for sulfate can be found by summing up the molecular weights of the atoms con-
tained in the ion:

cðCa2+Þ= ρ✶ðCa2+Þ
MðCa2+Þ = 35.5 mg=L

40.1 mg=mmol
=0.89 mmol=L

cðNa+Þ= ρ✶ðNa+Þ
MðNa+Þ = 8 mg=L

23 mg=mmol
=0.35 mmol=L

cðSO2−
4 Þ= ρ✶ðSO2−

4 Þ
MðSO2−

4 Þ = 27 mg=L
ð32.1+4× 16Þ mg=mmol

= 27 mg=L
96.1 mg=mmol

=0.28 mmol=L

To find the equivalent concentrations, the molar concentrations have then to be multiplied with the
value of the charge (absolute value without sign):

c
1
2
Ca2+

� �
= zðCa2+Þ cðCa2+Þ= 2 ð0.89 mmol=LÞ= 1.78mmol=L

+
++

+

+

Ca2+: two equivalents Al3+: three equivalents

Figure 3.1: Graphical representation of the definition of ion equivalents.
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c
1
1
Na+

� �
= zðNa+Þ cðNa+ Þ= 1 ð0.35 mmol=LÞ=0.35 mmol=L

c
1
2
SO2−

4

� �
= zðSO2−

4 Þ cðSO2−
4 Þ= 2 ð0.28 mmol=LÞ=0.56mmol=L

As an alternative to the molar concentration, the molality is sometimes also used.
The molality, abbreviated as b or m or cm, relates the dissolved substance amount
to the mass of the solvent:

bðXÞ= nðXÞ
msolvent

(3:7)

The advantage over volume-related concentration measures is that the mass in con-
trast to the volume does not depend on temperature and, consequently, also the
values of the mass-related concentrations do not depend on temperature. In water
chemistry, however, where only small temperature ranges are considered, the tem-
perature dependence of volume-related concentrations can be neglected and the
molality is only used for specific applications (e.g., calculation of the freezing point
depression or boiling point elevation, see Chapter 4).

In general, the conversion of molarity (volume-related) into molality (mass-
related) and vice versa is not as simple as the mutual conversion of volume-related
concentrations. One of the preconditions necessary for conversion is the knowledge
of the density of the solution. On the other hand, if only dilute aqueous solutions are
considered, a simple approximate conversion is possible, because in this case the
density of the aqueous solution can be set equal to the density of the solvent water
(about 1 kg/L). The admissibility of this assumption for natural waters can be demon-
strated by considering ocean water with its relatively high salt concentration. Despite
the relatively high salt content, the density of ocean water is only about 1.03 kg/L,
which is not much different from 1 kg/L. Consequently, the density of freshwater with
lower salt concentration is even closer to 1 kg/L. Accordingly, the following approxi-
mations can be made:

ρsolution ≈ ρsolvent = 1 kg=L ! 1 L solution≈ 1 kg solution (3:8)

msolutes <<m solvent ! m solvent ≈m solution ! 1 kg solvent≈ 1 kg solution≈ 1 L solution

(3:9)

From these approximations, we finally find:

b
mol=kg

≈
c

mol=L
(3:10)

This means that, for a dilute aqueous solution, the numerical value of the molality
equals the numerical value of the molarity.
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Fractions, for instance mass fractions, mole fractions, or volume fractions, are
another type of measure that can be used to describe the composition of solutions.
Here, the dimensions of solute and solution are the same (e.g., mass/mass or vol-
ume/volume). Using the same units for solute and solution (e.g., g/g), the fraction
ranges from 0 to 1 and can be given alternatively as percentage (fraction multiplied
with 100%), ranging from 0% to 100%. Whereas the volume fraction is seldom used
for aqueous solutions, the use of mass fraction:

wðXÞ= mðXÞ
msolution

= mðXÞP
m

(3:11)

or mole fraction:

xðXÞ= nðXÞ
nsolution

= nðXÞP
n

(3:12)

can be reasonable in specific cases.
P

m is the sum of the masses of solvent and
solutes (=mass of solution) and

P
n is the sum of the substance amounts (moles)

of solvent and solutes (= substance amount of solution). According to the typical
concentration levels in aqueous systems, the values of the mass or mole fractions
are very low.

In analogy to the definition of mass percent (parts per hundred, e.g., g/100 g),
some specific units have been derived that allow better description of low or very low
concentrations: parts per million (ppm), parts per billion (ppb), and parts per trillion
(ppt):

1 ppm= 1 g=106 g= 1mg=kg (3:13)

1 ppb= 1 g=109 g= 1 μg=kg (3:14)

1 ppt= 1 g=1012 g= 1 ng=kg (3:15)

It has to be noted that ppm, ppb, and ppt can also be defined on the basis of the
volume fraction (volume/volume, typically indicated by the subscript v, e.g., ppmv)
but that is more common for gas mixtures than for aqueous solutions.

Although ppm, ppb, and ppt describe ratios of the same dimension (mass/mass),
they are often used in practice as alternative units for mass concentrations (mass/
volume). This is not exact, but can be accepted for dilute aqueous solutions, where
1 kg solution approximately corresponds to 1 L solution:

1 ppm= 1mg=kg ≈ 1mg=L (3:16)

1 ppb= 1 μg=kg ≈ 1 μg=L (3:17)

1 ppt= 1 ng=kg ≈ 1 ng=L (3:18)
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3.3 Conversion of Concentration Units

3.3.1 Introduction and Basic Equations

To convert concentration units, the respective definition equations have to be com-
bined with other basic equations such as the definition of density, ρ, the relation-
ship between substance mass, m, and substance amount (number of moles), n, as
well as the balance equations for the mass and the substance amount:

ρ= m
V

(3:19)

n= m
M

(3:20)

msolution =msolvent +
XN
j¼1

mj (3:21)

nsolution = nsolvent +
XN
j¼1

nj (3:22)

where V is the volume, M is the molecular weight, mj are the masses of the solutes,
and nj are the substance amounts of the solutes.

In the following subsections, conversion equations are summarized for most of
the concentration measures presented in Section 3.2. For dilute aqueous solutions
(e.g., concentrations in the mg/L or mmol/L range or lower, as can be found in
freshwater), some of the complex equations can be simplified by considering the
following assumptions: the density of the solution is approximated by the density
of the solvent and the mass or amount of solution is set equal to the mass or
amount of the solvent due to the negligible contribution of the solutes to the total
mass or to the total substance amount of the solution. The quantity 55.56 mol/L
that frequently occurs in the conversion equations is the formal molar concentra-
tion of pure water (density divided by molecular weight):

cðpure waterÞ= ρðwaterÞ
MðwaterÞ =

1 000 g=L
18 g=mol

= 55.56 mol=L (3:23)

3.3.2 Conversion of Mass Concentration

Mass concentration into molar concentration:

ci =
ρ✶
i

Mi
(3:24)
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Mass concentration into molality:

bi =
ρ✶
i

Mi ρsolution −
PN
j= 1

ρ✶
j

� � (3:25)

bi ≈
ρ✶
i

Mi ð1 000 g=LÞ dilute aqueous solutionsð Þ (3:26)

Mass concentration into mole fraction:

xi =
ρ✶
i Msolvent

Mi ρsolution −
XN
j= 1

ρ✶
j +Msolvent

XN
j= 1

ρ✶
j

Mj

 ! (3:27)

xi ≈
ρ✶
i

Mi ð55.56 mol=LÞ dilute aqueous solutionð Þ (3:28)

Mass concentration into mass fraction:

wi =
ρ✶
i

ρsolution
(3:29)

wi ≈
ρ✶
i

1 000 g=L
dilute aqueous solutionð Þ (3:30)

3.3.3 Conversion of Molar Concentration

Molar concentration into mass concentration:

ρ✶
i = ci Mi (3:31)

Molar concentration into molality:

bi =
ci

ρsolution −
PN
j= 1

cj Mj

(3:32)

bi ≈
ci

1 000 g=L
dilute aqueous solutionð Þ (3:33)

Molar concentration into mole fraction:

xi =
ci Msolvent

ρsolution −
PN
j= 1

cj Mj +Msolvent
PN
j= 1

cj

(3:34)
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xi ≈
ci

55.56 mol=L
dilute aqueous solutionð Þ (3:35)

Molar concentration into mass fraction:

wi =
ci Mi

ρsolution
(3:36)

wi =
ci Mi

1 000 g=L
dilute aqueous solutionð Þ (3:37)

3.3.4 Conversion of Molality

Molality into mass concentration:

ρ✶
i = bi Mi ρsolution

1+
PN
j= 1

bj Mj

(3:38)

ρ✶
i ≈bi Mi ð1 000 g=LÞ dilute aqueous solutionð Þ (3:39)

Molality into molar concentration:

ci =
bi ρsolution

1+
PN
j= 1

bj Mj

(3:40)

ci ≈bi ð1 000 g=LÞ dilute aqueous solutionð Þ (3:41)

Molality into mole fraction:

xi =
bi Msolvent

1+Msolvent
PN
j= 1

bj

(3:42)

xi ≈bi ð18 g=molÞ dilute aqueous solutionð Þ (3:43)

Molality into mass fraction:

wi =
bi Mi

1+ PN
j= 1

bj Mj

(3:44)

wi ≈ bi Mi dilute aqueous solutionð Þ (3:45)
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3.3.5 Conversion of Mole Fraction

Mole fraction into mass concentration:

ρ✶
i = xi Mi ρsolution

xsolvent Msolvent +
PN
j= 1

xj Mj

(3:46)

ρ✶
i ≈ xi Mi ð55.56mol=LÞ dilute aqueous solutionð Þ (3:47)

Mole fraction into molar concentration:

ci =
xi ρsolution

xsolvent Msolvent +
PN
j= 1

xj Mj

(3:48)

ci ≈ xið55.56mol=LÞ dilute aqueous solutionð Þ (3:49)

Mole fraction into molality:

bi =
xi

Msolvent 1−
PN
j= 1

xj

� � (3:50)

bi ≈
xi

0.018 kg=mol
dilute aqueous solutionð Þ (3:51)

Mole fraction into mass fraction:

wi =
xi Mi

xsolvent Msolvent +
PN
j= 1

xj Mj

(3:52)

wi ≈
xi Mi

18 g=mol
dilute aqueous solutionð Þ (3:53)

3.3.6 Conversion of Mass Fraction

Mass fraction into mass concentration:

ρ✶
i =wi ρsolution (3:54)

ρ✶
i ≈wi ð1 000 g=LÞ dilute aqueous solutionð Þ (3:55)
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Mass fraction into molar concentration:

ci =
wi ρsolution

Mi
(3:56)

ci ≈
wi ð1 000 g=LÞ

Mi
dilute aqueous solutionð Þ (3:57)

Mass fraction into molality:

bi =
wi

Mi 1−
PN
j= 1

wj

� � (3:58)

bi ≈
wi

Mi
dilute aqueous solutionð Þ (3:59)

Mass fraction into mole fraction:

xi =
wi

Mi
wsolvent

Msolvent
+
XN
j= 1

wj

Mj

 ! (3:60)

xi ≈
wi ð18 g=molÞ

Mi
dilute aqueous solutionð Þ (3:61)

3.4 Element-Related Concentrations

For elements that occur in the form of different species, it is sometimes convenient
(e.g., for material balances and stoichiometric calculations) to report the concentra-
tion of the element (e.g., carbon, nitrogen, sulfur, phosphorus, chlorine) instead of
the species concentration. The conversion can be easily done by means of the mo-
lecular weights of the compound and the respective element as well as the stoichio-
metric species composition.

Example 3.3
The mass concentration of nitrate in surface water is found to be 40 mg/L. The molecular weights
of NO3

− and N are 62 g/mol and 14 g/mol, respectively. What is the mass concentration of nitrogen
and what are the molar concentrations of N and NO3

−?

Solution:
Since the nitrate ion contains one atom of nitrogen, the mass fraction of nitrogen in nitrate is:

wðNÞ= MðNÞ
MðNO−

3 Þ
= 14 g=mol
62 g=mol

=0.226
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To find the mass concentration of nitrogen for the given concentration of nitrate, we have to multi-
ply the nitrate mass concentration with the mass fraction of nitrogen in nitrate:

ρ✶ðNÞ=w ðNÞ ρ✶ðNO−
3 Þ= ð0.226Þ ð40 mg=LÞ=9.04mg=L

The molar concentration of nitrate is:

cðNO−
3 Þ=

ρ✶ðNO−
3 Þ

MðNO−
3 Þ

= 40 mg=L
62 mg=mmol

=0.645 mmol=L

The molar concentration of nitrogen has the same value (0.645 mmol/L) as the molar concentration
of nitrate, because 1 mol N is equivalent to 1 mol NO3

–. The same result can be also found by divid-
ing ρ✶(N) by M(N):

cðNÞ= ρ✶ðNÞ
MðNÞ = 9.04 mg=L

14 mg=mmol
=0.646mmol=L

The small deviation is due to round-off errors.

Frequently, the element concentrations are further specified. Thus, the nitrogen
concentration can be reported as nitrate-N (nitrogen present as nitrate, NO3

–), ni-
trite-N (nitrogen present as nitrite, NO2

–), ammoniacal-N (nitrogen present as am-
monium, NH4

+, and ammonia, NH3) or Norg (organically bound N). In the case of
carbon, the element content is frequently given as dissolved organic carbon
(DOC), dissolved inorganic carbon (DIC), total (dissolved + particulate) organic
carbon (TOC), or total (dissolved + particulate) inorganic carbon (TIC). In the case
of sulfur, it is common to distinguish between sulfate-S, sulfide-S, and Sorg.

Example 3.4
What is the DOC concentration (in mg/L) in a solution of 0.5 mmol/L acetic acid (CH3COOH)? The
molecular weights of C and CH3COOH are 12 g/mol and 60 g/mol, respectively.

Solution:
Acetic acid contains 2 atoms of carbon per molecule. The mass fraction of carbon is therefore:

wðCÞ= 2MðCÞ
MðCH3COOHÞ

2 ð12 g=molÞ
60g=mol

=0.4

The mass concentration of the acetic acid is:

ρ✶ðCH3COOHÞ= cðCH3COOHÞMðCH3COOHÞ= ð0.5 mmol=LÞð60 mg=mmolÞ
ρ✶ðCH3COOHÞ= 30 mg=L

To find the mass concentration of organic carbon, the mass concentration of the acetic acid has to
be multiplied with the mass fraction of carbon:

ρ✶ðCÞ=ρ✶ðDOCÞ=ρ✶ðCH3COOHÞ wðCÞ= ð30 mg=LÞ ð0.4Þ= 12mg=L
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Alternatively, we can solve the problem in this way:

It follows from the stoichiometric composition of CH3COOH that 1 mol acetic acid contains 2 mol C. This
means that in our example 0.5 mmol/L acetic acid contains 1 mmol/L C and with the molecular weight
of C (12 mg/mmol) we get:

ρ✶ðCÞ=ρ✶ðDOCÞ= cðCÞMðCÞ= ð1 mmol=LÞ ð12 mg=mmolÞ= 12mg=L

3.5 Gas-Phase Concentrations

Water is often in contact with a gas phase. Surface water, for instance, is in contact
with the atmospheric air. To describe transfer processes between the gas and the
aqueous phase (Chapter 6), we need adequate concentration measures for the gas
phase. In principle, the same concentration measures as defined in Section 3.2 for
solutions (e.g., mass concentration, molar concentration) can also be used to de-
scribe the composition of a gas phase. As an alternative, the partial pressure, pi, of
a gas component can be used as a concentration measure. The use of the partial
pressure is often necessary for equilibrium calculations (see Chapters 5 and 6) due
to the corresponding definition of the equilibrium constants.

The partial pressure (typically given in bar) is the pressure of a considered gas
mixture component that this component would have if it would be alone in the
given volume. As can be derived from the name, partial pressures are fractions of
the total pressure and their sum equals the total pressure (Dalton’s law of partial
pressures):

ptotal = p1 + p2 + p3 + � � � (3:62)

The ratio of partial and total pressure equals the gas-phase mole fraction, yi. Ac-
cordingly, the partial pressure can also be expressed by the product of the gas-
phase mole fraction and the total pressure:

pi = yi ptotal (3:63)

It can be derived from equation (3.63) that the partial pressure is directly propor-
tional to the mole fraction if the total pressure is constant. If we restrict our consid-
erations to ideal gases, which is an acceptable approximation for the most gas
phases relevant in water chemistry (e.g., atmospheric gases), the mole fraction can
be set equal to the volume fraction. This equality results from the fact that the same
substance amount of each ideal gas occupies the same volume (e.g., 1 mol of each
ideal gas occupies 22.4 L under atmospheric pressure and at 0 °C).
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Example 3.5
What is the partial pressure of oxygen in the atmosphere (20.9 vol% O2) if the total pressure is
1 bar?

Solution:
The volume fraction can be found by dividing volume percent by 100%. Given that the mole fraction
can be set equal to the volume fraction, we receive:

yðO2Þ= 20.9%
100%

=0.209

With the mole fraction and the total pressure, we can calculate the partial pressure:

pðO2Þ= yðO2Þptotal =0.209 ð1 barÞ=0.209 bar

The partial pressure is directly related to the molar concentration of the considered
component in the gas mixture. The respective relationship can be derived from the
ideal gas law (state equation of an ideal gas). This ideal gas law reads:

pi V = ni R T (3:64)

where pi is the partial pressure, V is the total volume, ni is the substance amount (num-
ber of moles), T is the absolute temperature (Kelvin temperature), and R is the ideal (or
universal) gas constant (R = 8.3145 J/(mol⋅K) = 8.3145 × 10−2 L⋅bar/(mol⋅K)). Given that
the molar concentration is the ratio of substance amount and volume, equation (3.64)
can also be written as:

pi =
ni
V

RT = ci R T (3:65)

This means that the partial pressure of a gas component at a given temperature is
directly proportional to its molar concentration in the gas phase.

3.6 Electroneutrality Condition and Ion Balance

Independent of its content of charged ions, water is always electrically neutral.
Therefore, the total number of positive charges must exactly counterbalance the
total number of negative charges. If the number of charges that occur in water is
expressed by the equivalent concentrations of the dissolved ions (Section 3.2), the
following electroneutrality condition can be established:
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Sum of the equivalent concentrations of the cations = Sum of the equivalent con-
centrations of the anions X

cations

ci zi =
X
anions

ci zi (3:66)

Figure 3.2 shows schematically an ion balance that fulfills the electroneutrality condi-
tion. It has to be noted that the electroneutrality condition requires only that the sum
of the equivalent concentrations of the cations must equal the sum of the equivalent
concentrations of the anions, whereas the individual concentration ratios are not fixed.

Equation (3.66) can be used to check the plausibility of water analyses that include
all major ions (“complete” water analyses). For each complete water analysis,
equation (3.66) must be fulfilled within the limits of experimental errors. To quantify
the deviations from the electroneutrality condition, a balance error can be defined as
follows:

Balance error=

P
cations

ci zi −
P

anions
ci zi

����
����

0.5
P

cations
ci zi +

P
anions

ci zi

� � × 100% (3:67)

The error should not be higher than 5%. A larger deviation is an indicator of an er-
roneous or incomplete analysis.

3.7 Hardness as a Specific Concentration Measure

Hardness is a water quality parameter that comprises the concentrations of earth
alkaline ions. Among the earth alkaline ions, calcium and magnesium ions are of
particular practical relevance due to their relatively high concentration levels in
natural waters. The other earth alkaline ions occur only in much lower concentra-
tions and their contribution to the total earth alkaline ion concentration can be ne-
glected. Therefore, in a good approximation, hardness can be set equal to the sum

HCO3
– Cl– SO4

2– NO3
–

Ca2+ Mg2+ Na+ K+

Figure 3.2: Graphical representation of the ion balance (here restricted to the major ions). The bars
represent the equivalent concentrations. According to the electroneutrality condition, the sum of the
cation equivalent concentrations must equal the sum of the anion equivalent concentrations, whereas
the specific ratios of the single cations and anions are variable and different for different waters.
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of the concentrations of calcium and magnesium ions, where the concentration of
magnesium ions in natural waters is typically only a fraction of the concentration
of calcium ions. Hardness is responsible for a number of problems that may occur
during the use of drinking or process water, for instance, high consumption of de-
tergents, precipitation of calcium carbonate in tubes and on heating installations
(scaling), problems in cooking specific meals (e.g., beans and peas), and negative
influence on the taste of tea and coffee. In particular scaling in tubes (clogging) and
on heating elements (reduction of heat transfer, heat accumulation) can lead to
technical problems and often to the necessity of expensive repairs.

Under practical aspects, it is reasonable to distinguish between two types of
hardness, the temporary hardness (carbonate hardness) and the permanent hard-
ness (non-carbonate hardness).

Carbonate hardness is defined as the concentration of calcium and magnesium
ions that is equivalent to the concentrations of hydrogencarbonate (bicarbonate)
and carbonate ions. Non-carbonate hardness is the calcium and magnesium con-
centration that is equivalent to anions other than hydrogencarbonate/carbonate
(e.g., Cl–, SO4

2–, and NO3
–).

The theoretical background of these definitions is the different stability during
heating of the water. Carbonate hardness precipitates and forms solid carbonates
(scale) during heating and is therefore referred to as temporary hardness, whereas
non-carbonate hardness does not precipitate during moderate heating (due to the bet-
ter solubility of the chlorides, sulfates, and nitrates of calcium and magnesium) and
is therefore referred to as permanent hardness. This will be explained below in more
detail by using calcium as the main constituent of hardness as an example. Moreover,
we will restrict our further considerations to hydrogencarbonate, because the hydro-
gencarbonate concentration in natural and tap waters with pH values in the medium
range is much higher than the carbonate concentration (see also Chapter 7).

It has to be noted that under certain conditions (high pH, low hydrogencarbonate/
carbonate concentration) Mg2+ can precipitate as hydroxide rather than as carbonate.
An exact assessment which precipitate can be expected is possible by comparing the
ion activity products (based on the actual activities/concentrations) with the solubility
products (representing the equilibrium activities/concentrations). A detailed discus-
sion of the assessment of the saturation state of solutions can be found in Chapter 8
(Section 8.4). The comparison of the different precipitation behavior of calcium and
magnesium at high pH values is subject of Problem 8.4 in Chapter 8. This aspect is
particularly relevant for water treatment processes, especially lime softening (Worch
2019), but it is not considered in the common definition of carbonate hardness.

Calcium and hydrogencarbonate are components of an equilibrium (calco-
carbonic equilibrium, Chapter 9) which can be described by:

Ca2+ + 2HCO−
3 Ð CaCO3ðsÞ +H2O+CO2ðaqÞ (3:68)
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If this equilibrium is disturbed by heating connected with partial removal of CO2 and
water, calcium carbonate (scale) precipitates. As can be seen from equation (3.68),
the precipitation of Ca2+ as CaCO3 requires an equivalent concentration of hydrogen-
carbonate. The equivalence condition, derived from the reaction stoichiometry, can
be expressed by molar concentrations or equivalent concentrations as:

2 cðCa2+Þ= cðHCO−
3Þ (3:69)

c
1
2
Ca2+

� �
= c

1
1
HCO−

3

� �
= c HCO−

3

� �
(3:70)

In a more general form (including magnesium and carbonate), this equivalence
condition is the theoretical basis of the definition of the carbonate hardness.

If there are more calcium and magnesium ions in the system than required by the
equivalence condition, these excess ions cannot take part in the carbonate precipi-
tation reaction and form the non-carbonate (permanent) hardness.

The definitions of carbonate and non-carbonate hardness are depicted in
Figure 3.3. In principle, two different cases can be found with respect to the
water composition. In the case A, the equivalent concentrations of calcium and
magnesium are higher than those of hydrogencarbonate and carbonate. There-
fore, a part of calcium and magnesium is equivalent to hydrogencarbonate/car-
bonate (carbonate hardness, CH) and another part is equivalent to other anions
(non-carbonate hardness, NCH). Accordingly, the balance equation is:

TH =CH +NCH (3:71)

where TH is the total hardness, the sum of the total concentrations of calcium and
magnesium. TH can be calculated from the analytical data. CH has to be calculated on
the basis of the definition. Since carbonate hardness is the concentration of calcium

Na+ + K+ + ... Ca2+ + Mg2+

HCO3
– + CO3

2– HCO3
– + CO3

2–SO4
2– + Cl– + NO3

– + … SO4
2– + Cl– + NO3

– 
+ …

Total hardness

Carbonate hardness Non-carbonate hardness

Case A: TH = CH + NCH 

Na+ + K+ + ... Ca2+ + Mg2+

Total hardness

Carbonate hardness

Case B: TH = CH, NCH = 0

Figure 3.3: Definition of carbonate hardness for different ratios of the equivalent concentrations
c(1/2 Ca2+ + 1/2 Mg2+) and c(HCO3

– + 1/2 CO3
2–). Case A: c(1/2 Ca2+ + 1/2 Mg2+) > c(HCO3

– + 1/2 CO3
2–).

Case B: c(1/2 Ca2+ + 1/2 Mg2+) < c(HCO3
– + 1/2 CO3

2–).
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and magnesium ions that is equivalent to the concentrations of hydrogencarbonate
and carbonate ions, the following material balance holds:

c
1
2
Ca2+ + 1

2
Mg2+

� �
CH

= c
1
1
HCO−

3

� �
+ c

1
2
CO2−

3

� �
≈ c HCO−

3

� �
(3:72)

As already mentioned, the carbonate concentration in the medium pH range is very
low in comparison to the hydrogencarbonate concentration and can therefore be
neglected. If the carbonate hardness should be given in molar concentrations in-
stead of equivalent concentrations, equation (3.72) has to be transformed under
consideration of equation (3.6) to:

2 c Ca2+ +Mg2+
� �

CH ≈ c HCO−
3

� �
(3:73)

c Ca2+ +Mg2+
� �

CH ≈
1
2
c HCO−

3

� �
(3:74)

Accordingly, the carbonate hardness can be calculated from the hydrogencarbonate
concentration. However, it has to be noted that equation (3.74) only gives feasible
results if the equivalent concentration of hydrogencarbonate (and carbonate) is
lower than or exactly equal to the sum of the equivalent concentrations of calcium
and magnesium ions. In other words, the carbonate hardness can be at maximum
as high as the total hardness but not higher.

Case B shows a situation where the equivalent concentration of hydrogencar-
bonate (and carbonate) is higher than the sum of the equivalent concentrations of
calcium and magnesium ions. In this case, the total amount of calcium and magne-
sium is equivalent to only a part of the hydrogencarbonate/carbonate. The excess of
hydrogencarbonate/carbonate ions is here equivalent to other cations. In this case,
non-carbonate hardness does not exist and the total hardness equals the carbonate
hardness (TH = CH). Here, a formal application of equation (3.74) would lead to a
carbonate hardness that is higher than the total hardness, which is not possible. In
this case, the calculation result has to be rejected and carbonate hardness has to be
set equal to the total hardness. This specific aspect is often not considered.

Example 3.6
In water sample 1, the molar concentrations of Ca2+ and Mg2+ are 1.8 mmol/L and 0.4 mmol/L, re-
spectively, and the hydrogencarbonate concentration was measured to be 2.6 mmol/L. In water
sample 2, the molar concentrations of Ca2+ and Mg2+ are 1.0 mmol/L and 0.3 mmol/L, respectively,
and the hydrogencarbonate concentration amounts to 3.0 mmol/L. Calculate the total hardness,
the carbonate hardness, and the non-carbonate hardness (in mmol/L) for both water samples.

Solution:
Water sample 1:

TH= c Ca2+ +Mg2+
� �

= 1.8 mmol=L+0.4mmol=L= 2.2 mmol=L
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CH= c Ca2+ +Mg2+
� �

CH =
1
2
cðHCO−

3 Þ=
2.6 mmol=L

2
= 1.3 mmol=L

Since CH < TH, the result for CH is plausible and NCH can be calculated as difference between TH
and CH:

NCH= c Ca2+ +Mg2+
� �

NCH = TH− CH= 2.2 mmol=L− 1.3 mmol=L=0.9 mmol=L

Water sample 2:

TH= c Ca2+ +Mg2+
� �

= 1.0 mmol=L+0.3mmol=L= 1.3 mmol=L

CH= c Ca2+ +Mg2+
� �

CH =
1
2
cðHCO−

3 Þ=
3.0 mmol=L

2
= 1.5 mmol=Lð!Þ

The formally calculated CH is higher than TH and is therefore not plausible and the result has to be
rejected. Instead of this, CH and NCH are given as:

CH= TH= 1.3 mmol=L, NCH=0 mmol=L

Instead of the unit mmol/L that conforms to the international system of units (SI),
in practice traditional units are often in use. They are typically defined with CaO or
CaCO3 as a reference substance. Conversions can be carried out by stoichiometric
calculations (Table 3.1). The magnesium concentration has to be converted into
units related to CaO or CaCO3 under consideration of the ratio of the molecular
weightsM(Ca) :M(Mg) = 40.08 g/mol : 24.305 g/mol = 1.649.

Table 3.1: Units of water hardness.

Unit Definition/reference  mmol/L Ca+ equals  mg/L Ca+ equals

mmol/L (conform to SI) mmol/L Ca+ and Mg+  mmol/L Ca+ . mmol/L Ca+

mg/L (or ppm) mg/L CaCO . mg/L CaCO . mg/L CaCO

°dH (German degree)  mg/L CaO . °dH . °dH

°Clark (Clark degree,
English degree)

 grain/imperial gallon
(= . mg/L) CaCO

. °Clark . °Clark

°f (French degree)  mg/L CaCO . °f . °f
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From the equivalence factor Ca/Mg and the conversion factor given in Table 3.1, the
following equation for conversion of mass concentrations of Ca2+ and Mg2+ into hard-
ness in mg/L CaCO3 can be derived:

Hardness mg=LCaCO3½ �= 2.5 ρ✶ðCa2+Þ mg=L½ �+ 4.12 ρ✶ðMg2+Þ mg=L½ � (3:75)

Example 3.7
Calculate the hardness caused by 10 mg/L Mg2+ in mg/L CaCO3 and in °dH.

Solution:
According to the ratio of the molecular weights, 10 mg/L Mg2+ is equivalent to:

ð1.649Þ ð10 mg=L Mg2+Þ= 16.49 mg=L Ca2+

With the conversion factors given in Table 3.1, we find:

16.49 mg=L Ca2+
2.5 mg=L CaCO3

mg=L Ca2+
=41.23 mg=L CaCO3

and

16.49 mg=L Ca2+
0.14 °dH

mg=L Ca2+
= 2.31 °dH

3.8 Activities and Activity Coefficients

In real aqueous solutions, the dissolved species are not isolated from each other
but are subject to interactions. The strength of the interactions between the solute
species depends on their chemical nature and their concentration. In particular, the
relatively strong electrostatic interactions between ionic species are of practical rel-
evance. According to Coulomb’s law, the strength of electrostatic interactions in-
creases with increasing charge and decreasing distance between the oppositely
charged ions (equation (2.12) in Chapter 2). With increasing concentration, the dis-
tance between the species decreases in the statistical mean. Therefore, an increase
of the strength of interactions with increasing ion concentration is to be expected.
On the other hand, the lower the concentration is, the larger is the mean distance
between the species and the weaker are the interactions. If the concentration is
small enough, the interactions can be neglected. For this limiting case, the terms
ideal solution (in contrast to real solution) or ideal dilute solution are applied.

The occurrence of interactions in real solutions has consequences for the behav-
ior of the dissolved species in reactions. Due to the interactions, the species cannot
act in reactions as strongly as can be expected from their concentration. Therefore,
there is a need to distinguish between the measured concentration that is completely
active in reactions only under ideal conditions and a (reduced) effective concentra-
tion that acts under real conditions. This effective concentration is referred to as
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activity. Consequently, exact equilibrium calculations have to be done on the basis of
activities rather than concentrations.

The activity, a, can be found by multiplying the molar concentration with a cor-
rection factor that is referred to as the activity coefficient:

a= γ
c
cstd

(3:76)

where γ is the activity coefficient and cstd is the concentration of the standard state.
It has to be noted that equation (3.76) is the rigorous thermodynamic definition

from which it follows that the activity is dimensionless. The commonly used standard
concentration for aqueous systems is cstd = 1 mol/L. In analogy to equation (3.76), di-
mensionless activities for other concentration measures can also be defined, for in-
stance for the mole fraction or the molality. As a consequence of the fact that the
activities are dimensionless, all thermodynamic equilibrium constants in laws of
mass action must also be dimensionless (Chapter 5). However, dimensionless activi-
ties and equilibrium constants may cause confusion because the direct relation to the
underlying concentration measures and the kind of formulation of the law of mass
action gets lost. Therefore, a more convenient approach is frequently used in prac-
tice, which is based on a simplified definition of the activity:

a= γ c (3:77)

Here, the activity formally has the same unit as the concentration. Consequently,
the equilibrium constants also have units in this case (Chapter 5). In this book, we
will follow this approach.

In real aqueous solutions, where the concentrations are not very high, the activ-
ity coefficient, γ, is lower than 1 and approaches 1 with decreasing concentration.
In ideal dilute solutions without any interactions, the activity coefficient is 1 and
the activity equals the concentration:

c ! 0, γ ! 1, a ! c (3:78)

As mentioned previously, the interactions between ions (and the resulting devia-
tions from ideal behavior) are determined by the charges and the concentrations of
the ions. The quantity ionic strength allows quantifying both factors by means of
only one parameter. The ionic strength is defined as:

I =0.5
X
i

ci z 2
i (3:79)

where zi is the charge number of the ion i.
To determine the ionic strength exactly, the concentrations of all ionic water con-

stituents (at least of the major ions) have to be known. As an alternative, an empirical
correlation between the ionic strength and the electrical conductivity, which depends
on the same factors (charge and concentration) as the ionic strength, can be used:
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I ðin mol=LÞ= κ25 ðin mS=mÞ
6 200

(3:80)

where κ25 is the electrical conductivity at 25 °C.
The ionic strength can be used to estimate activity coefficients. The following equa-

tion for the activity coefficient of an ion with the charge z results from the Debye–Hückel
theory (see also Chapter 2, Section 2.2.6) and is valid for aqueous solutions and very low
ionic strengths (<5 mmol/L). It is also known as Debye–Hückel limiting law:

log γz = −A z 2
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r
(3:81)

where I is the ionic strength in mol/L. To make the expression under the root sign
dimensionless, the ionic strength is divided by the unit mol/L. The parameter A de-
pends on the relative permittivity, εr, and the absolute temperature, T:

A= 1.8246× 106

εr
T
K

� �3=2
(3:82)

Note that the temperature T is divided by the unit K to make the term dimensionless.
Values of A for different temperatures calculated with the permittivity data given in

Table 2.3 (Chapter 2, Section 2.2.6) are listed in Table 3.2. As can be seen, a value of 0.5
can be used as a good approximation in the practically relevant temperature range.

To extend the application range to higher concentrations, several modifications of the
Debye–Hückel equation have been proposed. The Güntelberg equation (for I < 0.1 mol/L)
is frequently used for hydrochemical calculations:

Table 3.2: Parameter A of the Debye–Hückel
equation at different temperatures.

Temperature (°C) A

 .
 .
 .
 .
 .
 .
 .
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log γz = −A z 2

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r (3:83)

The Davies equation (for I < 0.5 mol/L) is another modification of the Debye–Hückel
equation:

log γz = −A z 2

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r −0.3 I
mol=L

0
BBB@

1
CCCA (3:84)

Note that the factor in the linear term was originally 0.2 but later changed to 0.3.
The parameter A in equations (3.83) and (3.84) is the same as in equation (3.81)

and can therefore also be calculated using equation (3.82) or can be set approxi-
mately to 0.5.

For a univalent ion, equations (3.81), (3.83), and (3.84) simplify to:

log γ1 = −A
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r
(3:85)

log γ1 = −A

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r (3:86)

and

log γ1 = −A

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r −0.3 I
mol=L

0
BBB@

1
CCCA (3:87)

Accordingly, the relationship between the activity coefficients of univalent and
polyvalent ions in all cases is given by:

log γz = z 2 log γ1 γz = γ1
z 2 (3:88)

In the range of typical ionic strengths of freshwater, the Güntelberg equation and
the Davies equation give comparable results (Example 3.8).
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Example 3.8
Calculate the activity coefficient of a bivalent ion for an ionic strength of 50 mmol/L by means of
the Güntelberg equation and the Davies equation (A = 0.5).

Solution:
To apply the equations for estimating the activity coefficients, we need the ionic strength in mol/L
and the square root of the ionic strength:

I= 50mmol=L=0.05mol=Lffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r
=

ffiffiffiffiffiffiffiffiffiffi
0.05

p
=0.224

Güntelberg equation:

log γ2 = −A z 2

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r = ð−0.5Þð4Þ 0.224
1+ ð1.4Þð0.224Þ = −0.341

γ2 = 10−0.341 =0.456

Davies equation:

log γ2 = −A z 2

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r −0.3 I
mol=L

0
BBB@

1
CCCA= ð−0.5Þð4Þ 0.224

1+0.224 − ð0.3Þð0.05
� �

= −0.336

γ2 = 10−0.336 =0.461

Table 3.3 shows activity coefficients of univalent and polyvalent ions for different
ionic strengths, calculated by means of the Güntelberg equation. The deviations
from γ = 1 (ideal solution) increase with increasing charge (at given ionic strength)
and with increasing ionic strength (at given charge).

It has to be noted that the Debye–Hückel equation (equation (3.81)), the Güntelberg
equation (equation (3.83)), and the Davies equation (equation (3.84)) consider only
the charge of the ions but not their individual properties (in particular their sizes).

Table 3.3: Activity coefficients calculated by means of the Güntelberg equation.

Ionic strength
(mol/L)

Activity coefficient of
univalent ions, γ

Activity coefficient of
bivalent ions, γ

Activity coefficient of
trivalent ions, γ

. . . .
. . . .
. . . .
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This means that for all ions with the same charge, the same activity coefficients are
calculated. By contrast, the extended Debye–Hückel equation:

log γz = −A z 2

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+B a
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r (3:89)

provides the opportunity to estimate individual activity coefficients for the different
ions. Here, a is an ion size parameter and B is given by:

B= 50.3ffiffiffiffiffiffiffiffiffi
εr

T
K

r (3:90)

where εr is the relative permittivity (“dielectric constant”) of water and T is the ab-
solute temperature. Since εr decreases with increasing T, the value of B shows only
very weak temperature dependence (B = 0.324 at 0 °C, B = 0.326 at 10 °C, B = 0.329
at 25 °C). The ion size parameters for the major ions are given in Table 3.4. The ex-
tended Debye–Hückel equation is applicable for ionic strengths I < 0.1 mol/L.

For the most practical cases, however, the simpler Güntelberg equation is exact
enough. In the typical range of the ionic strengths found for natural freshwater, the
results of the Güntelberg equation and the extended Debye–Hückel equation differ
only slightly. For instance, the activity coefficient of Ca2+ at I = 0.02 mol/L and 25 °C,
calculated by the extended Debye–Hückel equation, is found to be 0.601, whereas
the Güntelberg equation gives 0.581.

Table 3.4: Ion size parameters to be used in the extended Debye–Hückel
equation.

Ion size parameter Ions

 K+, NH
+, Cl–, NO

–, OH–

 Na+, HCO
–, HPO

–, HPO
–, PO

–, SO
–

 CO
–

 Ca+, Fe+, Mn+

 Mg+

 H+
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3.9 Problems

Molecular weights necessary for the solution of the problems:

M(Na) = 23 g/mol, M(K) = 39.1 g/mol, M(Ca) = 40.1 g/mol,
M(Mg) = 24.3 g/mol, M(Cl) = 35.5 g/mol, M(H) = 1 g/mol,
M(C) = 12 g/mol, M(S) = 32.1 g/mol, M(O) = 16 g/mol.

3.1. A water sample contains 50 mg/L Ca2+ and 20 mg/L SO4
2−. Calculate the molar

concentrations and the equivalent concentrations of both ions.

3.2. 1 kg of an aqueous solution contains 60 mg Na+. What is the mass fraction of
Na+ in g/g, mass percent, and ppm?

3.3. The molar concentration of Ca2+ in a water sample was found to be 2 mmol/L.
What is the mole fraction? You can use the approximate conversion equation for di-
lute aqueous solutions.

3.4. Atmospheric air contains 78 vol% nitrogen. What is the molar concentration of
nitrogen in the air? The temperature is assumed to be 25 °C and the gas constant is
R = 0.083145 L⋅bar/(mol⋅K). The total pressure is 1 bar.

3.5. A mineral water contains the following concentrations of major ions: ρ✶(Na+) =
118 mg/L, ρ✶(K+) = 11 mg/L, ρ✶(Ca2+) = 348 mg/L, ρ✶(Mg2+) = 108 mg/L, ρ✶(Cl–) =
40 mg/L, ρ✶(HCO3

–) = 1 816 mg/L, ρ✶(SO4
2–) = 38 mg/L. Establish the ion balance and

calculate the balance error. Is this analysis plausible?

3.6. For a water, the following concentrations were determined: c(Ca2+) = 1.25 mmol/L,
c(Mg2+) = 0.35 mmol/L, c(HCO3

–) = 2.46 mmol/L. Calculate the total, the carbonate and
the non-carbonate hardness in mmol/L as well as the total hardness in mg/L CaCO3.

3.7. What is the ionic strength of a water that contains c(Na+) = 0.58 mmol/L, c(K+) =
0.05 mmol/L, c(Ca2+) = 1.71 mmol/L, c(Mg2+) = 0.51 mmol/L, c(Cl–) = 0.65 mmol/L,
c(HCO3

–) = 2.51 mmol/L, and c(SO4
2–) = 0.94 mmol/L? Calculate the activity coefficients

for univalent and bivalent ions by means of the Güntelberg equation.
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4 Colligative Properties

4.1 Introduction

Colligative properties are solution properties that depend on the amount of dissolved
species in the solution but not on their chemical identity. This means that equal amounts
of dissolved species always cause the same effects independent of their chemical nature.
To express the amount of species present in the solution, the mole fraction, the molality,
or the molarity have to be used depending on the type of the colligative property.

There are four colligative properties: vapor pressure lowering, boiling point ele-
vation, freezing point depression, and osmotic pressure. This means that a solution
shows a decreased vapor pressure, an increased boiling point, and a decreased freez-
ing point in comparison to the pure solvent (water in our case). Furthermore, each
solution causes a concentration-dependent osmotic pressure. In the following sec-
tions, at first, the calculation of colligative properties in ideal solutions is considered.
After that, the deviations in real systems are discussed separately in Section 4.5.

4.2 Vapor Pressure Lowering

The vapor pressure of a liquid is the result of the transfer of molecules from the liquid
phase to the gas phase. The transferred molecules cause a certain pressure in the gas
phase, the vapor pressure. Since the likelihood of such a transfer increases with in-
creasing temperature, the vapor pressure increases with increasing temperature. If a
substance is dissolved in the liquid, a certain number of solvent molecules are re-
placed from the surface by the solute species as schematically shown in Figure 4.1.
Consequently, at the same temperature, less solvent molecules can be transferred to
the gas phase and the vapor pressure is reduced in comparison to the pure solvent.
Furthermore, additional interactions between the solvent and the solute (solvation) re-
duce the number of solvent molecules that are able to leave the liquid phase.

The vapor pressure of the solvent in the solution, p1, is given by:

p1 = x1 p01 (4:1)

where p01 is the vapor pressure of the pure solvent (water in our case) and x1 is the mole
fraction of the solvent in the solution. Given that the sum of mole fractions equals 1 and
assuming that there is only a single nondissociating solute in the solution, we can write:

p1 = x1 p01 = ð1− x2Þ p01 = p01 − x2 p01 (4:2)

where x2 is the mole fraction of the solute. Accordingly, the relative lowering of the
vapor pressure is given by the mole fraction of the solute:

https://doi.org/10.1515/9783110758788-004
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p01 − p1
p01

= x2 =
nsolute

nsolvent + nsolute
(4:3)

If a dissociating compound is added to water, the number of species increases due to the
dissociation. This can be considered by introducing the van’t Hoff factor, i:

i= 1+ ðν− 1Þ α (4:4)

where ν is the number of the potentially releasable species in a formula unit
(e.g., number of ions in a formula unit of a salt) and α is the degree of dissociation.
For NaCl, for instance, we find ν = 2 (NaCl dissociates into the ions Na+ and Cl–) and
α = 1 (complete dissociation). Accordingly, the van’t Hoff factor for NaCl is i = 2. The
respective equation for the relative vapor pressure lowering is:

p01 − p1
p01

= x2 =
i nsolute

nsolvent + i nsolute
(4:5)

In a multisolute solution with N components (solvent + (N − 1) solutes), where we know
the mole fractions of all dissolved species (x2 . . . xN), we can replace the mole fraction of
the solvent, x1, in equation (4.1) by:

x1 = 1−
XN
i= 2

xi (4:6)

and the relative lowering of the vapor pressure is then given by:

p01 − p1
p01

=
XN
i= 2

xi (4:7)

Aqueous solutionPure water

Gas phaseGas phase

Figure 4.1: Vapor pressure lowering as a consequence of reduced transfer of solvent molecules from a
solution to the gas phase. Gray circles: solute molecules or ions.
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Example 4.1
What is the relative lowering of the water vapor pressure if 1 mol CaCl2 is added to 1 L water? The molecu-
lar weight of water is 18 g/mol and the density is approximately 1 g/cm3.

Solution:
With the density of water (ρ= 1 g/cm3 = 1 kg/L) and the molecular weight (M= 18 g/mol), we can com-
pute the moles of water in 1 L:

nðH2OÞ= mðH2OÞ
MðH2OÞ =

ρðH2OÞVðH2OÞ
MðH2OÞ = ð1 kg=LÞ ð1 LÞ

18 g=mol
= 1 000 g
18 g=mol

= 55.56mol

The amount of CaCl2 in 1 L water is n(CaCl2) = 1 mol and the van’t Hoff factor is i=3 (due to the dissocia-
tion CaCl2! Ca2+ + 2 Cl−). Accordingly, we obtain:

x2 =
i nðCaCl2Þ

i nðCaCl2Þ+ nðH2OÞ =
3 mol

3 mol+ 55.56 mol
=0.051

which equals the relative lowering of the vapor pressure:

p01 −p1
p01

= x2 =0.051

If 1 mol calcium chloride is added to 1 L water, the vapor pressure is decreased by 5.1% in comparison to
the vapor pressure of pure water.

Alternatively, we can also apply equation (4.7) to solve the problem. As the result of the dissociation,
there are 1 mol Ca2+ and 2 mol Cl– in the solution. The total number of moles is:

ntotal = nðCa2+ Þ+nðCl− Þ+nðH2OÞ= 1 mol+ 2 mol+ 55.56 mol= 58.56mol

and the respective mole fractions are:

xðCa2+Þ= nðCa2+Þ
ntotal

= 1 mol
58.56 mol

=0.017

xðCl−Þ= nðCl−Þ
ntotal

= 2 mol
58.56 mol

=0.034

Finally, we can compute the relative vapor pressure lowering by:

p01 − p1
p01

=
XN
i = 2

xi = xðCa2+Þ+ xðCl−Þ=0.017+0.034=0.051

4.3 Boiling Point Elevation and Freezing Point Depression

Boiling point elevation and freezing point depression can be considered secondary ef-
fects of the vapor pressure lowering. This can be derived from Figure 4.2 which shows
vapor pressure curves for pure water, an aqueous solution, and ice. Let us first look at
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the vapor pressure curve of the pure solvent water. As already discussed, the vapor
pressure increases with increasing temperature. The curve ends at the boiling point
which is the point where the vapor pressure equals the external pressure (here as-
sumed to be the atmospheric pressure of about 1 bar, exactly 1.013 bar). At the lower
end, the vapor pressure curve of the liquid water meets the vapor pressure curve of ice.
That point, where liquid and solid have the same vapor pressure, is the freezing point.
As we have seen in the previous section, the vapor pressure of a solution is lower than
that of the pure solvent. Accordingly, the vapor pressure curve of an aqueous solution
is located below the curve of pure water. Therefore, this curve meets the line of the
external pressure at a higher temperature. The difference to the boiling point of the
solvent is referred to as boiling point elevation. Since during freezing of a solution a
separation of solute and solvent occurs, the vapor pressure curve of ice remains un-
changed and the freezing point of the solution equals the intersection point of the
vapor pressure curve of the solution and the vapor pressure curve of ice. This point is
shifted to lower temperatures in comparison to the intersection point of the vapor
pressure curves of pure water and ice. This difference is referred to as freezing point
depression. Both effects are directly proportional to the molality of the solute and the
respective equations have an equal mathematical form but with different proportion-
ality factors.

The boiling point elevation, ΔT LV, is given as:

ΔT LV =bKB (4:8)

where b is the molality of the solute (mol solute per kg solvent) and KB is the ebullio-
scopic constant (the molal boiling point elevation). The value of the ebullioscopic

Figure 4.2: Boiling point elevation and freezing point depression as secondary effects of vapor pressure
lowering.
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constant depends on the type of the solvent. For water, the ebullioscopic constant is
0.513 K⋅kg/mol.

For dissociating compounds, we can extend the equation with the van’t Hoff
factor, i:

ΔT LV= i b KB (4:9)

and for multisolute systems of known composition, such as natural waters, we can also
write:

ΔT LV =
X
i

bi KB (4:10)

The respective equations for the freezing point depression, ΔT SL, are:

ΔT SL =bKF (4:11)

ΔT SL = i b KF (4:12)

and

ΔT SL =
X
i

bi KF (4:13)

for single solutes, for dissociating solutes, and multicomponent systems, respectively.
The proportionality factor is referred to as the cryoscopic constant and amounts to KF =
−1.86 K⋅kg/mol for water.

Example 4.2
What are the boiling point elevation and the freezing point depression of an aqueous NaCl solution with
the molality of 2 mol/kg? KB =0.513 K⋅kg/mol, KF =−1.86 K⋅kg/mol.

Solution:
With i= 2 (NaCl! Na+ + Cl–), we find for the boiling point elevation and the freezing point depression:

ΔT LV = i b KB = 2 ð2mol=kgÞ ð0.513 K · kg=molÞ= 2.05 K

ΔT SL = i b KF = 2 ð2 mol=kgÞ ð−1.86K · kg=molÞ= −7.44K

Accordingly, the aqueous NaCl solution boils at 102.05 °C and freezes at −7.44 °C.

4.4 Osmotic Pressure

Osmosis refers to the flow of solvent molecules to a solution through a semipermeable
membrane that stops the flow of the solutes only (Figure 4.3). As a result, the pressure
on the solution side increases, which is illustrated as hydrostatic pressure in Figure 4.3.
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The flow can be stopped by applying a counter pressure. The pressure that is needed to
stop the flow is referred to as the osmotic pressure, π. If an external pressure higher than
the osmotic pressure acts on the solution side, a solvent flow out of the solution is initi-
ated. This reversed process is referred to as reverse osmosis. Reverse osmosis can be
used in water treatment, for instance for sea water desalination or for production of ultra-
pure water.

The osmotic pressure depends on the molar concentration of the solutes. For single sol-
utes, the osmotic pressure is given by the van’t Hoff equation:

π = c R T (4:14)

where R is the gas constant (R=8.3145 J/(mol⋅K) =0.083145 bar⋅L/(mol⋅K)) and T is the
absolute temperature. As in the cases of vapor pressure lowering, boiling point elevation
and freezing point depression, equations for dissociating solutes and multicomponent
systems can be formulated as follows:

π = i c R T (4:15)

π =
X
i

ci R T (4:16)

SolventSolution

Solvent

SolventSolution

Solvent

SolventSolution

Osmosis

Reverse 
osmosis

p = π

p > π

p < π

Equilibrium

Figure 4.3: Osmosis and osmotic pressure.
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Example 4.3
What is the osmotic pressure of seawater at ϑ= 25 °C? For simplification, only the four major ions, Na+,
Mg2+, Cl−, and SO4

2−, should be considered in the calculation. The concentrations of the major ions in
seawater are c (Na+) = 479.7 mmol/L, c (Mg2+) = 54.4 mmol/L, c (Cl–) = 559.4 mmol/L, and c (SO4

2–) = 28.9
mmol/L (see also Table 1.2 in Chapter 1). The universal gas constant is R=0.083145 bar⋅L/(mol⋅K).

Solution:
The sum of the molar concentrations is:

X
i

ci = ð479.7+ 54.4+ 559.4+ 28.9Þmmol=L= 1 122.4mmol=L= 1.12mol=L

For this total concentration, we find the osmotic pressure to be:

π =
X
i

ci R T = ð1.12mol=LÞ ð0.083145 bar· L=ðmol ·KÞÞ ð298.15 KÞ= 27.76 bar

The osmotic pressure of seawater calculated in Example 4.3 is the pressure that has
to be overcome for desalination of seawater by reverse osmosis. For the practical
process of desalination, it has to be considered that due to the removal of water
from the solution, the concentrations in the solution increase and accordingly also
the osmotic pressure increases with increasing removal of water. Since the process
stops when the osmotic pressure reaches the external pressure, in practice, much
higher pressures than the calculated initial osmotic pressure are applied (typically
60–80 bar) to ensure a long-lasting driving force for the water removal from the
concentrated solution.

4.5 Colligative Properties of Real Solutions

The equations for calculating the colligative properties given in the previous sections
are strictly valid only for ideal solutions. The deviations found for real solutions are
typically expressed by the osmotic coefficient, φ, that relates the (measured) osmotic
pressure of a real solution to the osmotic pressure of an ideal solution which can be
calculated by one of equations (4.14)–(4.16):

φ= πreal

πideal
(4:17)

The osmotic coefficient can also be used as a correction factor for the other colligative
properties.

The osmotic coefficient depends on the concentrations of the solutes and on the tem-
perature of the solution. The osmotic coefficients show larger deviations from 1 (ideal
solution) only at higher concentrations. For seawater (salinity 35 g/kg), for instance,
the osmotic coefficient within the relevant temperature range is between 0.90 (0 °C)
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and 0.91 (30 °C). For dilute solutions, such as freshwater, φ approaches 1 and the
deviations from the state of an ideal solution can be neglected.

4.6 Problems

4.1. The vapor pressure of water at 20 °C is 23.4 mbar. What is the vapor pressure of a
NaCl solution with the molality of b = 1 mol/kg? The molecular weight of water is
18 g/mol.

4.2. An aqueous salt solution freezes at −4 °C. What is the osmotic pressure of this
solution at 20 °C? Note that for dilute aqueous solutions the numerical value of the
molarity is approximately the same as the value of the molality. The cryoscopic con-
stant is KF = −1.86 K⋅kg/mol and the gas constant is R = 0.083145 bar⋅L/(mol⋅K).

4.3. What is the freezing point of seawater? For simplification, only the major
ions Cl− (19 350 ppm), Na+ (10 760 ppm), SO4

2− (2 710 ppm), and Mg2+ (1 290 ppm)
should be considered in the calculation and the solution is assumed to be ideal.
The total salinity of seawater amounts to 3.5% and the cryoscopic constant of water is
KF =−1.86 K⋅kg/mol. The molecular weights of the dissolved ions areM(Cl−) = 35.5 g/mol,
M(Na+) = 23 g/mol,M(SO4

2–) = 96.1 g/mol, andM(Mg2+) = 24.3 g/mol.

4.4. To avoid freezing of water in cooling systems, antifreezing agents, such as ethylene
glycol, are added to the water. What volume of ethylene glycol (density: 1.11 g/cm3, mo-
lecular weight: 62 g/mol) has to be added to 1 L water (density: 1 g/cm3) to prevent it
from freezing down to −20 °C? Note that ethylene glycol does not dissociate in
water. KF = −1.86 K⋅kg/mol.

4.5. What is the osmotic pressure of a freshwater (ϑ = 10 °C) that contains the follow-
ing concentrations of major ions: c(Na+) = 0.50 mmol/L, c(K+) = 0.03 mmol/L, c(Ca2+)
= 1.25 mmol/L, c(Mg2+) = 0.40 mmol/L, c(HCO3

−) = 3.00 mmol/L, c(Cl–) = 0.23 mmol/L,
c(SO4

2−) = 0.30 mmol/L? The gas constant is R = 0.083145 bar⋅L/(mol⋅K).

4.6. The osmotic pressure of seawater at 25 °C is found to be 27.8 bar under the as-
sumption that the total molar concentration of the major ions is 1.12 mol/L and sea-
water behaves as an ideal solution (see Example 4.3). What is the theoretical
volume of pure water that can be produced from 1 m3 seawater by reverse osmosis
at 25 °C if an external pressure of 80 bar is applied in the process? The gas constant
is R = 0.083145 bar⋅L/(mol⋅K).
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5 The Chemical Equilibrium: Some General Aspects

5.1 Introduction

The fate of water constituents in aqueous systems is determined by various phase
transfer processes and chemical reactions, such as partitioning between aqueous
and gas phase, acid/base reactions, precipitation/dissolution, redox reactions, com-
plex formation, and sorption. These processes will be discussed in the following
chapters with focus on the equilibrium state, which is the endpoint of the processes
where the involved compounds no longer change their concentrations.

Before starting the discussion on the most important types of equilibria in aque-
ous systems, it is necessary to present some important basics of the chemical equi-
librium and its mathematical description. This will be done in this chapter in a
compacted form without going into excessive detail.

5.2 Law of Mass Action and Equilibrium Constants

The law of mass action is the fundamental law of the chemical equilibrium. Its rele-
vance arises from the fact that most chemical reactions are not completed, which
means that the reactants are not totally converted to products. Instead, the reac-
tions end in an equilibrium state characterized by a specific ratio of the concentra-
tions (or more exactly activities) of the chemicals involved in the reaction. That is
also true for the reactions that occur in aqueous systems. By means of the law of
mass action, this concentration (or activity) ratio can be expressed by a characteris-
tic parameter, the equilibrium constant. The respective laws of mass action together
with material balance equations provide the basis for hydrochemical calculations
as will be shown in the following chapters.

For a general reaction equation with the reactants A and B and the products C
and D:

νA A + νB B Ð νC C + νD D (5:1)

the law of mass action reads:

K✶ =
ðaCÞνCeq ðaDÞνDeq
ðaAÞνAeq ðaBÞνBeq

(5:2)

In the law of mass action, the equilibrium activities of the products are written in
the numerator whereas the equilibrium activities of the reactants are written in the
denominator. The stoichiometric factors, ν, occur as exponents in the law of mass
action. The equilibrium constant K✶, defined according to equation (5.2), is referred
to as the thermodynamic equilibrium constant. In general, the thermodynamic
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equilibrium constant depends on pressure and temperature. For aqueous systems,
however, the pressure dependence can be neglected and only the temperature de-
pendence has to be considered.

Given that the activities are related to the molar concentrations by a = γ c
(Chapter 3) with γ as activity coefficient, equation (5.2) can be rewritten in the form:

K✶ ðγAÞνA ðγBÞνB
ðγCÞνC ðγDÞνD

=K =
ðcCÞνCeq ðcDÞνDeq
ðcAÞνAeq ðcBÞνBeq

(5:3)

We can derive from equation (5.3) that the thermodynamic constant has to be cor-
rected by a term that includes the activity coefficients if we want to use measurable
concentrations in the law of mass action. The resulting constant K is referred to as
the conditional constant, because it is valid only for a specific condition character-
ized by specific values of the activity coefficients or, due to the relationship be-
tween ionic strength and activity coefficients, by a specific ionic strength (see
Section 3.8 in Chapter 3). Consequently, the conditional equilibrium constant K de-
pends on the temperature and the ionic strength of the aqueous solution.

For dilute solutions, the difference between K✶ and K vanishes, because the
strength of interactions between the species decreases and the real state approaches
the ideal state (γ = 1 for all species):

c ! 0, γ ! 1, a ! c, K ! K✶ (5:4)

If K is assumed to be equal to K✶ (ideal dilute solution), concentrations can be used in
the law of mass action together with the thermodynamic constant which considerably
simplifies equilibrium calculations. As long as only an approximate solution is desired,
this simplification can be used for most practical cases, in particular if the concentra-
tions of the water constituents are not very high (e.g., in surface water, groundwater,
or drinking water). In this book, we will make use of this simplification for most theo-
retical considerations and examples. However, for exact calculations, activities have to
be used, even for waters with relatively low concentrations. For typical values of activ-
ity coefficients with dependence on ionic strength, see Table 3.3 in Chapter 3.

At this point, we should recall the fact that there is a difference between the
definition of the activity used here (with the same unit as the concentration) and
the strict thermodynamic definition as a dimensionless quantity (Section 3.8 in
Chapter 3). The second approach would lead to dimensionless constants. In this
case, each concentration on the right-hand side of equation (5.3) must be normal-
ized with the standard concentration 1 mol/L to obtain a dimensionless constant.
However, independent of the applied definition, the numerical values for the activi-
ties and constants remain the same. The disadvantage of dimensionless constants
consists in a loss of information regarding the concentration measures used for the
formulation of the law of mass action.

5.2 Law of Mass Action and Equilibrium Constants 65



5.3 Conventions on the Use of Concentration Measures
in the Law of Mass Action

In Section 5.2, the molar concentration or the related activity was used to formulate
the law of mass action. In principle, the laws of mass action can also be formulated
with other types of concentration measures, such as molalities, mol fractions, or
partial pressures (for gas components). It is also possible to use different measures
for different species in the same law of mass action. This underlines the statement
regarding the disadvantage of dimensionless activities and equilibrium constants
given in the previous section.

Although there is no strict rule as to which concentration or activity measures have
to be used, the following conventions are typically made to express the laws of mass
action for hydrochemical reactions and to define the related equilibrium constants:
– The concentrations of dissolved species are given as molar concentration in

mol/L or as respective activities.
– For pure solid phases in contact with water, the mole fraction, x, or the related

activity, ax, is used and assumed to be 1. As a consequence, solids should not
be considered in the formulation of the law of the mass action.

– For the solvent H2O, which is the main component in aqueous systems and ex-
ists in excess in comparison to the dissolved components, there are two possi-
bilities that are equivalent: to use the mol fraction, x, or the related activity, ax,
and to assume for both a value of 1 (pure component) or to use the molar con-
centration and consider this concentration as constant, because it will not
change considerably during the reaction with water constituents of much lower
concentrations. In the latter case, this constant H2O concentration is included
in the equilibrium constant as a constant factor. In both cases, water concentra-
tion or activity does not occur on the right-hand side of the law of mass action.

– For gas components, the partial pressure over the liquid phase (in bar) is used
unless otherwise stated.

To avoid confusion about the aggregate state of the species occurring in a given reac-
tion equation and the related convention to be used, the species formulae can be ex-
tended by the indices “(s),” “(g),” and “(aq)” to indicate the state of the species (solid
state, gas state, and dissolved state, respectively). In clear cases (e.g., ions), “(aq)” can
also be omitted. Example 5.1 demonstrates the application of the conventions. Note
that in the example the conditional constant is used.

Example 5.1
What is the law of mass action (expressed by the conditional constant) for the following reaction
equation that includes a gas, a solid, and water? What is the unit of the constant?

CaCO3ðsÞ + CO2ðgÞ + H2O Ð Ca2+ + 2HCO−
3
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Solution:
According to the abovementioned conventions, the law of mass action reads:

K = cðCa2+Þ c2ðHCO−
3Þ

pðCO2Þ

The CO2 concentration in the gas phase is expressed by the partial pressure, water is not considered,
the solid CaCO3 is also not considered, and the concentrations of the hydrogencarbonate and calcium
ions are expressed as molar concentrations. Accordingly, the unit of the constant is mol3/(L3⋅bar).

5.4 Gibbs Energy of Reaction, Equilibrium Constants, and
Reaction Quotients

The Gibbs energy, ΔG, is a thermodynamic function that gives the information in which
direction a process proceeds spontaneously under constant temperature and pressure.
The change of the Gibbs energy comprises two quantities, the enthalpy change and the
entropy change. For a chemical reaction, the Gibbs energy can be expressed as:

ΔRG=ΔRH −T ΔRS (5:5)

where ΔRG is the change of the Gibbs energy of the reaction, ΔRH is the enthalpy
change of the reaction, ΔRS is the entropy change of the reaction, and T is the abso-
lute temperature.

The change of the reaction enthalpy indicates whether energy is released (exo-
thermic process, ΔRH negative) or consumed (endothermic process, ΔRH positive)
during the reaction. The change of the entropy describes the change in the state of
order of the system during the reaction. A positive value of ΔRS indicates an in-
crease in disorder in the considered system. Conversely, a negative value is related
to an increase in the degree of order.

Depending on the values of the enthalpy and the entropy term, ΔRG can be posi-
tive or negative. The sign indicates if a reaction proceeds spontaneously in the direc-
tion as written in the reaction equation or not. A reaction proceeds spontaneously in
the considered direction if ΔRG is negative (exergonic process). If ΔRG is positive (end-
ergonic process), the process does not proceed spontaneously in the considered di-
rection but in the reverse direction. If ΔRG = 0, no reaction occurs; the system is in the
state of equilibrium.

The change of the Gibbs energy of reaction is related to the ratio of the activities
(or concentrations) of the components involved in the reaction by:

ΔRG=ΔRG0 +R T lnQ (5:6)

where ΔRG0 is the Gibbs energy for a defined standard state, R is the gas constant,
and Q is the reaction quotient. The reaction quotient is defined formally in the same
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way as the equilibrium constant, but in contrast to the equilibrium constant, it is
more general and not restricted to equilibrium activities (or concentrations). In-
stead, it includes the actual activities or concentrations. For the general reaction
given in equation (5.1), the reaction quotient reads:

Q= ðaCÞνC ðaDÞνD
ðaAÞνA ðaBÞνB

(5:7)

In nonequilibrium states, Q is higher or lower than K✶. In the state of equilibrium,
the activities equal the equilibrium activities and Q equals K✶ (equation (5.2)). Fur-
thermore, ΔRG becomes zero in the state of equilibrium as mentioned above and
equation (5.6) therefore simplifies to:

ΔRG0 = −R T lnK✶ (5:8)

Equation (5.8) can be introduced into equation (5.6) to receive the general relationship:

ΔRG= −R T lnK✶ +R T lnQ=R T ln
Q
K✶ (5:9)

Since the quotient Q/K✶ is directly related to ΔRG, it is a useful tool to predict the
direction in which a reaction will proceed. The different cases are listed in Table 5.1.

5.5 Estimation of Equilibrium Constants

The standard Gibbs energy of reaction can be estimated from the standard Gibbs
energies of formation of the reactants and the products, G0

f, i, according to the fol-
lowing equation:

Table 5.1: Assessment of aqueous systems with respect to the establishment of equilibrium by
comparison of Q and K✶.

Condition Change of
Gibbs energy

Direction of reaction Change of activities necessary to
reach the state of equilibrium

Q < K✶ ΔRG <  Reaction proceeds
spontaneously in the direction
as written in the reaction
equation (from left to right)

Activities of A and B in equation (.)
decrease and activities of C and D
increase until Q = K✶

Q = K✶ ΔRG =  Equilibrium state, no reaction No change of the activities

Q > K✶ ΔRG >  Reaction proceeds
spontaneously in the reverse
direction (from right to left)

Activities of C and D in equation (.)
decrease and activities of A and B
increase until Q = K✶
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ΔRG0 =
X
i

νi G0
f, iðproductsÞ−

X
i

νi G0
f, iðreactantsÞ (5:10)

Standard Gibbs energies of formation can be found for a large number of compounds
in respective handbooks or databases. If ΔRG0 has been computed, K✶ is available
from equation (5.8). It has to be noted that all reactants and products have to be con-
sidered in the calculation, independent of their occurrence in the law of mass action.

Since the standard Gibbs energies of formation are typically given in databases
for the standard temperature of 25 °C, the calculated equilibrium constants are also
valid for 25 °C. On the other hand, it has to be considered that equilibrium constants
depend on the temperature. This temperature dependence is discussed in more de-
tail in the following section.

Example 5.2
What is the equilibrium constant for the reaction:

HCO−
3 Ð H+ + CO2−

3

at 25 °C? The following standard Gibbs energies of formation are given: G f
0 (HCO3

–) = −587 kJ/mol,
G f
0 (H+) = 0 kJ/mol, G f

0 (CO3
2‒) =−528 kJ/mol. The universal gas constant is R=8.3145 × 10−3 kJ/(mol⋅K).

Solution:
By using equation (5.10), we find:

ΔRG
0 =0 kJ=mol− 528kJ=mol− ð−587 kJ=molÞ= 59 kJ=mol

log K✶ can be calculated by means of equation (5.8):

log K✶ = lnK✶

2.303 = −
ΔRG0

2.303 R T
= −

59 kJ=mol

ð2.303Þ ð8.3145× 10−3 kJ=ðmol · KÞÞ ð298.15 KÞ
log K✶ = −10.33

and the thermodynamic constant is:

K✶ = aðH+Þ aðCO2−
3 Þ

aðHCO−
3Þ

= 4.68× 10−11 mol=L

The unit follows from the law of mass action.

5.6 Temperature Dependence of Equilibrium Constants

The derivative of ln K✶ with respect to the temperature T can be found by combin-
ing equations (5.8) and (5.5):

∂ lnK✶

∂T
=ΔRH 0

RT 2 (5:11)
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where ΔRH0 is the molar standard enthalpy of reaction, which can be found from
the molar standard enthalpies of formation ΔH 0

f, i in an analogous manner as shown
for the standard Gibbs energy of reaction (equation (5.10)).

Separation of the variables and integration gives:

ln
K✶
T2

K✶
T1

= ΔRH0

R
1
T1

−
1
T2

� �
(5:12)

If the equilibrium constant at the temperature T1 and the molar standard enthalpy of
reaction are known, equation (5.12) can be used to find the equilibrium constant at
any other temperature T2. Typically, the required data (K✶

T1
and ΔRH0) are given for the

standard temperature 25 °C (Section 5.5). Therefore, we can write equation (5.12) also
in a modified form:

ln
K✶

K✶
0
= ΔRH0

R
1
T0

−
1
T

� �
(5:13)

where T0 is the standard temperature (298.15 K = 25 °C), K✶
0 is the equilibrium con-

stant at 25 °C, ΔRH0 is the molar standard enthalpy of reaction determined for 25 °C,
and K✶ is the equilibrium constant at any other temperature T.

It has to be noted that equations (5.12) and (5.13) are only valid if the molar en-
thalpy of reaction is assumed to be constant (independent of temperature). For
more exact calculations, the temperature dependence of ΔRH0 can be considered in
the following manner:

ln
K✶

K✶
0
= ΔRH0

R
1
T0

−
1
T

� �
+ cp

R
ln

T
T0

+ T0

T
− 1

� �
(5:14)

where cp is the molar heat capacity of the reaction.
To apply equation (5.14), cp of the reaction has to be known. An alternative ap-

proach to describe the temperature dependence of equilibrium constants in the
case of a nonconstant standard enthalpy of reaction is to measure constants at dif-
ferent temperatures and to describe the temperature dependence by means of an
empirical polynom, for instance:

lnK✶= a+ b
T
+ c
T2 (5:15)

where a, b, and c are characteristic constants for the considered reaction.
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Example 5.3
Water dissociates according to:

H2O Ð H++OH−

The respective dissociation constant for 25 °C is Kw
✶ = 1 × 10−14 mol2/L2. What is the dissociation

constant for 5 °C? Calculate the dissociation constant (a) without and (b) with consideration of the
temperature dependence of ΔRH

0. ΔRH
0 = 56 530 J/mol, cp = −197 J/(mol · K). The universal gas con-

stant is R = 8.3145 J/(mol · K).

Solution:
(a) If we set T0 = 298.15 K (25 °C), T = 278.15 K (5 °C), and K✶

0 = 1 × 10−14 mol2/L2 and introduce the
data into equation (5.13), we get:

lnK✶
T − lnð1× 10−14Þ= 56 530 J=mol

8.3145 J=ðmol ·KÞ
1

298.15 K −
1

278.15 K

� �

lnK✶
T = lnð1× 10−14Þ+ 56 530 J=mol

8.3145 J=ðmol ·KÞ
1

298.15 K −
1

278.15 K

� �

lnK✶
T = −32.24+6 798.97 3.354× 10−3 − 3.595× 10−3

� �
= −32.24− 1.64=−33.88

K✶
T =K✶

5 °C
= 1.93× 10−15 mol2=L2

(b) If we want to consider the temperature dependence of the reaction enthalpy, we have to apply
equation (5.14):

lnK✶
T = lnð1× 10−14Þ+ 56 530 J=mol

8.3145 J=ðmol ·KÞ
1

298.15 K −
1

278.15 K

� �

+ −197 J=ðmol ·KÞ
8.3145 J=ðmol ·KÞ ln

278.15 K
298.15 K

� �
+ 298.15 K
278.15 K − 1

� 	

lnK✶
T = −32.24+6 798.97 3.354× 10−3 − 3.595× 10−3

� �
− 23.69 −0.069+ 1.072− 1ð Þ

lnK✶
T = −32.24− 1.64−0.07= −33.95

K✶
T =K✶

5 °C
= 1.80× 10−15 mol2=L2

There is only a small difference in the calculated dissociation constants, which shows that equation
5.13 is a good approximation for narrow temperature ranges.

5.7 Equilibrium Constants of Reverse and Overall Reactions

The general reaction equation given in Section 5.1 describes the process of ap-
proaching the equilibrium starting with A and B as reactants. However, the same
equilibrium state can also be reached from the other side, starting with C and D as
reactants. For this reverse reaction, the reaction equation is:

νC C + νD D Ð νA A + νB B (5:16)
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And, leaving out the indices “eq,” the related law of mass action reads:

K✶
reverse =

ðaAÞνA ðaBÞνB
ðaCÞνC ðaDÞνD

(5:17)

As can be derived from a comparison of equations (5.2) and (5.17), the equilibrium
constant of the reverse reaction is the reciprocal of the constant for the forward re-
action. Generally, it holds:

K✶
reverse =

1
K✶
forward

(5:18)

If reactions are coupled, which is often the case in aqueous systems, the elementary
reaction equations can be added to an overall reaction equation.

Taking the reactions:

A + B Ð C (5:19)

and

C Ð D + E (5:20)

as examples (stoichiometric factors are assumed to be 1 for simplification), the over-
all reaction equation, found by adding the equations (5.19) and (5.20) is:

A + B Ð D + E (5:21)

The law of mass action for the overall reaction can then be expressed as:

K✶
overall =

aD aE
aA aB

(5:22)

The same quotient results from the multiplication of the laws of mass action of both
elementary reactions:

K✶
1 K✶

2 = aC

aA aB

aD aE
aC

= aD aE
aA aB

=K✶
overall (5:23)

We can derive from this example that in the case of addition of reaction equations
to an overall reaction equation, the constant of the overall reaction can be found by
multiplying the constants of the elementary reactions.

5.8 Problems

5.1. Calculate the equilibrium constant for the dissolution of solid calcium carbon-
ate according to:
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CaCO3ðsÞ Ð Ca2+ + CO2−
3

at 25 °C. The standard Gibbs energies of formation are Gf
0(CaCO3) = −1 129.2 kJ/mol,

Gf
0(Ca2+) = −552.8 kJ/mol, and Gf

0(CO3
2–) = −528.0 kJ/mol. The universal gas constant

is R = 8.3145 J/(mol⋅K).

5.2. It is known that in aqueous systems Mn2+ and Fe2+ are oxidized by dissolved oxygen
to form MnO2 and Fe(OH)3, respectively. Is a comparable reaction for Pb2+ to be expected
under the following conditions: pH = 7, c(Pb2+) = 1 × 10−8 mol/L, c(O2) = 0.261 mmol/L
(saturation concentration of atmospheric O2 in water at 25 °C)? The equilibrium con-
stant for the oxidation reaction:

Pb2+ + 0.5O2ðaqÞ + H2O Ð PbO2ðsÞ + 2H+

is K✶ = 4× 10−7 mol0.5=L0.5ð25 °CÞ.
5.3. For the dissolution of calcium carbonate:

CaCO3ðsÞ Ð Ca2+ + CO2−
3

the following equilibrium constants (solubility products) were found: 3.93 × 10−9 mol2/L2

at 10 °C and 3.30 × 10−9 mol2/L2 at 25 °C. Calculate the standard enthalpy of reaction for
this temperature interval. Is the dissolution of CaCO3 an endothermic or an exothermic
process? A possible further reaction of carbonate to hydrogencarbonate should not be
considered here. The universal gas constant is R= 8.3145 J/(mol · K).

5.4. The equilibrium constants (at 25 °C) of the reactions:

CO2ðaqÞ + H2O Ð H+ + HCO−
3

and

HCO−
3 Ð H+ + CO2−

3

are K✶
1 = 4.4 × 10−7 mol/L and K✶

2 = 4.7 × 10−11 mol/L, respectively. What is the equilib-
rium constant of the reaction:

CO2ðaqÞ + H2O Ð 2H+ + CO2−
3 ?
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6 Gas–Water Partitioning

6.1 Introduction

Aqueous systems are often in contact with an adjacent gas phase. Typical examples
are rain or surface water, which are in contact with the atmospheric air, or seepage
water in the vadose (unsaturated) zone, which is in contact with the soil atmo-
sphere. As a result of such a liquid/gas phase contact, a distribution of gas phase
components between the liquid and the gas phase occurs. The distribution of a gas
or a vapor between the gas phase and the aqueous phase is also referred to as
gas–water partitioning. Gas–water partitioning is relevant for many natural pro-
cesses in water bodies. It is, for instance, one mechanism of oxygen input into
aquatic systems. Dissolved oxygen is the most important oxidant in water bodies.
Gas–water partitioning of carbon dioxide, as a further example, controls the car-
bonic acid system, which is involved in many other processes (biological processes,
precipitation/dissolution processes, buffer reactions). Furthermore, gas–water par-
titioning is also relevant for a number of water treatment processes, where gases
have to be introduced into the water, such as aeration, ozonation or chlorination of
drinking water or where dissolved gases or volatile substances have to be removed
from water, such as stripping of carbon dioxide, methane, or volatile organics.

If water comes into contact with a gas phase, partitioning of gaseous compo-
nents between both phases takes place until an equilibrium state is established. In
principle, the approach to the equilibrium state can proceed from both sides. The
transfer of a gas component to the aqueous phase is referred to as absorption,
whereas the transfer of a dissolved gas or vapor from the aqueous phase to the gas
phase is referred to as desorption (Figure 6.1). If the rate of absorption equals the
rate of desorption, a dynamic equilibrium is established that is characterized by a
defined ratio between the concentrations of the considered component in the gas
phase and in the aqueous phase.

After absorption, which is a physical process, some dissolved gases take part in
chemical reactions within the aqueous phase. The main part of this chapter deals

c(A)

p(A)

Gas phase

Aqueous phase

Absorption

Desorption

Figure 6.1: Gas–water partitioning.
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with the basics of physical partitioning. Coupled equilibria consisting of absorption
and chemical reaction are discussed separately in Section 6.8.

6.2 Henry’s Law

Although gas–water partitioning is not a real chemical reaction but a phase transfer
process, it can be formally described as reaction equilibrium by using the law of
mass action. Taking an arbitrary gas A as an example, the dissolution of A in the
aqueous phase can be written as:

AðgÞ Ð AðaqÞ (6:1)

If the content of the gas A in the gas phase is expressed by its partial pressure (see
Chapter 5, Section 5.3), and the concentration of the dissolved gas is given as molar
concentration, the formal law of mass action reads:

HðAÞ= cðAÞ
pðAÞ (6:2)

This law is also known as Henry’s law and, accordingly, the equilibrium constant in
this special case is referred to as the Henry’s law constant or simply Henry constant
and abbreviated with H instead of the common K for equilibrium constants. Typically,
Henry’s law is written in the form:

cðAÞ=HðAÞ pðAÞ (6:3)

which shows that the equilibrium concentration of a dissolved gaseous component
in the aqueous phase (or, in other words, its solubility) is proportional to its partial
pressure in the gas phase that is in contact with the aqueous phase. The unit of H
in this case is mol/(L⋅bar). If Henry’s law is written in the form of equation (6.3),
increasing Henry constants indicate increasing solubilities. Table 6.1 lists some
Henry constants in the order of increasing solubility.

Table 6.1: Selected Henry constants at 25 °C.

Compound Henry constant,
H [mol/(L⋅bar)]

Compound Henry constant,
H [mol/(L⋅bar)]

Nitrogen . Dihydrogen sulfide .
Oxygen . Benzene .
Methane . Dichloromethane .
Carbon dioxide . Methyl-tert-butyl ether .
,,-Trichloroethane . Ammonia .
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As with other equilibrium constants, the Henry constant depends on the tem-
perature. Generally, the solubility of gases increases with decreasing temperature.
Table 6.2 shows by example the Henry constants of the major gases in the atmo-
sphere for different temperatures.

The temperature dependence of H can be described in the same manner as the
temperature dependence of equilibrium constants of chemical reactions (Chapter 5,
Section 5.6). According to equation (5.13) in Chapter 5 we can write:

ln
H
H0

= ΔH0
sol

R
1
T0

−
1
T

� �
(6:4)

where T0 is the standard temperature 298.15 K (25 °C) and H0 is the Henry constant
at 298.15 K. Note that in equation (6.4) the standard enthalpy of solution, ΔH 0

sol,
takes the place of the standard enthalpy of reaction, ΔRH 0.

As an alternative to equation (6.1), the reaction equation can be formulated for the
reverse process (desorption) in the form:

AðaqÞ Ð AðgÞ (6:5)

In this case, the law of mass action has to be written as:

HinvðAÞ= pðAÞ
cðAÞ (6:6)

or

pðAÞ=HinvðAÞ cðAÞ (6:7)

where Hinv(A) is the inverse of the equilibrium constant H(A):

HinvðAÞ= 1
HðAÞ (6:8)

Table 6.2: Henry constants of the major gas components in the
atmosphere.

Gas Temperature (°C) Henry constant, H
[– mol/(L⋅bar)]

Nitrogen, N  .
Nitrogen, N  .
Oxygen, O  .
Oxygen, O  .
Carbon dioxide, CO  .
Carbon dioxide, CO  .
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In contrast to H, increasing Hinv indicates increasing volatility. It has to be noted
that both methods of writing Henry’s law can be found in the literature and often
the same abbreviation H (without qualifier) is used, which may cause confusion. It
is therefore important to notice the unit when Henry constants are taken from the
literature or from databases.

Another point to keep in mind when using Henry constants concerns the fact
that a number of modified formulations of Henry’s law can be found in the litera-
ture where other concentration measures are used to describe the composition of
the gas and/or the aqueous phase. Some of these modifications will be summarized
in the next section.

6.3 Alternative Formulations of Henry’s Law

The partial pressure of a gas A in a gas mixture is related to its molar concentration
in the gas phase, cg, by the following expression that can be derived from the state
equation of an ideal gas (Section 3.5 in Chapter 3):

pðAÞ= nðAÞ
V

R T = cgðAÞ R T (6:9)

Substituting the partial pressure in equation (6.3) by equation (6.9) gives:

caqðAÞ=HðAÞ R T cgðAÞ (6:10)

Here, the subscripts “aq” and “g” were introduced to distinguish between the aque-
ous-phase and the gas-phase concentration. Equation (6.10) can be simplified to:

caqðAÞ=KcðAÞ cgðAÞ (6:11)

where Kc is a dimensionless distribution constant that is related to H by:

KcðAÞ=HðAÞ R T (6:12)

With the molecular weight, M, of the dissolved gas, we can write:

KcðAÞ= caqðAÞ
cgðAÞ = caqðAÞ MðAÞ

cgðAÞ MðAÞ =
ρ✶aqðAÞ
ρ✶g ðAÞ

(6:13)

Accordingly, the value of Kc is not only valid for the ratio of the molar concentra-
tions but also for the ratio of the mass concentrations.

If the mole fraction, x, is used to describe the liquid-phase composition, Henry’s
law can be written as:

xðAÞ=HxðAÞ pðAÞ (6:14)
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where the Henry constant Hx has the unit 1/bar. Hx can be related to H by using the
approximation:

xðAÞ= nðAÞP
n
≈

nðAÞ
nðH2OÞ =

caqðAÞ
cðH2OÞ =

caqðAÞ
55.56 mol=L

(6:15)

HxðAÞ≈ HðAÞ
55.56 mol=L

(6:16)

In equation (6.15), it is assumed that the amount of the dissolved gas is much lower
than the amount of the solvent water (n(A) ≪ n(H2O)) and that the concentration of
water can be approximated by the quotient of its density (ρ = 1 000 g/L) and its molec-
ular weight (M = 18 g/mol). For these approximations, see also Section 3.3 in Chapter 3.

Since at constant total pressure, ptotal, the partial pressure, p, is proportional to
the gas-phase mole fraction, y:

p= y ptotal (6:17)

the composition of both phases can be expressed by mole fractions. In this case,
Henry’s law reads:

xðAÞ=HxðAÞ ptotal yðAÞ (6:18)

or

xðAÞ=KxyðAÞ yðAÞ (6:19)

where the dimensionless distribution constant, Kxy (= Hx ptotal), gives the ratio of
the mole fractions.

It has to be noted that all modified versions of Henry’s law shown here can also
be written in inverse form as demonstrated in Section 6.2 for the basic form.

Example 6.1
The Henry constant of oxygen at 25 °C is H = 1.247 × 10−3 mol/(L · bar). What are the values of the
alternative constants Kc and Hx? R = 0.083145 bar · L/(mol · K).

Solution:
The relationship between H and Kc is given by Kc = H R T. After introducing T = 298.15 K (= 25 °C)
and R = 0.083145 bar · L/(mol · K), we get:

Kc =H R T = 1.247× 10−3
mol
L ·bar

� �
0.083145 bar · L

mol ·K

� �
298.15 Kð Þ= 3.09× 10−2

For the conversion of H into Hx, we have to apply the approximation:

Hx ≈
H

55.56 mol=L
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Introducing H gives:

Hx ≈
1.247× 10−3 mol=ðL ·barÞ

55.56 mol=L
= 2.24× 10−5 bar−1

6.4 Estimation of Henry’s Law Constants for Volatile Substances

For numerous volatile substances, Henry’s law constants can be found in respective
databases. If the required data are not available, these constants can also be esti-
mated approximately from other substance properties. Given that the relationship
between the partial pressure and the concentration in the aqueous phase is linear
and the saturation limits in both phases are given by the vapor pressure and the
aqueous solubility of the substance, the Henry’s law constant can be found from
the ratio:

H = cs
pv

(6:20)

where cs is the aqueous solubility in mol/L and pv is the vapor pressure in bar.

Example 6.2
The vapor pressure of benzene at 25 °C is pv = 0.127 bar and its aqueous solubility at the same
temperature is ρ✶s = 1 790 mg/L. What is the Henry’s law constant at 25 °C? The molecular weight of
benzene is M = 78.1 g/mol.

Solution:
The solubility in mol/L can be found by dividing the mass concentration by the molecular weight:

cs =
ρ✶s
M

= 1.79 g=L
78.1 g=mol

= 0.023mol=L

With this value of cs, the Henry’s law constant can be found according to:

H= cs
pv

= 0.023mol=L
0.127 bar = 0.181mol=ðL ·barÞ

6.5 Open and Closed Systems

With respect to the application of Henry’s law, it is necessary to distinguish between
open and closed systems (Figure 6.2). Open systems are characterized by a nearly
infinitely large volume of the gas phase, whereas the volume of the aqueous phase
is limited and comparatively small. Surface water in contact with the atmosphere is
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a typical example of an open system. Due to the large volume of the gas phase and
the limited capacity of the liquid phase, the amounts of gases that can be transferred
are not large enough to change the partial pressures in the gas phase considerably.
Such open systems are therefore characterized by practically constant partial pres-
sures of the gas-phase constituents. Accordingly, the equilibrium solubilities of the
atmospheric gases (e.g., oxygen, nitrogen, carbon dioxide) can be easily computed
by applying a constant partial pressure in Henry’s law (Section 6.6).

For gases or vapors that are not natural constituents of the atmosphere or occur
only in negligible concentrations, the partial pressure is zero or practically zero. If
such components are desorbed in limited amounts from the aqueous phase, the
partial pressure does not change considerably and remains practically zero due to
the large volume of the gas phase. Since the equilibrium concentration that has to
be reached by desorption at a partial pressure of p = 0 bar is c = 0 mol/L, there is a
steady driving force for the transfer of the component to the gas phase as long as
the actual concentration in the aqueous phase is not zero. As a result, the total
amount of the dissolved gas or vapor can be expected to be transferred to the atmo-
sphere without measurable increase of its partial pressure. Often such compounds
(e.g., volatile organic solvents) are not stable in the atmosphere and subject to
chemical or photochemical degradation processes with the consequence that the
very small amounts transferred disappear after a sufficiently long time.

The situation in a closed system is quite different from the situation in open sys-
tems discussed previously. In closed systems (e.g., reactors, tubes, bottles), the gas
phase has a limited volume that is in the same order of magnitude as the volume of
the aqueous phase. Consequently, each transfer of gases or vapors from the liquid
phase to the gas phase or from the gas phase to the liquid phase results not only in a
change of the concentration in the liquid phase but also in a change of the partial
pressure (or concentration) in the gas phase. The equilibrium that is reached after the
transfer is also described by Henry’s law. However, to estimate the concentration
changes in both phases, Henry’s law has to be combined with an appropriate mate-
rial balance equation (Section 6.7).

Aqueous phase

Gas phase

Aqueous phase

Gas phase

p = constant

Open system Closed system

Figure 6.2: Gas–water partitioning: open and closed systems.
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6.6 Solubilities of Atmospheric Gases in Water

The major constituents of the atmosphere are nitrogen (78.1 vol%), oxygen (20.9 vol%),
and carbon dioxide (0.0415 vol% = 415 ppmv). Given that the volume percentages di-
vided by 100% give the volume fractions and that, for an ideal gas mixture, the volume
fractions equal the mole fractions (see Section 3.5 in Chapter 3), the mole fractions of the
atmospheric gases are y(N2) = 0.781, y(O2) = 0.209, and y(CO2) = 0.000415. If we assume
that the total pressure in the atmosphere is about 1 bar, the related partial pressures are
p(N2) = 0.781 bar, p(O2) = 0.209 bar, and p(CO2) = 0.000415 bar (equation (6.17)). With
these partial pressures and the Henry constants given in Table 6.2, the equilibrium con-
centrations in the aqueous phase can be calculated by Henry’s law (equation (6.3)) as
shown in Example 6.3.

Example 6.3
What is the solubility (in mg/L) of atmospheric oxygen (M = 32 g/mol) at 25 °C? The atmosphere
contains 20.9 vol% oxygen, the total atmospheric pressure is assumed to be 1 bar, and the Henry
constant at 25 °C is 1.247 × 10−3 mol/(L⋅bar).

Solution:
The mole fraction of oxygen in the gas phase equals the volume fraction and is therefore y = 0.209.
The partial pressure is given by:

pðO2Þ= yðO2Þptotal = ð0.209Þ ð1 barÞ=0.209bar

and the molar solubility can be estimated from Henry’s law according to:

cðO2Þ=HðO2ÞpðO2Þ= ð1.247 × 10−3 mol=ðL · barÞÞð0.209barÞ
cðO2Þ= 2.61× 10−4 mol=L=0.261 mmol=L

Finally, the mass concentration is:

ρ✶ðO2Þ= cðO2ÞMðO2Þ= ð0.261 mmol=LÞ ð32 mg=mmolÞ=8.35 mg=L

Table 6.3 lists the solubilities of atmospheric gases for two different temperatures.
As mentioned previously, the solubilities decrease with increasing temperature.
The solubility of oxygen is only slightly lower than that of nitrogen, because the
lower partial pressure is mostly compensated for by the higher value of the Henry
constant. It can further be seen from the data that, despite the high value of the
Henry constant, the solubility of carbon dioxide is considerably lower in compari-
son to the solubilities of oxygen and nitrogen. This is a result of the much lower
partial pressure of CO2 in the atmospheric air.
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6.7 Calculation of Equilibrium Concentrations in Closed Systems

Basic parameters and relationship used for closed systems are illustrated in Figure 6.3.
In order to calculate the partitioning of a gas or vapor between the gas phase and the
aqueous phase in a closed system, the material balance has to be combined with
Henry’s law. In this specific case, it is reasonable to use the same concentration unit
for both phases, for instance the molar concentration or the mass concentration. In
the following considerations, we want to use the mass concentration.

The material balance equation for a substance distributed between gas and aqueous
phase in a closed system reads:

mtotal =mg +maq = ρ✶g Vg + ρ✶aq Vaq (6:21)

where mtotal is the total mass of the considered gas or vapor in the closed system, mg

and maq are the masses in the gas phase and in the aqueous phase, respectively, Vg

Gas phase:

Aqueous phase:

ng = Vg cg mg = Vg g

maq = Vaq aqnaq = Vaq caq

V total = Vaq + Vg

m total = maq + mg

n total = naq + ng

Total system consisting of

gas and aqueous phase:

✶

✶

Figure 6.3: Closed system: basic parameters and relationships.

Table 6.3: Solubilities of the major gases in the atmosphere at different temperatures.

Gas Partial pressure (bar) Temperature (°C) Equilibrium
concentration (solubility)

mmol/L mg/L

N .  . .
N .  . .
O .  . .
O .  . .
CO .  . .
CO .  . .
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and Vaq are the volumes of the gas and the aqueous phase, respectively, and ρ✶g and
ρ✶aq are the respective mass concentrations.

If we factor out the mass concentration in the gas phase and consider equation
(6.13), we receive:

mtotal = ρ✶g Vg +
ρ✶aq
ρ✶g

Vaq

� �
= ρ✶g Vg +Kc Vaq

� �
(6:22)

where the distribution constant, Kc, is given by:

Kc =
caq
cg

= caq M
cg M

=
ρ✶aq
ρ✶g

(6:23)

with

Kc =H R T (6:24)

After rearranging equation (6.22), the gas-phase concentration, ρ✶g , in the state of
equilibrium is found to be:

ρ✶g = mtotal

ðVg +Kc VaqÞ (6:25)

and the equilibrium concentration in the aqueous phase is given by:

ρ✶aq =Kc ρ✶g (6:26)

Alternatively, ρ✶aq can also be calculated by:

ρ✶aq =
mtotal

Vg

Kc
+Vaq

� � (6:27)

Equation (6.27) can be derived in the same way as shown for equation (6.25) but
with factoring out ρ✶aq instead of ρ✶g on the right-hand side of equation (6.21).

Example 6.4
A bottle with the total volume of 1 L was filled halfway with a solution of 1,1,1-trichloroethane (ini-
tial concentration: ρ✶aq, in= 100 mg/L). After that, it was closed and kept for a long time at 20 °C so that
establishment of equilibrium can be assumed. What are the equilibrium concentrations of 1,1,1-
trichloroethane in the gas phase and in the aqueous phase? The Henry constant of 1,1,1-trichloroethane
is H=0.078 mol/(L⋅bar) at 20 °C and the gas constant is R=0.083145 bar⋅L/(mol⋅K).

Solution:
At first, the dimensionless distribution constant, necessary for application of the material balance
equation, has to be calculated:
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Kc =HR T = 0.078 mol
L · bar

� �
0.083145 bar · L

mol ·K

� �
ð293.15 KÞ= 1.9

At the beginning, the total amount of 1,1,1-trichloroethane is dissolved in the aqueous phase. The vol-
ume of the solution is Vaq = 0.5 L. Consequently, the total mass of 1,1,1-trichloroethane in the system is:

mtotal = ρ✶aq, in Vaq = ð100 mg=LÞ ð0.5 LÞ= 50 mg

Now, the concentration in the gas phase after the establishment of equilibrium can be calculated by:

ρ✶g = mtotal

ðVg +Kc VaqÞ =
50 mg

0.5 L+ ð1.9Þ ð0.5 LÞ = 34.48 mg=L

and the aqueous-phase concentration can be computed by means of the distribution constant:

ρ✶aq =Kc ρ✶g = ð1.9Þ ð34.48 mg=LÞ=65.51 mg=L

To validate the results, the masses in both phases can be calculated. Their sum must equal the
total mass of 50 mg:

maq = Vaq ρ✶aq = ð0.5 LÞ ð34.48 mg=LÞ= 17.24 mg

mg = Vg ρ✶g = ð0.5 LÞ ð65.51 mg=LÞ= 32.76 mg

mtotal =maq + mg = 17.24 mg+ 32.76 mg= 50 mg

6.8 Coupling of Gas–Water Partitioning and Chemical Reaction

In the previous sections, we have only considered the physical partitioning between
the gas and the liquid phase. However, some dissolved gases are also subject to
chemical reactions within the aqueous phase. In this context, acid/base reactions
are particularly relevant, because a number of gases act as acids or bases in aque-
ous solutions. The atmospheric gas carbon dioxide, CO2, is a typical example. In
aqueous solutions, CO2 acts as an acid (“carbonic acid,” Figure 6.4).

Figure 6.4: Dissolution of carbon dioxide: coupling of gas–water partitioning and acid reaction.
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The coupled process consisting of gas–water partitioning and acid reaction in
aqueous solution can be written as:

CO2ðgÞ Ð CO2ðaqÞ (6:28)

CO2ðaqÞ +H2O Ð H+ +HCO3
− (6:29)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
CO2ðgÞ +H2O Ð H+ +HCO3

− (6:30)

Note that under most natural conditions (medium pH range), the possible second
dissociation step of the carbonic acid is of minor relevance. Therefore, it will be ne-
glected here.

The laws of the mass action for the elementary processes gas–water partition-
ing and acid reaction (first dissociation step of the carbonic acid) are:

H = cðCO2Þ
pðCO2Þ (6:31)

Ka =
cðH+Þ cðHCO−

3Þ
cðCO2Þ (6:32)

where Ka is the conditional acidity constant (for definition and further details see
Chapter 7, Section 7.4) and c refers to the aqueous-phase concentration.

According to the combination principle demonstrated in Chapter 5 (Section 5.7),
we get for the overall reaction:

Koverall =H Ka =
cðCO2Þ
pðCO2Þ ·

cðH+Þ cðHCO−
3Þ

cðCO2Þ = cðH+Þ cðHCO−
3Þ

pðCO2Þ (6:33)

Equation (6.33) describes the simultaneous equilibrium and can be used, for instance,
to find the pH value resulting from the dissolution of carbon dioxide (Chapter 7,
Section 7.7.7).

For more general calculations, additional reactions has to be taken into account,
for instance the dissociation of hydrogencarbonate (HCO3

– ⇌ H+ + CO3
2–) and the pre-

cipitation/dissolution of carbonates (in particular calcium carbonate). This coupling
of equilibria will be demonstrated in the context of the calco-carbonic equilibrium in
Chapter 9 (Section 9.6).

Other examples of gases that are subject to acid/base reactions in the aqueous
phase are hydrogen sulfide (H2S, also referred to as dihydrogen sulfide), and ammo-
nia (NH3). Dissolved H2S acts as an acid, whereas dissolved NH3 acts as a base. The
respective reaction equations are:
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H2SðgÞ Ð H2SðaqÞ (6:34)

H2SðaqÞ Ð H+ + HS− (6:35)

−−−−−−−−−−−−−−−−−−−−−−−
H2SðgÞ Ð H+ + HS− (6:36)

and

NH3ðgÞ Ð NH3ðaqÞ (6:37)

NH3ðaqÞ + H2O Ð NH+
4 + OH− (6:38)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
NH3ðgÞ + H2O Ð NH+

4 + OH− (6:39)

6.9 Problems

6.1 In a database, the following Henry’s law constant of benzene at 25 °C was
found: 5.495 L · bar/mol. What is the corresponding formulation of Henry’s law and
what is the value of Kc if Kc is defined by Kc = caq/cg? R = 0.083145 bar · L/(mol · K).

6.2 What is the aqueous solubility (in mg/L) of pure oxygen at 25 °C and at a total
pressure of 10 bar? The Henry’s law constant amounts to H(O2) = 1.247 mol/(m3⋅ bar).
The molecular weight of molecular oxygen isM = 32 g/mol.

6.3 The Henry’s law constant of CO2 at 25 °C is 3.342 × 10−2 mol/(L · bar), the en-
thalpy of solution is ΔHsol = –20.79 kJ/mol. What is the Henry’s law constant of
CO2 at 20 °C? R = 8.3145 J/(mol · K).

6.4. Due to biodegradation of organic material, the CO2 content of the soil atmo-
sphere (gas phase between the soil particles) is much higher than the CO2 content
of the normal atmosphere, which is p(CO2) = 0.000415 bar. Calculate the CO2 con-
centration (in mmol/L) that would be reached in seepage water (at 10 °C) in equilib-
rium with the soil atmosphere when the CO2 content in the soil atmosphere would
be 50 times higher than in the normal atmosphere. H(CO2) = 0.0525 mol/(L⋅bar) at
10 °C.

6.5. A 1 L flask contains 0.8 L of an aqueous solution of trichloroethylene
(H = 0.085 mol/(L⋅bar) at 25 °C) with the initial concentration of ρ✶aq, in= 100 mg/L.
A second 1 L flask contains 0.2 L of the same solution. Calculate the concentrations
remaining in the aqueous phase after establishment of the equilibrium at 25 °C for
both cases. The universal gas constant is R =0.083145 bar⋅L/(mol⋅K).
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6.6. In drinking water treatment, it is often necessary to remove dissolved CO2 from
raw water due to its aggressive (corrosive) character. Stripping by air is one of the
possible processes that can be applied to remove CO2 from water. What is the mini-
mum CO2 mass concentration in the water that can be reached by this process at
10 °C? The molecular weight of CO2 is M = 44 g/mol and the Henry’s law constant at
10 °C amounts to H = 0.0525 mol/(L⋅bar). The CO2 content in the process air (total
pressure: 1 bar) is assumed to be 415 ppmv.
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7 Acid/Base Equilibria

7.1 Introduction

The relevance of acid/base equilibria for aqueous systems results from the fact that
numerous water constituents are acids or bases according to Brønsted’s acid/base
theory (Section 7.2). Moreover, water itself is also involved in acid/base reactions
(Section 7.3). Since, after Brønsted’s acid/base theory, the definition of acids and
bases is based on the capability to donate or accept protons (H+), the pH as a mea-
sure of the proton concentration plays an important role in acid/base systems. The
degree of proton release or acceptance determines the strength of acids and bases
(Section 7.4). Furthermore, the pH determines the concentration distribution of
conjugate acid/base pairs. This is in particular true for weak acids and bases which
are not completely deprotonated or protonated over the whole pH range. Typical
examples for such acid/base systems with pH-dependent species distribution are
CO2/HCO3

–/CO3
2–, HPO4

2–/H2PO4
–, and NH3/NH4

+. Another important aspect is that the
solubility of many solids and gases depends on pH due to the coupling of dissolu-
tion with acid/base reactions.

Acids and bases can also be found within the group of organic water constitu-
ents. Humic and fulvic acids are frequently occurring natural acids. Basic amines
and acidic phenols originating from natural and anthropogenic sources are further
relevant substance groups.

From the practical point of view, there are two types of problems with respect to
acid/base systems. The first is to answer the question of what pH results after dissolu-
tion of a defined amount of an acid, a base, or a salt (Section 7.5). The second problem
concerns the mathematical description of the pH-dependent speciation (Section 7.6).

A special section of this chapter is dedicated to the carbonic acid system due to
its high relevance for natural water bodies (Section 7.7).

7.2 Brønsted’s Acid/Base Theory

Amongst the different acid/base theories existing in chemistry, Brønsted’s acid/base
theory (also referred to as the Brønsted–Lowry acid/base theory) is the most impor-
tant theory for describing acid/base reactions in aquatic systems. After Brønsted’s
acid/base theory, acids are defined as species that are able to donate protons,
whereas bases are defined as species that are able to accept protons. Accordingly,
acids are proton donors and bases are proton acceptors. The process of proton release
is also referred to as deprotonation, whereas the process of proton acceptance is re-
ferred to as protonation.
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According to the general equation:

Acid Ð H+ +Base (7:1)

an acid is always related to a base and vice versa. Such acid/base pairs are referred to
as conjugate acid/base pairs. In other words, the conjugate base is the deprotonated
form of the related acid, and the conjugate acid is the protonated form of the related
base. The reaction described by equation (7.1) is also referred to as acid dissociation.

Since isolated protons do not exist in aqueous solutions, the released proton is
transferred (donated) to another base according to:

Acid 1 Ð H+ +Base 1 (7:2)

H+ +Base 2 Ð Acid 2 (7:3)
−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
Acid 1+Base 2 Ð Acid 2+Base 1 (7:4)

Here, the proton from acid 1 is donated to base 2. Acid 1, which has lost its proton, is
transformed to base 1, the conjugate base of acid 1. Base 2, which has accepted the pro-
ton from acid 1, is transformed to acid 2, the conjugate acid of base 2. Accordingly, two
conjugate acid/base pairs are always involved in a complete acid/base reaction. As can
be derived from the previous discussion, proton transfer is the characteristic property of
an acid/base reaction. Such a proton transfer reaction is also referred to as protolysis.

In aquatic systems, the solvent water itself forms two acid/base pairs according to:

H2O+H2O Ð H3O
+ +OH− (7:5)

Here, water acts both as an acid and as a base. This process is also referred to as auto-
protolysis. Each of the conjugate acid/base pairs (H2O/OH

– and H3O
+/H2O) can also react

with any other acid or base, here shown by example for the acid HCl and the base NH3:

HCl+H2O Ð H3O
+ +Cl− (7:6)

NH3 +H2O Ð NH+
4 +OH− (7:7)

In the first case, water acts as a base and accepts the proton from HCl, whereas in
the second case, water is the acid that gives its proton to NH3.

According to equations (7.2)–(7.4), equations (7.6) and (7.7) can be considered
overall equations consisting of two elementary reactions, one describing the loss and
the other the acceptance of the proton. Accordingly, we can write for the acid HCl:

HCl Ð H+ +Cl− (7:8)

H+ +H2O Ð H3O+ (7:9)
−−−−−−−−−−−−−−−−−−−−−−−−−−
HCl+H2O Ð H3O

+ +Cl− (7:10)
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If we define H+ as shorthand notation of H3O
+ (since all protons in water occur as

hydrated protons) and take into account that water does not appear in the law of
mass action (Chapter 5, Section 5.3), equations (7.8) and (7.10) and the related laws
of mass actions become equivalent:

K✶ðHClÞ= aðH+ÞaðCl−Þ
aðHClÞ = aðH3O+Þ aðCl−Þ

aðHClÞ (7:11)

Therefore, we are free to use equation (7.8) or equation (7.10) to express the reaction
of the acid HCl in water. This is also true for all other acids. In this book, as a rule,
we will use the simpler notation according to equation (7.8).

For the base NH3, we can write the elementary reactions and the overall reac-
tion as:

H2O Ð H+ +OH− (7:12)

NH3 +H+ Ð NH+
4 (7:13)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
NH3 +H2O Ð NH+

4 +OH− (7:14)

In principle, we can use either equation (7.13) or equation (7.14) to express the proton-
ation of the base in water. However, in contrast to the case of acids discussed before,
the different formulations lead to different laws of mass action. For equation (7.13),
which is the reverse reaction of the deprotonation of NH4

+, we obtain:

K✶ðNH3Þ= 1
K✶ðNH+

4 Þ
= aðNH+

4Þ
aðNH3Þ aðH+Þ (7:15)

whereas the law of mass action corresponding to equation (7.14) reads:

K✶ðNH3Þ= aðNH+
4 Þ aðOH−Þ

aðNH3Þ (7:16)

In principle, both types of writing the base reaction are equivalent. It depends on
the specific context which form is more advantageous.

The equilibrium constants that describe the deprotonation of acids and the pro-
tonation of bases are referred to as acidity and basicity constants, respectively. The
definitions of these constants and the relationship between them will be discussed
in more detail in Section 7.4.

It has to be noted that the definition of acids and bases is strictly based on the
proton transfer only and is therefore independent of the charge of the species. Neu-
tral species but also cations and anions can act as Brønsted acids, and the same is
true for Brønsted bases as will be shown by the following examples:
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H2SO4 Ð H+ +HSO−
4 (7:17)

NH+
4 Ð H+ +NH3 (7:18)

HCO−
3 Ð H+ +CO2−

3 (7:19)

Al H2Oð Þ6

 �3+ Ð H+ + Al H2Oð Þ5OH


 �2+ (7:20)

Moreover, certain species can accept and release protons. In particular, partly deproto-
nated species belong to this group. These species are formed during the incomplete
dissociation of acids with more than one proton (multiprotic acids). Taking sulfuric
acid as an example, two steps of dissociation can be written as follows:

H2SO4 Ð H+ +HSO−
4 (7:21)

HSO−
4 Ð H+ + SO2−

4 (7:22)

In the first reaction, hydrogensulfate, HSO4
–, is the base, whereas it acts as the acid

in the second dissociation step. Such species, which can act as acid and base, are
referred to as amphoteric species or ampholytes. Other examples are H2PO4

–, HPO4
2–,

or HCO3
–.

Neutral species can also exhibit amphoteric character. As we have seen before,
water (H2O) can accept or release a proton (equation (7.5)). Another type of amphoteric
compounds comprises organic substances with basic and acidic functional groups,
such as amino acids. For instance, the amino acid glycine (NH2–CH2–COOH) occurs as
zwitterion NH3

+–CH2–COO– that can accept or release protons depending on pH:

NH+
3 −CH2 −COO−+H+ Ð NH+

3 −CH2 −COOH (7:23)

NH+
3 −CH2 −COO− Ð NH2 −CH2 −COO−+H+ (7:24)

7.3 Water as an Acid/Base System

Before starting the discussion on other acid/base equilibria, at first, water, the sol-
vent in aquatic systems, will be considered from the viewpoint of acid/base equilib-
ria. Liquid water dissociates to a small extent into protons and hydroxide ions
according to equation (7.5). Using the shorthand notation H+ instead of H3O

+, we
can write:

H2O Ð H+ +OH− (7:25)

According to the conventions mentioned in Chapter 5, the law of mass action is
given by:
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K✶
w = aðH+Þ aðOH−Þ (7:26)

where K✶
w is the dissociation (or autoprotolysis) constant of water which has a value

of 1 × 10−14 mol2/L2 at 25 °C. The constant K✶
w, also referred to as the ion product of

water, is frequently given in logarithmic form as:

pK✶
w = −logK✶

w (7:27)

The dissociation reaction described by equation (7.25) and the related constant con-
stitute the basis for the definition of the conventional pH scale and its neutral
point. If the activities (or simply the concentrations) of the protons and the hydrox-
ide ions are described by the parameters pH and pOH according to:

pH= −log aðH+Þ≈ −log cðH+Þ (7:28)

pOH= −log aðOH−Þ≈ −log cðOH−Þ (7:29)

equation (7.26) can also be written in the form:

pK✶
w = pH+ pOH (7:30)

Given that pK✶
w equals 14, it can be derived from equation (7.30) that both pH and

pOH can cover a range from 0 to 14. Therefore, the conventional pH scale ranges
from 0 to 14. At each pH, the related pOH is given as difference to 14. It has to be
noted that the very complex problem of negative pH and pOH values is not consid-
ered here because it is irrelevant for aquatic systems.

Since neutrality is defined as that state where the positive charges equal the
negative charges, for pure water, the condition:

aðH+Þ= aðOH−Þ= 1× 10−7 mol=L (7:31)

can be derived, which is equivalent to:

pH=pOH= 7 (7:32)

Equation (7.32) defines pH = 7 as the neutral point. However, it has to be noted that
K✶
w (or pK✶

w), like all other equilibrium constants, depends on the temperature.
Therefore, pK✶

w = 14 is strictly valid only for 25 °C. At other temperatures, pK✶
w has

slightly different values. The temperature dependence of pK✶
w is shown in Figure 7.1

and selected values are given in Table 7.1. It follows from Table 7.1 that, for in-
stance, the pK✶

w is 13.54 at 40 °C, and the neutral point is then pH = 6.77.

92 7 Acid/Base Equilibria



7.4 Protolysis of Acids and Bases

The protolysis of an acid HA (where A stands for an arbitrary anion) can be written as:

HA Ð H+ +A− (7:33)

The respective law of mass action reads:

K✶
a =

aðH+Þ aðA−Þ
aðHAÞ (7:34)

Figure 7.1: Temperature dependence of pKw
✶.

Table 7.1: Dissociation constant
of water at different temperatures.

Temperature (°C) pKw
✶

 .
 .
 .
 .
 .
 .
 .
 .
 .
 .
 .
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where Ka
✶ is the (thermodynamic) acidity constant. Introducing the conditional acid-

ity constant, Ka, the law of mass action can be written by using concentrations in-
stead of activities:

Ka =
cðH+Þ cðA−Þ

cðHAÞ (7:35)

Note that for dilute solutions, the difference between Ka
✶ and Ka diminishes. Since

the acidity constants expand over broad ranges, a logarithmic notation (p notation)
is frequently used according to the definition:

pK✶
a = −logK✶

a (7:36)

It follows from equation (7.36) that a high value of the acidity constant Ka
✶ corre-

sponds to a low value of pKa
✶ and vice versa. The acidity constant quantifies the

degree of dissociation. The higher the value of Ka
✶ is, the higher is the degree of dis-

sociation or, in other words, the more the equilibrium described by equation (7.33)
is shifted to the right and the more protons are released. Depending on the value of
Ka
✶, it can be distinguished between strong and weak acids. Strong acids are charac-

terized by very high values of the acidity constant, Ka
✶, or low values of pKa

✶. Conse-
quently, if such acids are dissolved in water, the degree of dissociation is very
high. Very strong acids, such as HCl or H2SO4, dissociate completely. On the con-
trary, weak acids with low values of Ka

✶ (high values of pKa
✶) show only a partial

dissociation during dissolution. As a consequence, the undissociated acid and the
anion (the dissociation product) coexist in the solution.

In principle, the protonation of bases can be considered the reverse reaction of
the acid dissociation given by equation (7.33). The definition of the basicity con-
stant, however, is not based on this reverse reaction but on an overall reaction that
additionally includes the dissociation of water (see Section 7.2):

A− +H+ Ð HA (7:37)

H2O Ð H+ +OH− (7:38)
−−−−−−−−−−−−−−−−−−−−−−−
A− +H2O Ð HA+OH− (7:39)

The advantage of using equation (7.39) as the basis of the definition of the basicity
constant is that it makes clear that the protolysis of bases is coupled with the forma-
tion of hydroxide ions.

To indicate that A– is the base, we will use the symbol B and write equation
(7.39) in the alternative form:

B+H2O Ð BH+ +OH− (7:40)

where BH+ stands for the protonated base.
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The law of mass action related to equation (7.40) reads:

K✶
b =

aðBH+Þ aðOH−Þ
aðBÞ (7:41)

or

Kb =
cðBH+Þ cðOH−Þ

cðBÞ (7:42)

where Kb
✶ is the thermodynamic basicity constant and Kb is the conditional basicity

constant.
Analogous to the acidity constant, a logarithmic form of the basicity constant

can be defined by:

pK✶
b = −logK✶

b (7:43)

A relationship between the acidity constant and the basicity constant of the conju-
gate base can be derived from equations (7.37) to (7.39). The constant related to the
overall reaction (equation (7.39)) is Kb

✶. It is given by the product of the constants of
the elementary reactions (equations (7.37) and (7.38)), where the constant for the
first reaction is 1/Ka

✶ (reverse reaction to the reaction that defines Ka
✶ of the conju-

gate acid) and the constant for the second reaction is the dissociation constant of
water, Kw

✶. Hence, we can write for the overall reaction:

K✶
b =

K✶
w

K✶
a
= aðH+Þ aðOH−Þ aðHAÞ

aðA−ÞaðH+Þ = aðHAÞaðOH−Þ
aðA−Þ (7:44)

Rearranging equation (7.44) gives:

K✶
a K✶

b =K✶
w (7:45)

which can be expressed in logarithmic form as:

pK✶
a +pK✶

b = pK✶
w (7:46)

Table 7.2 lists acidity constants as pK✶
a for 25 °C in the order of decreasing acid

strength for selected acids frequently occurring in aqueous systems. The related
pK✶

b values for the conjugate bases can be found from equation (7.46). The formal
acidity constant given for H2O is valid for the formulation of the law of mass action
according to the definition of the acidity constant (equation (7.34)), that is:

K✶
a ðH2OÞ= aðH+ÞaðOH−Þ

aðH2OÞ (7:47)
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The value of the constant Ka
✶ is therefore different from that of the constant Kw

✶, which
includes the activity of water (equation (7.26)). If we substitute the activity of water
by its concentration (approximately 55.56 mol/L, see Section 3.3.1 in Chapter 3), we
can take this concentration as a conversion factor. Thus, the relationship between the
formal acidity constant, Ka

✶, and the dissociation constant of water, Kw
✶, is given by:

K✶
a ðH2OÞ × ð55.56mol=LÞ=K✶

w (7:48)

It has to be further noted that the pKa
✶ for the carbonic acid given in Table 7.2 is valid

for the sum of true carbonic acid, H2CO3, and dissolved CO2 (see also Section 7.7).
The acidic character of the trivalent ions Fe3+ and Al3+ results from the protoly-

sis of water molecules in the hydration shell according to:

Fe H2Oð Þ6

 �3+ Ð H++ Fe H2Oð Þ5OH


 �2+ (7:49)

Al H2Oð Þ6

 �3+ Ð H+ + Al H2Oð Þ5OH


 �2+ (7:50)

Equations (7.49) and (7.50) describe the first step of a series of protolysis reactions that
can be alternatively considered a specific form of complex formation (see Chapter 11).

Table 7.2: pKa
✶ values of selected acids (25 °C).

Acid Formula pKa
✶

Hydrochloric acid HCl −

Sulfuric acid HSO −

Nitric acid HNO −

Hydrogensulfate ion HSO
–

.
Phosphoric acid HPO .
Hexaaquairon(III) ion [Fe(HO)]

+
.

Arsenic acid HAsO .
Formic acid HCOOH .
Acetic acid CHCOOH .
Hexaaquaaluminum ion [Al(HO)]

+
.

Carbonic acid CO(aq) .
Dihydrogenarsenate ion HAsO

–
.

Hydrosulfuric acid HS .
Dihydrogenphosphate ion HPO

–
.

Boric acid HBO .
Ammonium ion NH

+
.

Silicic acid HSiO .
Phenol CHOH .
Hydrogencarbonate ion HCO

–
.

Hydrogenarsenate ion HAsO
–

.
Hydrogenphosphate ion HPO

–
.

Silicate ion HSiO
–

.
Water HO .
Hydrogensulfide ion HS–

.
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It has to be noted that Table 7.2 lists the thermodynamic constants. As mentioned
previously, for ideal dilute solutions, the activities can be replaced by the concentra-
tions and pKa

✶ equals pKa. The same is true for the corresponding basicity constants
that can be found by using equation (7.46). In the following sections of this chapter,
as a rule, we will apply the assumption of an ideal dilute solution.

7.5 pH of Aqueous Solutions of Acids, Bases, and Salts

7.5.1 pH of Acid Solutions

To calculate the pH that arises after dissolution of an acid, different approaches are pos-
sible depending on the strength of the acid. In the most general case, a set of four equa-
tions is necessary: the law of mass action for the acid dissociation (equation (7.51)),
the law of mass action for the dissociation of water (equation (7.52)), the material bal-
ance equation (equation (7.53)), and the charge balance equation (equation (7.54)):

Ka =
cðH+Þ cðA−Þ

cðHAÞ (7:51)

Kw = cðH+Þ cðOH−Þ (7:52)

c0ðacidÞ= cðHAÞ+ cðA−Þ (7:53)

cðH+Þ= cðA−Þ+ cðOH−Þ (7:54)

The material balance equation results from the fact that the initially existing acid
concentration c0 must be equal to the sum of the concentrations of the remaining
undissociated acid and the formed dissociation product that exist simultaneously
in the solution after the equilibrium has been established. The charge balance equa-
tion is based on the electroneutrality condition that requires that the total concen-
tration of the positive charges must equal the total concentration of the negative
charges. It has to be noted that the concentration of protons on the left-hand side of
equation (7.54) is the sum of the H+ concentrations resulting from the dissociation
of water and from the dissociation of the acid, whereas the OH– concentration on
the right-hand side results only from the water dissociation.

Starting with equation (7.53) and substituting c(HA), c(A–), and c(OH–) by the
respective equilibrium relationships and the charge balance equation gives after
some rearrangements:

c3ðH+Þ+Ka c 2ðH+Þ− ðKa c0ðacidÞ+KwÞ cðH+Þ−Kw Ka =0 (7:55)

The cubic equation has to be solved for c(H+) by an iteration procedure. After that,
the pH can be found by using equation (7.28). However, the application of the cubic
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equation is only necessary if the concentration of A– is in the same order of magnitude
as the concentration of OH– resulting from the water dissociation. This is typically the
case when the acid is a very weak acid (low value of Ka) and the initial acid concentra-
tion is low.

If c(A–) ≫ c(OH–) (higher initial acid concentration and/or higher value of Ka),
equation (7.54) simplifies to:

cðH+Þ= cðA−Þ (7:56)

where only the dissociation products of the acid are considered and the H+ and OH–

concentrations from the water dissociation are neglected. Introducing equation
(7.56) into the material balance gives:

cðHAÞ= c0ðacidÞ− cðH+Þ (7:57)

With equations (7.56) and (7.57), the law of mass action for the acid dissociation
can be written as:

Ka =
c2ðH+Þ

c0ðacidÞ− cðH+Þ (7:58)

or

c2ðH+Þ+Ka cðH+Þ−Ka c0ðacidÞ=0 (7:59)

Applying the general formula for solving a quadratic equation to equation (7.59),
we find:

cðH+Þ= −
Ka

2
±

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
K2
a

4
+Ka c0ðacidÞ

s
(7:60)

Of the two possible solutions, the negative one can be canceled because the con-
centration of the protons cannot be negative.

A further simplification can be made for weak acids (low degree of dissociation)
where the condition:

cðH+Þ<< c0ðacidÞ (7:61)

holds. In this case, the law of mass action (equation (7.58)) simplifies to:

Ka =
c 2ðH+Þ
c0ðacidÞ (7:62)

and the proton concentration can be found by:

cðH+Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ka c0ðacidÞ

p
(7:63)
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Alternatively, equation (7.63) can be written in logarithmic form as:

pH= 1
2
ðpKa − log c0ðacidÞÞ (7:64)

The simplest version of pH calculation results for very strong (completely dissoci-
ated) acids. Here, the concentration of the protons is the same as the initial concen-
tration of the acid:

c0ðacidÞ≈ cðA−Þ≈ cðH+Þ cðHAÞ ! 0 (7:65)

and the pH can be found from:

pH= −log c0ðacidÞ (7:66)

It has to be noted that at high concentrations (strong deviation from ideal condi-
tions), the activity has to be used instead of the concentration according to the
exact definition of pH (see equation (7.28)).

Example 7.1
What is the pH of an acetic acid solution (pKa = 4.76) with c0 = 0.1 mol/L?

Solution:
We start with the quadratic equation:

cðH+Þ= −
Ka
2

±

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
K2
a

4
+Ka c0ðacidÞ

s

With

Ka = 10−pKa = 1.74× 10−5 mol=L

we obtain:

cðH+Þ= −8.7× 10−6 mol=L ±
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
7.57× 10−11 mol2=L2 + ð1.74× 10−5 mol=LÞ ð0.1mol=LÞ

q
cðH+Þ= 1.31× 10−3 mol=L (negative result canceled)

and finally, we find the pH to be:

pH= −log cðH+Þ= 2.88

In this case, the simplified equation:

pH= 1
2
ðpKa − log c0ðacidÞÞ= 1

2
ð4.76+ 1Þ= 2.88

gives the same result.

We can conclude from the example that the use of the quadratic equation is only
necessary for stronger but not completely dissociated acids. Those are acids with
pKa

✶ in the range of 4.5 > pKa
✶ > −1.74. The latter is the pKa

✶ of H3O
+ that assigns the

limit between strong and very strong (completely dissociated) acids.
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7.5.2 pH of Base Solutions

The equations that can be used to calculate the pOH values of base solutions have the
same mathematical form as the equations derived for the calculation of the pH values
of acid solutions. The only difference is that Ka has to be replaced by Kb, c0(acid) by
c0(base), and c(H+) by c(OH–). Accordingly, the general solution equation is:

c3ðOH−Þ+Kb c 2ðOH−Þ− ðKb c0ðbaseÞ+KwÞ cðOH−Þ−Kw Kb =0 (7:67)

and the simplified quadratic solution for c(HB+) ≫ c(H+) is:

cðOH−Þ= −
Kb

2
±

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
K2
b

4
+Kb c0ðbaseÞ

s
(7:68)

The equations for weak bases read:

cðOH−Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Kb c0ðbaseÞ

p
(7:69)

and

pOH= 1
2
ðpKb − log c0ðbaseÞÞ (7:70)

and finally, the equation:

pOH= −log c0ðbaseÞ (7:71)

can be used for very strong bases.
Equations (7.67)–(7.71) yield at first the hydroxide ion concentration or the

pOH. The proton concentration and the related pH are available from equations
(7.52) or (7.30).

7.5.3 pH of Salt Solutions

Independent of its true origin, each salt can be formally considered to be a product of
the neutralization of an acid with a base. Ammonium chloride, for instance, can be con-
sidered to be the product of the reaction of the base ammonia with hydrochloric acid:

NH3 +HCl Ð NH4Cl (7:72)

As can be derived from equation (7.72), the cation of the salt originates from the base
and the anion originates from the acid. Regarding the strength of the acid and the base,
different combinations are possible: strong acid + strong base, strong acid + weak
base, weak acid + strong base, and weak acid + weak base. The kind of combination
determines the pH that will arise in the salt solution.
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In aqueous solutions, the salts dissociate into cations and anions, for instance:

NaCl ! Na+ +Cl− (7:73)

If the cation originates from a strong base and the anion from a strong acid as in
the given example (strong base NaOH and strong acid HCl), no reaction with water
will occur because both strong acid and strong base are completely protolyzed. This
means that in our example neither the Na+ ions react with OH– ions from water to
restitute NaOH nor the Cl– ions react with H+ ions from water to restitute HCl. Con-
sequently, the solution remains neutral.

A shift in the pH will occur when one partner in the neutralization is weak and
the corresponding ion reacts with H+ or OH– originating from water dissociation,
under partial restitution of the conjugate acid or base compound, whereas the ion
from the strong partner remains unchanged. In this case, either H+ or OH– ions are
consumed which results in a change of pH.

Let us take NH4Cl (salt of a strong acid and a weak base) as an example. In
aqueous solution we have:

NH4Cl ! NH+
4 +Cl− (7:74)

The cation NH4
+ (from the weak base NH3) partially reacts with OH– to restitute NH3:

NH+
4 +OH− Ð NH3 +H2O (7:75)

whereas Cl–, the anion of the strong acid HCl shows no reaction with H+. Therefore,
only the OH– concentration decreases (due to the consumption by NH4

+) with the
consequence that the pH of the solution decreases. The overall reaction that deter-
mines the pH of the salt solution can be derived from a combination of equation
(7.75) with the water dissociation:

H2O Ð H+ +OH− (7:76)

NH+
4 +OH− Ð NH3 +H2O (7:77)

−−−−−−−−−−−−−−−−−−−−−−−−−−−

NH+
4 Ð NH3 +H+ (7:78)

Thus, we can generalize that a solution of a salt, which consists of the cation of a
weak base and the anion of a strong acid, reacts acidic.

Next, we will consider a salt consisting of the cation of a strong base and the
anion of a weak acid, for instance Na2CO3. Here, the anion reacts with protons from
water, whereas the cation (from the strong base) remains unchanged:

Na2CO3 ! 2Na+ + CO2−
3 (7:79)

CO2−
3 +H+ Ð HCO−

3 (7:80)
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HCO−
3 +H+ Ð H2CO3ð Þ Ð H2O+CO2ðaqÞ (7:81)

As a consequence, there is a consumption of H+ leading to an increase of pH. It has
to be noted that the contribution of the last reaction to the proton consumption is
small (see also Section 7.7). Thus, the overall reaction can be written in a simplified
form as:

H2O Ð H+ +OH− (7:82)

CO2−
3 +H+ Ð HCO−

3 (7:83)
−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
CO2−

3 +H2O Ð HCO−
3 +OH− (7:84)

Generally, a solution of a salt formed by a weak acid and a strong base reacts basic.
As can be seen from the previous discussion, the pH-determining reactions are

identical with the protolysis of an acid (equation (7.78)) or of a base (equation
(7.84)). Consequently, the calculation of the pH that will arise in the salt solution
does not differ from the calculation of the pH of an acid or base solution as shown
in Sections 7.5.1 and 7.5.2, respectively. After identification of the pH-determining
reaction, one of the equations for weak acids or bases given in these sections can
be used to find the resulting pH. The initial concentration of the acid (cation) or the
base (anion) can be derived from the initial concentration of the salt under the as-
sumption that the salt is completely dissociated.

Example 7.2
What is the pH of an NH4Cl solution with c0 = 0.1 mol/L? pKa (NH4

+) = 9.25.

Solution:
Ammonium chloride dissociates during dissolution according to:

NH4Cl ! NH+
4 +Cl−

Since NH4
+ comes from a weak base (NH3) and Cl– from a strong acid (HCl), the pH-determining reac-

tion is the protolysis of the cation NH4
+ that reacts as an acid according to:

NH+
4 Ð NH3 +H+

The relatively high pKa allows calculating the pH by the simplified equation (7.64) (see also
Example 7.1):

pH= 1
2
ðpKa − log c0ðacidÞÞ

Given that the salt is completely dissociated, the initial concentration of the acid NH4
+ is the same

as the salt concentration (0.1 mol/L). Consequently, the pH is:

pH= 1
2
ð9.25+ 1Þ= 5.13
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If a salt is formed from a weak acid and a weak base, both protons and hydroxide ions
are consumed by the partial restitution of the related acid and base, respectively.
Therefore, we can expect that the total pH change is smaller than in the cases strong
acid + weak base or weak acid + strong base due to the compensation of the opposite
effects. It depends on the relative strengths of the partners if slightly more protons or
slightly more OH– ions are consumed and in which direction the pH is shifted. Let us
take ammonium formiate (HCOONH4) as an example. After dissolution of the salt and
dissociation into NH4

+ and HCOO–, we have to consider the following reactions:

NH+
4 Ð NH3 +H+ (7:85)

HCOO−+H2O Ð HCOOH+OH− (7:86)

H2O Ð H+ +OH− (7:87)

The respective laws of mass action are:

Ka =
cðNH3Þ cðH+Þ

cðNH+
4Þ

(7:88)

Kb =
cðHCOOHÞ cðOH−Þ

cðHCOO−Þ (7:89)

Kw = cðH+Þ cðOH−Þ (7:90)

If we consider the fact that only portions of the cations and anions are transformed
to the corresponding base or acid and residuals of the ions remain unchanged, the
material balances have to be written as:

c0ðNH+
4 Þ= cðNH+

4 Þ+ cðNH3Þ (7:91)

and

c0ðHCOO−Þ= cðHCOO−Þ+ cðHCOOHÞ (7:92)

where

c0ðNH+
4 Þ= c0ðHCOO−Þ= c0ðsaltÞ (7:93)

Finally, the charge balance reads:

cðNH+
4 Þ+ cðH+Þ= cðHCOO−Þ+ cðOH−Þ (7:94)

Substituting c(NH3) and c(HCOOH) in equations (7.91) and (7.92) by the respective
laws of mass action and inserting the resulting expressions into the charge balance
gives:
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c0ðsaltÞ
1+ Ka

cðH+Þ
+ cðH+Þ= c0ðsaltÞ

1+ Kb

cðOH−Þ
+ cðOH−Þ (7:95)

Rearranging under consideration of equation (7.90) leads to:

c0ðsaltÞ cðH+Þ
cðH+Þ+Ka

+ cðH+Þ=
c0ðsaltÞ Kw

cðH+Þ
Kw

cðH+Þ +Kb

+ Kw

cðH+Þ (7:96)

This equation has to be solved by an iterative method.
Frequently, the second terms on both sides are considerably smaller than the first

terms and can therefore be neglected. This is particularly true when the salt concentra-
tion is not too low and/or the pH difference to 7 (c(H+) = c(OH–) = 1 × 10−7 mol/L) is
small. The latter can be expected if the strength of the acid and the base are only
slightly different. This simplification leads, after some rearrangements, to the equation:

cðH+Þ≈
ffiffiffiffiffiffiffiffiffiffiffiffi
Ka Kw

Kb

s
(7:97)

Under this condition, the pH is no longer influenced by the salt concentration.
From equation (7.97), the following conclusions can be drawn. If Ka = Kb, the

opposite protolysis effects compensate for each other and the pH remains constant
(c(H+) =

ffiffiffiffiffiffi
Kw

p
= 1 × 10−7 mol/L, pH = 7). If Ka > Kb, then the solution will become

acidic with c(H+) >
ffiffiffiffiffiffi
Kw

p
, c(H+) > 1 × 10−7 mol/L, pH < 7. On the contrary, if Kb > Ka,

then the solution becomes alkaline with c(H+) <
ffiffiffiffiffiffi
Kw

p
, c(H+) < 1 × 10−7 mol/L, pH > 7.

Example 7.3
Calculate the pH of an ammonium formiate (HCOONH4) solution with c0 = 0.1 mol/L.
pKa NH+

4Þ = 9.25, pKa HCOOHð Þ = 3.77,
�

pKw = 14.

Solution:
The pH is determined by both protolysis reactions:

NH+
4 Ð H+ +NH3

and

HCOO− +H2O Ð HCOOH+OH−

For the second reaction, we need the pKb. We can compute it from the pKa by:

pKb =pKw − pKa = 14− 3.77= 10.23

Since the pKb of HCOO
– is greater than the pKa of NH4

+ (Kb < Ka), we expect the solution to be acidic.
First, we want to apply the simplified equation (7.97). Later, we can take the result to prove the
validity of the simplifying assumptions by using the exact equation (7.96).
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The required constants are:

NH+
4 :Ka = 10−pKa mol=L= 5.62× 10−10 mol=L

HCOO−:Kb = 10−pKb mol=L= 5.89× 10−11 mol=L

H2O:Kw = 10−pKw mol2=L2 = 1× 10−14 mol2=L2

Introducing the constants into equation (7.97) gives:

cðH+Þ=
ffiffiffiffiffiffiffiffiffiffiffiffi
Ka Kw
Kb

s
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
ð5.62× 10−10 mol=LÞ ð 1 × 10−14 mol2=L2Þ

5.89× 10−11 mol=L

s

cðH+Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
9.54× 10−14 mol2=L2

q
= 3.09× 10−7 mol=L

pH= −logð3.09× 10−7Þ=6.51

As expected, we find for this salt, originating from a weak base and a weak acid, only a small shift
of pH from 7 to 6.51 into the acidic range. To verify the approximate solution, we can now substitute
the found proton concentration and the constants into equation (7.96):

c0ðsaltÞ cðH+Þ
cðH+Þ+Ka + cðH+Þ=

c0ðsaltÞ Kw
cðH+Þ

Kw
cðH+Þ +Kb

+ Kw
cðH+Þ

ð0.1 mol=LÞ ð3.09× 10−7 mol=LÞ
3.09× 10−7 mol=L+ 5.62× 10−10 mol=L

+3.09× 10−7 mol=L

=
0.1 mol=L

1× 10−14 mol2=L2

3.09× 10−7 mol=L

1 × 10−14 mol2=L2

3.09× 10−7 mol=L
+ 5.89× 10−11 mol=L

+ 1× 10−14 mol2=L2

3.09× 10−7 mol=L

3.09× 10−8 mol2=L2

3.096× 10−7 mol=L
+3.09× 10−7 mol=L= 3.24× 10−9 mol2=L2

3.24× 10−8 mol=L
+3.24× 10−8mol=L

0.1 mol=L+3.09× 10−7 mol=L=0.1 mol=L+3.24× 10−8mol=L

We can see that, indeed, the second terms of both sides are negligible in comparison to the first
terms which was the assumption made for deriving the simplified equation (7.97). Accordingly, the
small difference between the second terms of both sides has no impact on the total balance.

7.5.4 Buffer Systems

A buffer system is a specific acid/base system that is able to keep the pH value of the
aqueous solution nearly constant. A typical buffer system consists of the components
of a conjugate acid/base pair in comparable concentrations. The buffer effect is based
on the ability of the buffer base and the buffer acid to bind protons or hydroxide ions
originating from strong acids or bases (e.g., HCl or NaOH) introduced into the buff-
ered solution from outside. The pH that is kept approximately constant despite the
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introduction of H+ or OH– depends on the acidity constant of the buffer acid and the
concentration ratio of the buffer base and the buffer acid and is given by:

pH=pKa + log
cðbuffer baseÞ
cðbuffer acidÞ (7:98)

For the buffer system HAc/Ac– (HAc stands here for the acetic acid, CH3COOH, and
Ac– for the acetate anion, CH3COO

–), the buffer reactions can be described as follows:

Addition of a strong acid (addition of H+):

H+ +Ac− Ð HAc (7:99)

Addition of a strong base (addition of OH–):

OH− +HAc Ð Ac− +H2O (7:100)

If a strong acid is added to the buffered solution, the buffer base (Ac–) binds the
introduced protons under formation of the buffer acid (HAc). On the contrary, if a
strong base is added to the buffered solution, the buffer acid (HAc) binds the intro-
duced hydroxide ions under formation of the buffer base (Ac–). The higher the con-
centration of the buffer system is, the more protons or hydroxide ions can be
bound, and the higher the buffer capacity.

Considering the conversion reactions and the related changes in the concentra-
tions of the buffer acid and buffer base, the change in pH can be calculated by:

pH=pKa + log
cðbuffer baseÞ− cðH+Þ
cðbuffer acidÞ+ cðH+Þ (7:101)

pH= pKa + log
cðbuffer baseÞ+ cðOH−Þ
cðbuffer acidÞ− cðOH−Þ (7:102)

where c(H+) and c(OH–) are the concentrations of the protons and hydroxide ions
from the added strong acid and base, respectively.

Example 7.4
What is the pH value in a buffer system consisting of 0.4 mol/L HAc (pKa = 4.76) and 0.4 mol/L
NaAc? How does the pH change after addition of 0.1 mol/L HCl and what would be the pH of a
0.1 molar solution of HCl without any buffer?

Solution:
The pH of the buffer system can be calculated from equation (7.98):

pH= pKa + log
cðAc−Þ
cðHAcÞ = 4.76+ log

0.4mol=L
0.4mol=L

=4.76
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Since HCl is a strong (completely dissociated) acid, the proton concentration is c(H+) = c(HCl) = 0.1 mol/L.
The pH after addition of 0.1 mol/L HCl is:

pH= pKa + log
cðAc−Þ− cðH+Þ
cðHAcÞ+ cðH+Þ =4.76+ log

0.4mol=L−0.1mol=L
0.4mol=L+0.1mol=L

pH=4.76+ log
0.3
0.5 =4.76−0.22=4.54

Despite the addition of a relative high concentration of a very strong acid, there is only a small
decrease in pH. For comparison, the pH of an unbuffered HCl solution with c = 0.1 mol/L would be:

pH =−log cðH+Þ = −logðc0ðHClÞÞ= −logð0.1Þ= 1

according to equation (7.66).

Amphoteric anions can also act as buffers because they are able to bind protons as
well as hydroxide ions. The most relevant amphoteric buffer ion in natural waters is
hydrogencarbonate. Amongst all potential buffers in natural waters, it typically occurs
in the highest concentration and therefore determines the buffer capacity of the water.
Waters with high hydrogencarbonate concentrations are therefore also referred to as
well-buffered waters. The respective buffer reactions are:

H+ +HCO−
3 Ð CO2 +H2O (7:103)

OH−+HCO−
3 Ð CO2−

3 +H2O (7:104)

The carbonic acid system is discussed in more detail in Section 7.7.

7.6 Degree of Protolysis and Acid/Base Speciation

7.6.1 Monoprotic Acids

Monoprotic acids are acids that can donate only one proton. The degree of protoly-
sis of a monoprotic acid, α, describes the ratio of the concentration of the dissocia-
tion product and the total initial concentration of the acid, c0(acid). It follows from
the material balance that the latter must be equal to the sum of the concentrations
of the residual undissociated acid, c(HA), and the concentration of the formed
anion, c(A–), after establishment of the equilibrium:

α= cðA−Þ
c0ðacidÞ =

cðA−Þ
cðHAÞ+ cðA−Þ (7:105)

The degree of protolysis depends on the pH as can be derived by combining the
definition equation given above with the law of mass action. It follows from equa-
tion (7.35) that:
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cðHAÞ
cðA−Þ = cðH+Þ

Ka
(7:106)

After introducing pH and pKa, we can write equation (7.106) in the form:

log
cðHAÞ
cðA−Þ =pKa −pH (7:107)

or

cðHAÞ
cðA−Þ = 10pKa − pH (7:108)

Combining equations (7.105) and (7.108) gives:

1
α
= cðHAÞ

cðA−Þ + 1= 10pKa −pH + 1 (7:109)

and

α= 1

10pKa −pH + 1
(7:110)

For the considered acid HA, α represents the fraction of the anion, f(A–), which is
the conjugate base of HA and, consequently, 1–α represents the fraction of the un-
dissociated acid, f(HA). More generally speaking, α is the fraction of the base and
1–α is the fraction of the conjugate acid:

f ðacidÞ= 1− α (7:111)

f ðbaseÞ= α (7:112)

Figure 7.2: Speciation in the system NH3/NH4
+ (25 °C).
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Consequently, equation (7.110) can be used to find the species distribution of
an acid/base pair as a function of pH, also referred to as acid/base speciation. It
has to be noted that, although derived for the neutral acid HA, these relationships
hold independently of the charge of the monoprotic acid and its conjugate base.
An acid/base speciation example is shown in Figure 7.2 for the ammonium ion
(pKa = 9.25 at 25 °C) and its conjugate base ammonia.

Example 7.5
What is the fraction of phenolate in the system phenol/phenolate at pH = 8? pKa (phenol) = 9.9.

Solution:
Phenol is a weak monoprotic acid that dissociates according to:

C6H5OH Ð H+ +C6H5O−

where phenolate is the conjugate base. The degree of protolysis at pH = 8 can be found from:

α = 1

10pKa −pH + 1
= 1

109.9−8 + 1
= 1

101.9 + 1
=0.012

According to equation (7.112), the degree of protolysis equals the fraction of the base. Therefore,
the result is:

f ðphenolateÞ=α =0.012

To get a quick insight into the speciation of a given acid/base system, it is helpful
to consider characteristic pH values in relation to the pKa. For instance, it follows
from equation (7.110) that for pH = pKa, the degree of protolysis is 0.5. Table 7.3
summarizes the degrees of protolysis and the related speciation for five selected pH
values. It can be derived from Table 7.3 that at pH < pKa – 2, the deprotonation is
negligible and the acid is the only relevant species in the acid/base system. By con-
trast, at pH > pKa +2, the deprotonation is nearly complete and the base dominates
the composition of the acid/base system.

Table 7.3: Degrees of protolysis and acid/base speciation at selected pH values.

pH Degree of
protolysis, α

f (acid) f (base) Concentration ratio
c(acid) : c(base)

pH = pKa –  . . . :
pH = pKa –  . . . :
pH = pKa . . . :
pH = pKa +  . . . :
pH = pKa +  . . . :
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7.6.2 Polyprotic Acids

The calculation of the speciation of polyprotic acids (acids with more than one pro-
ton) as a function of pH is a bit more complicated than that of monoprotic acids. A
general way to find the species distribution as a function of pH is to start with a mate-
rial balance of the acid and the dissociation products and to subsequently substitute
the unknown concentrations by the equilibrium relationships in such a manner that
only one unknown concentration is left. This concentration is then related to the
total concentration to find the fraction, f, of the considered species in the system. The
fractions of the other species can be found in the same manner. Generally, the frac-
tions, f, of all species only depend on pH and on the acidity constants for the differ-
ent protolysis steps.

The elementary dissociation steps and the overall reaction equation of a di-
protic acid H2A as well as the related laws of mass action are:

H2A Ð H+ +HA− Ka1 =
cðH+Þ cðHA−Þ

cðH2AÞ (7:113)

HA− Ð H+ +A2− Ka2 =
cðH+Þ cðA2−Þ

cðHA−Þ (7:114)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

H2A Ð 2H+ +A2− Ka1Ka2 =
c2ðH+Þ cðA2−Þ

cðH2AÞ (7:115)

The material balance equation reads:

ctotal = cðH2AÞ+ cðHA−Þ+ cðA2−Þ (7:116)

where ctotal is the total concentration of all species in the acid/base system.
To find the fraction of the undissociated acid H2A, at first, the concentrations of

HA– and A2– are substituted by means of the equations (7.113) and (7.115):

ctotal = cðH2AÞ+ cðH2AÞ Ka1

cðH+Þ + cðH2AÞ Ka1 Ka2

c2ðH+Þ (7:117)

After factoring out c(H2A) and rearranging the equation, an expression for the frac-
tion f(H2A) can be found:

ctotal = cðH2AÞ 1+ Ka1

cðH+Þ+
Ka1 Ka2

c2ðH+Þ
� 	

(7:118)

f ðH2AÞ= cðH2AÞ
ctotal

= 1

1+ Ka1

cðH+Þ +
Ka1 Ka2

c2ðH+Þ
(7:119)
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The fractions f (HA–) and f (A2–) can be derived in an analogous manner:

f ðHA−Þ= cðHA−Þ
ctotal

= 1
cðH+Þ
Ka1

+ 1+ Ka2

cðH+Þ
(7:120)

f ðA2− Þ= cðA2− Þ
ctotal

= 1
c2ðH+Þ
Ka1 Ka2

+ cðH+Þ
Ka2

+ 1
(7:121)

In the same way, the speciation of acids with more than two protons can also be
found. The speciation of a triprotic acid will be shown here by considering the ex-
ample of phosphoric acid that dissociates in three steps according to:

H3PO4 Ð H+ +H2PO−
4 pKa = 2.1 (7:122)

H2PO
−
4 Ð H+ +HPO2−

4 pKa = 7.2 (7:123)

HPO2−
4 Ð H+ +PO3−

4 pKa = 12.4 (7:124)

The given pKa values are valid for 25 °C. The distribution of the phosphoric acid spe-
cies as a function of pH is depicted in Figure 7.3. It can be seen that in the medium pH
range, dihydrogenphosphate and hydrogenphosphate are the dominant species,
whereas phosphate, PO4

3–, dominates only at very high pH values. Nevertheless, phos-
phate concentrations in natural waters are often reported as c(PO4

3–) or ρ✶(PO4
3–).

Figure 7.3: Speciation of phosphoric acid (25 °C).
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7.7 Carbonic Acid

7.7.1 Relevance

Carbonic acid and its dissociation products play an important role in aquatic sys-
tems. Carbonic acid is mostly dissolved carbon dioxide, and only a very small part
occurs as H2CO3. However, [CO2 + H2O] reacts in the same way as H2CO3 and there-
fore the name carbonic acid is also used for dissolved carbon dioxide. Carbon diox-
ide is an essential part of the biogeochemical carbon cycle. Biomass is produced
from carbon dioxide and water by algae and plants through photosynthesis. On the
other hand, degradation (mineralization) of biomass leads to carbon dioxide. Fur-
thermore, the gas carbon dioxide is a constituent of atmospheric air and is intro-
duced into aquatic systems according to Henry’s law (Chapter 6). Its solubility is
further enhanced by the subsequent protolysis of the dissolved CO2. CO2(aq) is also
related to the dissolution/precipitation of the frequently occurring mineral calcite
(CaCO3) within the calco–carbonic equilibrium (Chapter 9). The first dissociation
product of carbonic acid, hydrogencarbonate (bicarbonate), belongs to the major
ions in natural waters. It is often the anion with the highest concentration. Carbonic
acid and its dissociation products act as buffer in aquatic systems. As demonstrated
in Section 7.5.4, hydrogencarbonate can bind protons (under formation of carbon
dioxide) and hydroxide ions (under formation of carbonate) and thus buffers against
strong acids and bases.

Due to the relevance of the carbonic acid system for natural waters, it is worth-
while to discuss it in more detail.

7.7.2 Speciation of Carbonic Acid

The dissociation of the carbonic acid proceeds according to:

CO2ðaqÞ +H2O Ð H2CO3ð Þ Ð H+ +HCO−
3 pKa1 = 6.36 (7:125)

HCO−
3 Ð H+ +CO3

2− pKa2 = 10.33 (7:126)

The given pKa values are valid for 25 °C.
For the sake of simplicity, the index (aq) is omitted in the following sections.

Accordingly, if not otherwise stated, c(CO2) means concentration of dissolved CO2.
It has to be noted that Ka1, in a rigorous sense, is the acidity constant of the analyti-
cal sum of H2CO3 and CO2(aq). However, the fraction of H2CO3 is very small (about
0.3% at 25 °C) and its contribution can therefore be neglected.

The speciation can be calculated following the scheme given in Section 7.6.2.
The material balance reads:
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ctotal = cðDICÞ= cðCO2Þ+ cðHCO−
3 Þ+ cðCO2−

3 Þ (7:127)

where the total concentration of the carbonic acid species is expressed by the fre-
quently used term dissolved inorganic carbon (DIC).

According to equations (7.119)–(7.121), the fractions of the carbonic acid species
are given by:

f ðCO2Þ= cðCO2Þ
cðDICÞ =

1

1+ Ka1

cðH+Þ +
Ka1 Ka2

c2ðH+Þ
(7:128)

f ðHCO−
3 Þ=

cðHCO−
3 Þ

cðDICÞ = 1
cðH+Þ
Ka1

+ 1+ Ka2

cðH+Þ
(7:129)

f ðCO2−
3 Þ= cðCO2−

3 Þ
cðDICÞ = 1

c 2ðH+Þ
Ka1 Ka2

+ cðH+Þ
Ka2

+ 1
(7:130)

The resulting speciation is shown in Figure 7.4.

From the diagram in Figure 7.4, one could receive the impression that the distribu-
tion curves end at certain pH values where f = 0. Actually, the curves are asymptotic.
This can be seen from a diagram that uses a logarithmic ordinate (Figure 7.5). Obvi-
ously, dissolved CO2 also exists at relatively high pH values and carbonate also oc-
curs at relatively low pH values. However, their fractions are very low under these
conditions.

Figure 7.4: Speciation of carbonic acid (25 °C).
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7.7.3 Determination of the Carbonic Acid Species by Acid/Base Titrations

Equations (7.128)–(7.130) can be used to calculate the fractions of the carbonic acid
species but they give no information on the absolute concentrations. The absolute
concentrations can be calculated from these equations only if the concentration of
the total inorganic carbon is available from a separate measurement. In principle, a
direct analytical determination of DIC is possible, but requires expensive analytical
equipment. Therefore, in practice, an alternative method based on simple acid/base
titrations is used to determine the concentrations of the carbonic acid species. In
this analytical method, the acid or base consumption until a defined pH endpoint is
determined and related to the concentrations of the carbonic acid species in the
water sample. Solutions of hydrochloric acid and sodium hydroxide are typically
used to carry out the acid/base titrations. It has to be noted that a direct relation-
ship between the carbonic acid species concentrations and the results of the titration
only exists if no other acid/base systems (e.g., phosphoric acid species or NH4

+/NH3)
contribute significantly to the proton or hydroxide ion consumption. This condition
is fulfilled in most cases because the concentrations of the potentially disturbing
water constituents are usually significantly lower than the concentrations of the car-
bonic acid species. Such waters are also referred to as carbonate-dominated waters.

To illustrate the following discussion, the carbonic acid species distribution is
shown once again in Figure 7.6, but in this case not for their fractions but for their
absolute concentrations. The curves have been calculated for two total concentra-
tions (1 × 10−3 mol/L and 1 × 10−2 mol/L), which covers the practically relevant range.
Furthermore, the respective H+ and OH– concentrations are shown in the diagram.

Figure 7.5: Speciation of carbonic acid in logarithmic representation (25 °C).
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In order to relate the titration results to the concentrations, appropriate titration
endpoints (equivalence points) have to be defined. Typical endpoints used in practice
are pH = 4.3 and pH= 8.2. These endpoints are defined on the basis of the carbonic
acid system under the assumption that other acid/base systems can be neglected. It
follows from the speciation shown in Figure 7.6 that the titration endpoint pH = 4.3
represents the reference state of a carbon dioxide solution, whereas pH = 8.2 repre-
sents the reference state of a sodium hydrogencarbonate solution. At these points,
the concentrations of the other carbonic acid species (HCO3

– and CO3
2– at pH = 4.3 or

CO2(aq) and CO3
2– at pH = 8.2) are negligibly small. Accordingly, the titration results

for a water with an initial pH that is different from the endpoints represents the
amounts of H+ or OH– that are necessary to transform other species nearly totally to
CO2 or to HCO3

–. The concentrations of the transformed species can then be computed
from the acid or base consumption by stoichiometric calculations.

Before starting the discussion on the relationships between the titration results
and the carbonic acid species concentrations, we want to look at the proton balances
at the titration endpoints. If we want to establish an exact proton balance for a CO2

solution, we have to write:

cðH+Þ= cðHCO−
3 Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ≈ cðHCO−
3Þ (7:131)

which includes all species that results from the autoprotolysis of water (H2O → H++ OH–)
and the minor dissociation of CO2ðCO2 + H2O ! H+ + HCO−

3 ! 2 H+ + CO2−
3 Þ. As we

can see from Figure 7.6, the contributions of CO3
2– and OH– to the proton balance are

Figure 7.6: Speciation of carbonic acid (absolute concentrations) and equivalence points (gray
circles) for the reference states CO2 solution and sodium hydrogencarbonate solution (25 °C). The
pH values 4.3 and 8.2 indicate the (defined) endpoints of the titrations that are applied to
determine acid and base neutralizing capacities.
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very small. Consequently, the theoretical equivalence point is located at the intersection
of the H+ and HCO3

– curves (c(H+) = c(HCO3
–) in the speciation diagram). What we can

also see from the diagram is that the equivalence point (given by the proton balance) is
not really a fixed value but is determined by the total concentration of the carbonic acid
species. It has further to be noted that the ionic strength and the temperature also influ-
ence the location of the equivalence point (not shown in the diagram).

The same effect, but not so strongly pronounced, can be found for the other
equivalence point. For the hydrogencarbonate solution, we can write the following
proton balance:

cðH+Þ= cðCO2−
3 Þ+ cðOH−Þ− cðCO2Þ (7:132)

Equation (7.132) considers the ability of hydrogencarbonate to release protons
(equivalent to the CO3

2– formation, HCO3
– → H+ + CO3

2–) and to accept protons (equiv-
alent to the CO2 formation, HCO3

– + H+ → H2O + CO2). Since the CO2 formation de-
creases the proton concentration in the solution, the term c(CO2) on the right-hand
side of the proton balance equation is negative. Since the protons and the hydrox-
ide ions do not significantly contribute to the balance, the equivalence point is ap-
proximately given by the condition c(CO2) = c(CO3

2–), which is shown in Figure 7.6
as the intersection of the respective curves.

Since the use of individual equivalence points for each water composition and
temperature as titration endpoints would not be practicable, fixed titration endpoints
are used in practice. These titration endpoints are defined in such a manner that they
fall into the practically relevant range of the equivalence points. Here, we want to
use pH = 4.3 and pH= 8.2 as proposed in German guidelines. Slightly different end-
points can be found in other guidelines and national standards (e.g., 4.5 instead of
4.3 or 8.3 instead of 8.2). However, these small differences have no relevant influence
on the titration results. The minor sensitivity of the titration results with respect to
the endpoints also allows using color indicators instead of a pH-meter to determine
the endpoints (e.g., methyl orange for the lower endpoint or phenolphthalein for the
higher endpoint) even though these indicators change their color in a pH interval
and not at an exact pH value. The symbols m and p, sometimes used for the titration
results, have been derived from the names of the indicators.

It has to be noted that the given equations (7.131) and (7.132) describe reference
states where all species come only from a pure solution of CO2 or from a pure solution
of NaHCO3. In real waters, however, the considered species can also originate from
other sources. This means that the water samples contain more bases or acids than in
the reference state. Accordingly, the pH in a water sample can be lower or higher than
the respective reference points. This means that in terms of the proton balance there is
a proton excess or a proton deficiency when compared to the proton balances given in
equations (7.131) and (7.132). A proton deficiency can be compensated by adding a
strong acid, a proton excess by adding a strong base. This consideration leads to the
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definition of acid neutralizing capacities to pH = 4.3 and pH= 8.2 and base neutralizing
capacities to pH = 4.3 and pH= 8.2. The acid neutralizing capacities are the amounts of
a strong acid that are necessary to bring the water to pH = 4.3 or to pH = 8.2. The base
neutralizing capacities are the amounts of a strong base that are necessary to bring the
water to pH= 4.3 or to pH = 8.2. Acid neutralizing capacities are commonly referred to
as alkalinities (with the qualifiers total or carbonate), whereas the base neutralizing ca-
pacities are referred to as acidities (with the qualifiers mineral or CO2). Unfortunately,
there are numerous different terms in use for the titration parameters, which can lead
to confusion. An overview of commonly used terms is given in Table 7.4.

In principle, four different titrations are possible. We will see later that one of these
titrations is irrelevant for practical purposes. The possible titrations are shown in
Figure 7.7. The arrows indicate the titration with acid (from right to left, decreasing
pH) or base (from left to right, increasing pH). It can be seen from the scheme that only
two of four titrations are possible for a given water sample. It depends on the initial pH
value of the water sample which titrations can be carried out. For strongly acidic
waters, both base neutralizing capacities can be determined, whereas for strongly
basic waters, both acid neutralizing capacities are accessible. For the most relevant
medium pH range, we can determine the acid neutralizing capacity to pH = 4.3 and
the base neutralizing capacity to pH = 8.2.

Table 7.4: Terms used to describe the titration parameters in carbonate-dominated aqueous
systems.

Titration
with

Endpoint Terms in use

Acid pH = . Acid capacity
(consumption)
to pH = .

Acid neutralizing
capacity to pH = .

(Total) Alkalinity m alkalinity

Acid pH = . Acid capacity
(consumption)
to pH = .

Acid neutralizing
capacity to pH = .

Phenolphthalein
alkalinity, carbonate
alkalinity

p alkalinity

Base pH = . Base capacity
(consumption)
to pH = .

Base neutralizing
capacity to pH = .

Mineral acidity –m alkalinity

Base pH = . Base capacity
(consumption)
to pH = .

Base neutralizing
capacity to pH = .

Phenolphthalein
acidity, CO acidity

–p alkalinity

Note: The term m (or m alkalinity) refers to the use of methyl orange as color indicator in the
titration, the terms phenolphthalein alkalinity and p (or p alkalinity) refer to the use of
phenolphthalein as color indicator in the titration. Depending on national regulations, also slightly
different values of the pH endpoints are in use (e.g., pH = 4.5 and pH = 8.3).
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During the acid or base addition, the carbonic acid species concentrations given in
equations (7.131) and (7.132) change their values due to the reaction with H+ or OH–.
This gives the opportunity to relate the species concentrations to the acid or base con-
sumption. In the following paragraphs, the titrations and the information that can be
derived from their results are discussed in more detail. At first, we want to follow a
practical approach that relates the titration results to the carbonic acid species on the
basis of the relevant transformation reactions during the titration. Later, we want to
consider more rigorous definitions of the alkalinities and acidities (Section 7.7.4).

Acid (Neutralizing) Capacity to pH = 4.3 (Total Alkalinity, m Alkalinity)
The acid neutralizing capacity to pH = 4.3 (total alkalinity, m alkalinity) can be de-
termined for each water with an initial pH higher than 4.3. The proton consumption
during the titration with a strong acid (addition of H+) results from the following
transformation reactions:

H+ +OH− ! H2O (7:133)

2H+ +CO2−
3 ! CO2 +H2O (7:134)

H+ +HCO−
3 ! CO2 +H2O (7:135)

Given that the residual concentrations of OH–, CO3
2–, and HCO3

– at the titration end-
point are negligibly small (Figure 7.6), we can set the proton consumption equal to
the concentrations originally present in the solution. Consequently, the acid neu-
tralizing capacity determined by titration is:

ANC4.3 =AlkT =m= cðHCO−
3 Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ (7:136)

ANC4.3
ANC8.2

pH0 > 8.2

4.3 8.2

BNC8.2

BNC4.3

ANC4.3

BNC8.2

pH0 < 4.3 4.3 < pH0 < 8.2

pH

Figure 7.7: Determination of acid and base capacities by titration with an acid (typically hydrochloric
acid) or a base (typically sodium hydroxide). The arrows indicate the consumption of acid or base
and the related change of pH during the titration to the defined pH endpoints 4.3 and 8.2.
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Depending on the initial pH of the water (pH0), some simplifications are possible.
At pH0 < 9.5, the initial concentration of OH– can be neglected (c < 10−4.5 mol/L)
and at pH0 < 8.2, the carbonate concentration can also be neglected (see the specia-
tion in Figure 7.6):

ANC4.3 =AlkT =m≈ cðHCO−
3 Þ+ 2 cðCO2−

3 Þ pH0 < 9.5 (7:137)

ANC4.3 =AlkT =m≈ cðHCO−
3 Þ pH0 < 8.2 (7:138)

Acid (Neutralizing) Capacity to pH = 8.2 (Phenolphthalein Alkalinity, p Alkalinity)
The proton consumption during titration of water with pH0 > 8.2, where only the
concentrations of OH– and CO3

2– are relevant (Figure 7.6), results from the (practi-
cally complete) transformation reactions:

H+ +OH− ! H2O (7:139)

H+ + CO2−
3 ! HCO−

3 (7:140)

Accordingly, the experimentally determined acid neutralizing capacity to pH = 8.2
equals the sum of the concentrations of OH– and CO3

2–:

ANC8.2 =AlkP = p= cðCO2−
3 Þ+ cðOH−Þ (7:141)

Again, for pH0 < 9.5 (negligible contribution of OH–), equation (7.141) can be further
simplified to:

ANC8.2 =AlkP = p≈ cðCO2−
3 Þ (7:142)

This equation also explains the alternative name carbonate alkalinity.

Base (Neutralizing) Capacity to pH = 4.3 (Mineral Acidity, –m Alkalinity)
The base neutralizing capacity to pH = 4.3 can only be determined for strong acidic
solutions with pH0 < 4.3. Under these pH conditions, CO2 is the only relevant car-
bonic acid species, and up to pH = 4.3, no transformation occurs. The OH– con-
sumption results from the reaction with H+ only:

OH−+H+ ! H2O (7:143)

and BNC4.3 is simply a parameter that gives the concentration of protons released
from strong (mineral) acids (“mineral acidity”):

BNC4.3 =AciM =−m= cðH+Þ (7:144)
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Since the pH can be measured directly and more easily with a pH-meter, BNC4.3 has
no practical relevance.

Base (Neutralizing) Capacity to pH = 8.2 (Phenolphthalein Acidity, –p Alkalinity)
Since the initial pH of the water must be lower than 8.2 to determine the base neu-
tralizing capacity to pH = 8.2, the concentrations of CO3

2– and OH– can be neglected
(Figure 7.6). Accordingly, the OH– consumption results only from the reactions:

OH−+H+ ! H2O (7:145)

OH−+CO2 ! HCO−
3 (7:146)

Accordingly, BNC8.2 is related to the concentrations of CO2 and H+:

BNC8.2 =AciP = −p= cðCO2Þ+ cðH+Þ (7:147)

The proton concentration has only to be considered at initial pH values lower than
about 4.5. Therefore, for the most practical cases, the simple relationship:

BNC8.2 =AciP = −p≈ cðCO2Þ (7:148)

can be applied. The base neutralizing capacity to pH = 8.2 is therefore also referred
to as CO2 acidity.

Summary: Calculation of the Carbonic Acid Species Concentrations
The general equations that have to be used to calculate the concentrations of the
different carbonic acid species can be derived from equations (7.136), (7.141), and
(7.147):

cðCO2Þ=BNC8.2 − cðH+Þ (7:149)

cðHCO−
3 Þ=ANC4.3 − 2 cðCO2−

3 Þ− cðOH−Þ (7:150)

cðCO2−
3 Þ=ANC8.2 − cðOH−Þ (7:151)

The concentrations of H+ and OH– can be found by measuring the initial pH of the
water sample before titration. Under certain conditions with respect to the initial
pH of the considered water, some terms of the equations can be neglected. This is
true for the proton concentration in equation (7.149) at pH0 > 4.5, for the hydroxide
ion concentrations in equations (7.150) and (7.151) at pH0 < 9.5, and for the carbon-
ate concentration in equation (7.150) at pH0 < 8.2. Table 7.5 summarizes the equa-
tions that have to be used for the different pH conditions. If the concentration of
hydrogencarbonate in a water sample with pH0 > 8.2 (consideration of CO3

2–) should
be determined, equations (7.150) and (7.151) have to be combined.
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7.7.4 General Definitions of the Alkalinities and Acidities
on the Basis of Proton Balances

As shown in the previous section, both reference states (CO2 solution and NaHCO3

solution) defined for the acid/base titrations can be expressed by proton balances
(equations (7.131) and (7.132)). These equations can also be written in the form:

0= cðHCO−
3 Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ− cðH+Þ pH = 4.3ð Þ (7:152)

0= cðCO2−
3 Þ+ cðOH−Þ− cðCO2Þ− cðH+Þ pH = 8.2ð Þ (7:153)

Waters with other compositions have a proton deficiency or excess in comparison to
the reference states and therefore also respective acid or base neutralizing capacities.
We can therefore define the alkalinities and acidities in a more general approach as
deviations from the proton balances of the reference states. Accordingly, the general
definition of the acid neutralizing capacity to pH = 4.3 (total alkalinity) reads:

ANC4.3 =AlkT =m= cðHCO−
3 Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ− cðH+Þ (7:154)

and the acid neutralizing capacity to pH = 8.2 (phenolphthalein alkalinity) is given by:

ANC8.2 =AlkP = p= cðCO2−
3 Þ+ cðOH−Þ− cðCO2Þ− cðH+Þ (7:155)

In the same manner, the base neutralizing capacity to pH = 4.3 (mineral acidity) is
defined as:

BNC4.3 =AciM = −m= −cðHCO−
3 Þ− 2 cðCO2−

3 Þ− cðOH−Þ+ cðH+Þ (7:156)

and the base neutralizing capacity to pH = 8.2 (phenolphthalein acidity) is given by:

BNC8.2 =AciP = −p= −cðCO2−
3 Þ− cðOH−Þ+ cðCO2Þ+ cðH+Þ (7:157)

The definitions given here include all involved species independent of their abso-
lute concentrations. Therefore, they are generally valid. In contrast, in the defini-
tions given in the previous section, species with negligibly small concentrations

Table 7.5: Relationships between the concentrations of the carbonic acid species and the
titration parameters for different pH ranges.

Species
concentrations

pH < . . < pH < . . < pH < . pH > .

c(CO) BNC. – c(H+) BNC. ≈ ≈

c(HCO
–) ≈ ANC. ANC. –  ANC. ANC. –  ANC. + c(OH–)

c(CO
–) ≈ ≈ ANC. ANC. – c(OH–)
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under the given pH conditions are omitted. As we can see from the general defini-
tions, the equations of the acid and base neutralizing capacities for the same end-
point differ only in the signs.

7.7.5 The Conservative Character of Alkalinity

From the previous discussions, the question may arise: Why is it reasonable to define
the alkalinities and acidities on the basis of the proton balances and not only on the
basis of the simplified equations derived from the relevant H+ or OH– consuming re-
actions during the titrations? In fact, the latter would be sufficient if we are only inter-
ested in the estimation of the carbonic acid species concentrations from the titration
results. In contrast, the complete proton balances are necessary to understand the the-
oretical concept of alkalinity and, in particular, its conservative character. In the fol-
lowing explanations, we want to use the shorthand termm for the total alkalinity.

To explain the conservative character, an alternative definition of the m alkalin-
ity can be used. As we have seen in Chapter 3 (Section 3.6), the condition of electro-
neutrality requires that the sum of the equivalent concentrations of the cations
must equal the sum of the equivalent concentrations of the anions. Accordingly,
the ion balance for the major ions and the ions H+ and OH– reads:

cðNa+Þ+ cðK+Þ+ 2 cðCa2+Þ+ 2 cðMg2+Þ+ cðH+Þ
= cðCl−Þ+ 2 cðSO2−

4 Þ+ cðHCO−
3Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ ð7:158Þ

If we rearrange this equation in such a manner that the equivalent concentrations
of all species, which behave conservative with respect to pH, are written on the left-
hand side, we obtain:

cðNa+Þ+ cðK+Þ+ 2 cðCa2+Þ+ 2 cðMg2+Þ− cðCl−Þ− 2 cðSO2−
4 Þ

= cðHCO−
3Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ− cðH+Þ=m ð7:159Þ

where the right-hand side equals the m alkalinity (see equation (7.154)). Thus, for a
given water composition, the m alkalinity is a characteristic parameter with a constant
value. Them value is independent of temperature, pressure, and ionic strength.

The addition of salts, such as NaCl or CaSO4, does not change the m alkalinity
due to the opposite signs of the cation and anion concentrations on the left-hand
side of equation (7.159). Moreover, addition or release of CO2 has no influence on m.
If CO2 is introduced into the water, a part of this CO2 dissociates according to:

CO2 +H2O Ð H+ +HCO−
3 (7:160)

As a result of the CO2 dissolution, there is an increase in the CO2 concentration (without
any impact on m), an increase in the proton concentration and an equivalent increase
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in the hydrogencarbonate concentration. Due to the opposite signs of c(HCO3
–) and

c(H+) in equation (7.159), there is no change inm. If CO2 is removed from the water, the
equilibrium given in equation (7.160) is shifted to the left. Again, the concentrations of
H+ and HCO3

– change to the same extent and the effects on m compensate each other
due to the opposite signs. We come to the same conclusion if we look at the left-hand
side of equation (7.159). The ion concentrations on the left-hand side will not be influ-
enced by CO2 dissolution or removal and therefore no change ofm will occur.

If two waters are mixed, the m alkalinity of the mixed water is the weighted
average of the alkalinities of the original waters. This is also true for all single con-
centrations on the left-hand side of equation (7.156) (conservative ions) but not for
the single concentrations of the weak electrolytes on the right-hand side. Here, mix-
ing of waters typically causes a change in the concentration distribution.

7.7.6 Determination of Dissolved Inorganic Carbon

Based on the general definition equations given in Section 7.7.4, we can derive a
relationship between m alkalinity, p alkalinity, and the total concentration of the
carbonic acid species, c(DIC):

m− p= cðHCO−
3Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ− cðH+Þ
− cðCO2−

3 Þ− cðOH−Þ+ cðCO2Þ+ cðH+Þ ð7:161Þ

m− p= cðCO2Þ+ cðHCO−
3 Þ+ cðCO2−

3 Þ= cðDICÞ (7:162)

Since the values of m and p can be determined experimentally by titrations as
shown in Section 7.7.3, also c(DIC) is easily accessible. The respective relationships
are m = ANC4.3, p = ANC8.2 (for pH0 > 8.2), and –p = BNC8.2 (for pH0 < 8.2).

Alternatively, it is also possible to determine c(DIC) only by means of the m alka-
linity. For that, it is necessary to substitute the concentrations of HCO3

– and CO3
2– in

the definition of m by the products f(HCO3
–)⋅c(DIC) and f(CO3

2–)⋅c(DIC), respectively.
The fractions, f, of the hydrogencarbonate and carbonate ions can be computed by
using the equations (7.129) and (7.130). For the sake of simplicity, we want to set
f(HCO3

–) = f1 and f(CO3
2–) = f2:

m= cðHCO−
3Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ− cðH+Þ (7:163)

m= f1 cðDICÞ+ 2 f2 cðDICÞ+ cðOH−Þ− cðH+Þ (7:164)

m= cðDICÞð f1 + 2 f2Þ+ cðOH−Þ− cðH+Þ (7:165)

cðDICÞ= m− cðOH−Þ+ cðH+Þ
f1 + 2 f2

(7:166)
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In the medium pH range, the concentrations of H+ and OH– are much lower than m
and can therefore be neglected. The simplified equation reads:

cðDICÞ= m
f1 + 2 f2

(7:167)

To apply equations (7.166) or (7.167), the acidity constants of the carbonic acid sys-
tem at the given temperature have to be known (see also Table 9.2 in Chapter 9).

Example 7.6
What is the concentration of DIC in a water that is characterized by m = 5.3 mmol/L, pH = 7, and
ϑ = 10 °C? The acidity constants of the carbonic acid system at 10 °C are Ka1 = 3.43 × 10−7 mol/L
and Ka2 = 3.25 × 10−11 mol/L; the dissociation constant for water at the same temperature is
2.9 × 10−15 mol2/L2.

Solution:
At first, the fractions of hydrogencarbonate and carbonate have to be calculated by using equations
(7.129) and (7.130). With the concentration of protons related to pH = 7 (c(H+) = 1 × 10−7 mol/L) and the
product of the constants Ka1 Ka2 = (3.43 × 10−7 mol/L) (3.25 × 10−11 mol/L) = 1.11 × 10−17 mol2/L2, we
receive:

f ðHCO−
3 Þ= f1 =

1

1× 10−7 mol=L

3.43× 10−7 mol=L
+ 1+ 3.25× 10−11 mol=L

1× 10−7 mol=L

f1 =
1

0.29+ 1+ 3.25× 10−4
=0.775

f ðCO2−
3 Þ= f2=

1

1× 10−14 mol2=L2

1.11× 10−17 mol2=L2
+ 1× 10−7 mol=L

3.25× 10−11 mol=L
+ 1

f2 =
1

900.9+ 3 076.9+ 1
= 2.51× 10−4

As expected, the fraction of carbonate at pH = 7 is very low and the system is dominated by
hydrogencarbonate. The OH– concentration can be calculated according to:

cðOH−Þ= Kw
cðH+Þ =

2.9× 10−15 mol2=L2

1× 10−7 mol=L
= 2.9× 10−8 mol=L

Now, we can calculate the DIC concentration:

cðDICÞ= m− cðOH−Þ+ cðH+Þ
f1 + 2 f2

= 5.3× 10−3 mol=L− 2.9× 10−8 mol=L+ 1× 10−7 mol=L

0.775+ 5.02× 10−4

cðDICÞ= 5.3× 10−3 mol=L
0.7755 =6.83× 10−3 mol=L

As we can see, the concentrations of the protons and the hydroxide ions have no impact on the
result due to their low concentrations in comparison to the m alkalinity. This is generally true in
the medium pH range.
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7.7.7 pH of Pristine Rain Water

In the absence of other acidic or basic gases, the pH of rain water is determined by
atmospheric carbon dioxide due to its dissolution and subsequent dissociation. Due
to the high value of pKa2, the formation of carbonate can be neglected and CO2 can
be treated here in a simplified manner as a monoprotic acid. Accordingly, the rele-
vant reactions are:

CO2ðgÞ Ð CO2ðaqÞ H (7:168)

CO2ðaqÞ +H2O Ð H+ +HCO−
3 Ka1 (7:169)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
CO2ðgÞ +H2O Ð H+ +HCO−

3 H Ka1 (7:170)

The dissolution of CO2 is described by the Henry constant, H (Chapter 6, Section 6.2).
Given that the same amounts of H+ and HCO3

– are formed (c(H+) = c(HCO3
–)), the law

of mass action for the overall reaction can be written as:

H Ka1 =
cðH+Þ cðHCO−

3 Þ
pðCO2Þ = c2ðH+Þ

pðCO2Þ (7:171)

Consequently, the proton concentration is given by:

cðH+Þ =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
H Ka1 pðCO2Þ

p
(7:172)

Example 7.7
What is the pH of pristine rain water if we assume a temperature of 25 °C, a total atmospheric pres-
sure of 1 bar, and a CO2 content in the atmosphere of 415 ppmv? The equilibrium constants for 25 °C
are H(CO2) = 0.033 mol/(L⋅bar) and Ka1 = 4.4 × 10−7 mol/L.

Solution:
415 ppmv equals 0.0415 vol.% and y = 0.000415. Note that the gas-phase mole fraction, y, can be
found by dividing the volume percentage by 100% (see Section 3.5 in Chapter 3). The partial pres-
sure is given as the product of the gas-phase mole fraction and the total pressure:

pðCO2Þ = yðCO2Þptotal =0.000415 ð1 barÞ=0.000415 bar

With equation (7.172), we find:

cðH+Þ =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
0.033 mol

L ·bar

� �
4.4× 10−7

mol
L

� �
ð0.000415 barÞ

s
= 2.45× 10−6 mol=L

pH= −logð2.45× 10−6Þ= 5.61
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7.7.8 Photosynthesis and Carbonic Acid System

The production of biomass from inorganic compounds with light as energy source
is referred to as photosynthesis. In water bodies, photosynthesis is carried out by
algae and aquatic plants. The process of photosynthesis in water bodies can be de-
scribed in a simplified manner by the reaction equation:

6 CO2ðaqÞ + 6H2O Ð C6H12O6 + 6O2 (7:173)

where C6H12O6 is the organic compound glucose that is produced from the inorganic
compounds carbon dioxide and water. The reverse process describes the degrada-
tion of organic material by aerobic respiration (consumption of oxygen and produc-
tion of CO2). Both back and forth reactions are redox reactions in the natural carbon
cycle (see Chapter 10, Section 10.6.2). Here, we are interested in the impact of pho-
tosynthesis on the carbonic acid equilibria in water bodies.

Due to the need for light, the reaction shows a pronounced daily cycle. In par-
ticular, on hot summer days with strong sunlight, the equilibrium is strongly
shifted to the right, whereas in the night, the reverse reaction dominates. The shift
in the reaction equilibrium, coupled with a decrease or increase of dissolved CO2,
has an influence on the total carbonic acid system and therefore also on the pH of
the water body. The possible uptake of CO2 from the atmosphere or the release into
the atmosphere is not considered here because the mass transfer between surface
water and atmosphere is very slow and we want to discuss only short-term effects.

From the previous discussion on the conservative character of the alkalinity
(Section 7.7.5) and the relationship between alkalinity and DIC (Section 7.7.6), we
can draw the following conclusions:

Since the alkalinity (m value) in a carbonate-dominated system is given by:

m= cðHCO−
3 Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ− cðH+Þ (7:174)

a change in the CO2 concentration has no influence on the alkalinity. This is also
true when CO2(aq) is formed from H+ and HCO3

– to compensate for a CO2(aq) con-
sumption during photosynthesis or, in reverse direction, if produced CO2(aq) dissoci-
ates into H+ and HCO3

– because always equivalent amounts of oppositely charged
species are consumed or produced.

However, the consumption of CO2(aq) during photosynthesis or the production
of CO2(aq) during respiration leads to a shift in the carbonic acid equilibria and the
distribution of the carbonic acid species. Therefore, the consumption or production
cannot be expressed by the CO2 concentration alone but has to be expressed in a
more general form by the total concentration of dissolved carbonic acid species,
c(DIC):

cðDICÞ= cðCO2Þ+ cðHCO−
3 Þ+ cðCO2−

3 Þ (7:175)
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Combining the definitions of alkalinity and DIC gives:

m= cðDICÞðf1 + 2 f2Þ+ cðOH−Þ− cðH+Þ (7:176)

with

f1 = f ðHCO−
3 Þ=

cðHCO−
3 Þ

cðDICÞ = 1
cðH+Þ
Ka1

+ 1+ Ka2

cðH+Þ
(7:177)

f2 = f ðCO2−
3 Þ= cðCO2−

3 Þ
cðDICÞ = 1

c 2ðH+Þ
Ka1 Ka2

+ cðH+Þ
Ka2

+ 1
(7:178)

In principle, two types of problems can be solved by means of equation (7.176). Ei-
ther the decrease or increase of DIC (photosynthesis or respiration) is known and
the change of pH should be calculated or the change of pH has been measured and
the impact of the pH shift on the carbonic acid speciation is of interest. In both
cases, the (constant) alkalinity has to be known. The first type of calculation is
more complicated because the equation (7.176) cannot be simply rearranged for
c(H+). Therefore, an iterative procedure has to be applied. Example 7.8 shows such
an iteration method. The second type of calculation is considered in Problem 7.12.

Example 7.8
In a lake, the following data were found in the morning: c(DIC) = 1.15 × 10−3 mol/L,m = 1.14 ×10−3 mol/L,
and pH = 8.2. What is the pH in the evening if during the day the DIC concentration is reduced to 50%
of its initial value as a result of photosynthetic activity in the water body? The temperature is 15 °C,
and the corresponding acidity constants are Ka1 = 3.78 × 10−7 mol/L and Ka2 = 3.72 × 10−11 mol/L.
The dissociation constant of water at 15 °C is Kw = 4.51 × 10−15 mol2/L2.

Solution:
Introducing the given data into equations (7.176), we get:

1.14× 10−3 mol=L= ð5.75× 10−4 mol=LÞðf1 + 2 f2Þ+ cðOH−Þ− cðH+Þ

Note that the m value was kept constant (m = 1.14 × 10−3 mol/L) and c(DIC) was reduced to 50% of
its initial value (c(DIC) = (0.5)(1.15 × 10−3 mol/L) = 5.75 × 10−4 mol/L).

The fractions of hydrogencarbonate and carbonate, f1 and f2, can be found from equations
(7.177) and (7.178):

f1 =
1

cðH+Þ
3.78× 10−7 mol=L

+ 1+ 3.72× 10−11 mol=L
cðH+Þ

f2 =
1

c2ðH+Þ
1.41× 10−17 mol2=L2

+ cðH+Þ
3.72× 10−11 mol=L

+ 1
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Now, the pH has to be varied until the right-hand side (RHS) of the first equation equals the value
of the left-hand side (1.14 × 10−3 mol/L). Since CO2 is consumed, we expect an increase of pH.
Therefore, we start our iteration with pH values higher than 8.2.

The corresponding OH– concentration is found from:

cðOH−Þ= = Kw
cðH+Þ =

4.51× 10−15 mol2=L2

10−pH mol=L

pH c(H+) (mol/L) c(OH–) (mol/L) f f RHS (mol/L)

  × 
−

. × 
−

. . . × 
−

  × 
−

. × 
−

. . . × 
−

  × 
−

. × 
−

. . . × 
−

. . × 
−

. × 
−

. . . × 
−

. . × 
−

. × 
−

. . . × 
−

. . × 
−

. × 
−

. . . × 
−

During the course of the day, the pH increases from 8.2 to about 10.7 due to the consumption of CO2

by photosynthesis.

7.8 Problems

Note: It is assumed that ideal conditions exist in all cases (a = c, K✶ = K). If not
otherwise stated, the constants are valid for 25 °C.

7.1. What are the concentrations of protons and hydroxide ions at pH = 8.5 and
ϑ = 25 °C (pKw = 14)?

7.2. The pKa of 4-chlorophenol (C6H4OHCl, abbreviation: 4-CP) is 9.4. Calculate the pH
of 4-CP solutions with initial concentrations of 5 and 0.5 g/L.M(4-CP) = 128.6 g/mol.

7.3. What is the pH of a dilute phenol solution with c0 = 0.01 mmol/L? Calculate the
pH with and without consideration of the autoprotolysis of water. Check the plausi-
bility of the results. pKa (phenol) = 9.9, pKw = 14.

7.4. The pKa of the protonated aniline (C6H5NH3
+) is 4.58, and the ion product of

water is Kw = 1 × 10−14 mol2/L2.
a. What is the basicity constant, Kb, of the conjugate base aniline (C6H5NH2)?
b. What is the ratio of protonated and neutral aniline at pH = 5.5?
c. What is the equilibrium constant of the protonation reaction written in the form

C6H5NH2 +H+ Ð C6H5NH+
3 ?

7.5. What is the pH of a sodium carbonate solution with c0 = 2 mol/L? It is assumed
that only the transformation of carbonate to hydrogencarbonate has to be consid-
ered as pH-determining reaction? pKa (HCO3

–) = 10.33, pKw = 14.
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7.6. What is the pH of an iron(III) chloride solution with c0 = 0.05 mol/L? It is as-
sumed that only the first protolysis step determines the pH of the solution. The re-
spective pKa is 2.2.

7.7.What is the degree of protolysis of an arbitrary monoprotic acid at pH = pKa + 1?

7.8. In the following example, we want to consider the buffer system H2PO4
–/HPO4

2–.
The concentrations of both components are assumed to be 0.1 mol/L and the pKa of
H2PO4

– is 7.12.

a. What is the pH of the buffer solution?
b. Will the buffer pH change if the buffer solution is diluted by a factor of 4?
c. How does the pH change if 0.005 mol/L of the very strong hydrochloric acid,

HCl, is added to the original and to the diluted buffer solution?
d. What would be the pH of the 0.005 M HCl solution without any buffer?

7.9. Calculate the fractions of CO2(aq), HCO3
–, and CO3

2– related to the dissolved inor-
ganic carbon, DIC, at pH = 7. pKa (CO2) = 6.36, pKa (HCO3

–) = 10.33.

7.10. In a carbonate-dominated water with pH = 7.7, the acid neutralizing capacity
to pH = 4.3 (ANC4.3) and the base neutralizing capacity to pH = 8.2 (BNC8.2) were
determined to be 2.1 and 0.08 mmol/L, respectively. What are the concentrations of
CO2, HCO3

–, CO3
2–, and DIC?

7.11. The pH of pristine rain water at 25 °C calculated from the Henry constant
(H = 0.033 mol/(L·bar)) and the dissociation constant (Ka1 = 4.4 × 10−7 mol/L) of
CO2 amounts to 5.61 (see Example 7.7). What would be the pH if the CO2 concen-
tration in the atmosphere would increase from the current value 415 to 600
ppmv? The total pressure of the atmosphere is assumed to be ptotal = 1 bar.

7.12. The pH in a lake increases from 8.2 in the morning to 10.5 in the evening
due to the process of photosynthesis. Calculate the carbonic acid species distri-
bution for both cases. The temperature is assumed to be constant (20 °C), and the
respective equilibrium constants at this temperature are Ka1 = 4.11 × 10−7 mol/L,
Ka2 = 4.21 × 10−11 mol/L, and Kw = 6.82 × 10−15 mol2/L2. The alkalinity (m value)
was found to be 1.05 × 10−3 mol/L.
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8 Precipitation/Dissolution Equilibria

8.1 Introduction

Natural water bodies are often in contact with solid phases that contain inorganic
minerals as constituents. In contact with water, such minerals can be dissolved which
leads, as a consequence of dissociation during dissolution, to an input of ionic species
into the water body. On the other hand, if the concentrations of specific cations and
anions in an aqueous system exceed a certain level, these ions can combine to form a
solid that precipitates. In summary, it can be stated that dissolution and precipitation
are important input and output pathways for ionic inorganic water constituents. Fur-
thermore, precipitation processes can be utilized in drinking water treatment and in
wastewater treatment to remove undesired ionic water constituents such as hardness-
causing ions (Ca2+ and Mg2+), phosphate ions, or heavy metal ions.

In this context, it is of practical interest to define the conditions under which pre-
cipitation or dissolution will occur. As for other reaction equilibria, the law of mass
action can be used to describe the equilibrium conditions. In the case of precipitation/
dissolution, the characteristic equilibrium constant is referred to as the solubility prod-
uct or solubility product constant (Section 8.2). The solubility product as an equilib-
rium constant should not be confused with the solubility that describes the amount of
a solid that can be dissolved. A relationship between both parameters can be derived
from the law of mass action and material balances (Section 8.3). Besides the different
numerical values, the main difference between the parameters solubility product and
solubility consists in the fact that the solubility product as a thermodynamic constant
is only influenced by the temperature (pressure dependence can be neglected here),
whereas the solubility is further influenced by the ionic strength and possible side re-
actions with other water constituents.

Frequently, it is also of interest to know if in a considered aqueous system precipi-
tation or dissolution of a mineral compound can be expected or if the system is just in
the state of equilibrium. This assessment can be carried out on the basis of a compari-
son of equilibrium and actually measured concentrations or activities (Section 8.4).

8.2 The Solubility Product

Let us consider an inorganic salt CmAn(s) consisting of the cation Ci · n+ and the anion
Ai · m–. The reaction equation for the dissolution/precipitation equilibrium is:

CmAnðsÞ Ð mCi · n++ nAi ·m− (8:1)

where m and n are the stoichiometric factors. Due to the electroneutrality condition,
the charges of the ions must be reflected in the opposite stoichiometric factors. The
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factor i is a multiplier that takes into account the fact that in cases where m = n, the
charges do not necessarily have to be n+ and m–, but can also be a multiple of
them (e.g., 2 n+ and 2m–). In cases where m ≠ n, the factor i is typically 1. Some
examples for solids with different composition are given in Table 8.1.

The reaction from left to right describes the dissolution, whereas the reaction from
right to left describes the precipitation. The law of mass action related to equation
(8.1) reads:

K✶
sp = amðC i · n+Þ anðAi ·m−Þ (8:2)

where K✶
sp is the (thermodynamic) solubility product constant. As discussed in

Chapter 5, the solid does not occur in the law of mass action. After introducing the
conditional solubility product constant, the law of mass action can be rewritten as:

Ksp =
K✶
sp

γmðCi · n+Þ γ nðAi ·m−Þ = cmðC i · n+Þ cnðAi ·m−Þ (8:3)

In ideal dilute solutions, Ksp equals K✶
sp; otherwise, K

✶
sp has to be corrected by the

activity coefficients to find Ksp.
Instead of K✶

sp (or Ksp), often the solubility exponent is used, which is defined by:

pK✶
sp = −logK✶

sp pKsp = −logKsp (8:4)

Table 8.2 lists solubility exponents for selected minerals. Following the definition of
the solubility product, high values of K✶

sp or low values of pK✶
sp stand for high solu-

bility (high equilibrium activities or concentrations of the ions), whereas hardly sol-
uble compounds are characterized by low values of K✶

sp and high values of pK✶
sp

(low equilibrium activities or concentrations of the ions). The exact relationship be-
tween solubility product and solubility is discussed in the next section.

Table 8.1: Examples of the stoichiometric factors, m and
n, and the related multiplier of the charge value, i.

Solid m n i

NaCl ⇌ Na+ + Cl–   

CaF ⇌ Ca+ +  F–   

Al(OH) ⇌ Al+ +  OH–
  

CaCO ⇌ Ca+ + CO
–

  

Ca(PO) ⇌  Ca+ +  PO
–

  

AlPO ⇌ Al+ + PO
–

  
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8.3 Solubility Product and Solubility

8.3.1 Relationship Between Solubility Product and Solubility

The relationship between solubility and solubility product depends on the stoichio-
metric composition of the solid. Let us first consider the example barium sulfate,
BaSO4. The reaction equation for dissolution is:

BaSO4 Ð Ba2+ + SO2−
4 (8:5)

It follows from the equation that per mol BaSO4 that is dissolved, 1 mol Ba2+ and
1 mol SO4

2– are introduced into the water. Given that the solubility describes the
amount of the solid BaSO4 that can be dissolved in water, we can therefore write:

cs = cðBa2+Þ= cðSO2−
4 Þ (8:6)

where cs is the solubility that, in this case, equals the saturation concentration of
the cation and the saturation concentration of the anion in the state of equilibrium.

If we assume ideal conditions (a = c, K✶
sp =Ksp), the law of mass action for the

considered reaction is:

Ksp = cðBa2+Þ cðSO2−
4 Þ (8:7)

Introducing equation (8.6) into equation (8.7) gives:

Ksp = c2s (8:8)

Table 8.2: Selected solubility exponents at 25 °C.

Solid pK✶
sp Solid pK✶

sp

CaSO . Mn(OH) .
CaSO⋅ HO . Cd(OH) .
CaHPO . Ni(OH) .
CaCO . Fe(OH) .
MgCO . Zn(OH) .
Ca(OH) . FeS .
MgCO⋅ H . Cu(OH) .
NiCO . AlPO .
BaSO . FePO .
FeCO . Ca(PO) .
MnCO . Al(OH) .
Mg(OH) . Fe(OH) .
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or

cs =
ffiffiffiffiffiffiffi
Ksp

p
(8:9)

Equation (8.9) gives the relationship between solubility and solubility product for
solids with a stoichiometric composition cation : anion = 1 : 1.

Example 8.1
What is the solubility of BaSO4 (M = 233.4 g/mol) at 25 °C in mmol/L and mg/L under the assump-
tion of an ideal dilute solution? The solubility exponent for the given temperature is pKsp = 9.9.

Solution:
The solubility product is:

Ksp = cðBa2+Þ cðSO2−
4 Þ= 10−pKsp mol2=L2 = 1.26× 10−10 mol2=L2

The molar solubility can be calculated according to equation (8.9):

cs =
ffiffiffiffiffiffiffi
Ksp

q
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.26× 10−10 mol2=L2

q
= 1.12× 10−5 mol=L= 1.12× 10−2 mmol=L

and the related mass concentration, ρ✶s , can be found as follows:

ρ✶s =Mcs = ð233.4 g=molÞ ð1.12× 10−5 mol=LÞ = 2.61× 10−3 g=L= 2.61mg=L

For solids with other compositions, different relationships result. This will be dem-
onstrated for calcium fluoride, CaF2, as an example. The reaction equation for the
dissolution is:

CaF2 Ð Ca2+ + 2 F− (8:10)

Here, per mol CaF2 that is dissolved, 1 mol Ca2+ and 2 mol F– are introduced into the
water. Therefore, the solubility can be expressed as:

cs = cðCa2+Þ=0.5 cðF−Þ (8:11)

and the law of mass action reads:

Ksp = cðCa2+Þ c 2ðF−Þ= cs ð2 csÞ2 = 4 c3s (8:12)

Consequently, the relationship between cs and Ksp is:

cs =
ffiffiffiffiffiffiffi
Ksp

4
3

r
(8:13)
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A general relationship between solubility and solubility product for a solid with the
composition CmAn can be formulated as:

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp

mm nn
m+ n

r
(8:14)

where m and n are the formula indices of the compound CmAn. As can be easily
proved, equations (8.9) and (8.13) are special cases of equation (8.14) with m = 1, n = 1
and m = 1, n = 2, respectively.

The general relationship between the solubility of a compound CmAn and the
equilibrium concentrations of the cation (C i·n+) and the anion (Ai·m–) is given by:

cs =
cðC i · n+Þ

m
= cðAi ·m−Þ

n
(8:15)

Obviously, equation (8.15) includes equations (8.6) and (8.11) as special cases.
Equation (8.14) can directly be used with the thermodynamic constants if the

solution is considered an ideal dilute solution where Ksp equals K
✶
sp. Otherwise, the

activity coefficients have to be introduced. This case will be discussed in more de-
tail in the next section.

8.3.2 Influence of the Ionic Strength on the Solubility

For the sake of simplicity, we want to consider a salt CA consisting of the cation C+

and the anion A– (m = n = 1) to demonstrate the influence of the ionic strength on
the solubility. The thermodynamic solubility product for this salt reads:

K✶
sp = aðC+Þ aðA−Þ= γðC+Þ cðC+Þ γðA−Þ cðA−Þ (8:16)

or

K✶
sp

γðC+Þ γðA−Þ = Ksp = cðC+Þ cðA−Þ (8:17)

The relationship between the solubility and the solubility product can be found in
the same manner as shown in Section 8.3.1:

cs = cðC+Þ = cðA−Þ= ffiffiffiffiffiffiffi
Ksp

p
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
K✶
sp

γðC+ Þ γðA−Þ

s
(8:18)

From equation (8.18), we can draw a conclusion about the influence of the ionic
strength on the solubility. If the ionic strength increases, the activity coefficients de-
crease from 1 (in an ideal solution) to values lower than 1 and therefore the value of the
expression under the root sign increases. Accordingly, the solubility also increases. We
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can conclude from this example that the solubility of a given salt increases with in-
creasing ionic strength of the aqueous solution. This means that other ionic water con-
stituents can also influence the solubility of a considered solid even though they do
not react directly with the considered solid or with its ions produced by dissolution.

Example 8.2
What is the solubility of CaSO4

a) under ideal conditions (assumption of an ideal dilute solution) and
b) in a water with the ionic strength I = 0.04 mol/L?
The solubility product of CaSO4 is K

✶
sp = 5 × 10−5 mol2/L2.

Solution:
a) The solubility for a salt with the composition cation : anion = 1 : 1 can be found from:

cs =
ffiffiffiffiffiffiffi
Ksp

q
(see Example 8.1)
For an ideal dilute solution K✶

sp equals Ksp and we get:

cs =
ffiffiffiffiffiffiffi
Ksp

q
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
5× 10−5 mol2=L2

q
= 7.07× 10−3 mol=L

b) If we want to consider the ionic strength, we have to calculate the conditional solubility product by:

Ksp =
K✶
sp

γðCa2+Þ γðSO2−
4 Þ

The activity coefficients can be calculated by means of the Güntelberg equation (Chapter 3, Section 3.8):

log γz =−0.5 z2

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r

For a bivalent ion and the given ionic strength, we get:

log γ2 = ð−0.5Þ4 0.2
1+ 1.4ð0.2Þ = −0.313

γ2 =0.487

With the activity coefficients for the cation and the anion, we can calculate the conditional solubil-
ity product:

Ksp =
5× 10−5 mol2=L2

ð0.487Þ ð0.487Þ = 2.11× 10−4 mol2=L2

The solubility is then:

cs =
ffiffiffiffiffiffiffi
Ksp

q
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2.11× 10−4 mol2=L2

q
= 1.45× 10−2 mol=L

The solubility for the given ionic strength is about two times higher than the solubility calculated
for ideal conditions.
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8.3.3 Influence of Side Reactions on the Solubility

An influence on the solubility can also be expected if the cation or the anion or
both react with other water constituents after the dissolution of the solid. Acid/base
reactions or complex formations are typical side reactions that may influence the
solubility of a considered solid. The effect of a side reaction will be demonstrated
below by using calcium carbonate as an example. If calcium carbonate is dissolved
in water, at first calcium and carbonate ions are formed as dissociation products.
Carbonate, as a component of the carbonic acid system, can subsequently react in a
side reaction with the protons from the water dissociation with the result that a part
of carbonate is transformed to hydrogencarbonate and possibly also further to CO2

(Section 7.7). The extent of the transformation depends on the pH. Thus, the rele-
vant reactions are:

CaCO3 Ð Ca2+ + CO2−
3 (8:19)

CO2−
3 +H+ Ð HCO−

3 (8:20)

HCO−
3 + H+ Ð CO2ðaqÞ +H2O (8:21)

The reactions described by equations (8.20) and (8.21) are the reverse reactions to
the respective acid dissociations. The laws of mass action for the dissolution and the
acid/base reactions under ideal conditions are:

Ksp = cðCa2+Þ cðCO2−
3 Þ (8:22)

Ka2 =
cðH+Þ cðCO2−

3 Þ
cðHCO−

3 Þ
(8:23)

Ka1 =
cðH+Þ cðHCO−

3Þ
cðCO2Þ (8:24)

According to equation (8.19), the solubility equals the saturation concentration of
Ca2+ and the primary concentration of CO3

2–. Given that after the dissolution a part
of CO3

2– is transformed to HCO3
– and possibly (at low pH) also to CO2, the solubility

must be the sum of the residual concentration of CO3
2– and the concentrations of the

formed HCO3
– and CO2:

cs = cðCa2+Þ= cðCO2−
3 Þ+ cðHCO−

3Þ+ cðCO2Þ (8:25)

To link the solubility to the solubility product, we have to substitute all concentra-
tions that do not occur in the solubility product by means of the equilibrium
relationships:
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cs = cðCa2+Þ= cðCO2−
3 Þ+ cðCO2−

3 Þ cðH+Þ
Ka2

+ cðCO2−
3 Þ c2ðH+Þ
Ka1 Ka2

(8:26)

cs = cðCa2+Þ= cðCO2−
3 Þ 1+ cðH+Þ

Ka2
+ c2ðH+Þ
Ka1 Ka2

� �
(8:27)

Thus, the solubility product can be written as:

Ksp = cðCa2+Þ cðCO2−
3 Þ= cs

cs

1+ cðH+Þ
Ka2

+ c2ðH+Þ
Ka1 Ka2

(8:28)

and for the relationship between solubility and solubility product, we get:

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp 1+ cðH+Þ

Ka2
+ c2ðH+Þ
Ka1 Ka2

� �s
(8:29)

Given that Ka2 and Ka1Ka2 are constants, the solubility increases with increasing c(H+)
or decreasing pH. On the other hand, with increasing pH (decreasing c(H+)) at first the
third term within the brackets can be neglected (if pH≫ 0.5 (pKa1 + pKa2) = 8.35) which
means that the transformation of CO3

2– to CO2 can be neglected and only the transfor-
mation to HCO3

– has to be taken into account. With further increase of pH, the second
term can also be neglected (if pH≫ pKa2 = 10.33). In this case, there is also no substan-
tial transformation of CO3

2– to HCO3
– and the relationship between solubility and solu-

bility product is the same as for a system without side reactions (see equation (8.9)).

Example 8.3
What is the solubility of calcium carbonate at pH = 8.5 and pH = 11? The solubility exponent of cal-
cium carbonate is pKsp = 8.48. To consider the side reactions of carbonate to hydrogencarbonate
and carbon dioxide, the acidity constants of the carbonic acid system are necessary, which are
given as pKa1 = 6.36 and pKa2 = 10.33.

Solution:
To solve the problem, we have to apply equation (8.29).
With c(H+) = 10−pH mol/L = 3.16 × 10−9 mol/L, Ka1 = 10−pKa1 mol/L = 4.37 × 10−7 mol/L, Ka2 =
10−pKa2 mol/L = 4.68 × 10−11 mol/L, Ka1 Ka2 = 2.05 × 10−17 mol2/L2, and Ksp = 10−pKsp mol2/L2 =
3.31 × 10−9 mol2/L2, we find for pH = 8.5:

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp 1+ cðH+Þ

Ka2
+ c2ðH+Þ
Ka1 Ka2

� �s

cs =

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
3.31× 10−9 mol2=L2 1+ 3.16× 10−9 mol=L

4.68× 10−11 mol=L
+ 9.99× 10−18 mol2=L2

2.05× 10−17 mol2=L2

 !vuut

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
3.31× 10−9 mol2=L2 1+67.52+0.49ð Þ

q
= 4.78× 10−4 mol=L
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As we can derive from the values of the three terms within the brackets, the solubility at pH = 8.5 is
strongly influenced by the transformation of carbonate to hydrogencarbonate (great value of
the second summand), whereas the transformation to carbon dioxide plays only a minor role (third
summand) and could be neglected.

For pH = 11, the solubility is given by:

cs =

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
3.31× 10−9 mol2=L2 1+ 1× 10−11 mol=L

4.68× 10−11 mol=L
+ 1× 10−22 mol2=L2

2.05× 10−17 mol2=L2

 !vuut

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
3.31× 10−9 mol2=L2 ð1+0.21+ 4.88× 10−6Þ

q
=6.33× 10−5 mol=L

which is about tenfold lower than the solubility at pH = 8.5. Without consideration of the side reac-
tions, we would find:

cs =
ffiffiffiffiffiffiffi
Ksp

q
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
3.31× 10−9 mol2=L2

q
= 5.75× 10−5mol=L

which demonstrates that the side reactions play only a minor role at pH = 11, because the pH is
greater than pKa2.

8.4 Assessment of the Saturation State of a Solution

To assess the saturation state of a solution with respect to a considered ionic solid
(e.g., salt or hydroxide), we can follow the general method described in Chapter 5 (Sec-
tion 5.4, Table 5.1). This general method is based on the comparison of the reaction
quotient, Q, with the equilibrium constant, K✶, where Q is calculated from an expres-
sion equal to the law of mass action but with measured activities (or concentrations)
instead of the equilibrium activities (concentrations). Although in the case of dissolu-
tion/precipitation, the law of mass action and therefore also Q is not a quotient but a
product, we want to keep the letter Q also for these specific types of reaction. Note
that in literature sometimes the term ion activity product (IAP) is used instead of Q.

For the dissolution/precipitation of a salt CA (stoichiometric factors m = n = 1)
under ideal conditions (Ksp = K✶

sp, c = a), we can calculate Q by:

Q= cmeasðC i · n+Þ cmeasðAi ·m−Þ (8:30)

After that, Q has to be compared with Ksp:

Ksp = ceqðC i · n+Þ ceqðAi ·m−Þ (8:31)

to find the saturation state. The subscript “eq” is here introduced to indicate the
difference to the measured concentrations.

If Q > Ksp, the product of the measured concentrations is greater than the prod-
uct of the equilibrium concentrations. This means that the solution is supersatu-
rated and therefore precipitation of CA should occur. It has to be noted that in
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practice sometimes the state of supersaturation can exist over longer periods if the
precipitation is kinetically hindered. In engineered processes, often seed crystals
are introduced into the system to break the metastable state of supersaturation and
to allow the solid to precipitate. Generally, after a shorter or longer time, precipita-
tion from a supersaturated solution will occur until the solution reaches the state of
equilibrium where Q = Ksp.

If Q < Ksp, the product of the measured concentrations is lower than the product
of the equilibrium concentrations, which means that the solution is undersaturated.
If the solid material (CA in our case) is present in the system (e.g., as sediment in a
water body), dissolution can be expected as long as the state of equilibrium (Q = Ksp)
is reached or all solid material is consumed.

If in the considered water Q equals Ksp, the solution is just in the state of equi-
librium and neither precipitation nor dissolution will occur.

Example 8.4
What is the saturation state of a water with respect to Cd(OH)2 if the Cd2+ concentration in the water
is c(Cd2+) = 1 × 10−8 mol/L and the pH is measured to be pH = 8? pKsp (Cd(OH)2) = 13.8, pKw = 14.

Solution:
To solve the problem, first we have to find c(OH–) and Ksp by:

pOH=pKw −pH= 14−8=6

cðOH−Þ= 10−pOH mol=L= 1× 10−6 mol=L

Ksp = cðCd2+Þ c2ðOH−Þ= 10−pKsp mol3=L3 = 1.58× 10−14 mol3=L3

Then, we can calculate Q:

Q= cmeasðCd2+Þ c2measðOH−Þ= ð1× 10−8 mol=LÞ ð1× 10−12 mol2=L2Þ= 1× 10−20 mol3=L3

Obviously, Q is lower than Ksp and, accordingly, the water is undersaturated with respect to Cd(OH)2.

8.5 Problems

Note: We assume that ideal conditions exist in all cases (a = c, K✶ = K). If not stated
otherwise, the constants are valid for 25 °C.

8.1. In water treatment and other technical processes, alkaline solutions of calcium
hydroxide are frequently used for precipitation or neutralization reactions. What is
the pH of a saturated Ca(OH)2 solution? The solubility product of calcium hydroxide
is Ksp = 5 × 10−6 mol3/L3 and the ion product of water is Kw = 1 × 10−14 mol2/L2.

8.2. We want to assume that nickel has to be removed from wastewater by precipi-
tation as hydroxide. The mass concentration of Ni+ after the treatment should not

8.5 Problems 139



be higher than 0.5 mg/L. What is the minimum value the pH of the water has to
be raised to in order to meet this limiting concentration? The solubility expo-
nent of nickel hydroxide is pKsp(Ni(OH)2) = 13.8, the molecular weight of nickel
is M(Ni) = 58.7 g/mol, and the ion product of water is Kw = 1 × 10−14 mol2/L2.

8.3. Is a pH value of 9 high enough to precipitate Cd2+ as Cd(OH)2 from a wastewater to
such an extent that the residual concentration is lower than 0.1 mg/L? The solubility
product of cadmium hydroxide is Ksp = 1.6 × 10−14 mol3/L3, the molecular weight of cad-
mium isM(Cd) = 112.4 g/mol, and the ion product of water is Kw = 1 × 10−14 mol2/L2.

8.4. An alkaline water with pH = 11 contains 2 mmol/L CO3
2− and 0.5 mmol/L Mg2+.

Can we expect that precipitation of MgCO3 and/or Mg(OH)2 occurs? How is the situation
for Ca2+ compared to Mg2+ under the same conditions (same concentrations and pH)?
pKsp MgCO3ð Þ= 5.2, pKsp CaCO3ð Þ= 8.5, pKsp Mg OHð Þ2

� �
= 11.3, pKsp Ca OHð Þ2

� �
= 5.3.
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9 Calco-Carbonic Equilibrium

9.1 Introduction

The calco-carbonic equilibrium (also referred to as the lime/carbonic acid equilib-
rium) is one of the fundamental reaction equilibria in the hydrosphere and a descrip-
tive example for combined reaction equilibria as are typical for aquatic systems. It
links the carbonic acid system with the precipitation/dissolution of calcium carbon-
ate (mineral name: calcite). The major ions calcium and hydrogencarbonate, present
in all natural waters in relatively high concentrations, as well as the dissolved carbon
dioxide are involved in this system. Through the dissociation of the carbonic acid, a
direct link exists to the pH of the water.

Dissolution of calcite is one of the main sources of the calcium and hydrogen-
carbonate input into natural waters. On the other hand, under certain conditions,
calcium and hydrogencarbonate ions can combine to form calcite which precipi-
tates. In particular, precipitation may occur when CO2 is removed from the water by
consumption in chemical reactions or by heating. The latter process is also known
as scaling (see also carbonate hardness, Section 3.7 in Chapter 3).

Since dissolved CO2 behaves as a diprotic acid (“carbonic acid”), the ratio of
CO2 and hydrogencarbonate as well as the ratio of hydrogencarbonate and carbon-
ate is related to the pH (Chapter 7). As we have already seen in Chapter 8, the pH
also influences the dissolution/precipitation equilibrium of calcium carbonate.

When going into more detail, we can see that this complex system is composed
of three elementary reactions, which are the first and the second dissociation step
of carbonic acid and the precipitation/dissolution equilibrium of calcite. From the
addition of these elementary reactions, an overall reaction equation for the calco-
carbonic equilibrium can be derived in the following manner:

CO2ðaqÞ +H2O Ð H+ +HCO−
3 K✶

a1 (9:1)

H+ + CO2−
3 Ð HCO−

3 1=K✶
a2 (9:2)

CaCO3ðsÞ Ð Ca2+ + CO2−
3 K✶

sp (9:3)
_______________________________________

CaCO3ðsÞ + CO2ðaqÞ + H2O Ð Ca2+ + 2HCO−
3 K✶

a1 K
✶
sp=K

✶
a2 (9:4)

Note that the second dissociation equation has to be written in the reverse direction
to find the overall equation. Accordingly, the reciprocal acidity constant is valid for
this reaction.

When a water is in the state of the calco-carbonic equilibrium, calcium carbonate
will neither be dissolved nor precipitated. Due to the complexity of the system, there
is no single equilibrium state but an infinite number of possible equilibrium
states, each of them characterized by a specific combination of the following
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parameters: c(CO2), c(HCO3
–), c(CO3

2–), c(Ca2+), and pH (Section 9.3). The different sit-
uations that may occur in aqueous systems can be depicted by means of the given
overall equation.

If a water contains a higher concentration of CO2 than in the state of equilibrium,
calcium carbonate will be dissolved under consumption of CO2 and formation of Ca2+

and HCO3
– (reaction from left to right) until the equilibrium state is reached. Higher

concentrations of CO2 are often found in seepage water and groundwater as a result of
biological degradation processes in the soil layer. The formed CO2 is dissolved and
transported with the seepage water to the groundwater. The establishment of a new
equilibrium state (related to the higher CO2 concentration) by dissolution of carbonate
is only possible if solid calcium carbonate is available in the subsurface and the con-
tact time of the water with the carbonate is long enough to allow the dissolution of the
required amount of carbonate. If these conditions are not fulfilled, the water remains
in a non-equilibrium state with an excess concentration of CO2. Since CO2 is corrosive,
such water cannot be distributed as drinking water without a specific treatment that
removes the excess concentration of CO2. This treatment is referred to as deacidifica-
tion and is often applied in waterworks that use groundwater as raw water source.

If the water contains a lower concentration of CO2 in comparison to the equilib-
rium state, calcium and hydrogencarbonate ions form solid calcium carbonate that
precipitates until the equilibrium state is reached (reaction from right to left). Such
a situation can be found, for instance, in lakes with a high photosynthetic activity
of submerged aquatic plants and phytoplankton because CO2 is consumed during
photosynthesis. The establishment of a new equilibrium state by formation of CO2

and simultaneous precipitation of CaCO3 can be observed in calcium-rich lakes as
turbidity caused by fine white carbonate particles. This effect is also known as bio-
genic decalcification.

From the equilibrium relationships of the single reactions (equations (9.1)–(9.3)),
specific equations can be derived that can be used as the basis for a graphical repre-
sentation of the calco-carbonic equilibrium (Section 9.3) and for the assessment of
the calcite saturation state of the water (Section 9.4).

9.2 Basic Equations

The laws of mass action for the single reactions of the calco-carbonic equilibrium are:

K✶
a1 =

aðH+ÞaðHCO−
3Þ

aðCO2Þ (9:5)

K✶
a2 =

aðH+Þ aðCO2−
3 Þ

aðHCO−
3Þ

(9:6)
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K✶
sp = aðCa2+Þ aðCO2−

3 Þ (9:7)

For practical applications, the laws of mass action have to be rewritten with measur-
able concentrations and activity coefficients instead of activities (a = γ c). There are
two exceptions: i) the proton activity is directly measurable by a pH-meter and must
therefore not be substituted, and ii) in contrast to the ions, the behavior of neutral
CO2 can be considered as ideal with the consequence that a(CO2) equals c(CO2). Fur-
thermore, in deviation from the conventions made in Section 5.3 (Chapter 5), the liq-
uid-phase concentration instead of the partial pressure is used here for the dissolved
gas CO2. Under these conditions, the set of equations reads:

K✶
a1

γðHCO−
3Þ

= K✶
a1

fa1
= aðH+Þ cðHCO−

3Þ
cðCO2Þ (9:8)

K✶
a2 γðHCO−

3Þ
γðCO2−

3 Þ = K✶
a2

fa2
= aðH+Þ cðCO2−

3 Þ
cðHCO−

3Þ
(9:9)

K✶
sp

γðCa2+Þ γðCO2−
3 Þ =

K✶
sp

fsp
= cðCa2+Þ cðCO2−

3 Þ (9:10)

The activity coefficients occurring in the equations are summarized to fa1, fa2, and
fsp. As shown in Chapter 3, the activity coefficient of an ion with the charge z is re-
lated to the activity coefficient of a univalent ion, γ1, by:

γz = γ z2
1 log γz = z2 log γ1 (9:11)

Accordingly, the following relationships for fa1, fa2, and fsp can be derived:

fa1 = γðHCO−
3Þ= γ1 log fa1 = log γ1 (9:12)

fa2 =
γðCO2−

3 Þ
γðHCO−

3Þ
= γ41
γ1

= γ31 log fa2 = 3 log γ1 (9:13)

fsp = γðCa2+Þ γðCO2−
3 Þ= γ41 γ

4
1 = γ81 log fsp = 8 log γ1 (9:14)

The activity coefficient of a univalent ion, γ1, can be calculated on the basis of the
ionic strength by means of the Güntelberg equation, where the ionic strength can
be calculated from the concentrations of the major ions or can be estimated from
the electrical conductivity (details are given in Chapter 3, Section 3.8).

For an exact description of the calco-carbonic equilibrium, it is not only neces-
sary to consider the activity coefficients but also the temperature dependence of the
equilibrium constants. The latter can be expressed by a polynomial with A and B as
characteristic parameters for the different equilibrium constants (Table 9.1):
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logK✶ðTÞ= logK✶ðT0Þ+A
1
T0

−
1
T

� �
+B ln

T
T0

� �
+ T0

T

� �
− 1Þ

� 	
(9:15)

In equation (9.15), the temperature, T, has to be expressed as absolute tempera-
ture in Kelvin, and T0 is 298.15 K (25 °C). Equation (9.15) is equivalent to equation
(5.14) (Chapter 5, Section 5.6) with A = ΔRH0/(2.303 R) and B = cp/(2.303 R), where
ΔRH0 is the molar standard enthalpy of reaction, cp is the molar heat capacity of
reaction, and R is the gas constant. The factor 2.303 results from the conversion
of the natural into the decimal logarithm.

Table 9.2 lists equilibrium constants calculated for selected temperatures. Equa-
tions (9.8)–(9.10) and (9.12)–(9.15) provide the basis for performing calco-carbonic
equilibrium calculations.

9.3 Graphical Representation of the Calco-Carbonic Equilibrium:
Tillmans Curve

As mentioned in Section 9.1, each equilibrium state in the calco-carbonic system is
characterized by the following set of variables: c(CO2), c(HCO3

–), c(CO3
2–), c(Ca2+),

pH. However, according to the overall reaction equation (equation (9.4)), only three
variables are necessary to describe the equilibrium uniquely. These variables are

Table 9.1: Equilibrium constants at 25 °C for the main reactions of the calco-carbonic equilibrium
and parameters needed in equation (9.15) for estimating constants at other temperatures (taken
from German standard DIN 38404-10).

Reaction Constant log K ( °C) A B

CaCO3ðsÞ Ð Ca2+ +CO2−
3 K✶

sp −. −. −.
CO2ðaqÞ +H2O Ð H+ +HCO−

3 K✶
a1 −. . −.

HCO−
3 Ð H+ + CO2−

3 K✶
a2 −. . −.

H2O Ð H+ + OH− K✶
w −.  . −.

Table 9.2: Constants of the calco-carbonic equilibrium for selected temperatures, including
Tillmans constant and Langelier constant defined in Sections 9.3 and 9.4, respectively (taken
from German standard DIN 38404-10).

Temperature (°C) logK✶
sp logK✶

a1 logK✶
a2 logK✶

w logKT logKLa

 −. −. −. −. . −.
 −. −. −. −. . −.
 −. −. −. −. . −.
 −. −. −. −. . −.
 −. −. −. −. . −.
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the carbonic acid concentration, the hydrogencarbonate concentration, and the cal-
cium concentration. If these concentrations are known, the pH is given by the ratio
of c(CO2)/c(HCO3

–) and the related acidity constant (equation (9.8)), whereas the car-
bonate concentration is given by the solubility product and the calcium concentration
(equation (9.10)). If we further set the calcium concentration to a fixed value, then the
calco-carbonic equilibrium can be represented in a two-dimensional diagram as
a curve c(CO2) = f(c(HCO3

–)) with c(Ca2+) as the curve parameter. In practice, the
curve parameter is typically given as deviation from the stoichiometric ratio be-
tween hydrogencarbonate and calcium ions in the form c(HCO3

–) – 2 c(Ca2+), or,
more general, m – 2 c(Ca2+) where m is the m alkalinity. This difference has the
value 0 if both species occur in the exact stoichiometric ratio given by equation
(9.4): c(HCO3

–) = 2 c(Ca2+). For the definition of m and its relationship to c(HCO3
–),

see Section 7.7.3 in Chapter 7.
The equation for the equilibrium curve can be derived after rearranging equa-

tion (9.8) and substituting a(H+) by equation (9.9) and c(CO3
2–) by equation (9.10):

cðCO2Þ= aðH+Þ cðHCO−
3Þ fa1

K✶
a1

= K✶
a2 c

2ðHCO−
3Þ fa1

fa2 cðCO2−
3 ÞK✶

a1

= K✶
a2 c

2ðHCO−
3Þ fa1 fsp cðCa2+Þ

fa2 K✶
sp K✶

a1
(9:16)

cðCO2Þ= K✶
a2

K✶
a1 K

✶
sp

fa1 fsp
fa2

c2ðHCO−
3Þ cðCa2+Þ (9:17)

This equation was first described by Josef Tillmans and is therefore referred to as
the Tillmans equation and the corresponding graph is called the Tillmans curve. A
simpler mathematical form can be derived by summarizing the constants and the
activity coefficients:

cðCO2Þ= KT

fT
c2ðHCO−

3Þ cðCa2+Þ (9:18)

where KT is the Tillmans constant (=K✶
a2=ðK✶

a1 K
✶
spÞ, see Table 9.2) and fT is the sum-

marized activity coefficient of the Tillmans equation. The activity coefficient fT can
be calculated from the activity coefficient of a univalent ion under consideration of
equations (9.12)–(9.14):

fT =
fa2

fa1 fsp
= γ31
γ1 γ8

1
= 1
γ61

(9:19)

To determine the activity coefficient γ1, the ionic strength has to be known. The
ionic strength can be calculated exactly from the concentrations of all (major) ions
or can be approximated by an empirical equation based on the electrical conductiv-
ity (Chapter 3, Section 3.8).
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Example 9.1
What is the equilibrium concentration of CO2 in a groundwater for which the following data are
known: ϑ = 15 °C, c(Ca2+) = 1.2 mmol/L, c(HCO3

‒) = 2.5 mmol/L, I = 5.2 mmol/L? The Tillmans con-
stant at 15 °C is given as log KT = 4.421.

Solution:
The equilibrium concentration of CO2 can be calculated by means of the Tillmans equation:

cðCO2Þ= KT
fT

c2ðHCO−
3Þ cðCa2+Þ

KT can be derived from the decimal logarithm (log KT = 4.421) by:

KT = 104.421 L2=mol2 = 2.636× 104 L2=mol2

To calculate fT, we need the activity coefficient of a univalent ion, which can be found from the ionic
strength (in mol/L!) by means of the Güntelberg equation:

log γ1 = −0.5

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r = −0.5
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
5.2× 10−3

p
1+ 1.4

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
5.2× 10−3

p = −0.5 0.072
1+ ð1.4Þ ð0.072Þ = −0.0327

γ1 =0.927

With γ1, we can calculate the activity coefficient of the Tillmans equation:

fT =
1

γ61
= 1.576

Now, we can insert all data into the Tillmans equation to find c(CO2):

cðCO2Þ= 2.636× 104 L2=mol2

1.576 ð2.5× 10−3 mol=LÞ2 ð1.2× 10−3 mol=LÞ

cðCO2Þ= 1.254× 10−4 mol=L=0.1254mmol=L

A graphical representation of the Tillmans equation is shown in Figure 9.1. The curve
represents the equilibrium states, here calculated for the conditions c(HCO3

–) –
2 c(Ca2+) = 0 and ϑ = 25 °C and under the simplifying assumption fT = 1. In the area
above the curve, we find all water compositions (with respect to CO2 and HCO3

–) where
the CO2 concentration is higher than in the state of equilibrium. Such waters can reach
the equilibrium state by dissolving calcium carbonate (calcite) as can be seen from
equation (9.4) (reaction from left to right). They are therefore referred to as carbonate-
dissolving or calcite-dissolving waters. Waters with compositions that fall into the area
below the equilibrium curve contain lower CO2 concentrations in comparison to the
equilibrium. They can reach the equilibrium state by precipitating calcium carbonate
(equation (9.4), reaction from right to left). Such waters are referred to as carbonate-
precipitating or calcite-precipitating waters.
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The lines in the sketch represent water compositions with equal pH. The respec-
tive linear equations can be derived from equation (9.8):

cðCO2Þ= aðH+Þ fa1
K✶
a1

cðHCO−
3Þ (9:20)

As can be seen from equation (9.20), the slope of the line is determined by the pro-
ton activity. The higher the proton activity or the lower the pH is, the steeper the
line is. The lines of constant pH intersect the equilibrium curve at different points.
Consequently, each equilibrium state is characterized by its own specific pH, re-
ferred to as equilibrium pH (pHeq) or pH of calcite saturation (pHc). Therefore, the
difference between the actually measured pH and the equilibrium pH can be used
to assess the saturation state (Section 9.4).

To quantify the distance from the equilibrium state, the parameter “calcite disso-
lution capacity,”which is directly linked to the CO2 excess, is often used (Section 9.4).
The higher the CO2 excess is, the more calcite can be dissolved (see equation (9.4))
or, in other words, the higher is the calcite dissolution capacity. In an analogous
manner, for waters with CO2 deficit the parameter “calcite precipitation capacity” is
defined.

Figure 9.2 shows the influence of the deviation from the stoichiometric ratio of
Ca2+ and HCO3

‒ on the position of the Tillmans curve. The deviations are here ex-
pressed by the parameter c(HCO3

‒) – 2 c(Ca2+). The reason for the deviations from
the stoichiometric ratio in natural waters is that hydrogencarbonate and calcium

Figure 9.1: Tillmans curve, calculated for c(HCO3
–) – 2 c(Ca2+) = 0, fT = 1, and ϑ = 25 °C. The gray

point indicates the composition of a calcite-dissolving water and the arrow shows the change of
the water composition when the equilibrium is reached by dissolution of calcite according to the
given reaction equation. The slope of the arrow (−0.5) results from the stoichiometry of the
reaction. The length of the arrow is a measure of the calcite dissolution capacity.
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ions can be introduced into water not only by dissolution of calcite but also partly
from other sources. Consequently, the exact stoichiometric ratio is not necessarily
found in each type of water. If c(HCO3

‒) > 2 c(Ca2+), the curve is shifted to the right in
comparison to the curve for the exact stoichiometric ratio. This means that for the
same hydrogencarbonate concentration, the equilibrium CO2 concentration is lower
and the pH is higher under these conditions. In contrast, if c(HCO3

‒) < 2 c(Ca2+), the
curve is shifted to the left and the equilibrium CO2 concentration is higher and the
pH is lower than in the reference state.

It has to be noted that the exact position of the Tillmans curve also depends on the
temperature (due to the temperature dependence of the equilibrium constant, KT)
and on the ionic strength (due to the impact on the activity coefficient, fT).

9.4 Assessment of the Calcite Saturation State

Since calcite-dissolving waters (waters with CO2 excess) cause corrosion problems
in the water distribution system, drinking water should be in the state of calco-
carbonic equilibrium when it is delivered by the waterworks. If necessary, a specific
treatment process (mechanical or chemical deacidification) has to be applied to re-
move the excess concentration of CO2. To control the raw water quality and the
quality of the treated water, an assessment method is required that allows answer-
ing of the question of whether the considered water is in the state of calco-carbonic
equilibrium or if the water is calcite-dissolving or, in contrast, calcite-precipitating.

Figure 9.2: Tillmans curves ( fT = 1, ϑ = 25 °C) for varying equivalent concentration differences,
c(HCO3

–) – 2 c(Ca2+).
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In principle, an assessment of the calcite saturation could be done on the basis of the
Tillmans equation. For given calcium and hydrogencarbonate concentrations, the
equilibrium concentration of CO2 can be calculated by equation (9.18). This CO2 con-
centration has to then be compared with the measured concentration. However, the
determination of dissolved CO2 by titration (see Section 7.7 in Chapter 7) is laborious
and prone to error. Against this background, it is a better alternative to use the pH as
an assessment parameter, because it can be easily and precisely measured with a pH-
meter. Accordingly, the respective assessment principle is to calculate the equilib-
rium pH and to compare this value with the measured pH in the given water sample.

An equation that allows the calculation of the equilibrium pH can be derived
by combining equations (9.9) and (9.10):

aðH+Þ= K✶
a2 fsp

K✶
sp fa2

cðHCO−
3Þ cðCa2+Þ (9:21)

This equation is known as the Langelier equation, sometimes also referred to as the
Langelier–Strohecker equation. After summarizing the constants and the activity
coefficients, we receive:

aðH+Þ=KLa fLa cðHCO−
3Þ cðCa2+Þ (9:22)

where KLa (=K✶
a2=K

✶
sp) is the Langelier constant (see also Table 9.2) and fLa is the

summarized activity coefficient of the Langelier equation. The relationship between
fLa and the activity coefficient of a univalent ion, γ1, can be found by considering
equations (9.13) and (9.14):

fLa =
fsp
fa2

= γ81
γ31

= γ51 log fLa = 5 log γ1 (9:23)

For the determination of γ1, see Chapter 3, Section 3.8.
To find an expression for the pH, equation (9.22) has to be written in logarith-

mic form:

pHeq = −logKLa − log fLa − log cðHCO−
3Þ− log cðCa2+Þ (9:24)

Equation (9.24) can be used to find the equilibrium pH that is related to the mea-
sured concentrations of the calcium and hydrogencarbonate ions. This pH has to
then be compared with the measured pH to assess the calcite saturation state in the
given water sample. The difference between measured and calculated (equilibrium)
pH is referred to as the saturation index, SI:

SI =pHmeas −pHeq (9:25)

9.4 Assessment of the Calcite Saturation State 149



A negative SI (measured pH lower than equilibrium pH) indicates calcite-dissolving
water whereas a positive SI (measured pH higher than equilibrium pH) indicates
calcite-precipitating water (see also Figure 9.1). If SI = 0, the water is in the state of
equilibrium (i.e., saturated with calcite).

Example 9.2
For a given water sample, the following data are known: c(Ca2+) = 3.5 mmol/L, c(HCO3

−) = 5.3 mmol/L
(measured as acid neutralizing capacity to pH = 4.3), electrical conductivity κ25 = 96 mS/m, tempera-
ture ϑ = 10 °C, and pHmeas = 6.9. What is the saturation state of this water with respect to calcite?

Solution:
At first, log KLa and log fLa have to be determined. The value of log KLa for 10 °C, calculated from log K✶

a2
and logK✶

sp, is given in Table 9.2 (log KLa =−2.082). To calculate log fLa, we need the ionic strength, I.
According to the available data, the ionic strength has to be calculated approximately by using the
electrical conductivity (see Chapter 3):

Iðmol=LÞ≈ κ25ðmS=mÞ
6 200

=0.0155

The logarithm of the activity coefficient of a univalent ion, log γ1, can be found from the Güntelberg
equation:

log γ1 = −0.5

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r = −0.5 0.124
1+ 1.4×0.124 = −0.053

According to equation (9.23), log fLa is:

log fLa = 5 log γ1 = −0.265

Now, the equilibrium pH can be calculated by using equation (9.24):

pHeq = −logKLa − log fLa − log cðHCO−
3Þ− log cðCa2+Þ

Here, it has to be considered that the concentrations have to be inserted in mol/L according to the
conventions made for the formulation of the laws of mass action and the related units of the equi-
librium constants:

log cðHCO−
3Þ= log ð5.3× 10−3Þ= −2.276 log cðCa2+Þ= log ð3.5× 10−3Þ= −2.456

Thus, we find the equilibrium pH to be:

pHeq = 2.082+0.265+ 2.276+ 2.456= 7.079≈ 7.1

Finally, the equilibrium pH has to be compared with the measured pH (pHmeas = 6.9):

SI= pHmeas −pHeq =6.9− 7.1= −0.2

Since SI is negative, the considered water is calcite-dissolving.
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To determine the calcite dissolution capacity (or inversely precipitation capac-
ity) which is a measure of the distance from the equilibrium state, a numerical sim-
ulation of the calcite dissolution (or precipitation) on the basis of equation (9.4) has
to be carried out by means of an iteration procedure. After each iteration step, the
SI is calculated to prove if the equilibrium state is achieved. In the iteration proce-
dure, it has to be taken into account that during dissolution or precipitation of cal-
cium carbonate not only the concentrations of calcium, hydrogencarbonate, and
CO2(aq) change their values, but also the pH increases (dissolution) or decreases
(precipitation) as can be derived from Figure 9.1.

To calculate the changes of the relevant concentrations during the simulated dis-
solution or precipitation, we have to know the initial values. Whereas the concentra-
tions of Ca2+ and HCO3

– and also the pH are typically known (see Example 9.2), the
related initial concentration of CO2(aq) has to be calculated from the known data by
means of equation (9.8). Without the knowledge of the CO2(aq) concentration, the pH
after the simulated dissolution or precipitation could not be determined. However,
this pH (the new “measured” pH) is required as reference value to calculate SI.

If, for example, the water is initially calcite-dissolving, the dissolution of a
small amount of calcite is assumed and the resulting concentration increase for cal-
cium and hydrogencarbonate and the concentration decrease of CO2(aq) are calcu-
lated under consideration of the stoichiometric ratios given in equation (9.4). With
the new CO2(aq) and HCO3

– concentrations, the new pH can be calculated by equa-
tion (9.8). This is the pH that would be measured for the given new concentrations.
With the new calcium and hydrogencarbonate concentrations, the related equilib-
rium pH can be calculated by means of the Langelier equation. Finally the new SI
can be computed. If the SI is still negative, dissolution of a higher amount of calcite
has to be simulated. This iteration is done as long as the saturation index is zero.
The related dissolved amount of calcite is the calcite dissolution capacity. For cal-
cite-precipitating waters, the calcite precipitation capacity can be calculated in an
analogous manner but with the simulation of CaCO3 precipitation.

It has to be noted that for an exact calculation the change of the ionic strength
and the resulting changes in fa1 and fLa have to be considered in each iteration step.
The iteration procedure is demonstrated in detail in Example 9.3.

Example 9.3
In this example, the first iteration step for determining the calcite dissolution capacity is shown.
The water data are taken from Example 9.2 (calcite-dissolving water): c(Ca2+) = 3.5 mmol/L, c(HCO3

−) =
5.3 mmol/L, pH = 6.9 (a(H+) = 1.259 × 10−7 mol/L), log KLa = −2.082, I = 0.0155 mol/L, γ1 = 0.885.
Furthermore, we need the acidity constant for the first dissociation step of CO2(aq), which is K✶

a1 =
3.428 × 10−7 mol/L at the given temperature of 10 °C (Table 9.2).

Solution:
We start with the calculation of c(CO2) for the given initial conditions by means of equation (9.20):
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cðCO2Þ= aðH+Þ fa1
K✶
a1

cðHCO−
3Þ=

ð1.259× 10−7 mol=LÞ ð0.885Þ ð5.3× 10−3 mol=LÞ
3.428× 10−7 mol=L

cðCO2Þ= 1.723× 10−3 mol=L

Note that fa1 equals γ1 (equation (9.12)). Now we want to simulate the dissolution of 0.2 mmol/L
CaCO3. In this case, according to equation (9.4), the concentration of calcium and hydrogencarbonate
is increased by 0.2 mmol/L and 0.4 mmol/L, respectively. The new values are c(Ca2+) = 3.7 mmol/L,
(3.7 × 10−3 mol/L) and c(HCO3

‒) = 5.7 mmol/L (5.7 × 10−3 mol/L). Simultaneously, the CO2 concentra-
tion is decreased by 0.2 mmol/L to 1.523 mmol/L (1.523 × 10−3 mol/L). The increased concentrations
of Ca2+ and HCO3

– result in an increase of the ionic strength by 6 × 10−4 mol/L.

ΔI=0.5
X
i

Δci z2i =0.5 ð2× 10−4 mol=LÞ4+ ð4× 10−4 mol=LÞ 1
 �
=6× 10−4 mol=L

The new ionic strength is therefore:

Inew = Iold +ΔI= 1.55 × 10−2 mol=L+6× 10−4 mol=L=0.0161 mol=L

The related activity coefficient, γ1, is found by means of the Güntelberg equation:

log γ1 = −0.5

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r = −0.5 0.127
1+ ð1.4Þ ð0.127Þ = −0.054

γ1 = 10−0.054 =0.883

Now, we can calculate the new pH that would be measured after the dissolution. To do that, we can
use the equation given previously, but in rearranged form and with the new data:

aðH+Þ= K✶
a1 cðCO2Þ

fa1 cðHCO−
3Þ

= ð3.428× 10−7 mol=LÞ ð1.523× 10−3 mol=LÞ
ð0.883Þ ð5.7× 10−3 mol=LÞ

aðH+Þ= 1.037× 10−7mol=L

pH= −log aðH+Þ= −logð1.037× 10−7Þ=6.98

Now, we can apply the Langelier equation to find the equilibrium pH. With:

log fLa = 5 log γ1 = 5ð−0.054Þ= −0.27

we obtain:

pHeq = −logKLa − log fLa − log cðHCO−
3Þ− log cðCa2+Þ

pHeq = 2.082+0.27+ 2.244+ 2.432= 7.028≈ 7.03

This is the equilibrium pH that is related to the new Ca2+ and HCO3
– concentrations after dissolution

of 0.2 mmol/L CaCO3. Finally, we can calculate the new saturation index:

SI =pHmeas − pHeq =6.98− 7.03= −0.05

As a result of the simulated dissolution, the saturation index has changed from −0.2 (Example 9.2)
to −0.05, but the equilibrium (SI = 0) is still not reached. To find the exact calcite dissolution capac-
ity, the procedure has to be repeated with a slightly higher amount of CaCO3.
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9.5 Outlook: Assessment of the Calcite Saturation State Under
Consideration of Complex Formation

Some major ions in natural waters are able to form ion pairs, each consisting of a
cation and an anion. This specific form of complex formation has to be considered
in cases where a very exact calculation of the saturation state should be carried out.
In particular, the ions Ca2+, Mg2+, HCO3

–, CO3
2–, and SO4

2– are able to form significant
concentrations of ion pairs. The respective reaction equations, here formulated for
the complex dissociation, are:

CaHCO+
3 Ð Ca2+ + HCO−

3 (9:26)

CaCO0
3 Ð Ca2+ + CO2−

3 (9:27)

CaSO0
4 Ð Ca2+ + SO2−

4 (9:28)

MgHCO+
3 Ð Mg2+ + HCO−

3 (9:29)

MgCO0
3 Ð Mg2+ + CO2−

3 (9:30)

MgSO0
4 Ð Mg2+ + SO2−

4 (9:31)

The charge number zero in the formulas is used to indicate the neutral character of
the respective ion pairs in aqueous solution and should distinguish them from solid
sulfates and carbonates with the same composition.

To assess the saturation state under consideration of the complex formation reac-
tions, it is necessary to solve a set of equations consisting of the laws of mass action for
the reactions described in equations (9.1)–(9.3) and (9.26)–(9.31), the electroneutrality
condition, and the material balance equations for the involved species, in particular:

cðCatotalÞ= cðCa2+Þ + cðCaHCO+
3 Þ + cðCaCO0

3 Þ + cðCaSO0
4Þ (9:32)

cðMgtotalÞ= cðMg2+Þ + cðMgHCO+
3Þ + cðMgCO0

3 Þ + cðMgSO0
4Þ (9:33)

cðSO4, totalÞ= cðSO2−
4 Þ + cðCaSO0

4Þ + cðMgSO0
4Þ (9:34)

cðDICÞ= cðCO2Þ + cðHCO−
3 Þ + cðCO2−

3 Þ+ cðCaHCO+
3 Þ + cðCaCO0

3 Þ
+ cðMgHCO+

3 Þ + cðMgCO0
3 Þ (9:35)

Under certain conditions (high phosphate concentration and/or high pH), the complex
formation of Ca2+ and Mg2+ with H2PO4

–, HPO4
2–, and PO4

3– as well as the formation of
the hydroxo complexes Ca(OH)+ and Mg(OH)+ may also be relevant. In this case, the
set of equations has to be further extended by the respective complex formation equi-
librium relationships and the acid/base equilibrium relationships of the phosphoric
acid. The additional species have to be introduced into the material balance equations
and an additional balance has to be established for the phosphate species.
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The solution of such extensive sets of equations can only be found by numeri-
cal methods, which requires appropriate software.

9.6 Special Case: Fixed CO2 Partial Pressure

In the previous sections, the calco-carbonic equilibrium was considered in a general
manner. This means that the concentration of CO2 was allowed to vary. Some reasons
for such variations were discussed in Section 9.1. In this general case, we have an infi-
nite number of different equilibrium states, each of them defined by a specific ratio of
the concentrations of CO2(aq), HCO3

–, CO3
2–, Ca2+, and H+. As shown in Section 9.3, we

can illustrate these different equilibrium states by the Tillmans curve (Figure 9.1). The
concentration distribution of the constituents of the calco-carbonic equilibrium at each
point of the curve can be calculated by means of equations (9.8)–(9.10).

Let us now consider a situation where the CO2 concentration is fixed. As we can
derive from the Tillmans curve, the equilibrium state is given in this case by only one
specific point on the curve. This means that under this condition the concentrations of
all other constituents of the calco-carbonic equilibrium are also uniquely fixed. Such a
situation can be found, for instance, in surface water that is in equilibrium with atmo-
spheric CO2 and also with solid calcium carbonate. Due to the constant CO2 partial
pressure in the atmosphere, the CO2 concentration in the liquid phase is also fixed.
Accordingly, the concentration distribution of all species can be calculated by combin-
ing equations (9.8)–(9.10) with Henry’s law for CO2(g) (Chapter 6) as will be shown
below. For the sake of simplification, ideal conditions are assumed.

The elementary reactions and the overall reaction are:

CO2ðgÞ Ð CO2ðaqÞ H (9:36)

CO2ðaqÞ +H2O Ð H+ +HCO−
3 Ka1 (9:37)

H+ +CO2−
3 Ð HCO−

3 1=Ka2 (9:38)

CaCO3ðsÞ Ð Ca2+ + CO2−
3 Ksp (9:39)

__________________________________________

CaCO3ðsÞ + CO2ðgÞ + H2O Ð Ca2+ + 2HCO−
3 H Ka1 Ksp=Ka2 (9:40)

For 25 °C, the overall equilibrium constant is:

Koverall =
H Ka1 Ksp

Ka2
=

 
3.342× 10−2 mol

L ·bar

! 
4.406× 10−7 mol

L

!
3.304× 10−9 mol2

L2

 !

4.688× 10−11 mol
L

= 1.038× 10−6 mol3=ðL3 · barÞ ð9:41Þ

154 9 Calco-Carbonic Equilibrium



Assuming that the concentration ratio of Ca2+ and HCO3
– corresponds to the stoi-

chiometric ratio of the overall reaction:

cðCa2+Þ=0.5 cðHCO−
3Þ (9:42)

we can calculate the species distribution by using the laws of mass action related
to equations (9.36)–(9.40). It has to be noted that, in principle, the calculation
can be carried out in the same manner for any other Ca2+/HCO3

– ratio.

Example 9.4
Calculate the pH and the species distribution of Ca2+, HCO3

–, CO3
2–, and CO2(aq) in a water that is at

25 °C in equilibrium with solid calcium carbonate and with atmospheric air (415 ppm CO2, p(CO2) =
0.000415 bar) by using the equilibrium constants given in equation (9.41). Ideal conditions and a
stoichiometric ratio of Ca2+ and HCO3

– are assumed.

Solution:
At first, the law of mass action for the overall reaction (equation (9.40)) is formulated under consid-
eration of the stoichiometric ratio of Ca2+ and HCO3

–:

Koverall =
cðCa2+Þ c2ðHCO−

3Þ
pðCO2Þ = 0.5 cðHCO−

3Þ c2ðHCO−
3Þ

pðCO2Þ = 0.5 c3ðHCO−
3Þ

pðCO2Þ

Rearranging this equation and introducing the given data yields:

cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2pðCO2ÞKoverall3

p
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2ð0.000415 barÞð1.038× 10−6 mol3=ðL3 · barÞÞ3

q

cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
8.615× 10−10 mol3=L3

3
q

=9.515× 10−4 mol=L

The CO2 concentration can be calculated by means of Henry’s law:

cðCO2Þ=HpðCO2Þ= ð3.342× 10−2 mol=ðL · barÞÞð0.000415 barÞ= 1.387× 10−5 mol=L

Now, we can calculate the pH and the carbonate concentration by using the equilibrium relation-
ships of the carbonic acid system:

cðH+Þ= cðCO2ÞKa1
cðHCO−

3Þ
= ð1.387× 10−5 mol=L Þð4.406× 10−7 mol=LÞ

9.515× 10−4 mol=L
=6.423× 10−9mol=L

pH= −log cðH+Þ= −logð6.423× 10−9Þ=8.19

cðCO2−
3 Þ= Ka2 cðHCO−

3Þ
cðH+Þ = ð4.688× 10−11 mol=L Þð9.515× 10−4 mol=LÞ

6.423× 10−9 mol=L
=6.945× 10−6 mol=L

Finally, the calcium concentration can be calculated from the solubility product:

cðCa2+Þ= Ksp
cðCO2−

3 Þ =
3.304× 10−9 mol2=L2

6.945× 10−6 mol=L
=4.757× 10−4 mol=L

Alternatively, the calcium concentration can be found from the hydrogencarbonate concentration
by means of the stoichiometric condition c(Ca2+) = 0.5 c(HCO3

–). The calcium concentration can then
be used to calculate the carbonate concentration by means of the solubility product.
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The model calculation shown in Example 9.4 can be used to demonstrate the
impact of a further increase of the atmospheric CO2 concentration on the pH of
ocean water. To simplify the calculation we want to restrict our consideration to the
calco-carbonic equilibrium and neglect the influence of further acid/base systems,
such as boric acid/borate or silicic acid/silicate, on the pH. Moreover, we want to
assume that the water in the upper layers of the oceans is in equilibrium with the
partial pressure of CO2 in the air. To apply an equation for the overall reaction com-
parable to equation (9.41) we have to consider the specific conditions for seawater:
– The solubility of gases decreases with increasing salinity of the water. This effect

is referred to as the salting-out effect. As a consequence, the Henry constants for
seawater are lower than those for pure water (or water of low salinity).

– Due to its high salt content, seawater cannot be considered an ideal solution. In
principle, we could calculate activity coefficients to derive conditional constants
from the thermodynamic constants. For this, however, we would have to apply
complex models (e.g., Pitzer model) because the simple methods for calculating
activity coefficients (Güntelberg equation, Davies equation, Debye-Hückel equa-
tion) are not useful for the high ionic strength of seawater (≈0.71 mol/L). There-
fore we want to apply literature data here.

Conditional equilibrium constants (including Henry constants) for the seawater salinity
of 3.5% were published by Millero 2001 (Table 9.3). Using these data, we can calculate
the pH of seawater for different CO2 concentrations in the atmosphere (Example 9.5).
Note that the constants in the table are based on molality as concentration measure.
For simplification we use these constants with molar concentrations which causes
only a minor error (see also Chapter 3, Section 3.2).

Table 9.3: Henry constants of CO2 and conditional constants
of the calco-carbonic equilibrium for seawater with a salinity of 3.5%
(Millero 2001).

Temperature (°C) log H log Ksp log K✶
a1 log K✶

a2

 −. −. −. −.
 −. −. −. −.
 −. −. −. −.
 −. −. −. −.
 −. −. −. −.
 −. −. −. −.
 −. −. −. −.
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Example 9.5
Calculate the pH and the carbonate concentration of seawater (ϑ = 20 °C) in equilibrium with atmo-
spheric CO2 concentrations of 415 ppm and 600 ppm (ptotal = 1 bar). The respective partial pressures
of CO2 in the atmosphere are 0.000415 bar and 0.0006 bar. Ideal conditions and a stoichiometric
ratio of Ca2+ and HCO3

– (c(Ca2+) = 0.5 c(HCO3
–)) are assumed.

Solution:
With the constants given in Table 9.3, we can find the overall equilibrium constant for the reaction

CaCO3ðsÞ +CO2ðgÞ+H2O Ð Ca2+ + 2HCO−
3

at 20 °C (see equation (9.41)):

Koverall =
HKa1 Ksp

Ka2
=

 
3.243× 10−2

mol
L ·bar

! 
1.276× 10−6

mol
L

!
4.325× 10−7

mol2

L2

 !

9.977× 10−10
mol
L

= 1.794× 10−5 mol3=ðL3 · barÞ

Under the simplifying assumption that the ratio of Ca2+ and HCO3
– equals the stoichiometric ratio

(c(Ca2+) = 0.5 c(HCO3
–)), we get:

Koverall =
cðCa2+Þ c2ðHCO−

3Þ
pðCO2Þ = 0.5 c3ðHCO−

3Þ
pðCO2Þ

With the given data, we can calculate the hydrogencarbonate concentration for p(CO2) = 0.000415 bar:

cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2pðCO2ÞKoverall3

p
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2ð0.000415 barÞð1.794× 10−5 mol3=ðL3 · barÞÞ3

q

cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.489× 10−8 mol3=L3

3
q

= 2.460× 10−3 mol=L

The CO2 concentration can be found by means of Henry’s law:

cðCO2Þ=HpðCO2Þ= ð3.243× 10−2 mol=ðL · barÞÞð0.000415 barÞ= 1.346× 10−5 mol=L

Now, we can calculate the pH:

cðH+Þ= cðCO2ÞKa1
cðHCO−

3Þ
= ð1.346× 10−5 mol=L Þð1.276× 10−6 mol=LÞ

2.460× 10−3 mol=L
=6.982× 10−9 mol=L

pH= −log cðH+Þ= −logð6.982× 10−9Þ=8.16

For the carbonate concentration, we get:

cðCO2−
3 Þ= Ka2 cðHCO−

3Þ
cðH+Þ = ð9.977× 10−10 mol=LÞð2.460× 10−3 mol=LÞ

6.982× 10−9 mol=L
= 3.515× 10−4 mol=L

The same calculation for p(CO2) = 0.0006 bar gives:

cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2pðCO2ÞKoverall3

p
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2ð0.0006barÞð1.794× 10−5 mol3=ðL3 · barÞÞ3

q
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cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2.153× 10−8 mol3=L3

3
q

= 2.782× 10−3 mol=L

cðCO2Þ=HpðCO2Þ= ð3.243× 10−2 mol=ðL · barÞÞð0.0006barÞ= 1.946× 10−5 mol=L

cðH+Þ= cðCO2ÞKa1
cðHCO−

3Þ
= ð1.946× 10−5 mol=L Þð1.276× 10−6 mol=LÞ

2.782× 10−3 mol=L
=8.926× 10−9 mol=L

pH= −log cðH+Þ= −logð8.926× 10−9Þ=8.05

cðCO2−
3 Þ= Ka2 cðHCO−

3Þ
cðH+Þ = ð9.977× 10−10 mol=LÞð2.782× 10−3 mol=LÞ

8.926× 10−9 mol=L
= 3.110× 10−4 mol=L

Despite the simplified calculation, the example shows clearly the effects to be
expected if the CO2 concentration in the atmosphere continues to rise: decrease of
pH, increase of the aqueous CO2 concentration, and decrease of the carbonate con-
centration. These effects are referred to as ocean acidification.

9.7 Problems

9.1. As an example for the establishment of a Tillmans curve, we want to calculate the
equilibrium concentration of CO2 and the pH of water that contains 1.4 mmol/L Ca2+ and
3.8 mmol/L HCO3

‒. The ionic strength is 10 mmol/L and the temperature is 10 °C. The
required equilibrium constants at 10 °C are given as log KT = 4.383 and logK✶

a1 =−6.465.

9.2. Assess the calcite saturation state for water that is characterized by the fol-
lowing data: ϑ = 10 °C, pHmeas = 8.2, c(Ca2+) = 1.2 mmol/L, c(HCO3

–) = 1.7 mmol/L,
κ25 = 45 mS/m. The logarithm of the Langelier constant for 10 °C is log KLa = −2.082.

9.3. Take the data from Problem 9.2 and calculate the CO2 concentration that is re-
lated to the measured pH and hydrogencarbonate concentration (equilibrium be-
tween CO2 and HCO3

– is assumed). Then calculate the concentration of CO2 in the
state of the calco-carbonic equilibrium by the Tillmans equation and compare the re-
sults. Additional to the data in Problem 9.2, the following equilibrium constants are
given: Ka1 = 3.428 × 10−7 mol/L, Ka2 = 3.251 × 10−11 mol/L, Ksp = 3.926 × 10−9 mol2/L2.

9.4. Calculate the pH and the species distribution of Ca2+, HCO3
–, CO3

2–, and CO2(aq) in
seepage water that is at 10 °C in equilibrium with solid calcium carbonate and with a
soil atmosphere in which the partial pressure of CO2 is by a factor of hundred higher
than that of the atmosphere (p(CO2)atm = 0.000415 bar). Ideal conditions are assumed.
The respective equilibrium constants for the elementary reactions at 10 °C are:
H = 5.247 × 10−2 mol/(L⋅bar), Ka1 = 3.428 × 10−7 mol/L, Ka2 = 3.251 × 10−11 mol/L,
Ksp = 3.926 × 10−9 mol2/L2. The overall equilibrium constant for the reaction
CaCO3ðsÞ + CO2ðgÞ+H2O Ð Ca2+ + 2HCO−

3 at 10 °C is Koverall = 2.172 × 10
−6 mol3/(L3⋅bar).
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10 Redox Equilibria

10.1 Introduction

Redox reactions belong, besides acid/base reactions, to the most important processes
in aquatic systems. The term “redox” is a combination of the words reduction and
oxidation. Oxidation and reduction are reverse reactions and the term “redox” indi-
cates that they are always coupled. An oxidation is defined as a loss of electrons,
whereas reduction means gain of electrons. A number of water constituents are able
to take part in redox reactions. This means that they can be reduced or oxidized or,
in other words, they can change their oxidation state. The change of the oxidation
state is typically connected with a change in the properties and in many cases also
with a change in the composition of the species. The oxidized and the related re-
duced species form a redox couple (also referred to as redox pair). Examples of redox
couples frequently occurring in aquatic systems are O2/H2O, NO3

–/NH3, NO3
–/NO2

–,
NO3

–/N2, MnO2/Mn2+, Fe(OH)3/Fe
2+, SO4

2–/H2S, SO4
2–/HS–, CO2/CH4, and CO2/CxHyOz.

The given examples demonstrate that a number of major and minor water constitu-
ents are part of redox couples, which underlines the relevance of redox reactions in
aquatic systems. As we can further see, some species are constituents of different
redox couples. This is possible when the considered element occurs in more than just
two different oxidation states, such as nitrogen, which can occur in aquatic systems
as NO3

–, NO2
–, N2, or NH3/NH4

+.
To formulate redox reaction equations and to carry out equilibrium calcula-

tions, we need a specific parameter that characterizes the oxidation state of a con-
sidered atom in a given species. This parameter is known as the oxidation number
(or oxidation state). It can be estimated in different ways as will be shown in the
next section. For a considered redox couple, the lower value of the oxidation num-
ber characterizes the reduced form, whereas the higher value characterizes the oxi-
dized form. If necessary, the oxidation number is written above the symbol of the

atom, for instance N
+5
O−
3 and N

−3
H3, where +5 is the oxidation number of nitrogen in

the oxidized form (nitrate) and −3 is the oxidation number of nitrogen in the re-
duced form (ammonia). In spelled-out species names, the oxidation state is fre-
quently given as Roman numerals in brackets; for instance, iron(III) hydroxide or
iron(II) hydroxide.

10.2 Estimation of Oxidation Numbers (Oxidation States)

For atoms and for ions, which consist only of one sort of atom, the estimation of the
oxidation number is very simple, because the charge of the species is directly linked
to the number of electrons gained or lost. Accordingly, the oxidation number equals

https://doi.org/10.1515/9783110758788-010
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the charge of the species. For instance, metallic iron (Fe) has neither gained nor
lost electrons when compared to its basic state and, therefore, the oxidation num-
ber is 0. In the case of Fe2+, two electrons are lost compared to Fe and the oxidation
number is +2. In reverse, the anion chloride, Cl−, has gained one electron when
compared to the atom Cl and the charge as well as the oxidation number is there-
fore −1.

For compounds consisting of two or more atoms, the oxidation number is the
charge that results from a hypothetical cleavage of the bonds (hypothetical dissocia-
tion of the compound into ions). For compounds with only ionic bonds, for instance
salts like NaCl, this hypothetical bond cleavage is identical to the real dissociation
reaction:

NaCl ! Na+ +Cl− (10:1)

In this case, the oxidation numbers equal the ion charges after the dissociation
(here +1 for Na+ and −1 for Cl−).

In the case of compounds with covalent bonds, the oxidation numbers are
found following a hypothetical dissociation that is carried out in such a manner that
the more electronegative partner of the bond formally receives all the bonding elec-
trons. The electronegativity is a property that describes the tendency of an atom in a
compound to attract electrons or to shift the electron density towards itself. There
are different scales of electronegativity in use (Table 10.1). Irrespective of the slightly
different numerical values in the different scales, there are some general tendencies
with respect to the position of the element in the periodic table of elements. As a rule,
the electronegativity of the main group elements increases from left to right along a
period, and decreases with increasing atomic number within a group. The d-block ele-
ments (transition metals) show a comparable general trend, but with minor variation
and some exceptions.

Table 10.1: Electronegativities of elements frequently
forming covalent bonds.

Element Electronegativity
(Pauling scale)

Electronegativity
(Allen scale)

F . .
O . .
Cl . .
N . .
Br . .
S . .
C . .
H . .
P . .
Si . .
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The formal cleavage of bonds is carried out irrespective of whether this reac-
tion is really possible or not. In the case of H2O, for instance, the real dissociation
leads to H+ and OH–, whereas the hypothetical dissociation carried out by the de-
scribed method leads to 2 H+ and O2–. Example 10.1 illustrates this method of esti-
mating oxidation numbers.

Example 10.1
What are the oxidation numbers of all atoms within the compounds CO2, H2O, and O2?

Solution:
a.ߓCO2:

The formal dissociation reaction is:

O=C=O ! C4+ + 2O2−

There are eight bonding electrons in the molecule, two from each oxygen atom and four from
the carbon atom. Oxygen is more electronegative than carbon and formally receives the four
bonding electrons from carbon (two for each oxygen atom); the resulting oxidation numbers
are therefore:
C: + 4, O: −2.

b.ߓH2O:
The formal dissociation reaction is:

H−O−H ! 2H+ +O2−

There are four bonding electrons in the molecule, one from each hydrogen atom and two from
oxygen. Oxygen is more electronegative than hydrogen and formally receives the two bonding
electrons from the hydrogen atoms; the resulting oxidation numbers are therefore:
H: + 1, O: −2.

c. O2:
The formal dissociation reaction is:

O=O ! O+O

The O2 molecule consists of the same type of atom. Therefore, no bonding partner is more elec-
tronegative than the other and the partners retain their bonding electrons. Consequently, the
oxidation numbers of both oxygen atoms are 0.

The described general method to estimate oxidation numbers is laborious, particu-
larly in the case of species with complex structure, and, furthermore, requires the
knowledge of the electronegativities of all atoms in the compound. Therefore, a
simplified procedure for determination of oxidation numbers (ON) is often used in
practice. This method is based on the application of a number of rules in a defined
order of priority. These rules have been derived from the general method described
before and read as follows:
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Rule 1: Elements and compounds consisting of equal atoms have the oxidation
number ON = 0.

Rule 2: For ions originating from a single atom, the oxidation number equals the
ion charge.

Rule 3: The sum of the oxidation numbers in a neutral molecule is 0, whereas in
ions, the sum of the oxidation numbers equals the ion charge.

Rule 4: Fluorine in compounds has the oxidation number ON = −1.
Rule 5: Metals in compounds have positive oxidation numbers. Alkali metals (first

group of the periodic table of elements) have the oxidation number ON = +1
and alkaline earth metals (second group of the periodic table of elements)
have the oxidation number ON = +2.

Rule 6: Hydrogen in compounds has the oxidation number ON = +1.
Rule 7: Oxygen in compounds has the oxidation number ON = −2.

It has to be noted that in the case of conflicts, the rule with the lower ordinal num-
ber invalidates the rule with the higher number. As a consequence, exceptions can
be found in particular for rules 6 and 7. Typical examples for such exceptions are
metal hydrides with ON = −1 for hydrogen and peroxo compounds with ON = −1 for
oxygen.

Example 10.2
What are the oxidation numbers of the atoms in O2, Br

–, SO4
2–, Fe(OH)2, HClO3, LiH, and H2O2?

Solution:
O2: ON(O) = 0 (rule 1)
Br–: ON(Br) = −1 (rule 2)
SO4

2–: ON(O) = −2 (rule 7), ON(S) = ion charge – 4 ×ON(O) = +6 (rule 3 with � ON = ion charge)
Fe OHð Þ2: ON Oð Þ= −2 rule7ð Þ,ON Hð Þ= +1 rule6ð Þ,ON Feð Þ=0−2× ON Oð Þ+ON Hð Þ½ �= +2 (rule 3 with
� ON = 0)
HClO3: ON Hð Þ = +1 rule 6ð Þ,ON Oð Þ = −2 rule 7ð Þ,ON Clð Þ = 0 −½ON Hð Þ + 3 ×ON Oð Þ� = +5 (rule 3 with
� ON = 0)
LiH: ON Lið Þ= +1 rule 5ð Þ,ON Hð Þ=0−ON Lið Þ= −1 ðrule 3with �ON=0Þ. Note that rules 3 and 5 inval-
idate rule 6 (metal hydride as an exception to rule 6).
H2O2: ON Hð Þ= +1 rule 6ð Þ,ON Oð Þ= ð0−2×ON Hð ÞÞ=2 = −1 ðrule 3with�ON=0Þ. Note that rules 3 and
6 invalidate rule 7 (peroxo compound as an exception to rule 7).

10.3 Redox Equilibria: Definitions and Basic Concepts

With respect to the quantitative description of redox equilibria, we have to distin-
guish between half-reactions and complete redox reactions. Half-reactions describe
the electron transfer between the components of a redox couple according to:
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Ox+ ne e− Ð Red (10:2)

where Ox is the oxidant, Red is the reductant and ne is the number of the transferred
electrons. The oxidant (or oxidizing agent) gains electrons and will be reduced during
the reaction, whereas the reductant (or reducing agent) loses electrons and will be
oxidized. Accordingly, the reaction from left to right is a reduction (gain of electrons,
decrease of oxidation state), whereas the reaction from right to left is an oxidation
(loss of electrons, increase of oxidation state). Oxidant and reductant are also referred
to as electron acceptor and electron donor, respectively.

Although half-reactions with free electrons do not reflect the real situation in
water where free electrons do not occur, this formal approach provides the basis for
the definition of the master variable redox intensity, which gives information about
the redox state and the ratio of oxidants and reductants in a considered aqueous
system (Section 10.4).

A complete redox reaction describes the electron transfer from one redox cou-
ple to another. Therefore, a complete redox system consists of two redox couples
where the electrons released in one half-reaction are accepted by the other half-
reaction according to:

Ox1 + ne e−ÐRed1 (10:3)

Red2 Ð Ox2 + ne e− (10:4)
_____________________

Ox1 +Red2 Ð Red1 +Ox2 (10:5)

Equation (10.5) describes the overall redox reaction that contains no more free elec-
trons. The mathematical treatment of such complete redox reactions will be subject
of Section 10.6.

10.4 Half-Reactions

10.4.1 Writing Equations for Redox Half-Reactions

In this section, a short guide to setting up reaction equations for redox couples
(redox half-reactions) will be given. Complete redox reactions are discussed sepa-
rately in Section 10.6. To establish equations for redox half-reactions, the following
steps have to be carried out:
Step 1: Determination of the oxidation numbers of the components of the redox cou-

ple according to the rules given in Section 10.2.
Step 2: Calculation of the number of electrons that are exchanged between the com-

ponents of the redox couple. The number of exchanged electrons is given as
the difference between the oxidation numbers.
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Step 3: Writing the reaction equation under consideration of the rule that the com-
ponent with the higher oxidation number (the oxidant) and the electrons
are located on the left-hand side of the equation and the component with
the lower oxidation number (the reductant) is located on the right-hand
side of the equation. This convention is the basis for the definition of the
equilibrium constant and the standard redox intensity (Section 10.4.2). In
the case of simple redox couples where the components are derived from a
single type of atom only (e.g., Fe3+/Fe2+), the reaction equation found in
this step is already the final equation. In other cases where the components
are of complex composition (e.g., NO3

–/NH4
+, SO4

2–/HS–), an additional step 4
is necessary, where the equation has to be balanced with respect to the oxy-
gen and hydrogen atoms.

Step 4: Introduction of protons and water into the raw equation found in step 3 in
order to balance the equation. Addition of protons, H+, on the side with an
oxygen excess and H2O on the other side. A possible need for protons in the
species on the other side has to be taken into account.

After establishing the reaction equation, it is reasonable to check the material and
charge balance. The number of the different atoms and the total charge must be the
same on each side of the equation.

The principle of setting up reaction equation for redox half-reactions is demon-
strated for two different cases in Example 10.3.

Example 10.3
What are the reaction equations for the redox couples a) Fe3+/Fe2+ and b) NO3

–/NH4
+?

Solution:
a. According to rule 2 given in Section 10.2, the oxidation numbers of Fe3+ and Fe2+ are +3 and +2,
respectively. The number of the electrons exchanged in the redox reaction equals the difference of
the oxidation numbers, here 3 − 2 = 1. Following the convention that the component with the higher
oxidation number (oxidant) is written on the left-hand side of the equation, we find:

Fe3+ + e− Ð Fe2+

To check the material and the charge balance, we have to compare the number of Fe atoms and the
sum of charges on each side:

Left-hand side: 1 Fe; charge: +3 + (−1) = +2
Right-hand side: 1 Fe; charge: +2

b. According to the rules 3, 6, and 7, the oxidation number of N is +5 in NO3
– and −3 in NH4

+. The
number of exchanged electrons is (+5) – (−3) = 8 and the raw equation (without balancing) reads:

NO−
3 + 8 e− Ð NH4

+
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Balancing the equation with respect to O and H atoms requires the addition of 10 protons on the
left-hand side (6 for the formation of 3 H2O with the three O atoms and 4 for NH4

+). On the right-
hand side we have to add 3 H2O. The resulting reaction equation is:

NO−
3 + 10 H+ +8 e− Ð NH+

4 + 3H2O

To check the material and charge balance, we have to compare the number of N atoms, the number
of H atoms, the number of O atoms, and the sum of charges on each side:

Left-hand side: 1 N, 10 H, 3 O; charge: (−1) + (+10) + (−8) = +1
Right-hand side: 1 N, 10 H, 3 O; charge: +1

10.4.2 Law of Mass Action and Redox Intensity

The law of mass action related to the reaction:

Ox+ ne e− Ð Red (10:6)

is given by:

K✶ = aðRedÞ
aðOxÞ aneðe−Þ (10:7)

For the negative logarithm of the activity of the electrons, a new parameter is intro-
duced that is referred to as redox intensity, pe:

pe=−log aðe−Þ (10:8)

Writing equation (10.7) in logarithmic form and applying the definition of the redox
intensity gives after rearrangement:

pe= 1
ne

logK✶+ 1
ne

log
aðOxÞ
aðRedÞ (10:9)

After introducing the standard redox intensity, pe0, according to:

pe0 = 1
ne

logK✶ (10:10)

we finally find:

pe= pe0 + 1
ne

log
aðOxÞ
aðRedÞ (10:11)

From this equation, we can derive that the parameter pe is directly related to the
activities of the components of the redox couple. For a given pe0 (or equilibrium
constant), the value of pe determines the activity ratio of oxidant and reductant in a
considered aqueous system.
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It has to be noted that equation (10.11) was derived on the basis of equation
(10.6), which describes the simplest case of a redox system. An example of such a
simple redox system is:

Fe3+ + e− Ð Fe2+ (10:12)

Here, the redox intensity is given according to equation (10.11) (with ne = 1) by:

pe=pe0 + log
aðFe3+Þ
aðFe2+Þ (10:13)

However, the redox half-reactions are frequently more complex and also include,
besides the oxidant and the reductant, water and water-related species (H2O, H

+,
OH–), for instance:

Fe OHð Þ3ðsÞ + 3H+ + e− Ð Fe2+ + 3H2O (10:14)

The law of mass action is given here by:

K✶= aðFe2+Þ
a3ðH+Þ aðe−Þ (10:15)

and after introducing the definitions of pe0 and pe, we find:

pe=pe0 + log
a3ðH+Þ
aðFe2+Þ (10:16)

Two points are noteworthy. First, not only the reductant and the oxidant but other
species also taking part in the reaction have to be considered in the formulation of
the equation for pe, because the latter is a derivate of the law of mass action. Second,
according to the rules for establishing the law of mass action (Chapter 5), H2O and
solids (even if they are reductant or oxidant) will not be considered in the equation.

To generalize equation (10.11), we can write:

pe= pe0 + 1
ne

log
ΠaνðOxÞ
Π aνðRedÞ (10:17)

where Πaν(Ox) and Πaν(Red) are the products of the activities of all relevant species
on the oxidant side and on the reductant side of the reaction equation, with the re-
spective stoichiometric factors, ν, as exponents of the activities.

The standard redox intensities, pe0, are well known for all relevant redox cou-
ples. Selected values are listed in Table 10.2. Note that the equilibrium constants
and therefore also the standard redox intensities generally depend on the tempera-
ture. The data given in Table 10.2 are valid for 25 °C. For the sake of simplification,
all examples here and in the following sections use the data for 25 °C. Furthermore,
it has to be noted that all equilibrium constants and standard redox intensities

166 10 Redox Equilibria



given in the table refer to the notation of the half-reaction with the oxidant and the
electrons on the left-hand side and the reductant on the right-hand side.

Table 10.2 also includes standard redox potentials that are often used instead
of the standard redox intensities to characterize the equilibria conditions of half-
reactions. The relationship between redox intensity and redox potential is provided

Table 10.2: Standard redox intensities (pe0), equilibrium constants (log K✶), standard potentials
(EH

0), and standard redox intensities at pH = 7 (pe0(pH = 7)) of selected half-reactions (all data
for 25 °C).

Half-reaction pe log K✶ = ne pe
 EH

 (Volt) pe(pH = )

O2ðaqÞ + 4H+ + 4 e− Ð 2H2O . . . .

2NO−
3 + 12H+ + 10 e− Ð N2ðgÞ +6H2O . . . .

MnO2ðsÞ +4H+ + 2 e− Ð Mn2+ + 2H2O . . . .

O2ðgÞ + 4H+ +4 e− Ð 2H2O . . . .

2NO−
3 + 12H+ + 10 e− Ð N2ðaqÞ +6H2O . . . .

Fe OHð Þ3ðsÞ + 3H+ + e− Ð Fe2+ + 3H2O . . . −.

NO−
2 +8H+ +6 e− Ð NH+

4 + 2H2O . . . .

NO−
3 + 10H+ +8 e− Ð NH+

4 + 3H2O . . . .

NO−
3 + 2H+ + 2 e− Ð NO−

2 +H2O . . . .

Fe3+ + e− Ð Fe2+ . . . .

CH2O+ 4H+ +4 e− Ð CH4ðgÞ +H2O . . . −.

SO2−
4 +8H+ +6 e− Ð SðsÞ +4H2O . . . −.

SO2−
4 + 10H+ +8 e− Ð H2SðgÞ +4H2O . . . −.

SO2−
4 + 10H+ +8 e− Ð H2SðaqÞ +4H2O . . . −.

N2ðgÞ +8H+ +6 e− Ð 2NH+
4 . . . −.

SO2−
4 + 9H+ +8 e− Ð HS− +4H2O . . . −.

SðsÞ + 2H+ + 2 e− Ð H2SðgÞ . . . −.

CO2ðgÞ +8H+ +8 e− Ð CH4ðgÞ + 2H2O . . . −.

SðsÞ + 2H+ + 2e− Ð H2SðaqÞ , , . −.

6CO2ðaqÞ + 24H+ + 24 e− Ð C6H12O6 +6H2O . . . −.

2H+ + 2 e− Ð H2ðgÞ . . . −.

6CO2ðgÞ + 24H+ + 24 e− Ð C6H12O6 +6H2O −. −. −. −.

CO2ðaqÞ + 4H+ +4 e− Ð CH2O+H2O −. −. −. −.

CO2ðgÞ +4H+ +4 e− Ð CH2O+H2O −. −. −. −.
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in Section 10.4.3. For redox reactions, where gases are involved, there are two pos-
sible ways to write the half-reaction, leading to different values of pe0. This case is
discussed in more detail in Section 10.4.4.

Further, we can see from Table 10.2 that protons are involved in many redox
half-reactions. For some applications, it may be convenient to normalize pe0 to a
fixed pH, for instance pH = 7. Standard redox intensities at pH = 7 are also included
in Table 10.2. The calculation of pH-normalized standard redox intensities will be
demonstrated by using the reaction:

NO3
−+ 10H+ + 8 e− Ð NH4

+ + 3H2O (10:18)

as an example. The redox intensity of this half-reaction is given by:

pe= pe0 + 1
8
log

a10ðH+Þ aðNO−
3Þ

aðNH+
4 Þ

(10:19)

Separating the proton activity from the activity ratio of oxidant and reductant and
introducing the pH gives:

pe=pe0 + 10
8
log aðH+ Þ+ 1

8
log

aðNO−
3 Þ

aðNH+
4 Þ

=pe0 −
10
8
pH+ 1

8
log

aðNO3
− Þ

aðNH+
4 Þ

(10:20)

Now, a standard redox intensity at pH = 7, pe0(pH = 7), can be defined by combining
the first two terms of the right-hand side of equation (10.20):

pe0ðpH= 7Þ=pe0 −
10
8
pH=pe0 −

10
8
7 (10:21)

and with pe0 = 14.9, we receive pe0(pH = 7) = 6.15 for our example (see Table 10.2).
Applying this approach to any redox reaction:

Ox+ ne e−+ np H+ Ð Red (10:22)

gives the general definition of a pH-normalized standard redox intensity:

pe0ðpHÞ=pe0 −
np
ne

pH (10:23)

where np is the number of the protons in the reaction equation and ne is the number
of the transferred electrons. Some applications of pH-normalized standard redox
intensities are discussed in Sections 10.4.5 and 10.6.

From equations (10.11) or (10.17), we can see that the redox intensity is related
to the activities of the oxidant and the reductant. This is what makes the parameter
redox intensity significant. Obviously, it is an indicator of the redox milieu. It in-
dicates if we have an oxidizing milieu with predominance of the oxidant or a re-
ducing milieu with predominance of the reductant. In this respect, the redox
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intensity has the same significance for redox systems as the pH for acid/base sys-
tems, which indicates acidic or basic milieu and determines the distribution be-
tween an acid and its conjugate base. There are some further analogies: The
definition equations for pe and pH have the same mathematical form, both param-
eters are dimensionless, and equation (10.9) is analogous to equation (7.107) (with
exception of the number of electrons in equation (10.9)).

In water chemistry, the parameters pe and pH are often referred to as master
variables due to their relevance for speciation in aqueous systems and for assessing
the milieu conditions. In the most general case, the speciation can depend on both
parameters. The speciation of water constituents as a function of pe and pH will be
discussed in more detail in Section 10.5.

Equation (10.17) can be used to solve two practical problems. First, the equation
can be used to calculate the redox intensity in a considered water on the basis of
analytical data, i.e., on the basis of the activities (or concentrations) of the redox
system (Example 10.4). Second, the equation allows, inversely, finding of the spe-
cies distribution for a given redox intensity (Example 10.5).

Example 10.4
The following data were measured in a surface water: pH = 8, c(Mn2+) = 1 × 10−7 mol/L. What is the
redox intensity in this water if we assume ideal conditions (a = c)? The relevant half-reaction is:

0.5MnO2ðsÞ + 2H+ + e− Ð 0.5Mn2+ +H2O

with log K✶ = 20.8.

Solution:
The standard redox intensity for the given system is:

pe0 = 1
ne

logK✶= 20.8

Since only one electron is transferred, pe0 equals log K✶. The general equation for the redox inten-
sity reads:

pe= pe0 + 1
ne

log
�aνðOxÞ
�aνðRedÞ

If we assume ideal conditions, we can use the concentrations instead of the activities. Water and
the solid MnO2 have not to be considered in the equation (see Chapter 5, Section 5.3). Therefore,
the redox intensity equation for the given system is:

pe=pe0 + log
c2ðH+Þ

c0.5ðMn2+Þ

Further, we obtain:

pe=pe0 + 2 log cðH+Þ−0.5 log cðMn2+Þ=pe0 − 2 pH−0.5 log cðMn2+Þ

10.4 Half-Reactions 169



and, after introducing the given data, we find:

pe= 20.8− 16−0.5ð− 7Þ=8.3

Example 10.5
What is the ratio of the concentrations of sulfate (SO4

2–) and hydrogensulfide (HS–) at pH = 8 and
pe = −4? The half-reaction for the redox couple SO4

2–/HS– is:

SO2−
4 +9H+ +8 e− Ð HS− +4H2O

and the equilibrium constant is given as log K✶ = 34. Ideal conditions (a = c) are assumed.

Solution:
The standard redox intensity related to log K✶ = 34 is:

pe0 = 1
ne

logK✶ = 34
8

=4.25

and the equation for the redox intensity reads:

pe= pe0 + 1
ne

log
�aνðOxÞ
�aνðRedÞ

pe=pe0 + 1
8
log

cðSO2−
4 Þ c9ðH+Þ
cðHS−Þ

=pe0 + 9
8
log cðH+Þ+ 1

8
log

cðSO2−
4 Þ

cðHS−Þ

After rearranging this equation, we can find the concentration ratio:

log
cðSO2−

4 Þ
cðHS−Þ =8 pe− pe0 −

9
8
log cðH+Þ

� 	
=8pe−8pe0 +9pH

log
cðSO2−

4 Þ
cðHS−Þ = −32− 34+ 72=6

cðSO2−
4 Þ

cðHS−Þ = 106

Obviously, SO4
2– is the dominant species under the given conditions.

Note: The redox equation can also be written in the form:

1=8SO2−
4 +9=8H+ + e− Ð 1=8HS− + 1=2H2O

where only one electron is exchanged. In this case, the standard redox intensity remains constant,
whereas log K✶ is reduced by a factor of 8 (according to the division of the reaction equation by 8)
and equals pe0. The redox intensity, pe, is now given by:

pe=pe0 + log
c1=8ðSO2−

4 Þ c9=8ðH+Þ
c1=8ðHS−Þ
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which obviously leads to the same equation as found in the case before:

pe= pe0 + 9
8
log cðH+Þ+ 1

8
log

cðSO2−
4 Þ

cðHS−Þ
Thus, the kind of writing the reaction equation is optional.

10.4.3 Redox Intensity Versus Redox Potential

As shown in the previous section, the redox intensity as a master variable in redox
systems can be calculated on the basis of analytical data. However, the redox inten-
sity is also related to a directly measurable quantity, the redox potential.

The relation between the redox potential and the activities of the oxidant and
the reductant is given by the Nernst equation:

EH =E0
H +

2.303RT
ne F

log
Π aνðOxÞ
Π aνðRedÞ (10:24)

where E0
H is the standard redox potential, R is the universal gas constant (8.3145

J/(mol⋅K)), T is the absolute temperature, ne is the number of the transferred electrons,
and F is the Faraday constant (F = 96 485 C/mol). To quantify potentials, a reference
state is needed. By definition, the potentials EH and E0

H are potentials relative to the stan-
dard hydrogen electrode (proton activity of 1 mol/L and hydrogen partial pressure of
1 bar) as a reference. This reference electrode corresponds to the half-reaction:

H+ + e− Ð 1=2H2ðgÞ (10:25)

for which it holds that log K✶ = pe0 = 0.
The redox potential can be measured as the potential difference between an inert

working electrode (e.g., platinum) and a reference electrode. For practical reasons,
not the standard hydrogen electrode but other reference electrodes with stable poten-
tials that are easier to handle (e.g., Ag/AgCl electrode or calomel electrode) are typi-
cally used. To make the measured values comparable, they are converted into the
potential relative to the hydrogen electrode by adding the potential difference be-
tween the applied reference electrode and the standard hydrogen electrode. This dif-
ference must therefore be known for the applied electrode. For redox potential
measurements, commercial devices are available, referred to as redox potential me-
ters or ORP (oxidation reduction potential) meters.

If we compare equation (10.24) with equation (10.17), we can easily derive a re-
lationship between the redox intensity and the measurable redox potential:

pe= F
2.303RT

EH (10:26)

10.4 Half-Reactions 171



The same relationship holds for the standard values, pe0 and E 0
H:

pe0 = F
2.303RT

E 0
H (10:27)

Given that 1 C = 1 A⋅s and 1 J = 1 W⋅s = 1 V⋅A⋅s, we can find the conversion factor
at 25 °C as follows:

pe= 96 485A · s=mol
2.303 ð8.3145V · A · s=ðmol · KÞÞ ð298.15 KÞ =

1
0.059V EH (10:28)

and

pe0 = 1
0.059VE0

H (10:29)

In this manner, redox intensities can be estimated from measured redox potentials.
Often, the redox potentials themselves are used as parameters to characterize the
redox state of ground or surface waters. This is acceptable because both approaches
are equivalent. For equilibrium calculations, however, the dimensionless redox in-
tensity is better suited than a potential given in volts. Moreover, the link of the stan-
dard redox intensity to the law of mass action and the equilibrium constant is more
direct. The analogy to the other master variable, the pH, and the conceptual similar-
ity in treating acid/base and redox reactions are further arguments for using redox
intensities instead of redox potentials.

In practice, the easily measurable redox potential is often not interpreted criti-
cally enough. It has to be pointed out that in many cases redox potential measure-
ments are not very exact. There are different reasons for possible inaccuracies. A
number of relevant species show slow electrode kinetics or are even more or less
inactive, for instance O2, SO4

2–, and NO3
–. Poisoning of the electrode surface is a fur-

ther error source in redox potential measurements. Consequently, measured redox
potentials seldom exactly match the related values calculated on the basis of ana-
lytical data. If possible, the analytical determination of the relevant redox species
with subsequent calculation of pe should be preferred.

Independent of the parameter used, it has to be noted that redox equilibria are
often not fully established in natural waters due to the high number of redox systems
and the slow electron transfer processes in the aqueous phase. This is especially true
for water bodies with strongly varying concentrations of redox-relevant species.

10.4.4 Special Case: Redox Reactions with Dissolved Gases

Many dissolved gases, such as O2, N2, CO2, H2S, and CH4, play an important role as
constituents of redox systems in natural waters. The laws of mass action of the re-
spective half-reactions can be formulated in two different ways with respect to the
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quantification of the gas concentration: (i) by using the partial pressure above the
considered liquid phase according to the convention made in Chapter 5 (Section 5.3),
or (ii) with the molar liquid-phase concentration for the dissolved gas. Although the
redox reactions under consideration occur in the liquid phase, the application of the
partial pressure is not only formal, but may be appropriate in cases where the water
is in contact with the gas phase and the gas-phase partial pressure influences the liq-
uid-phase concentration according to Henry’s law. Both approaches are equivalent
and the related constants can be converted by means of the Henry constant. The con-
version will be demonstrated below with the oxygen/water system as an example.

If we start with a reaction equation where O2 is considered formally as a gas
and then add the gas/water partitioning equilibrium (according to Henry’s law in
inverse form, see Chapter 6), we receive the reaction equation with oxygen as dis-
solved species:

O2ðgÞ + 4H+ + 4 e− Ð 2H2O (10:30)

O2ðaqÞ Ð O2ðgÞ (10:31)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

O2ðaqÞ + 4H+ + 4 e− Ð 2H2O (10:32)

In Chapter 5, we have seen that in the case where reaction equations are added, the
constants have to be multiplied or the logarithms of the constants have to be added.
With pe01 = 20.75 (log K1 = 83) for the first reaction and log K2 = log (1/H) = 2.95 for
the second reaction (see Table 6.1 in Chapter 6), we find the logarithm of the con-
stant for the third reaction according to:

logK3 = logK1 + logK2 = logK1 + log ð1=HÞ= 83+ 2.95= 85.95 (10:33)

which is equivalent to pe03 = 21.48. Accordingly, the pe functions related to the
equations (10.30) and (10.32) (with a = c) are:

pe1 =pe01 +
1
4
log ½pðO2Þ c4ðH+Þ�= 20.75+ 1

4
log pðO2Þ−pH (10:34)

pe3 =pe03 +
1
4
log ½cðO2Þ c4ðH+Þ�= 21.48+ 1

4
log cðO2Þ−pH (10:35)

In practice, both types of formulation of redox processes with gases can be used.
However, it has to be considered that, depending on the type of formulation, differ-
ent constants are valid. To avoid confusion, the subscripts “aq” (aqueous solution)
and “g” (gas phase) should be always used in the reaction equations.
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10.4.5 Crossover Points Between Predominance Areas of Reduced
and Oxidized Species

In Section 10.4.2 we discussed some analogies between acid/base and redox sys-
tems. In both cases, we have two different species that form a couple that is con-
nected by a proton exchange (acid/base couple) or by an electron exchange (redox
couple). The laws of mass action of these proton or electron transfer reactions pro-
vide the basis for calculating the crossover point between the predominance areas
of the coupled species. For acid/base systems (HA/A–), it is a simple matter to find
the crossover point. According to equation (7.107) (Chapter 7) we can write:

pH= pK✶
a − log

aðHAÞ
aðA−Þ = pK✶

a + log
aðA−Þ
aðHAÞ =pK✶

a + log
aðbaseÞ
aðacidÞ (10:36)

Defining the crossover point, pHc, as that pH where the activities of acid and base
are just the same, we have:

pHc =pK✶
a (10:37)

Below this pH, the acid predominates, whereas above this pH, the base is the pre-
dominant species (see also Section 7.6 in Chapter 7).

For redox systems, we can find the crossover point in analogous manner from
equation (10.11) by setting a(Ox) = a(Red):

pec = pe0 (10:38)

However, equation (10.38) can only be used for simple redox reactions with both
oxidant and reductant present in the aqueous phase and without influence of pH.
For instance, for the system Fe2+/Fe3+ with pec = pe0 = 13 (see Table 10.2), the re-
duced species, Fe2+, predominates at pe < 13 and the oxidized species, Fe3+, pre-
dominates at pe > 13.

If protons occur in the redox reaction, the crossover point depends on pH and
has therefore to be assigned to a specified pH value (Example 10.6).

Example 10.6
What is the pe where the activity of SO4

2– equals the activity of dissolved H2S at pH = 6 (crossover
point)?

Solution:
From Table 10.2, we find:

SO2−
4 + 10 H+ +8 e− Ð H2SðaqÞ + 4H2O pe0 = 5.12
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The related pe function reads:

pe=pe0 + 1
8
log

aðSO2−
4 Þa10ðH+Þ

aðH2SðaqÞÞ
=pe0 + 10

8
log aðH+Þ+ 1

8
log

aðSO2−
4 Þ

aðH2SðaqÞÞ

With pH = –log a(H+) and setting a(SO4
2–) = a(H2S(aq)), we find the crossover point at pH = 6 to be:

pecðpH=6Þ= pe0 −
10
8
pH= 5.12− 10

8
6= −2.38

Generalizing the equation for pec derived in the example under consideration of
equation (10.23), we can write for the crossover point at a given pH:

pecðpHÞ=pe0ðpHÞ=pe0 −
np
ne

pH (10:39)

or for the neutral point (pH = 7) as the reference value:

pecðpH= 7Þ=pe0ðpH= 7Þ=pe0 −
np
ne

7 (10:40)

where np is the number of the protons in the reaction equation and ne is the number
of the transferred electrons.

If water or solids are involved in the redox process, they do not occur in the law
of mass action and in the related pe function. This means that only one component
(oxidant or reductant) of the redox couple occur in the pe function and the definition
of the crossover point cannot be done by setting a(oxidant) = a(reductant). In this
case, the crossover point has to be defined by setting the activity of that partner that
occurs in the pe function to an appropriate value. Typically, a very small concentra-
tion value is used to define the crossover point, because this point reflects a situation
where the dissolved species loses its relevance and the other partner of the redox cou-
ple is considered to be predominant. This approach is demonstrated in Example 10.7.

Example 10.7
What is the crossover point of the system Mn2+/MnO2(s) at pH = 7 if we define the boundary be-
tween the predominance areas of Mn2+ and MnO2 by c(Mn2+) = 1 × 10−6 mol/L? Ideal conditions
with a = c are assumed.

Solution:
The half-reaction (see Table 10.2) is:

0.5MnO2ðsÞ + 2H+ + e− Ð 0.5Mn2+ +H2O pe0 = 20.8

and the pe equation reads:
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pe=pe0 + log
c2ðH+Þ

c0.5ðMn2+Þ
or

pe=pe0 − 2pH−0.5 log cðMn2+Þ

For c(Mn2+) = 1 × 10−6 mol/L and pH = 7, we obtain:

pecðpH= 7Þ= 20.8− 14+ 3=9.8

If pe in a considered water is lower than the crossover point, we can expect Mn2+ in concentrations
higher than 1 × 10−6 mol/L. This is, according to our definition, the predominance area of Mn2+. For
pe higher than the crossover point, the concentration of Mn2+ is lower than 1 × 10−6 mol/L and, by
definition, MnO2 predominates.

10.4.6 Speciation as a Function of pe

In the previous section we discussed the estimation of the crossover point. In systems
where both oxidant and reductant are present in dissolved form, the crossover point is
that redox intensity where both components occur with equal activities. In the same
manner, we can also determine the redox intensities for other activity ratios in such
systems. In doing so, we can find the complete speciation with dependence on pe.
This calculation is analogous to that shown for acid/base systems in Section 7.6
(Chapter 7).

First, we want to consider a simple redox system without the influence of pH.
For such a system, we can derive the following relationship between the activity
ratio and pe from equation (10.11):

aðOxÞ
aðRedÞ = 10neðpe−pe0Þ (10:41)

Introducing the fraction of the oxidant in the given oxidant/reductant system, f(Ox),

f ðOxÞ= aðOxÞ
aðOxÞ+ aðRedÞ (10:42)

and combining this definition with equation (10.41) leads, after some rearrange-
ments, to:

f ðOxÞ= 1

1+ 10neðpe0 −peÞ (10:43)

Equation (10.43) has the same mathematical form as equation (7.110) for the frac-
tion of a base in an acid/base system (Chapter 7). The fraction of the related reduc-
tant is:
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f ðRedÞ= 1− f ðOxÞ (10:44)

Knowing pe0, we can calculate the fractions of oxidant and reductant as a function
of pe. As an example, the speciation of the Fe2+/Fe3+ system is shown in Figure 10.1.
It has to be noted that the simple Fe2+/Fe3+ system is only relevant under strongly
acidic conditions, because Fe3+ forms hydroxo complexes at higher pH values,
which affects the redox equilibrium (see Section 10.5.7).

Figure 10.1: Speciation in the system Fe2+/Fe3+ with dependence on pe (pe0 = 13).

Figure 10.2: Speciation in the system NH4
+/NO3

– with dependence on pe at two different pH values.
pe0(pH = 6) = 7.4, pe0(pH = 8) = 4.7.
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The same calculation can also be carried out for systems that are influenced by
the pH. To do this, we have to replace pe0 by pe0(pH) in equation (10.43):

f ðOxÞ= 1

1+ 10ne½pe0ðpHÞ− pe� (10:45)

The standard redox intensity for a given pH can be found from equation (10.23).
Figure 10.2 shows the speciation in the system NH4

+/NO3
– for two different pH val-

ues. Here, the speciation depends not only on pe but also on pH.

10.4.7 Water as a Redox System

Water itself represents a redox system, because the hydrogen in the water molecule
(ON: +1) can be reduced to H2 (ON = 0) and the oxygen in the water molecule (ON = −2)
can be oxidized to O2 (ON = 0). These reactions would lead to a decomposition of
water. Therefore, the redox conditions related to these reactions represent the bound-
ary conditions for the stability of liquid water.

To illustrate the decomposition, we want to consider the electrolysis of water, sche-
matically shown in Figure 10.3. The relevant reactions are the autoprotolysis (self-
ionization) of water (equation (10.46)) and the reactions on the cathode (equation
(10.47)) and on the anode (equation (10.48)). Combining these reactions leads to
the overall reaction equation of water decomposition (equation (10.49)):

Cathode Anode

OH– 1/4 O2 + 
1/2 H2O + e–

H+ + e– 1/2 H2

+–

Figure 10.3: Decomposition of water by electrolysis.
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H2O Ð H+ +OH− (10:46)

H+ + e− Ð 1=2H2ðgÞ cathodeð Þ (10:47)

OH− Ð 1=4O2ðgÞ + 1=2H2O+ e− anodeð Þ (10:48)

1=2H2O Ð 1=4O2ðgÞ + 1=2H2ðgÞ (10:49)

To bring equation (10.48) into a form that is consistent with the definition of a redox
half-reaction (oxidant on the left-hand side, see equation (10.2) and Table 10.2) and
includes protons instead of OH–, we have to add equations (10.48) and (10.46) and to
write the resulting equation:

1=2H2O Ð 1=4O2ðgÞ +H+ + e− (10:50)

in reverse form:

1=4O2ðgÞ +H+ + e− Ð 1=2H2O (10:51)

Given that the decomposition of water is described by equations (10.47) and (10.51),
the related redox intensities define the stability limits of liquid water or, in other
words, the highest and lowest redox intensities that are possible in liquid water. To
quantify these limits, assumptions regarding the partial pressures of the decompo-
sition products oxygen and hydrogen have to be made. Here, we will assume 1 bar
as the maximum partial pressure of the decomposition products H2 and O2. The
standard redox intensities are pe0 = 20.75 for the oxygen/water half-reaction and
pe0 = 0 for the proton/hydrogen half-reaction (see Table 10.2). Under these condi-
tions, we find for the O2/H2O half-reaction (equation (10.51)):

pe= pe0 + log aðH+Þ+ 1
4
log pðO2Þ (10:52)

pe=pe0 − pH= 20.75−pH for p O2ð Þ = 1 bar (10:53)

and, in the same manner, we obtain for the H+/H2 half-reaction (equation (10.47)):

pe=pe0 + log aðH+Þ− 1
2
log pðH2Þ (10:54)

pe= pe0 −pH= −pH for p H2ð Þ = 1 bar (10:55)

In both cases, the redox intensity depends on the pH. By using equations (10.53)
and (10.55) we can construct a pe–pH diagram that shows the stability area of liquid
water (Figure 10.4). In natural waters, we can only find redox intensities that are
located between both boundary lines.
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Example 10.8
What is the maximum redox intensity in water at pH = 7? Compare this value with the redox inten-
sity of a surface water that is in equilibrium with the atmospheric oxygen (p(O2) = 0.209 bar). The
half-reaction for the redox couple O2(g)/H2O is given in equation (10.51).

Solution:
The maximum redox intensity can be found by setting p(O2) = 1 bar (see equation (10.53)):

pe= pe0 − pH= 20.75−pH

pe= 20.75− 7= 13.75

For the water saturated with oxygen, we have to apply equation (10.52) with p(O2) = 0.209 bar, the
partial pressure of oxygen in the air (see Table 6.3 in Chapter 6):

pe=pe0 + log aðH+Þ+ 1
4
logpðO2Þ

pe= 20.75− 7−0.17= 13.58

The redox intensity of the water saturated with atmospheric oxygen at pH = 7 is close to the maxi-
mum redox intensity at this pH. Obviously, we have a strongly oxidizing milieu in oxygen-saturated
water. This underlines the relevance of dissolved oxygen as oxidant in natural waters.

10.5 Construction of pe–pH Diagrams

10.5.1 Introduction

Many elements, such as C, S, N, Fe, or Mn, may occur in aquatic systems in different
forms (species), depending on the master variables pe and pH of the water. The

Figure 10.4: Stability diagram of water.
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conditions, with respect to pH and pe, under which the different species predominate
can be illustrated by means of pe–pH diagrams. These diagrams are also referred to
as Pourbaix or predominance area diagrams. They include lines that represent the
crossover points of the respective acid/base and redox systems as a function of pe
and pH. In other words, the lines illustrate the boundaries between the predomi-
nance areas of the different species. A simple form of a Pourbaix diagram was al-
ready used to demonstrate the stability area of liquid water (Figure 10.4). Instead of
pe, the redox potential, EH, can also be used in predominance area diagrams to char-
acterize the redox state (Section 10.4.3).

In the following sections, the step-by-step construction of a pe–pH diagram is
demonstrated under consideration of the different types of equilibria that may be
relevant. For the sake of simplification, we want to assume ideal conditions with
c = a and K = K✶ and a temperature of 25 °C in all cases.

10.5.2 Boundary Lines for Pure Acid/Base Systems

According to equation (7.107) (Chapter 7) or equation (10.36) (Section 10.4.5), we
can describe the relationship between pH and the species distribution by:

pH= pKa + log
cðbaseÞ
cðacidÞ (10:56)

If we assume that the boundary between the predominance areas of the acid and
the conjugate base is given by c(acid) = c(base) (crossover point), we find the fol-
lowing simple equation for the boundary line:

pH=pKa (10:57)

Obviously, the boundary lines between acids and their conjugate bases are independent
of pe. Consequently, they are vertical lines (parallel to the pe axis) in the pe–pH dia-
gram. At pH < pKa, the acid predominates, whereas at pH > pKa, the base predominates.

10.5.3 Boundary Lines for Complex Acid/Base Systems

Sometimes, the acid/base equilibria are coupled with further reactions, for instance
precipitation. As an example, we want to consider the coupling of the iron(II) car-
bonate precipitation with the dissociation of HCO3

–:
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HCO−
3 Ð H+ +CO2−

3 (10:58)

Fe2+ +CO2−
3 Ð FeCO3ðsÞ (10:59)

Fe2+ +HCO−
3 Ð FeCO3ðsÞ +H+ (10:60)

Equation (10.60) describes the formation of iron(II) carbonate in a pH range where
HCO3

– is the dominant carbonate species. It can be used to find the boundary line
between the stability areas of Fe2+ and FeCO3(s) in the pe–pH diagram. Since pro-
tons occur in the reaction equation, the formation of FeCO3(s) depends on the pH.
The pH function can be found from the respective law of mass action:

K = cðH+Þ
cðFe2+Þ cðHCO−

3Þ
(10:61)

cðH+Þ=K cðFe2+Þ cðHCO−
3Þ (10:62)

pH= −logK − lg cðFe2+Þ− log cðHCO−
3Þ (10:63)

Since FeCO3(s) is a solid, it does not occur in the law of mass action and consequently
no concentration ratio can be used to define the boundary between the stability areas
of the iron species. Furthermore, this boundary line additionally depends on the hy-
drogencarbonate concentration. The only possible way to construct the boundary
line is to define appropriate concentrations for Fe2+ and HCO3

–. Since the location of
the boundary line depends on the assumed concentrations, these concentrations
have to be exactly specified in the legend of the diagram. For carbonate species, typi-
cally a total concentration (DIC, dissolved inorganic carbon) is defined, because the
fractions of the different carbonate species (here hydrogencarbonate) depend on pH.
The respective hydrogencarbonate concentration has to be calculated from c(DIC) for
each pH (Chapter 7, Section 7.7). Since pH is the wanted parameter and unknown at
the beginning of the calculation, an iteration procedure has to be applied to find the
boundary line.

10.5.4 Boundary Lines for Pure Redox Systems with Oxidant and Reductant
in Dissolved Form

In analogy to the acid/base system, we can start with the pe equation:

pe=pe0 + 1
ne

log
cðOxÞ
cðRedÞ (10:64)

and assume c(Ox) = c(Red) as a boundary (crossover point, see Section 10.4.5) be-
tween the predominance areas. In so doing, we obtain:
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pe=pe0 (10:65)

as the equation for the boundary line. The boundary lines for pure redox systems
are independent on pH and run horizontally in the diagram (parallel to the pH axis).
The system Fe2+/Fe3+ is a typical example for such simple redox systems.

10.5.5 Boundary Lines for pH-Dependent Redox Systems with Oxidant
and Reductant in Dissolved Form

As an example for this case, we want to consider the redox equilibrium between the
iron(III) hydroxo complex FeOH2+ and the Fe2+ ion:

FeOH2+ +H+ + e− Ð Fe2+ +H2O (10:66)

The respective pe equation reads:

pe=pe0 + log
cðFeOH2+Þ cðH+Þ

cðFe2+Þ (10:67)

With c(FeOH2+) = c(Fe2+) as condition for the boundary line, we receive:

pe=pe0 −pH (10:68)

In this special case, the boundary line in the diagram is a transversal line with the
slope −1. Generally, the boundary lines in pH-dependent redox systems are transver-
sal lines with a slope that depends on the stoichiometric factors of the protons and
electrons in the half-reaction. A general equation for the boundary line can be de-
rived from equation (10.39) that describes the pH dependence of the crossover point:

pe = pecðpHÞ= pe0 −
np
ne

pH (10:69)

10.5.6 Boundary Lines for pH-Dependent Redox Systems Where Only One
Partner Occurs in Dissolved Form

This case occurs when a solid is a reaction partner in the redox reaction. Since a solid
compound is not considered in the law of mass action and in the related pe equation,
the condition c(Ox) = c(Red) cannot be used to define the boundary line. Instead of
that, an absolute concentration for the dissolved component that occurs in the pe
equation has to be defined. The system Mn2+/MnO2(s) is a typical example. In analogy
to the calculation of the crossover point in Section 10.4.5 (Example 10.7), the equation
for the boundary line between the predominance areas can be found as follows.
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The half-reaction is:

1=2MnO2ðsÞ + 2H+ + e− Ð 1=2Mn2+ +H2O (10:70)

and the pe equation reads:

pe=pe0 + log
c2ðH+Þ

c0.5ðMn2+Þ (10:71)

or

pe=pe0 − 2 pH−0.5 log cðMn2+Þ (10:72)

Here, an appropriate concentration has to be defined to construct the boundary line.
For instance, with c(Mn2+) = 1 × 10−6 mol/L, we find the following equation for the
boundary line:

pe=pe0 − 2 pH+ 3 (10:73)

For all pe lower than the boundary line, we can expect Mn2+ in concentrations
higher than 1 × 10−6 mol/L. This is, according to our definition, the predominance
area of Mn2+. For pe higher than the boundary line, the concentration of Mn2+ is
lower than 1 × 10−6 mol/L and, by definition, MnO2 predominates.

Since for such redox systems the location of the boundary line depends on the
assumed concentration, this concentration has to be specified in the legend of the
diagram.

10.5.7 Example: The pe–pH Diagram of Iron

In this section, as an example, the construction of a pe–pH diagram for iron species
will be shown. The first step in constructing pe–pH diagrams is to define the species
to be considered. If we initially restrict our consideration to the Fe/H2O system, the
following species have to be taken into account:

Fe IIIð Þ: Fe3+, FeOH2+, Fe OHð Þ+2, Fe OHð Þ3ðsÞ, Fe OHð Þ−4
Fe IIð Þ: Fe2+, FeOH+, Fe OHð Þ2ðsÞ, Fe OHð Þ3−

Besides the ions Fe2+ and Fe3+, the hydroxo complexes and the hydroxides are par-
ticularly relevant within the stability area of liquid water. Metallic iron is not stable
under these pe and pH conditions.

The next step is to formulate the relevant pH-dependent reactions and the re-
lated pH functions. These equations together with the respective equilibrium con-
stants are given in Table 10.3. The given reaction equations represent the successive
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deprotonation of the hydrated ferric (Fe3+) and ferrous (Fe2+) ions as well as the for-
mation of the respective hydroxides. Since the iron species concentrations occur in
some of the pH functions, the total iron concentration, for which the diagram is to be
established, has to be defined. For our example, we want to assume a total iron con-
centration of c(Fetotal) = 1 × 10−5 mol/L. Now, we can calculate the pH values for the
vertical boundary lines between the predominance areas of the species. These values
are also given in Table 10.3.

According to the successive deprotonation (reactions 1–4 and 5–7 in Table 10.3), we
would expect a successive increase of the boundary pH for the Fe(III) species as
well as for the Fe(II) species. However, inspection of the data shows that, in con-
trast to the expectation, the pH of the boundary line Fe(OH)2

+/Fe(OH)3(s) is lower
than the pH of the boundary line FeOH2+/Fe(OH)2

+. The same is true for the boundary

Table 10.3: pe–pH diagram of iron: pH functions.

No. Reaction pH function pKa, log K pH of the
boundary line at
c (Fetotal ) =  × 

−

mol/L

 Fe3+ +H2O Ð
FeOH2+ +H+

pH= pKa pKa = . .

 FeOH2+ +H2O Ð
Fe OHð Þ+2 +H+

pH= pKa pKa = . .

 Fe OHð Þ+2 +H2O Ð
Fe OHð Þ3ðsÞ +H+

pH= −logK
−log cðFeðOHÞ+2Þ

log K = . .

 Fe OHð Þ3ðsÞ +H2O Ð
Fe OHð Þ4− +H+

pH= −logK
+ log cðFeðOHÞ−4Þ

log K = −. .

 Fe2+ +H2O Ð
FeOH+ +H+

pH= pKa pKa = . .

 FeOH+ +H2O Ð
Fe OHð Þ2ðsÞ +H+

pH= −logK
−log cðFeOH+Þ

log K = −. .

 Fe OHð Þ2ðsÞ +H2O Ð
Fe OHð Þ3− +H+

pH= −logK
+ log cðFeðOHÞ−3Þ

log K = −. .

 +  FeOH2+ + 2H2O Ð
Fe OHð Þ3ðsÞ + 2H+

pH= −0.5 logK

−0.5 log cðFeOH2+Þ
log K = −. .

 +  Fe2+ + 2H2O Ð
Fe OHð Þ2ðsÞ + 2H+

pH= −0.5 logK
−0.5 log cðFe2+Þ

log K = −. .
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lines FeOH+/Fe(OH)2(s) and Fe2+/FeOH+
. This means that there are no predominance

areas for Fe(OH)2
+ and FeOH+ at the given iron concentration. We would have a differ-

ent situation if the iron concentration would be lower, for instance 1 × 10−7 mol/L. In
this case, we would find a pH of 4.5 from equation 3 in Table 10.3 and a pH of 9.6
from equation 6 which means that we can expect a predominance area of Fe(OH)+2 be-
tween pH = 3.6 and pH = 4.5 and a narrow predominance area of FeOH+ between
pH = 9.1 and pH = 9.6.

In our case, where no predominance areas of Fe(OH)2
+ and FeOH+ exist, we have

to add the reactions 2 and 3 and also the reactions 5 and 6 to find the boundary lines
Fe(OH)2+/Fe(OH)3(s) and Fe2+/Fe(OH)2(s), respectively. This will be shown by exam-
ple for the reactions 2 and 3 (Table 10.3):

FeOH2+ +H2O Ð Fe OHð Þ2+ +H+ logK = −3.6 (10:74)

Fe OHð Þ2+ +H2O Ð Fe OHð Þ3ðsÞ +H+ logK = 2.5 (10:75)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

FeOH2+ + 2H2O Ð Fe OHð Þ3ðsÞ + 2H+ logK = −1.1 (10:76)

In the same manner, we can combine reactions 5 and 6 to find the boundary line
Fe2+/Fe(OH)2(s). The combined reaction equations (2 + 3 and 5 + 6) and the related
pH functions are also listed in Table 10.3 (last two rows).

The next step in the construction of the pe–pH diagram is to draw the vertical
lines (pH functions) as shown in Figure 10.5.

Now, we have to find the boundary lines between the reduced and the oxidized spe-
cies. Which boundaries have to be considered can be derived from Figure 10.5.

Figure 10.5: pH functions in the pe–pH diagram of iron (c(Fetotal) = 1 × 10−5 mol/L).
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From Figure 10.5 and Table 10.3, we can also find the relevant pH ranges of the re-
spective pe lines. The reaction equations and pe functions are given in Table 10.4.
In principle, only the standard redox intensity of the reaction 8 has to be known.
All other constants can be derived on the basis of the solubility products of the hy-
droxides (see Table 8.1 in Chapter 8), the water dissociation constant, and the con-
stants of the hydrolysis reactions given in Table 10.3. Example 10.9 demonstrates
such a calculation.

Example 10.9
What are the standard redox intensity and the pe function of the reaction:

Fe OHð Þ3ðsÞ +H+ + e− Ð Fe OHð Þ2ðsÞ +H2O?

The required data are given in Table 8.1 and 10.3.

Solution:
If the standard redox intensity for a redox reaction is unknown, we can derive it from the standard
redox intensities of other reactions after combining these reactions in such a manner that the reac-
tion of interest results as the overall reaction. The redox equation in this example can be considered
an overall reaction consisting of the following elementary reactions: dissolution of Fe(OH)3 and
Fe(OH)2, redox reaction Fe3+/Fe2+ and water dissociation. Accordingly, the overall equilibrium con-
stant can be found from the solubility products of the hydroxides, the standard redox intensity of
the redox system Fe3+/Fe2+, and the dissociation constant of water. Note that in cases where the
reaction equation has to be written in reverse direction compared to the definition of the equilibrium
constant, the logarithm of the constant receives an opposite sign.

Fe OHð Þ3ðsÞ Ð Fe3+ + 3OH− logK = −pKsp = −38.7

Fe2+ + 2OH− Ð Fe OHð Þ2ðsÞ logK =pKsp = 16.3 reverse reaction!ð Þ

Fe3+ + e− Ð Fe2+ logK =pe0 = 13

H+ +OH− Ð H2O logK =pKw = 14 reverse reaction!ð Þ
−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

Fe OHð Þ3ðsÞ +H+ + e− Ð Fe OHð Þ2ðsÞ +H2O logK =pe0 = −38.7+ 16.3+ 13+ 14=4.6

Table 10.4: pe–pH diagram of iron: pe functions.

No. Reaction pe function pe

 Fe3+ + e− Ð Fe2+ pe= pe0 pe = 

 FeOH2+ +H+ + e− Ð Fe2+ +H2O pe= pe0 − pH pe = .
 Fe OHð Þ3ðsÞ + 3H+ + e− Ð Fe2+ + 3H2O pe= pe0 − 3pH− log cðFe2+Þ pe = .
 Fe OHð Þ3ðsÞ +H+ + e− Ð Fe OHð Þ2ðsÞ+H2O pe= pe0 − pH pe = .
 Fe OHð Þ−4 + 2H+ + e− Ð Fe OHð Þ2ðsÞ+ 2H2O pe= pe0 − 2pH+ log cðFeðOHÞ−4 Þ pe = 

 Fe OHð Þ−4 +H+ + e− Ð Fe OHð Þ3− +H2O pe= pe0 − pH pe = .
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The respective pe function reads:

pe=pe0 + log cðH+Þ=pe0 −pH=4.6−pH

Under consideration of all pe functions, we can now complete the pe–pH diagram
(Figure 10.6).

It has to be noted that Figure 10.6 shows the predominance area diagram of iron in its
simplest form, because it considers, besides the ions Fe2+ and Fe3+, only the hydroxo
complexes and the hydroxides. However, iron is also able to form compounds with
other water constituents, for instance with carbonate or sulfide (FeCO3(s) or FeS(s)). In
particular the iron(II) carbonate, FeCO3(s), is relevant due to the relatively high concen-
tration of inorganic carbon in most aquatic systems. Therefore, we will take FeCO3(s)

as an example to demonstrate how the diagram can be extended to consider further
species.

At first we have to think about the possible position of the FeCO3(s) predomi-
nance area. According to the species distribution in the carbonic acid system (Sec-
tion 7.7 in Chapter 7), we can expect that the formation of FeCO3(s) is favored at
higher pH values, where enough carbonate is available. On the other hand, we see
from a comparison of the solubility products of FeCO3(s) (pKsp = 10.5) and Fe(OH)2(s)
(pKsp = 16.3) that FeCO3(s) is much more soluble than Fe(OH)2(s). Consequently, Fe(OH)2(s)
will preferentially precipitate at very high pH values (high OH– concentrations). Thus,
we can expect that the predominance area of FeCO3(s) is located between the areas of
Fe2+ and Fe(OH)2(s). Accordingly, we have to find the new boundary lines Fe2+/FeCO3(s),
FeCO3(s)/Fe(OH)2(s) and Fe(OH)3(s)/FeCO3(s). Again, we can combine other basic

Figure 10.6: Complete pe–pH diagram of iron (c(Fetotal) = 1 × 10−5 mol/L).
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equations to find the required equilibrium constants for the pH and pe functions
(Example 10.10).

Example 10.10
What is the equilibrium constant of the reaction:

FeCO3ðsÞ + 2H2O Ð Fe OHð Þ2ðsÞ +H+ +HCO−
3 ?

The following data are given: pKsp(FeCO3(s)) = 10.5, pKsp(Fe(OH)2(s)) = 16.3, pKa(HCO3
–) = 10.3 and

pKw = 14.

Solution:

FeCO3ðsÞ Ð Fe2+ +CO2−
3 logK = −pKsp = −10.5

CO2−
3 +H+ Ð HCO−

3 logK =pKa = 10.3 ðreverse reaction!Þ
Fe2+ + 2OH− Ð Fe OHð Þ2ðsÞ logK =pKsp = 16.3 reverse reaction!ð Þ

2H2O Ð 2H+ + 2OH− logK = −2pKw = −28

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

FeCO3ðsÞ + 2H2O Ð Fe OHð Þ2ðsÞ +H+ +HCO−
3 logK = −10.5+ 10.3+ 16.3− 28= −11.9

The complete set of additional equations, necessary to consider FeCO3(s) in the dia-
gram, is listed in Table 10.5. Since the hydrogencarbonate concentration occurs in
the pH and pe equations, we have to define a respective concentration for which
the calculation of the boundary lines will be done. Due to the pH dependence of the
species distribution in the carbonic acid system, it is necessary to define a constant
DIC concentration and to calculate the hydrogencarbonate concentration for the
considered pH as shown in Chapter 7 (equation (7.129)). For our calculation, the
DIC concentration is set to 1 × 10−3 mol/L. For the pH functions, in general, an itera-
tive procedure starting with c(HCO3

–) = c(DIC) is necessary, because the pH is the
wanted parameter and therefore unknown at the beginning of the calculation. In
our special case, however, the hydrogencarbonate concentration is not much differ-
ent from the DIC concentration because the expected pH values of the boundary
lines (Table 10.5) are close to the pH where the fraction of hydrogencarbonate
reaches its maximum (pH = 8.35, see Figure 7.4 in Chapter 7). Thus, approximately,
the DIC concentration can be set equal to the HCO3

– concentration for the whole pH
range of the predominance area of FeCO3(s).

The complete diagram, including the predominance area of FeCO3(s), is shown
in Figure 10.7.

We can derive from Figure 10.7 that under oxidizing conditions iron(III) hydroxide
is the predominant species over a broad range of pH, whereas under reducing condi-
tions Fe2+ predominates under acidic, neutral and weakly basic conditions. At higher
pH values, iron(II) carbonate and iron(II) hydroxide are the predominant species
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under reducing conditions. It can be further seen that Fe3+ is predominant only at very
low pH values and under strongly oxidizing conditions. Furthermore, we can conclude
that a higher concentration of Fe2+ in water is an indicator for reducing conditions.
Such reducing conditions can be found, for instance, in groundwaters or at the bottom
of water bodies where an oxygen deficit exists. If such waters come into contact with
air, the redox intensity will strongly increase due to the dissolution of oxygen (see also
Example 10.8) and, as a result, Fe2+ will be oxidized to solid Fe(OH)3(s). This oxidation
process is also utilized in drinking water treatment to remove high Fe2+ concentrations
from raw water (e.g., groundwater) in order to avoid uncontrolled precipitation of iron
hydroxide in vessels and tubes during water treatment and distribution. During the

Table 10.5: pe–pH diagram of iron: additional equations necessary to consider FeCO3(s).

No. Reaction pH and pe functions log K, pe pH of the boundary
line at c(Fetotal) =
 × 

− mol/L,
c(DIC) =
 × 

− mol/L

 FeCO3ðsÞ +H+ Ð
Fe2+ +HCO3

−

pH= logK − log cðFe2+Þ
− log cðHCO−

3Þ
log K = −. .

 FeCO3ðsÞ + 2H2O Ð
Fe OHð Þ2ðsÞ +H+ +HCO3

−
pH=−logK +
log cðHCO−

3Þ
log K = −. .

 Fe OHð Þ3ðsÞ + 2H+ +HCO3
−

+ e− Ð FeCO3ðsÞ + 3H2O

pe=pe0 − 2 pH+
log cðHCO−

3Þ
pe = . –

Figure 10.7: pe–pH diagram of iron, extended by the predominance area of iron(II) carbonate
(c(Fetotal) = 1 × 10−5 mol/L, c(DIC) = 1 × 10−3 mol/L).
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so-called deironing process, the raw water is aerated to increase the redox intensity
and to oxidize Fe2+ to Fe(OH)3(s). The solid oxidation product is subsequently re-
moved by filtration.

10.5.8 Example: The pe–pH Diagram of Sulfur

As a second example, the pe–pH diagram of sulfur will be considered in this sec-
tion. The major sulfur species in aqueous solutions are HSO4

– and SO4
2–, both with

the oxidation number 6 for sulfur, elemental S with the oxidation number 0, and
H2S, HS

–, and S2–, all with the oxidation number −2 for sulfur. Since H2SO4 is a very
strong acid, it is completely dissociated in water and has not to be considered here.
The respective reaction equations together with the pe and pH functions for the sul-
fur system are listed in Table 10.6. In this table, the pKa of HS

– is given as 17. How-
ever, this value is very uncertain. Values in the range of 13–19 have been reported
in the literature. If we assume a value of 17, there is no predominance area for S2–

because the (formal) boundary between HS– and S2– would be at pH = pKa = 17 which
is above the upper limit of the conventional pH scale. At this point, it is necessary
to remember that the boundary lines are not sharp boundaries, but indicate only
the crossover from the area where one species predominates to the area where an-
other species predominates. Consequently, S2– also occurs at lower pH values
but in a much lower concentration in comparison to the predominant species
HS– (Example 10.11). Otherwise, the formation of metal sulfides under reducing
conditions at pH ≪ 14 could not be explained.

Example 10.11
What is the concentration ratio of sulfide (S2–) and hydrogensulfide (HS–) at pH = 12, if the pKa of
HS– is assumed to be 17?

Solution:
According to equation (10.36), we can write:

pH= pKa + log
cðS2−Þ
cðHS−Þ

and

cðS2−Þ
cðHS−Þ = 10pH−pKa = 1012− 17 = 10−5

Accordingly, the concentration of sulfide is 105 times lower than that of HS–, but not zero.

Following the methods described in Section 10.5.7, the pe–pH diagram of sulfur can
be constructed. From this diagram, shown in Figure 10.8, we can derive that sulfate
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is the predominant species over a broad range of pH and pe. The species H2S and
HS– predominate only under strongly reducing conditions. Interestingly, there is a
narrow area at low pH and medium pe where elemental sulfur is the predominant
species. As can be seen from the equations in Table 10.6, a concentration of the sul-
fur species has to be assumed for the calculation. For the diagram shown in Fig-
ure 10.8, a total sulfur concentration of 10−3 mol/L was assumed which is in the
typical order of magnitude found in natural water bodies.

Table 10.6: pe–pH diagram of sulfur: pH and pe functions.

No. Reaction pH or pe function pKa, pe


 HSO−
4 Ð H+ +SO2−

4 pH=pKa pKa = 

 H2SðaqÞ Ð H+ +HS− pH=pKa pKa = 

 HS− Ð H+ +S2− pH=pKa pKa ≈ 

 1=2SðsÞ+H+ + e− Ð 1=2H2SðaqÞ pe= pe0 − pH−0.5 log cðH2SÞ pe = .

 1=2SðsÞ + 1=2H+ + e− Ð 1=2HS− pe= pe0 −0.5 pH−0.5 log cðHS−Þ pe = −.

 1=8SO4
2− +9=8H+ + e− Ð 1=8HS− + 1=2H2O pe= pe0 −

9
8
pH pe = .

 1=6SO4
2− +4=3H+ + e− Ð 1=6SðsÞ + 2=3H2O pe= pe0 −

4
3
pH+ 1

6
log cðSO2−

4 Þ pe = .

 1=6HSO−
4 + 7=6H+ + e− Ð 1=6SðsÞ + 2=3H2O pe= pe0 −

7
6
pH+ 1

6
log cðHSO−

4Þ pe = .

 1=8SO4
2− + 5=4H+ + e− Ð 1=8H2SðaqÞ + 1=2H2O pe= pe0 −

5
4
pH pe = .

Figure 10.8: pe–pH diagram of sulfur (c(Stotal) = 0.001 mol/L).
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We can use the sulfur diagram to demonstrate the influence of the assumed sulfur
concentration on the location of the boundary lines in the pe–pH diagram. Figure 10.9
shows the pe–pH diagram of sulfur for a sulfur concentration that is 100 times higher
than that used for the calculation of the diagram in Figure 10.8. Despite the strong
difference between the assumed concentrations, the form of the diagrams differs only
slightly. The most obvious difference consists in the size of the predominance area of
elemental sulfur, which is larger at higher total sulfur concentrations. We can derive
from this comparison that the boundary lines in the pe–pH diagrams are not very sen-
sitive with respect to the concentrations assumed for the diagram construction as long
as the concentration differences are not too large. This can be explained by the loga-
rithmic character of the parameters pe and pH.

10.6 Complete Redox Reactions

10.6.1 Basic Relationships

As already mentioned in Section 10.3, free electrons do not exist in aqueous systems
over longer periods of time. Therefore, a complete redox reaction consists of two
redox couples between which electrons are exchanged. Accordingly, no more free
electrons occur in the complete redox reaction equation:

Ox1+ ne e− Ð Red1 (10:77)

Red2 Ð Ox2+ ne e− (10:78)
_____________________

Ox1 +Red2 Ð Red1 +Ox2 (10:79)

Figure 10.9: pe–pH diagram of sulfur (c(Stotal) = 0.1 mol/L).
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The law of mass action for the complete redox reaction reads:

K✶= aðOx2Þ aðRed1Þ
aðRed2Þ aðOx1Þ (10:80)

The equilibrium constant of the complete redox reaction is related to the standard
redox intensities of the half-reactions. This relationship can be derived from the equi-
librium condition and the redox intensity equations for both half-reactions. If the
equilibrium is established in the considered water, then this water is characterized by
only one single value of pe (remember that the same is true for the other master vari-
able, the pH value). Accordingly, the equilibrium condition can be written as:

pe1 = pe2 (10:81)

Substituting the redox intensities by the respective equations for the half-reactions
gives:

pe01 +
1
ne

log
aðOx1Þ
aðRed1Þ = pe02 +

1
ne

log
aðOx2Þ
aðRed2Þ (10:82)

Here, it is assumed that the half-reactions are written in such a manner that the
same number of electrons, ne, is transferred. Rearranging equation (10.82) leads to:

neðpe01 −pe02 Þ= log
aðOx2Þ
aðRed2Þ − log

aðOx1Þ
aðRed1Þ = log

aðOx2Þ aðRed1Þ
aðRed2ÞaðOx1Þ (10:83)

The quotient on the right-hand side equals the equilibrium constant (see equation
(10.80)). Thus, we receive the following relationship that links the equilibrium con-
stant of the complete redox reaction with the standard redox intensities of the half-
reactions:

logK✶ = ne ðpe01 −pe02 Þ (10:84)

If we want to find the equilibrium constant from equation (10.84), we have to know
which of the standard redox intensities is pe01 and which is pe02 , because the second is
subtracted from the first and to interchange them would change the value of log K✶.
The decision which standard redox intensity belongs to which half-reaction is easy if
we consider the addition of the half-reactions to the complete redox reaction. As we
can see from equations (10.77)–(10.79), one of the half-reactions has to be written in
the reverse direction to allow addition of both half-reactions to form an overall reac-
tion. This reverse reaction is that reaction whose standard redox intensity, pe0, has
the negative sign in equation (10.84) (i.e., pe02 ). This is in accordance with the general
relationship log K✶

forward = –log K✶
reverse that can be derived from equation (5.18)

(Chapter 5).
Equation (10.80) together with equation (10.84) can be used for equilibrium cal-

culations as will be shown in Example 10.12.
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Example 10.12
What is the equilibrium concentration of Mn2+ in a water that is saturated with atmospheric oxygen
(p(O2) = 0.209 bar) at pH = 6? Ideal conditions are assumed (a = c, K✶ = K ).

The relevant half-reactions are:

1=4O2ðgÞ+H+ + e− Ð 1=2H2O pe0 = 20.75

and

MnO2ðsÞ + 4H+ + 2 e− Ð Mn2+ + 2H2O pe0 = 20.8

Solution:
If we want to write the overall reaction as oxidation of Mn2+ with oxygen, we have to multiply the
first reaction by two (to have the same number of electrons in both equations) and to write
the second equation in the reverse direction:

1=2O2ðgÞ + 2H+ + 2 e− Ð H2O

Mn2+ + 2H2O Ð MnO2ðsÞ +4H+ + 2 e−

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

Mn2+ + 1=2O2ðgÞ+H2O Ð MnO2ðsÞ + 2H+

The law of mass action for the overall reaction reads:

K = c2ðH+Þ
cðMn2+Þp0.5ðO2Þ

and the equilibrium constant can be found from:

logK =ne ðpe01 −pe02Þ

with pe01 = 20.75 and pe02= 20.8 (subscript 2 refers to the reaction that is written in reverse direc-
tion). The number of transferred electrons is ne = 2. Note that pe0, in contrast to the related half-
reaction equilibrium constant, does not change its value when the reaction equation is multiplied
by an arbitrary factor. The unit of the constant can be derived from the law of mass action:

logK = 2 ð20.75− 20.8Þ= −0.1

K = 10−0.1 mol=ðL · bar0.5Þ= 0.794mol=ðL · bar0.5Þ

Now, we can calculate the Mn2+ concentration by rearranging the law of mass action:

cðMn2+Þ= c2ðH+Þ
K p0.5ðO2Þ =

1× 10−12 mol2=L2

½0.794mol=ðL ·bar0.5Þ� ð0.457 bar0.5Þ = 2.756× 10−12 mol=L

We can learn from this example that in an oxygen-saturated water the reduced species Mn2+ occurs
only in a negligible concentration. The dominant manganese species under these oxidizing condi-
tions is manganese dioxide.

We can use this example to demonstrate that the choice of the number of transferred electrons
and the assignment of the indices 1 or 2 to the reactions have no influence on the result. If we set
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the number of transferred electrons to 1 and write the oxygen half-reaction in reverse form, the
equations for the half-reactions read:

1=2H2O Ð 1=4O2ðgÞ +H+ + e− pe02 = 20.75 ðreverse reaction!Þ
1=2MnO2ðsÞ + 2H+ + e− Ð 1=2Mn2+ +H2O pe01 = 20.8

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

1=2MnO2ðsÞ +H+ Ð 1=2Mn2+ + 1=4O2ðgÞ + 1=2H2O

The related law of mass action is then:

K = c0.5ðMn2+Þp0.25ðO2Þ
cðH+Þ

and the equilibrium constant, K, is given by:

logK = 1 ð20.8− 20.75Þ=0.05

K = 100.05 bar0.25 · L0.5=mol0.5 = 1.122 bar0.25 · L0.5=mol0.5

Finally, we find for the Mn2+ concentration:

cðMn2+Þ= cðH+ÞK
p0.25ðO2Þ

� �2
= ð1× 10−6 mol=LÞ ð1.122 bar0.25 · L0.5=mol0.5Þ

0.676bar0.25

 !2

cðMn2+Þ= 2.755× 10−12 mol=L

which is nearly the same value as found previously. The small difference between the results is
due to round-off errors.

Equation (10.84) can also be used to assess if a considered aquatic system is in the
state of redox equilibrium and, if not, in which direction the redox reaction will pro-
ceed. As shown in Chapter 5, the equilibrium constant, K✶, and the reaction quo-
tient, Q, are related to the molar Gibbs energy of the reaction as follows:

ΔRG=ΔRG0 +RT lnQ (10:85)

ΔRG0 = −RT lnK ✶ (10:86)

ΔRG= −RT lnK✶ +RT lnQ=RT ln
Q
K✶ (10:87)

where ΔRG0 is the molar standard Gibbs energy of reaction and Q is the reaction
quotient that can be calculated from an expression that has the same form as the
law of mass action but includes actual activities (concentrations) instead of equilib-
rium activities (concentrations). These general relationships are also valid for com-
plete redox reactions and can be used to predict if a redox reaction proceeds
spontaneously in the written direction. Given that the condition for a spontaneous
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reaction is ΔRG < 0, we can derive that the reaction quotient, Q, must be lower than
K✶ for a spontaneous reaction (see also Table 5.1 in Chapter 5). The probability of
meeting this condition is higher the greater the value of K✶ or the greater the differ-
ence between the standard redox intensities of the half-reactions is. The value of
ΔRG0 is therefore a good indicator for the probability that a considered redox reac-
tions will occur:

ΔRG0 = −RT lnK✶ = −2.303 RT logK✶ = −2.303 ne RTðpe01 −pe02 Þ (10:88)

The factor 2.303 is used to convert the natural logarithm to the decimal logarithm.
Since redox reactions are often pH-dependent, it may be reasonable to normal-

ize equation (10.88) to a defined pH, typically pH = 7:

ΔRG0ðpH= 7Þ= −2.303 ne RT pe01 ðpH= 7Þ−pe02 ðpH= 7Þ
 �
(10:89)

The value of the term 2.303 R T at 25 °C is 5.71 kJ/mol.
Although ΔRG0 can be used to get a first impression of the probability of a reac-

tion, for an exact assessment of a considered redox reaction, however, it is neces-
sary to calculate the molar Gibbs energy, ΔRG, according to equations (10.85) or
(10.87) instead of ΔRG0, because ΔRG also considers the reaction quotient (and
therefore the concentrations or activities) and not only the equilibrium constant. Al-
ternatively, we can also use the redox intensities, pe, of the half reactions (which
also include the concentrations or activities) to calculate the molar Gibbs energy of
the complete redox reaction:

ΔRG= −2.303 ne RTðpe1 −pe2Þ (10:90)

or, for pH = 7:

ΔRGðpH= 7Þ= −2.303 ne RT pe1ðpH= 7Þ−pe2ðpH= 7Þ½ � (10:91)

The redox intensities of the half-reactions can be calculated by using equation
(10.17). If we apply pe0(pH = 7) to calculate pe(pH = 7), we have to recognize that
the proton activity has not to be included in the logarithmic argument of the pe
equation because it has already been accounted for in pe0(pH = 7).

According to equations (10.90) and (10.91), a comparison of the redox intensities
of the half-reactions gives information about the establishment of the equilibrium
and, in the case of a non-equilibrium state, about the expected direction of the redox
reaction (Table 10.7).
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Example 10.13
1 × 10−5 mol/L Fe2+ is introduced into a surface water that is at ϑ = 25 °C and pH = 7 in equilibrium
with the atmosphere (p(O2) = 0.209 bar). Discuss the fate of Fe2+ on the basis of the molar Gibbs
energy, ΔRG, for the redox reaction:

Fe2+ +0.25O2ðgÞ + 2.5H2O Ð Fe OHð Þ3ðsÞ + 2H+

The universal gas constant is R = 8.3145 J/(mol · K) and the product 2.303 R T is 5.71 kJ/mol at 25 °C.

Solution:
The complete redox system is a combination of the redox couples Fe2+/Fe(OH)3(s) and O2/H2O for
which the standard redox intensities at pH = 7 can be taken from Table 10.2:

0.25O2ðgÞ +H+ + e− Ð 0.5 H2O pe01 ðpH= 7Þ= 13.75

Fe2+ + 3H2O Ð Fe OHð Þ3ðsÞ + 3H+ + e− pe02ðpH= 7Þ= −4.7

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−

Fe2+ +0.25O2ðgÞ + 2.5H2O Ð Fe OHð Þ3ðsÞ + 2H+

The molar Gibbs energy of the reaction can be calculated in various ways, for instance by using
equation (10.85) together with equation (10.89) or by using equation (10.91).
Option 1:

The molar standard Gibbs energy is calculated by using equation (10.89):

ΔRG0ðpH= 7Þ= −2.303ne R T pe01 ðpH= 7Þ−pe02ðpH= 7Þ
 �
ΔRG

0ðpH= 7Þ= ð−5.71 kJ=molÞ ð13.75+4.7Þ= −105.35 kJ=mol

The reaction quotient can be found from an equation similar to the law of mass action by introduc-
ing the actual values of the Fe2+ concentration and the O2 partial pressure:

Table 10.7: Assessment of redox systems with respect to the establishment of the equilibrium
state.

Condition Change of
Gibbs free
energy

Direction of reaction Change of redox intensities
necessary to reach the state
of equilibrium

pe > pe ΔRG <  Reaction proceeds in the direction as
written in the complete reaction equation
(equation (.), from left to right)

pe decreases and pe
increases until pe = pe

pe = pe ΔRG =  Equilibrium state, no reaction no change of pe and pe

pe < pe ΔRG >  Reaction proceeds in the reverse
direction (equation (.), from right to
left)

pe increases and pe
decreases until pe = pe
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Q= 1
cðFe2+Þp0.25ðO2Þ =

1

ð1× 10−5 mol=LÞ ð0.676 bar0.25Þ = 1.479× 105 L=ðmol ·bar0.25Þ

Here, it has to be noted that c(H+) does not occur in the equation because it is already accounted
for in ΔRG

0(pH = 7). Finally, the Gibbs energy of the reaction can be calculated according to equa-
tion (10.85):

ΔRGðpH= 7Þ=ΔRG
0ðpH= 7Þ+ R T lnQ=ΔRG

0ðpH= 7Þ+ 2.303 R T logQ

ΔRGðpH= 7Þ= −105.35 kJ=mol+ ð5.71 kJ=molÞ ð5.17Þ= −75.83 kJ=mol

The same result is received by using the general (pH-independent) value of ΔRG
0 (calculated from

the pe0 given in the second column of Table 10.2) instead of ΔRG
0(pH = 7) and considering c(H+) in

the reaction quotient:

ΔRG
0 = −2.303ne R Tðpe01 −pe02Þ= −5.71 kJ=mol ð20.75− 16.30Þ= −25.41 kJ=mol

Q= c2ðH+Þ
cðFe2+Þp0.25ðO2Þ =

1× 10−14 mol2=L2

ð1× 10−5 mol=LÞ ð0.676 bar0.25Þ = 1.479× 10−9mol=ðL ·bar0.25Þ

ΔRG=ΔRG0 +R T lnQ=ΔRG0 + 2.303R T logQ

ΔRG= −25.41 kJ=mol+ ð5.71 kJ=molÞ ð−8.83Þ= −75.83 kJ=mol

Option 2:
To apply equation (10.91), at first, we have to calculate the redox intensities as follows:

pe1ðpH= 7Þ=pe01 ðpH= 7Þ+ 1
ne

log
p0.25ðO2Þ

1
= 13.75−0.17= 13.58

pe2ðpH= 7Þ=pe02ðpH= 7Þ+ 1
ne

log
1

cðFe2+Þ = −4.7+ 5=0.3

Then, the Gibbs energy can be found by:

ΔRGðpH= 7Þ= −2.303ne R T pe1ðpH= 7Þ− pe2ðpH= 7Þ½ �
ΔRGðpH= 7Þ= ð−5.71 kJ=molÞ ð13.58−0.3Þ= −75.83 kJ=mol

As in option 1, we can alternatively use the general equation for ΔRG instead of the specific equa-
tion for pH = 7 if we consider the proton concentration in the logarithmic arguments of the pe
equations:

pe1 = pe01 +
1
ne

log
p0.25ðO2Þ cðH+Þ

1
= 20.75− 7.17= 13.58

pe2 = pe02 +
1
ne

log
c3ðH+Þ
cðFe2+Þ = 16.3− 16=0.3

ΔRG= −2.303ne R Tðpe1 − pe2Þ= ð−5.71 kJ=molÞ ð13.28Þ= −75.83 kJ=mol

Independent of the applied solution method, we find ΔRG = −75.83 kJ/mol. The negative value of
the Gibb energy of the reaction indicates that a spontaneous oxidation of Fe2+ to Fe(OH)3(s) can be
expected under the given conditions.
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10.6.2 Redox Reactions Within the Global Carbon Cycle

The two main processes in the global carbon cycle are the production of biomass from
inorganic carbon (CO2) through photosynthesis and, as the reverse process, the degra-
dation (mineralization) of organic material to inorganic carbon. Both processes are
redox processes that are also relevant for aqueous systems. In carbon dioxide, carbon
has the highest possible oxidation number +4, whereas in organic compounds the oxi-
dation number of carbon is lower than +4. The lowest oxidation state of carbon is −4
as can be found in methane, CH4. Although the photosynthesis and most of the degra-
dation processes are mediated by organisms, they can be treated by means of the theo-
retical principles of chemical redox reactions presented in the previous sections.

Photosynthesis, in aquatic systems performed by aquatic plants and algae, pro-
ceeds in a very complex reaction mechanism and requires light as an energy source.
It can be described in a very simplified manner by using a carbohydrate (here glu-
cose) as a model compound for biomass as follows:

6H2O+ 6CO2 Ð C6H12O6 + 6O2 (10:92)

Here, the oxygen in the water molecule is the reductant that is oxidized from the
oxidation state −2 in H2O to the oxidation state ±0 in O2, whereas the carbon in CO2

is the oxidant that is reduced from the oxidation state +4 in CO2 to the oxidation
state ±0 in C6H12O6. The respective half-reactions are:

6O2 + 24H+ + 24 e− Ð 12H2O (10:93)

6 CO2 + 24H+ + 24 e− Ð C6H12O6 + 6H2O (10:94)

To find the overall reaction (equation (10.92)), the first reaction has to be written in
the reverse direction.

The degradation of organic material can take place in different ways, biotic or
abiotic. Many organisms are able to utilize organic material as an energy source
where the energy stored in the organic material is released by oxidation of this mate-
rial. Humans, animals, and a number of microorganisms use oxygen as an oxidant
for the oxidative degradation of organic material to carbon dioxide. This process is
known as aerobic respiration. It is the dominant microbial degradation mechanism
for organic material, also in aqueous systems, as long as oxygen is available. In the
absence of oxygen, specialized microorganisms are able to use other oxidants, such
as nitrate (nitrate respiration, denitrification) or sulfate (sulfate respiration, desul-
furication). Iron(III) hydroxide and manganese dioxide are further oxidants that can
act in chemical but also in biochemical oxidation reactions. The respective half-
reactions for the different oxidants are given in Table 10.2. To formulate complete
redox reactions, these equations have to be combined with the half reaction for the
CO2/glucose redox couple, also given in Table 10.2. The equilibrium constants of the
overall reactions can be found by means of equation (10.84) (Example 10.14). As
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explained in Section 10.4.4, we can use the partial pressures or the molar concentra-
tions of the involved gas components.

Example 10.14
What is the equilibrium constant of the oxidation of glucose by oxygen (aerobic respiration)?

Solution:
The respective half-reactions, taken from Table 10.2 and written as a one-electron transfer, are:

1=4O2ðgÞ+H+ + e− Ð 1=2H2O pe0 = 20.75

and

1=4CO2ðgÞ+H+ + e− Ð 1=24C6H12O6 + 1=4H2O pe0 = −0.20

Before both half-reaction can be combined to a complete redox reaction, the second equation has
to be written in the reverse direction:

1=24C6H12O6 + 1=4H2O Ð 1=4CO2ðgÞ+H+ + e−

After adding both half reactions, we obtain:

1=24C6H12O6 + 1=4O2ðgÞ Ð 1=4CO2ðgÞ + 1=4H2O

The respective law of mass action is:

K✶ = p1=4ðCO2Þ
p1=4ðO2Þ a1=24ðC6H12O6Þ

and the equilibrium constant can be found from the standard redox intensities:

logK✶ =ne ðpe01 −pe02Þ= 1 ð20.75+0.20Þ= 20.95

K✶ = 1020.95 L1=24=mol1=24 =8.91× 1020 L1=24=mol1=24

The high value of the equilibrium constant indicates that the reaction equilibrium lies to the right-hand
side and, thus we can expect that glucose is not thermodynamically stable in presence of oxygen.

Table 10.8 lists the complete redox reactions for the degradation (mineralization) of or-
ganic material by different oxidants that are relevant for aqueous systems. In natural
systems, a specific redox sequence is often observed in such a manner that at first the
strongest oxidant is utilized followed by the other oxidants in order of decreasing
strength. The strongest oxidant is that oxidant that is farthest from the equilibrium
with the organic substance and consequently releases the most Gibbs energy during
the mineralization reaction. This sequence cannot be seen from the standard Gibbs en-
ergies given in Table 10.8 alone because it is determined by the difference between the
redox intensities, Δpe, rather than by the difference of the standard redox intensities,
Δpe0. To calculate the differences of the redox intensities and the related Gibbs ener-
gies, the concentrations (or partial pressures) of the components involved in the redox
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reaction have to be known (see Example 10.13) or realistic presumptions concerning
the concentrations or partial pressures have to be made. To demonstrate the redox se-
quence, Gibbs energies for the mineralization of the organic model compound glucose
with different oxidants, calculated for typical conditions, are shown in Table 10.9 (last
column). Indeed, in lake sediments or in the subsurface near infiltration sites the oxi-
dants are consumed in the order O2, NO3

–, MnO2, Fe(OH)3, SO4
2–, resulting in specific

spatial concentration gradients of characteristic species (O2, NO3
–, Mn2+, Fe2+, HS–).

Generally, the consecutive consumption of oxidants according to the redox sequence is
connected with a decreasing redox intensity level in the water.

Table 10.8: Mineralization of the organic model compound glucose by different oxidants (data for
25 °C).

Reaction log K✶ ΔRG
 = −.

R T log K
(kJ/mol)

1=24C6H12O6 + 1=5NO−
3 + 1=5H+ Ð 1=4CO2ðgÞ+ 1=10N2ðgÞ+ 7=20H2O . −.

1=24C6H12O6 + 1=2MnO2ðsÞ+H+ Ð 1=4 CO2ðgÞ+ 1=2Mn2++ 3=4H2O . −.

1=24C6H12O6 + 1=4O2ðgÞ Ð 1=4CO2ðgÞ+ 1=4H2O . −.

1=24C6H12O6 + Fe OHð Þ3ðsÞ + 2H+ Ð 1=4CO2ðgÞ+ Fe2++ 11=4H2O . −.

1=24C6H12O6 + 1=8SO4
2− + 1=8H+ Ð 1=4 CO2ðgÞ+ 1=8HS− + 1=4H2O . −.

Table 10.9: Redox sequence in the order of Gibbs energy release at pH = 7, ΔRG (pH = 7). All data
valid for 25 °C.

Reaction Δpe (pH = ) ΔRG
 (pH = )

(kJ/mol)
Δpe (pH = ) ΔRG (pH = )

(kJ/mol)

1=24C6H12O6 + 1=4O2ðgÞ Ð
1=4 CO2ðgÞ + 1=4H2O

. −. . −.

1=24C6H12O6 + 1=5NO−
3 + 1=5H+ Ð

1=4CO2ðgÞ + 1=10N2ðgÞ + 7=20H2O

. −. . −.

1=24C6H12O6 + 1=2MnO2ðsÞ+H+ Ð
1=4CO2ðgÞ + 1=2Mn2+ + 3=4H2O

. −. . −.

1=24C6H12O6 + Fe OHð Þ3ðsÞ + 2H+ Ð
1=4CO2ðgÞ + Fe2+ + 11=4H2O

. −. . −.
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10.6.3 Further Oxidation Reactions Mediated by Microorganisms

In water bodies with a sufficient content of dissolved oxygen, reduced species (e.g.,
methane, sulfide, iron(II), manganese(II), ammonium) are not stable over longer pe-
riods of time and will be oxidized. These oxidation reactions are often mediated by
microorganisms. The nitrification process that proceeds in two stages with nitrite as
an intermediate (nitritation: NH4

+ ! NO2
–, nitratation: NO2

– ! NO3
–) is a prominent

example of such oxidation processes that may occur in natural water bodies. The
nitrification process is also utilized in wastewater treatment in combination with a
denitrification stage (reaction of nitrate with organic substances under formation of
N2; see Table 10.8) in order to remove the nutrient nitrogen from wastewater by the
following reaction sequence: NH4

+ ! NO3
– ! N2. Other relevant reactions are meth-

ane oxidation, sulfide oxidation, iron(II) oxidation, and manganese(II) oxidation.
For these oxidation reactions, the complete redox equations are listed in Table 10.10
together with the equilibrium constants and the molar standard Gibbs energies.

Table 10.10: Aerobic oxidation processes (data for 25 °C).

Reaction log K✶ ΔRG
 (kJ/mol) ΔRG

 (pH = )

1=8CH4ðgÞ + 1=4O2ðgÞ Ð 1=8CO2ðgÞ + 1=4H2O . −. −.

1=8HS− + 1=4O2ðgÞ Ð 1=8SO2−
4 + 1=8H+

. −. −.

Fe2+ + 1=4O2ðgÞ + 5=2H2O Ð Fe OHð Þ3ðsÞ + 2H+
. −. −.

1=2Mn2+ + 1=4O2ðgÞ + 1=2H2O Ð 1=2MnO2+H+ −. . −.

1=6NH+
4 + 1=4O2ðgÞ Ð 1=6NO−

2 + 1=6H2O+ 1=3H+
. −. −.

1=2NO−
2 + 1=4O2ðgÞ Ð 1=2NO−

3 . −. −.

Table 10.9 (continued)

Reaction Δpe (pH = ) ΔRG
 (pH = )

(kJ/mol)
Δpe (pH = ) ΔRG (pH = )

(kJ/mol)

1=24C6H12O6 + 1=8SO2−
4 + 1=8H+ Ð

1=4 CO2ðgÞ + 1=8HS− + 1=4H2O

. −. . −.

Δpe (pH = 7) calculated with c(NO3
–) = 1 × 10−4 mol/L, c(C6H12O6) = 1 × 10−4 mol/L, c(Fe2+) =

1 × 10−6 mol/L, c(Mn2+) = 1 × 10−6 mol/L, c(SO4
2–) = c(HS–), and partial pressures according to the

atmospheric conditions (p(O2) = 0.209 bar, p(CO2) = 0.000415 bar, p(N2) = 0.781 bar).
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10.7 Problems

Note: It is assumed that ideal conditions exist in all cases (a = c, K✶ = K). If not
stated otherwise, the constants are valid for 25 °C.

10.1. The Fe2+ concentration in a water with pH = 6 was found to be c(Fe2+) = 2 × 10−5

mol/L. What is the redox intensity of this water? The respective redox half-reaction is:

Fe OHð Þ3ðsÞ + 3H+ + e− Ð Fe2+ + 3H2O

with pe0 = 16.3.

10.2. The standard redox intensity of the reaction:

Fe3+ + e− Ð Fe2+

is pe0 = 13 (see Table 10.2). What is the related standard redox potential at 25 °C?
The universal gas constant is R = 8.3145 J/(mol⋅K) and the Faraday constant is
F = 96 485 C/mol.

10.3. The standard redox intensity of the half-reaction:

SO2−
4 + 10H+ + 8 e− Ð H2SðgÞ + 4H2O

is pe0 = 5.25. What is the standard redox intensity of the reaction:

SO2−
4 + 9H+ + 8 e− Ð HS− + 4H2O ?

The Henry constant of H2S is H(H2S) = 102.2 mol/(m3⋅bar) and the acidity constant
of H2S is pKa(H2S) = 7.

10.4. The redox intensity of a water is pe = 10. What is the expected maximum Mn2+

concentration if this water is at pH = 6 in contact with a MnO2-containing sediment?
The half-reaction of the Mn2+/MnO2 redox couple is:

MnO2ðsÞ + 4H+ + 2 e− Ð Mn2+ + 2H2O

with log K = 41.6.

10.5. Calculate Δpe0, Δpe0(pH = 7), log K✶, ΔRG0, and ΔRG0(pH = 7) for the reaction:

4 Fe2+ + 10H2O+O2ðaqÞ Ð 4 Fe OHð Þ3ðsÞ + 8H+

at the standard temperature 25 °C. The respective half-reactions are:
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O2ðaqÞ + 4H+ + 4 e− Ð 2H2O pe0 = 21.48

Fe OHð Þ3ðsÞ + 3H+ + e− Ð Fe2+ + 3H2O pe0 = 16.30

10.6. What is the Mn2+ equilibrium concentration (in mg/L) in a water with an
oxygen content that is one hundredths of the saturation concentration at 25 °C
(csat (O2) = 0.261 mmol/L)? The pH of the water is 6 and the molecular weight of
manganese is M(Mn) = 55 g/mol. The half-reactions to be considered are:

MnO2ðsÞ + 4H+ + 2 e− Ð Mn2+ + 2H2O logK = 41.6

O2ðaqÞ + 4H+ + 4 e− Ð 2H2O logK = 85.9

10.7. In which direction will the reaction:

2 Pb2+ +O2ðaqÞ + 2H2O Ð 2 PbO2ðsÞ + 4H+

proceed if the following conditions hold: c(O2) = 0.261 mmol/L, pH = 7, ρ✶(Pb2+) =
50 µg/L, ϑ = 25 °C? The half-reactions and the related standard redox intensities are:

O2ðaqÞ + 4H+ + 4 e− Ð 2H2O pe0 = 21.48

PbO2 + 4H+ + 2 e− Ð Pb2+ + 2H2O pe0 = 24.7

and the molecular weight of Pb is M = 207 g/mol.

10.8. What is the equilibrium concentration of oxygen in a water that contains at
pH = 7.5 equal concentrations of SO4

2– and HS–? The respective half-reactions are:

SO2−
4 + 9H+ + 8 e− Ð HS− + 4H2O pe0 = 4.25

O2ðaqÞ + 4H+ + 4 e− Ð 2H2O pe0 = 21.48

10.9. Is ammonium stable in a water that is at pH = 7 saturated with oxygen from
air (p(O2) = 0.209 bar)? The respective half-reactions to be considered are:

O2ðgÞ + 4H+ + 4 e− Ð 2H2O pe0 = 20.75

NO−
3 + 10H+ + 8 e− Ð NH+

4 + 3H2O pe0 = 14.9
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11 Complex Formation

11.1 Introduction

Metal ions in aqueous systems are able to react with other dissolved species (mol-
ecules or ions) to form distinct entities that are referred to as complexes (or more
precisely coordination complexes). These complexes are typically readily soluble
and their formation has a strong impact on the behavior of the metal ions in other
reactions, such as acid/base, precipitation/dissolution, or redox processes. This
impact on other reaction equilibria makes complex formation significant for aque-
ous systems.

Since complex formation determines the behavior of the metal ions in aquatic
systems, it is of interest to know which metal species occur in the water under given
conditions. The concentration distribution of the different species is also referred to
as speciation and can be calculated by means of the laws of mass action for the com-
plex formation together with material balance equations. The speciation of metal
ions is discussed in more detail in Section 11.7.

A coordination complex consists of a central metal ion (coordination center) and
surrounding ions or neutral molecules that are referred to as ligands or complexing
agents. In most cases, the bonds between the central ion and the ligands are coordi-
nate bonds (dative covalent bonds). This means that the ligand provides lone electron
pairs that can occupy free orbitals of the central ion. Accordingly, the ligands can be
characterized as electron pair donors, whereas the central ions act as electron pair
acceptors. Lone electron pairs are provided for instance by atoms such as oxygen, ni-
trogen, sulfur, or chlorine. These atoms are referred to as ligator atoms and may occur
in inorganic and organic ligands.

If a ligand is only able to form one single bond, it is referred to as a monoden-
tate (sometimes also as a unidentate) ligand. Organic molecules or ions that possess
two or more functional groups with the above-mentioned ligator atoms are able to
form more than one bond with the central ion. Such ligands are called polydentate
(or multidentate) ligands. Polydentate ligands are also referred to as chelating
agents and the complexes are named chelate complexes. The name chelate comes
from the Greek word for crab’s claw and should illustrate that the ligand totally sur-
rounds the central ion.

The number of bonds within the complex is called the coordination number. It
determines the geometry of the complex. For instance, the coordination number 6
is related to an octahedral geometry whereas the coordination number 4 is related
to a quadratic planar or to a tetrahedral geometry.

Figure 11.1 schematically illustrates the structure of complexes with monoden-
tate and polydentate ligands.
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In aqueous systems, metal ions are always surrounded by water molecules. The
water molecules in the immediate vicinity of the metal ions constitute the so-called
inner hydration sphere. These water molecules act as ligands and form aqua com-
plexes with the metal ions (Section 11.2). Stronger ligands can replace the water
molecules in the inner hydration sphere (ligand exchange).

Complexes with water molecules or other ligands that are directly coordinated
with the central ions are referred to as inner-sphere complexes. In outer-sphere com-
plexes, the constituents of the complex remain separated by the water molecules of
the hydration sphere.

Ion pairs can be considered a specific form of complexes. They consist of a cation
and an anion that are held together by electrostatic interactions and behave as one unit
in an aqueous solution. Many ion pairs show the typical structure of an outer-sphere
complex (so-called solvent-shared ion pairs). The occurrence of ion pairs was already
discussed with respect to the calco–carbonic equilibrium (Section 9.5 in Chapter 9).

The name of a complex is formed in the following way: Greek prefix denoting
the number of ligands (mono, di, tri, tetra, penta, hexa, etc.) + ligand name +
name of the central ion. For neutral ligands, the common name of the molecule is
used. Exceptions are water (aqua) and ammonia (ammin). For anionic ligands,
the endings -ide, -ate, -ite are replaced by -o, -ato, and -ito, respectively (e.g., hy-
droxo, chloro, sulfato, carbonato). In cationic complexes, the name of the central
ion remains unchanged (e.g., hexaaquairon(III) cation, Fe(H2O)6

3+). In anionic
complexes, the ending -ate replaces -um or -ium in the (Latin) element name
(e.g., tetrahydroxoaluminate, Al(OH)4

‒, or tetrahydroxoferrate, Fe(OH)4
‒).

Complexes can be positively charged, negatively charged, or neutral, depend-
ing on the charge of the central ion and the number and charge of the ligands. Neu-
tral complexes in aqueous solutions are typically indicated by the superscript “0”
to distinguish them from solids with the same composition.

L

L

L

L

L

L
C

C – Central ion
L – Monodentate ligands
Coordination number: 6 

C

A

A
A

A

L

C – Central ion
L – Polydentate ligand
A – Ligator atoms
Coordination number: 4

Figure 11.1: Coordination complexes with monodentate and polydentate ligands.
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11.2 Ligands in Aquatic Systems

Before considering other ligands, we want to discuss the special role of water with
respect to the complex formation in aqueous systems. Metal cations in aqueous sol-
utions do not occur as free ions but always as hydrated ions (ions surrounded by
water molecules). As already mentioned in Section 11.1, these hydrated metal ions
are complexes with water as a ligand (aqua complexes). Typically, the number of
water molecules in the first coordination sphere (i.e., the coordination number) is 6.
Therefore, in the strict sense, we would have to write Cu(H2O)6

2+ or Al(H2O)6
3+ instead

of Cu2+ and Al3+ for the dissolved ions. Any complex formation with other ligands is
therefore a ligand exchange where the water molecules are partly or totally substi-
tuted by the other ligands. For the sake of simplification, however, the water ligands
are often not written explicitly. The formation of a complex of copper with chloride
is therefore formulated usually as:

Cu2+ + 4 Cl− Ð CuCl4
2− (11:1)

rather than as:

Cu H2Oð Þ62++ 4Cl− Ð Cu H2Oð Þ2Cl42− + 4H2O (11:2)

Accordingly, metal ions with only water molecules in the coordination sphere are
often referred to as free or uncomplexed metal ions, despite the fact that they are
not really free or unbound.

Water molecules bound as ligands can release protons easier than free water
molecules due to their polarization by the central ion. Therefore, aqua complexes
tend to dissociate under formation of mixed aqua/hydroxo complexes. Conse-
quently, the hydroxo complex formation can also be considered a specific acid/
base reaction (also referred to as hydrolysis). This aspect will be discussed in
more detail in Section 11.6.

Since water as the solvent is always the excess component is aqueous solu-
tions, only strong complexing agents can replace water in the coordination sphere.
According to their frequent occurrence, hydroxide, sulfate, chloride, hydrogencar-
bonate, and carbonate ions are particularly relevant monodentate ligands in fresh-
water. In seawater, chloride is the dominant monodentate ligand.

The most important polydentate ligands in natural waters are humic substances.
Humic substances possess a large number of functional groups that contains in partic-
ular oxygen but also nitrogen and sulfur as potential ligator atoms. Anthropogenic
polydentate ligands are introduced into surface or ground waters with wastewater or
from diffuse sources. Frequently occurring synthetic complexing agents are aminopo-
lyacetic acids (e.g., ethylenediaminetetraacetic acid, nitrilotriacetic acid) or polyphos-
phonic acids. Figure 11.2 shows the structures of ethylenediaminetetraacetic acid
(EDTA) and nitrilotriacetic acid (NTA). EDTA contains six ligator atoms (4 × O, 2 × N),
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whereas NTA contains four ligator atoms (3 × O, 1 × N). In both cases, the anions of the
acids act as ligands in complexes. Therefore, the complex formation is coupled to the
acid/base reactions of the complexing agents. This has to be taken into account in
equilibrium calculations. Figures 11.3 and 11.4 show some possible structures of EDTA
and NTA complexes.

EDTA   

CH2 NHOOC
CH2

CH2

COOH
COOH

CH2 CH2 NN
CH2

CH2

CH2

CH2

COOH
COOH

HOOC
HOOC

NTA

Figure 11.2: Structures of the synthetic complexing agents ethylenediaminetetraacetic acid (EDTA)
and nitrilotriacetic acid (NTA).
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Figure 11.3: Possible structures of EDTA complexes.
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11.3 Equilibrium Relationships and Constants

The law of mass action for complex formation can be formulated in various ways
depending on the kind of reaction equation and the types of ligands.

If only one ligand is bound to the central ion as in the case of a chelate complex
with a polydentate ligand, the formation of the complex can be written in a general
form (with Me =metal ion and L = ligand) as:

Me+ L Ð MeL (11:3)

and the related law of mass action reads:

K✶
form = aðMeLÞ

aðMeÞaðLÞ (11:4)

where K✶
form is the complex formation (or complex stability) constant. The dissocia-

tion of the complex is the reverse reaction:

MeL Ð Me+ L (11:5)

and the related law of mass action is given by:

K✶
diss =

aðMeÞaðLÞ
aðMeLÞ (11:6)
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Figure 11.4: Possible structures of NTA complexes.
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where K✶
diss is the complex dissociation constant that is related to the complex for-

mation constant by:

K✶
diss =

1
K✶
form

(11:7)

Since complex reactions are typically written as formation reactions, we want to
omit the subscript “form” in the following text.

If monodentate ligands are bound to the central ion, two different series of
reaction equations and laws of mass actions can be formulated. The first version
describes a stepwise addition of ligands until the maximum possible number of
ligands is bound:

Me+ L Ð MeL K✶
1 =

aðMeLÞ
aðMeÞaðLÞ (11:8)

MeL+ L Ð MeL2 K✶
2 =

aðMeL2Þ
aðMeLÞaðLÞ (11:9)

MeL2 + L Ð MeL3 K✶
3 =

aðMeL3Þ
aðMeL2ÞaðLÞ (11:10)

. . .

MeLn−1 + L Ð MeLn K✶
n =

aðMeLnÞ
aðMeLn−1ÞaðLÞ (11:11)

Here, the complex formation constants, K✶
i (i = 1 . . . n), are referred to as stepwise

complex formation constants or as individual complex formation constants.
The other opportunity is to formulate overall equations. Thus, for a complex

with two ligands we have to write:

Me+ 2 L Ð MeL2 β✶2 =
aðMeL2Þ

aðMeÞ a2ðLÞ (11:12)

For three ligands, we obtain:

Me+ 3 L Ð MeL3 β✶3=
aðMeL3Þ

aðMeÞ a3ðLÞ (11:13)

and for n ligands, we can write:

Me+ n L Ð MeLn β✶n=
aðMeLnÞ

aðMeÞanðLÞ (11:14)
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The overall complex formation constants, βi, are related to the individual constants by:

β✶1 =K✶
1 (11:15)

β✶2 =K✶
1 K

✶
2 (11:16)

β✶3=K✶
1 K

✶
2 K

✶
3 (11:17)

. . .

β✶n=K✶
1 K

✶
2 K

✶
3 ...K✶

n (11:18)

The dissociation constants for the single and overall reactions can be found in anal-
ogy to equation (11.7).

As for other reaction equilibria also holds that under ideal conditions (ideal
dilute solutions) the thermodynamic constants equal the conditional constants
(K✶ = K, β✶ = β).

11.4 Strength of Complexation: Monodentate Versus
Polydentate Ligands

The strength of complexation can be derived from the value of the complex formation
constant or from the related release of free energy. As shown in Chapter 5, Section 5.4,
the molar Gibbs energy of a reaction is given by:

ΔRG=ΔRH −T ΔRS (11:19)

where ΔRH is the molar enthalpy of reaction, ΔRS is the molar entropy of reaction,
and T is the absolute temperature. In the state of equilibrium, the following rela-
tionship between the molar standard Gibbs energy of reaction, ΔRG0, the molar
standard enthalpy of reaction, ΔRH0, the molar standard entropy of reaction, ΔRS0,
and the equilibrium constant, K✶, holds:

ΔRG0 =ΔRH0 −T ΔRS0 = −R T lnK✶ (11:20)

Accordingly, a strong complexation is characterized by a strongly negative value of
ΔRG0 and a high value of the equilibrium constant.

Table 11.1 shows complex stability constants for EDTA complexes of heavy
metal ions in comparison with constants for complexes of the same metal ions with
monodentate ligands. The chelate complexes with EDTA are obviously much stron-
ger than the complexes with monodentate ligands. Such differences are generally
found if polydentate and monodentate complexes are compared. As can be derived
from equation (11.20), a strong complexation can be a result of a strongly negative
value of ΔRH0 and/or of a strongly positive value of ΔRS0.
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The strength of chelate complexes is mainly a result of an entropy effect. Re-
member that entropy is a measure of the disorder (or randomness) of a system. This
entropy effect can be explained in a simplified manner by a comparison of the li-
gand exchange that takes place if water molecules are replaced by monodentate or
polydentate ligands.

For the replacement of water molecules from the coordination sphere of a bivalent
metal ion by two monodentate, twofold negatively charged ligands, we can write:

Me H2Oð Þ2+6 + 2 L2− Ð Me H2Oð Þ4L2−2 + 2H2O

3 species 3 species
(11:21)

Since two ligand ions replace exactly two water molecules from the coordination
sphere, there is no change in the numbers of both free and bound species. Therefore,
no strong entropy effect (change in the degree of disorder) occurs. The same result will
be found for any other number of monodentate ligands. On the other hand, if a poly-
dentate ligand (here L4‒ as an example) replaces water molecules from the coordina-
tion sphere, the number of free species increases. Consequently, it can be expected
that the entropy that indicates the degree of disorder in the system also increases:

Me H2Oð Þ62+ + L4− Ð MeL2− + 6H2O

2 species 7 species
(11:22)

According to equation (11.20), an entropy increase leads to a stronger negative
Gibbs energy and a higher value of the equilibrium constant.

Besides the entropy effect, the stronger bond forces in the case of polydentate
ligands also contribute to a certain extent to the higher stability of chelate com-
plexes in comparison to complexes with monodentate ligands.

Table 11.1: Complex stability constants of MeL complexes of
different heavy metals.

Metal ion L = EDTA
log K✶

L = SO
–

log K✶
L = CO

–

log K✶
L = Cl–

log K✶

Pb+ . . . .
Cd+ . . . .
Ni+ . . . .
Cu+ . . . .
Zn+ . . . .
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11.5 Complex Formation and Solubility

The strong impact of complex formation on other reaction equilibria can be dem-
onstrated impressively by taking the dissolution/precipitation equilibrium as an
example. Let us consider the dissolution of a solid consisting of a bivalent metal
cation Me2+ and a bivalent anion A2–. The respective reaction equation is:

MeA Ð Me2+ +A2− (11:23)

and, for ideal solutions, the corresponding solubility product reads:

Ksp = cðMe2+Þ cðA2−Þ (11:24)

The solubility, cs, is then given by:

cs = cðMe2+Þ= cðA2−Þ=
ffiffiffiffiffiffiffi
Ksp

q
(11:25)

as has been shown in Chapter 8, Section 8.3.1.
Now, we want to assume that the metal cation forms a chelate complex with

the anion of nitrilotriacetic acid (NTA) as ligand, here denoted as L3‒:

Me2+ + L3− Ð MeL− (11:26)

K1 =
cðMeL−Þ

cðMe2+ Þ cðL3−Þ (11:27)

If we take into account that the metal ions released from the solid during dissolu-
tion are partly transformed into the complex and the sum of the concentrations of
the formed complex and the remaining free metal ions must equal the concentra-
tion of the initially released metal ions, the following relationship between the solu-
bility, cs, and the species concentrations in the state of equilibrium holds:

cs = cðMe2+Þ+ cðMeL−Þ= cðA2−Þ (11:28)

After introducing the law of mass action for the complex formation, we find:

cs = cðMe2+Þ+K1 cðMe2+Þ cðL3−Þ= cðMe2+Þ½1+K1 cðL3−Þ� (11:29)

cðMe2+Þ= cs
1+K1 cðL3−Þ

(11:30)

Substituting c(Me2+) and c(A2–) in the solubility product by equations (11.30) and
(11.28), respectively, gives:

Ksp =
cs

1+K1 cðL3−Þ
cs (11:31)
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and the solubility, cs, can be expressed by:

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp ½1+K1 cðL3−Þ�

q
(11:32)

If we compare equation (11.32) with equation (11.25), we can see that the solubility
increases the higher the ligand concentration and/or the larger the complex forma-
tion constant is. A particularly strong effect of complex formation on the solubility
can be expected for chelating ligands due to their large complex formation con-
stants. This effect is of practical interest with respect to the water quality because
the introduction of synthetic complexing agents with wastewater into rivers or lakes
can lead to a remobilization of hazardous heavy metals from the sediment where
they are normally immobilized as hardly soluble hydroxides or sulfides.

11.6 Hydrolysis of Hydrated Metal Ions

It was already mentioned in Section 11.2 that water molecules bound as ligands can
release protons easier than free water molecules. Therefore, aqua complexes tend
to dissociate under formation of mixed aqua/hydroxo complexes. This process is
known as hydrolysis and proceeds analogous to a stepwise dissociation of a poly-
protic acid:

Me H2Oð Þn+6 Ð Me H2Oð Þ5OH n−1ð Þ++ H+ (11:33)

Me H2Oð Þ5OH n−1ð Þ+ Ð Me H2Oð Þ4 OHð Þ n−2ð Þ+
2 +H+ (11:34)

and so on.
Alternative to this kind of formulating of the hydrolysis reactions, other simpli-

fied notations are in use. These notations and the relations between them will be
demonstrated below by taking the first dissociation step as an example.

The law of mass action for the first dissociation step according to equation
(11.33) reads:

K✶
a1 =

aðH+ÞaðMeðH2OÞ5OHðn−1Þ+Þ
aðMeðH2OÞn+6 Þ (11:35)

where the subscript “a” is used to denote the constant as an acidity constant. To
simplify equations (11.33) and (11.35), we can omit all the water molecules that do
not take part in the reaction and write:

Men+ +H2O Ð MeOH n−1ð Þ+ +H+ (11:36)

K✶
a1 =

aðH+ÞaðMeOHðn−1Þ+Þ
aðMen+Þ (11:37)
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Since Men+ and MeOH(n−1)+ are only simplified notations for the species Me(H2O)6
n+

and Me(H2O)5OH
(n−1)+, respectively, the numerical value of the equilibrium con-

stant, K✶
a1, is identical for both formulations of the law of mass action.

Moreover, the formation of the hydroxo complex MeOH(n−1)+ can also be de-
scribed according to equation (11.8) as a reaction of the central ion Men+ with the
OH‒ ligand:

Men+ +OH− Ð MeOH n−1ð Þ+ (11:38)

Then, the law of mass action reads:

K✶
1 = β✶1 =

aðMeOHðn−1Þ+Þ
aðMen+ÞaðOH−Þ (11:39)

The equilibrium constants, K1
✶ and K✶

a1 are related by the dissociation constant of
water:

K✶
w = aðH+Þ aðOH−Þ (11:40)

K✶
1 K

✶
w = aðMeOHðn−1Þ+Þ aðH+Þ aðOH−Þ

aðMen+Þ aðOH−Þ = aðMeOHðn−1Þ+ÞaðH+Þ
aðMen+Þ =K✶

a1 (11:41)

Accordingly, the following general relationships for the individual equilibrium con-
stants can be derived:

K✶
n K

✶
w =K✶

a,n (11:42)

logK✶
n+ logK✶

w = logK✶
a,n (11:43)

For the overall constants, we can write:

β✶n ðK✶
wÞn = β✶a,n (11:44)

log β✶n+ n logK✶
w= log β✶a,n (11:45)

Here, β✶a, n is the product of the acidity constants, K✶
a1 K

✶
a2 . . . K

✶
a,n.

Example 11.1
The overall complex formation constant for the reaction:

Cu2+ + 4OH− Ð Cu OHð Þ2−4

is given as log β✶4 = 16.40. What is the constant β✶
a4 for the reaction:

Cu2+ + 4H2O Ð Cu OHð Þ2−4 + 4H+ ?

The dissociation constant of water is Kw
✶ = 1 × 10−14 mol2/L2.
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Solution:
The equation for the second reaction can be received by combining the equation for the first reac-
tion with that of the dissociation of water:

Cu2+ +4OH− Ð Cu OHð Þ2−4 logβ4
✶

4H2O Ð 4H+ +4OH− 4 logKw✶

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
Cu2+ +4H2OÐ Cu OHð Þ2−4 + 4H+ logβ✶

a4

Accordingly, we can calculate logβ✶
a4 by:

logβ✶
a4 = logβ✶

4+4 logK✶
w= 16.40+ 4 ð−14Þ= −39.60

This equation corresponds to equation (11.45) with n = 4. Thus, the equilibrium constant is:

β✶
a4 = 2.51× 10−40 mol4=L4

Note that the unit can be derived from the respective law of mass action.

11.7 Speciation of Metal Ions

11.7.1 Introduction

The distribution of an element amongst defined chemical species in a system is re-
ferred to as speciation. We have already seen specific forms of speciation as we
have discussed the distribution of acid/base pairs with dependence on pH (Sec-
tion 7.6 in Chapter 7) and the distribution of redox couples with dependence on pe
(Section 10.4 in Chapter 10). Here, we want to discuss the speciation of metals as a
result of complex formation. In this regard, the pH dependence of speciation is of
special interest, because the hydrated metal ions underlie pH-dependent hydrolysis
reactions and some of the frequently occurring ligands are involved in acid/base re-
actions (e.g., hydroxide or carbonate ions). The speciation of metals in aqueous sys-
tems is typically found by calculations on the basis of metal and ligand material
balances in combination with the equilibrium relationships of the complex forma-
tion and other related pH-dependent reactions of the metal and/or the ligands.

In particular, two types of metal speciation are of practical interest. In the first
case, the total metal concentration in the system is constant and known, either as
an assumed value for the calculation or determined by an analytical method. This
case corresponds to a situation where the speciation is not influenced by a solid
phase and dissolution/precipitation has not to be considered in the calculation. In
the second case, the water is in equilibrium with a solid metal compound that de-
termines the liquid-phase concentrations. In this case, the solubility product has to
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be considered in addition to the material balance equations and the equilibrium re-
lationships for the liquid phase.

11.7.2 Speciation of Dissolved Metal Ions at Constant Total Metal Concentration

To demonstrate the speciation at a constant total metal concentration, we want
to consider a metal ion Me2+ that forms four different complexes with the ligand
L–. Ideal behavior (βn✶ = βn, a = c) is assumed for all species.

Me2+ + L− Ð MeL+ (11:46)

Me2+ + 2 L− Ð MeL02 (11:47)

Me2+ + 3 L− Ð MeL3
− (11:48)

Me2+ + 4 L− Ð MeL4
2− (11:49)

The related laws of mass action are:

β1 =
cðMeL+Þ

cðMe2+Þ cðL−Þ (11:50)

β2 =
cðMeL02 Þ

cðMe2+Þ c2ðL−Þ (11:51)

β3 =
cðMeL−3 Þ

cðMe2+Þ c3ðL−Þ (11:52)

β4 =
cðMeL2−4 Þ

cðMe2+Þ c4ðL−Þ (11:53)

Now, we can establish a material balance for the metal:

cðMetotalÞ= cðMe2+Þ+ cðMeL+Þ+ cðMeL02 Þ+ cðMeL−3Þ+ cðMeL2−4 Þ (11:54)

and for the ligand:

cðLtotalÞ= cðL−Þ+ cðMeL+Þ+ cðMeL02 Þ+ cðMeL−3 Þ+ cðMeL2−4 Þ (11:55)

If the total concentrations of the metal and the ligand are known, we have, in our
example, six unknown concentrations (Me+, L‒, and four complexes) and the same
number of equations (equations (11.50)–(11.55)). Therefore, the set of equations has
a unique solution that can be found by using an appropriate algorithm.

Under certain conditions, equation (11.55) can be omitted, which allows a sim-
pler solution of the set of equations. If the concentration of the metal is much lower
than the concentration of the ligand, the concentrations of the complexes in the
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ligand balance (equation (11.55)) can be neglected (note that the metal concentra-
tion limits the concentrations of the complexes) and we can set:

cðLtotalÞ= cðL−Þ (11:56)

Consequently, the concentration of the free ligand is no longer unknown and the
ligand balance is no longer necessary. This means that the number of the un-
knowns as well the number of the equations would be reduced by one. A compara-
ble simplification results if we know the free ligand concentration, c(L‒), which is,
for instance, the case for the ligand OH‒ that is available from the pH. Also in this
case, equation (11.55) is dispensable because it is only necessary to find c(L‒) from
c(Ltotal). In our example, we will make use of this simplification.

If we know the total metal concentration, c(Metotal), and the ligand concentration,
c(L‒), we can calculate the concentration of the free metal ions after substituting the
complex concentrations in the metal balance by means of the equilibrium relation-
ships (equations (11.50)–(11.53)) and subsequently factoring out c(Me2+):

cðMetotalÞ= cðMe2+Þ+ β1 cðMe2+Þ cðL−Þ+ β2 cðMe2+Þ c2ðL−Þ+ β3 cðMe2+Þ c3ðL−Þ
+ β4 cðMe2+Þ c4ðL−Þ

(11:57)

cðMetotalÞ= cðMe2+Þ 1+ β1 cðL−Þ+ β2 c
2ðL−Þ+ β3 c

3ðL−Þ+ β4 c
4ðL−Þ
 �

(11:58)

cðMe2+Þ= cðMetotalÞ
1+ β1 cðL−Þ+ β2 c2ðL−Þ+ β3 c3ðL−Þ+ β4 c4ðL−Þ

(11:59)

After that, the concentrations of the complexes can be found by inserting the con-
centrations c(Me2+) and c(L‒) into the laws of mass action:

cðMeL+Þ= β1 cðMe2+Þ cðL−Þ (11:60)

cðMeL02 Þ= β2 cðMe2+Þ c2ðL−Þ (11:61)

cðMeL−3 Þ= β3 cðMe2+Þ c3ðL−Þ (11:62)

cðMeL2−4 Þ= β4 cðMe2+Þ c4ðL−Þ (11:63)

Example 11.2
What are the concentrations of Cu2+, CuOH+, Cu(OH)2

0, Cu(OH)3
–, and Cu(OH)4

2– at pH = 7 if the total
concentration of copper is c(Cutotal) = 1 × 10−7 mol/L? The overall complex formation constants are
β1 = 1 × 106 L/mol, β2 = 2.09 × 1014 L2/mol2, β3 = 1.26 × 1015 L3/mol3, β4 = 2.51 × 1016 L4/mol4.

Solution:
Since pOH = 14 – pH = 14 − 7 = 7, the concentration of the ligand OH‒ is c(OH−) = 10‒pOH mol/L =
1 × 10−7 mol/L. According to equation (11.59), we can find c(Cu2+) from a combination of the copper
balance with the equilibrium relationships:
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cðCu2+ Þ= cðCutotalÞ
1+β1 cðOH−Þ+β2 c2ðOH−Þ+β3 c3ðOH−Þ+β4 c4ðOH−Þ

Introducing c(Cutotal) and c(OH‒), we obtain:

β1 cðOH−Þ= ð1× 106 L=molÞ ð1× 10−7 mol=LÞ=0.1

β2 c
2ðOH−Þ= ð2.09× 1014 L2=mol2Þ ð 1× 10−14 mol2=L2Þ= 2.09

β3 c
3ðOH−Þ= ð1.26× 1015 L3=mol3Þ ð1× 10−21 mol3=L3Þ= 1.26× 10−6

β4 c
4ðOH−Þ= ð2.51× 1016 L4=mol4Þ ð1× 10−28 mol4=L4Þ= 2.51× 10−12

cðCu2+Þ= 1× 10−7 mol=L

1+0.1+ 2.09+ 1.26× 10−6 + 2.51× 10−12
= 3.13× 10−8 mol=L

The complex concentrations can be found from the laws of mass action according to equations
(11.60)–(11.63):

cðCuOH+Þ=β1 cðOH−Þ cðCu2+Þ=0.1 ð3.13× 10−8 mol=LÞ= 3.13× 10−9 mol=L

cðCuðOHÞ02Þ=β2 c
2ðOH−Þ cðCu2+Þ= 2.09 ð3.13× 10−8 mol=LÞ=6.54× 10−8 mol=L

cðCuðOHÞ−3Þ=β3 c
3ðOH−Þ cðCu2+Þ = ð1.26× 10−6Þ ð3.13× 10−8 mol=LÞ = 3.94× 10−14 mol=L

cðCuðOHÞ2−4 Þ=β4 c
4ðOH−Þ cðCu2+Þ = ð2.51× 10−12Þ ð3.13× 10−8 mol=LÞ= 7.86× 10−20 mol=L

We can verify the results by adding the concentrations and comparing the sum with the given total
concentration:

cðCutotalÞ= cðCu2+Þ+ cðCuOH+Þ+ cðCuðOHÞ02Þ+ cðCuðOHÞ−3Þ+ cðCuðOHÞ2−4 Þ
= 3.13× 10−8 mol=L+ 3.13× 10−9 mol=L+6.54× 10−8 mol=L+ 3.94× 10−14 mol=L

+ 7.86× 10−20 mol=L= 9.98× 10−8 mol=L

The small deviation from the given total concentration of 1 × 10−7 mol/L is due to round-off errors.
From the calculation results, we can conclude that the major species at pH = 7 are Cu2+ and the
neutral complex Cu(OH)2

0.

If the ligands are anions of others than very strong acids and only total concentra-
tions (i.e., acid plus related anions) are available, we have to additionally consider
the dissociation equilibria. This is particularly relevant in the case of the natural
carbonato complexes (see carbonic acid system in Chapter 7, Section 7.7) and also
in the case of anthropogenic ligands such as EDTA or NTA where the anions act as
chelate ligands (Section 11.2). In such cases, the ligand balance equation has to in-
clude the concentrations of the neutral acid and the deprotonated species.

To demonstrate this principle, Example 11.2 is extended in Example 11.3 by the
additional consideration of the formation of the carbonato complexes CuCO3

0 and
Cu(CO3)2

2‒.
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Example 11.3
What are the concentrations of Cu2+, CuOH+, Cu(OH)2

0, Cu(OH)3
–, Cu(OH)4

2–, CuCO3
0, and Cu(CO3)2

2– at
pH = 7 and c(DIC) = 1 × 10−3 mol/L if the total concentration of copper is c(Cutotal) = 1 × 10−7 mol/L?
The overall complex formation constants of the hydroxo complexes are βhydr,1 = 1 × 106 L/mol,
βhydr,2 = 2.09 × 1014 L2/mol2, βhydr,3 = 1.26 × 1015 L3/mol3, and βhydr,4 = 2.51 × 1016 L4/mol4. The respective
constants for the carbonato complexes are βcarb,1 = 5.37 × 106 L/mol and βcarb,2 = 6.76 × 109 L2/mol2. The
acidity constants of the carbonic acid are Ka1 = 4.4 × 10−7 mol/L and Ka2 = 4.7 × 10−11 mol/L.

Solution:
The copper balance reads:

cðCutotalÞ= cðCu2+Þ+ cðCuOH+Þ+ cðCuðOHÞ02Þ+ cðCuðOHÞ−3Þ+ cðCuðOHÞ2−4 Þ+ cðCuCO0
3Þ+ cðCuðCO3Þ2−2 Þ

After substituting the complex concentrations in the balance by means of the laws of mass action
and factoring out the concentration of the copper ions (see Example 11.2), we find:

cðCu2+Þ= cðCutotalÞ
1+

P4
n= 1

βhydr, n cnðOH−Þ+ P2
n= 1

βcarb, n cnðCO2−
3 Þ

To find c(Cu2+), we need the ligand concentrations. Whereas the concentration of OH‒ is known
from the pH (pOH = pKw – pH = 14 − 7 = 7, c(OH‒) = 1 × 10−7 mol/L), the carbonate concentration has
to be calculated by means of the carbonate species balance:

cðDICÞ= cðCO2Þ+ cðHCO−
3Þ+ cðCO2−

3 Þ+ cðCuCO0
3Þ+ cðCuðCO3Þ2−2 Þ

Due to the much lower total concentration of copper in comparison to c(DIC), we can neglect the
complex concentrations in the inorganic carbon balance. Under this condition, the concentration of
carbonate can be calculated by using equation (7.130) from Chapter 7:

cðCO2−
3 Þ= cðDICÞ

c2ðH+Þ
Ka1 Ka2

+ cðH+Þ
Ka2

+ 1

= 1× 10−3 mol=L

1× 10−14 mol2=L2

ð4.4× 10−7 mol=LÞ ð4.7× 10−11 mol=LÞ +
1× 10−7 mol=L

4.7× 10−11 mol=L
+ 1

= 3.83× 10−7mol=L

Now, we can calculate the terms in the denominator of the rearranged metal balance equation:

X4
n= 1

βhydr, n cnðOH−Þ= ð1× 106 L=molÞ ð1× 10−7 mol=LÞ+ ð2.09× 1014 L2=mol2Þ ð1× 10−14 mol2=L2Þ

+ ð1.26× 1015 L3=mol3Þ ð1× 10−21 mol3=L3Þ+ ð2.51× 1016 L4=mol4Þ ð1× 10−28 mol4=L4Þ
=0.1+ 2.09+ 1.26× 10−6 + 2.51× 10−12 = 2.19
X2
n= 1

βcarb, n cnðCO2−
3 Þ= ð5.37× 106 L=molÞ ð3.83× 10−7 mol=LÞ

+ ð6.76× 109 L2=mol2Þ ð3.83× 10−7 mol=LÞ2 = 2.06+0.00099= 2.06
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Thus, we find for the copper ion concentration:

cðCu2+Þ= 1× 10−7 mol=L
1+ 2.19+ 2.06 = 1.90× 10−8 mol=L

The complex concentrations are found from the laws of mass action according to:

cðCuOH+Þ=βhydr, 1 cðCu2+Þ cðOH−Þ

= ð1× 106 L=molÞ ð1.90× 10−8 mol=LÞ ð1× 10−7 mol=LÞ= 1.90× 10−9 mol=L

cðCuðOHÞ02Þ=βhydr,2 cðCu2+ Þ c2ðOH−Þ

= ð2.09× 1014 L2=mol2Þ ð1.90× 10−8 mol=LÞ ð1× 10−14 mol2=L2Þ= 3.97× 10−8 mol=L

cðCuðOHÞ−3Þ=βhydr,3 cðCu2+ Þ c3ðOH−Þ

= ð1.26× 1015 L3=mol3Þ ð1.90× 10−8 mol=LÞ ð1× 10−21 mol3=L3Þ= 2.39× 10−14 mol=L

cðCuðOHÞ2−4 Þ=βhydr,4 cðCu2+Þ c4ðOH−Þ

= ð2.51× 1016 L4=mol4Þ ð1.90× 10−8 L=molÞ ð1× 10−28 mol4=L4Þ=4.77× 10−20 mol=L

cðCuCO0
3Þ=βcarb, 1 cðCu2+Þ cðCO2−

3 Þ
= ð5.37× 106 L=molÞ ð1.90× 10−8 mol=LÞ ð3.83× 10−7 mol=LÞ= 3.91× 10−8 mol=L

cðCuðCO3Þ2−2 Þ=βcarb,2 cðCu2+Þ c2ðCO2−
3 Þ

= ð6.76× 109 L2=mol2Þ ð1.90× 10−8 mol=LÞ ð1.47× 10−13 mol2=L2Þ= 1.89× 10−11 mol=L

We can derive from the calculation that the major species at pH = 7 are Cu2+, Cu(OH)2
0, and CuCO3

0.
To verify the results, we have to add the concentrations and to compare the sum with the given
total concentration:

cðCutotalÞ= cðCu2+Þ+ cðCuOH+Þ+ cðCuðOHÞ02Þ+ cðCuðOHÞ−3Þ+ cðCuðOHÞ2−4 Þ+ cðCuCO0
3Þ

+ cðCuðCO3Þ2−2 Þ= 1.90× 10−8 mol=L+ 1.90× 10−9 mol=L+ 3.97× 10−8 mol=L

+ 2.39× 10−14 mol=L+4.77× 10−20 mol=L+ 3.91× 10−8 mol=L+ 1.89× 10−11 mol=L

=9.97× 10−8 mol=L

The small deviation from the given total concentration of 1 × 10−7 mol/L is due to round-off errors.

The last example demonstrates that the complexity of speciation calculations strongly
increases when more than one ligand has to be considered and the ligands are in-
volved in further reactions. A further increase in complexity will result if we have to
consider possible interactions of the ligands with other metal ions that occur in the
water. Such calculations are better done by using specialized computer software such
as Visual MINTEQ or PHREEQC.
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11.7.3 Speciation in the Presence of a Solid That Determines
the Liquid-Phase Concentrations

A typical example for this type of speciation is the distribution of free (more exactly
hydrated) metal ions and hydroxo complexes in the presence of a solid hydroxide. In
this case, the solubility of the solid hydroxide is connected with the pH-depending
hydroxo complex formation. Accordingly, the solubility product has to be considered
together with the complex formation equilibria to find the speciation. As a result of a
speciation calculation for such systems, we can find the concentrations of the free
metal ion and the hydroxo complex species in the liquid phase as a function of pH.
By adding the single concentrations, we can further find a solubility curve that de-
scribes the pH dependence of the total metal concentration in the liquid phase in
equilibrium with the solid hydroxide.

This type of speciation will be demonstrated by using aluminum hydroxide
(Al(OH)3(s)) as an example. In aqueous solutions, aluminum can form the following
hydroxo complexes: AlOH2+, Al(OH)2

+, Al(OH)3
0, and Al(OH)4

‒. If the solution is in equi-
librium with solid aluminum hydroxide, the solubility product of Al(OH)3(s) and the
complex formation equilibrium relationships have to be satisfied simultaneously. The
following reactions have to be considered:

Al OHð Þ3ðsÞ Ð Al3+ + 3OH− (11:64)

Ksp = cðAl3+Þ c3ðOH−Þ pKsp = 34 (11:65)

Al3+ +OH− Ð AlOH2+ (11:66)

β1 =K1 =
cðAlOH2+Þ

cðAl3+Þ cðOH−Þ log β1 = 9 (11:67)

Al3+ + 2OH− Ð Al OHð Þ+2 (11:68)

β2 =
cðAlðOHÞ+2Þ

cðAl3+Þ c2ðOH−Þ log β2 = 17.9 (11:69)

Al3+ + 3OH− Ð Al OHð Þ03 (11:70)

β3 =
cðAlðOHÞ03 Þ

cðAl3+Þ c3ðOH−Þ log β3 = 26 (11:71)

Al3+ + 4OH− Ð Al OHð Þ−4 (11:72)

β4 =
cðAlðOHÞ−4Þ

cðAl3+Þ c4ðOH−Þ log β4 = 33.8 (11:73)
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After calculating the Al3+ concentration for a given pH from the solubility product,
the concentrations of the hydroxo complex species at the same pH can be subse-
quently computed as shown in Example 11.4.

Example 11.4
Calculate the concentrations of the species Al3+, AlOH2+, Al(OH)2

+, Al(OH)3
0, and Al(OH)4

‒ that are at
pH = 7 in equilibrium with solid Al(OH)3(s). The equilibrium constants are: Ksp = 1 × 10−34 mol4/L4,
β1 = 1 × 109 L/mol, β2 = 7.94 × 1017 L2/mol2, β3 = 1 × 1026 L3/mol3, β4 = 6.31 × 1033 L4/mol4,
Kw = 1 × 10−14 mol2/L2.

Solution:
At first, the Al3+ concentration is calculated from the solubility product of Al(OH)3(s) with:

cðOH−Þ= Kw
cðH+Þ =

1× 10− 14 mol2=L2

1× 10−7 mol=L
= 1× 10−7 mol=L

according to:

cðAl3+Þ = Ksp
c3ðOH−Þ =

1× 10−34 mol4=L4

1× 10−21 mol=L
= 1× 10−13 mol=L

Then, the other species concentrations can be found from the rearranged laws of mass action:

cðAlOH2+Þ =β1 cðAl3+Þ cðOH−Þ= ð1× 109 L=molÞ ð1× 10−13 mol=LÞ ð1× 10−7 mol=LÞ
= 1× 10−11 mol=L

cðAlðOHÞ+2Þ =β2 cðAl3+Þ c2ðOH−Þ= ð7.94× 1017 L2=mol2Þ ð1× 10−13 mol=LÞ ð1× 10−14 mol2=L2Þ
= 7.94× 10−10 mol=L

cðAlðOHÞ03Þ =β3 cðAl3+Þ c3ðOH−Þ= ð1× 1026 L3=mol3Þ ð1× 10−13 mol=LÞ ð1× 10−21 mol3=L3Þ
= 1× 10−8 mol=L

cðAlðOHÞ−4 Þ =β4 cðAl3+Þ c4ðOH−Þ= ð6.31× 1033 L4=mol4Þ ð1× 10−13 mol=LÞ ð1× 10−28 mol4=L4Þ
=6.31× 10−8 mol=L

Repeating the calculations shown in Example 11.4 for other pH values gives the
complete concentration distribution (Figure 11.5). We can see from this diagram
that the lowest solubility of Al(OH)3 is near pH = 6, whereas the solubility is much
higher at lower and higher pH values. In the acidic range below pH = 5, the solubil-
ity is mainly determined by the hydrated aluminum ion which is, in this pH range,
the species with the highest concentration in the liquid phase. The contributions of
the other species to the total concentration in the solution is lower (consider the
logarithmic scale). At high pH values, in contrast, the solubility is mainly deter-
mined by the tetrahydroxoaluminate concentration. The strong pH dependence of
the aluminum solubility and in particular the high solubility at low pH values has
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relevance for the mobilization of aluminum from soils as a consequence of acid rain
or from sediments as a result of the acidification of lakes.

In Figure 11.5, we can also see that the concentration of the neutral complex
Al(OH)3

0, which has the same composition as the solid hydroxide, does not depend
on the pH. If Al(OH)3(s) is dissolved under the formation of Al(OH)3

0, there is no con-
sumption or release of OH‒ as in the case of the other complex formation reactions.
This can be easily shown by adding the dissolution and the complex formation re-
actions to an overall reaction:

Al OHð Þ3ðsÞ Ð Al3+ + 3OH− Ksp (11:74)

Al3+ + 3OH− Ð Al OHð Þ30 β3 (11:75)

−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−−
Al OHð Þ3ðsÞ Ð Al OHð Þ30 K =Ksp β3 (11:76)

Equation (11.76) provides a simple way to find the pH-independent concentration of
the neutral complex. Since the solid does not occur in the law of mass action, we
can write:

K = cðAlðOHÞ03 Þ=Ksp β3 = ð1× 10−34 mol4=L4Þ ð1× 1026 L3=mol3Þ= 1× 10−8 mol=L

(11:77)

Solubility diagrams, as shown for Al(OH)3(s), can also be established in the same
manner for any other hydroxides. As a further example, the solubility diagram of
iron(III) hydroxide is shown in Figure 11.6.

Figure 11.5: Aluminum species in equilibrium with solid Al(OH)3(s).
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11.8 Problems

Note: If not stated otherwise, ideal conditions (a = c, K✶ = K, β✶ = β) are assumed.
The constants are valid for 25 °C.

11.1. The individual complex stability constants for CuCO3
0 and Cu(CO3)2

2‒ are K✶
1 =

5.37 × 106 L/mol and K✶
2 = 1.26 × 103 L/mol. What are the overall complex formation

constant and the overall dissociation constant for the dicarbonatocuprate complex?

11.2. Zn2+ can be removed from water by precipitation as Zn(OH)2. The solubility prod-
uct of Zn(OH)2 is pKsp = 17. Due to the formation of hydroxo complexes, the solubility
of Zn is pH-dependent. At higher pH values, the solubility is mainly determined by the
formation of the soluble Zn(OH)4

2‒ complex. What is the limiting pH from which the
Zn(OH)4

2– concentration exceeds 2 mg/L zinc (M(Zn) = 65.4 g/mol)? The complex forma-
tion constant for the tetrahydroxozincate complex is β4 = 2.5 × 1015 L4/mol4.

11.3.We want to assume that the total cadmium concentration in a water is composed
of the species Cd2+, CdOH+, Cd(OH)2

0, and CdCO3
0. What is the fraction c(Cd2+)/c(Cdtotal)

if the pH is 8 and the carbonate concentration amounts to c(CO3
2–) = 5 × 10−5 mol/L?

The following data are given:

Cd2+ +CO3
2− Ð CdCO3

0 Kcarb, 1 = 2.5× 105 L=mol

Cd2+ +OH− Ð CdOH+ Khydr, 1 = 8.3× 103 L=mol

CdOH+ +OH− Ð Cd OHð Þ20 Khydr, 2 = 5.42× 103 L=mol

Figure 11.6: Iron(III) species in equilibrium with solid Fe(OH)3(s).
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11.4. In a surface water, the total iron(III) concentration was measured to be 1 × 10−5

mol/L. Calculate the concentration distribution of the species Fe3+, FeOH2+, Fe(OH)2
+,

Fe(OH)3
0, and Fe(OH)4

‒ at pH = 7. The complex formation reactions and the related
constants are:

Fe3+ +OH− Ð FeOH2+ β1 = 6.3× 1011 L=mol

Fe3+ + 2OH− Ð Fe OHð Þ2+ β2 = 1.6× 1022 L2=mol2

Fe3+ + 3OH− Ð Fe OHð Þ30 β3 = 2.5× 1028 L3=mol3

Fe3+ + 4OH− Ð Fe OHð Þ−4 β4 = 2.5× 1034 L4=mol4

11.5. Silver chloride, AgCl, has a low solubility. The solubility product is Ksp =
1.8 × 10−10 mol2/L2. The solubility increases if ammonia is added to the solution
due to the formation of ammin complexes, such as AgNH3

+ and Ag(NH3)2
+. What

is the solubility of AgCl in the absence and presence of 0.5 mol/L ammonia? The
relevant complex formation reactions and constants are:

Ag+ +NH3 Ð AgNH3
+ β1 = 2.5× 103 L=mol

Ag+ + 2NH3 Ð Ag NH3ð Þ2+ β2 = 2.5× 107 L2=mol2

11.6. Nitrilotriacetic acid (NTA) is a synthetic complexing agent. Its threefold negatively
charged anion acts as a ligand and forms very strong complexes with heavy metal
ions, for instance with Cd2+. To differentiate between the NTA species resulting from
the stepwise dissociation of the triprotonic acid, we want to apply the following nota-
tions for the acid and its anions: H3NTA, H2NTA

‒, HNTA2‒, and NTA3‒. NTA3‒ is also
able to form a complex with Ca2+, which is a major constituent of natural waters. Al-
though the Ca2+ complex is weaker than the Cd2+ complex, Ca2+ is a strong competitor
for the NTA3‒ ligand due to its much higher concentration in natural aqueous systems.
Furthermore, it has to be considered that Cd2+ also forms complexes with OH‒ and
CO3

2‒ that occur in all natural waters. Therefore, there is also a competition of these
ligands for the Cd2+ ions.

What are the equilibrium concentrations of the species Ca2+, Cd2+, CaNTA‒, CdNTA‒,
CdCO3

0, CdOH+, and Cd(OH)2
0 under the following conditions: c(NTAtotal) = 1 × 10

−7 mol/L,
c(Catotal) = 1 × 10−3 mol/L, c(Cdtotal) = 1 × 10−9 mol/L, c(DIC) = 1 × 10−3 mol/L, pH = 8?
Note that of the different species of the involved acids (H3NTA and carbonic
acid) only HNTA2‒, NTA3‒, HCO3

‒, and CO3
2‒ are relevant at the given pH value.

Furthermore, it holds that c CdNTA−ð Þ<< c NTAtotalð Þ, c CaNTA−ð Þ<< c Catotalð Þ, and
c CdCO0

3

� �
<< c DICð Þ which simplifies the material balance equations.
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Accordingly, the following reactions have to be taken into account:

Ca2+ +NTA3− Ð CaNTA− K1 CaNTA−ð Þ= 4× 107 L=mol

Cd2+ +NTA3− Ð CdNTA− K1 CdNTA−ð Þ= 1× 1010 L=mol

Cd2+ +CO3
2− Ð CdCO3

0 K1 CdCO3
0� �

= 2.5× 105 L=mol

Cd2+ +OH− Ð CdOH+ β1 CdOH+ð Þ= 8.3× 103 L=mol

Cd2+ + 2OH− Ð Cd OHð Þ20 β2 Cd OHð Þ20
� 


= 4.5× 107 L2=mol2

HCO3
− Ð H+ +CO3

2− Ka HCO−
3

� �
= 4.7× 10−11 mol=L

HNTA2− Ð H+ +NTA3− Ka HNTA2−� �
= 5× 10−11 mol=L
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12 Sorption

12.1 Introduction

In natural aqueous systems, water is often in contact with solid phases, such as sedi-
ments, suspended matter, soil, or aquifer material. In Chapter 8, we have seen that
dissolution/precipitation may be an important transfer mechanism between the liquid
and the adjacent solid phase. Sorption is another relevant liquid/solid transfer mecha-
nism that also plays an important role in aqueous systems. The term “sorption” is a
generic term that describes the accumulation of dissolved species on a solid surface or
within the solid material. It includes the surface processes adsorption and ion ex-
change as well as the uptake within the interior of the solid phase (absorption). The
latter is of minor relevance and occurs only in some specific cases (e.g., uptake of dis-
solved species within solid organic material). Therefore, sorption in aqueous systems
is mainly a surface process, where the term “surface” comprises the external surface
and – in the case of porous sorbents – also the internal surface. The reverse process
(release of accumulated material into the aqueous phase) is referred to as desorption.
The receiving solid phase is denoted as sorbent, whereas the substance to be sorbed is
called sorbate (Figure 12.1). Natural sorbents are often referred to as geosorbents. Ac-
cordingly, the term “geosorption” is sometimes used for natural sorption processes.

In principle, sorption can take place at all interfaces where an aqueous phase is in con-
tact with solid material. Table 12.1 gives some typical examples for sorption processes
in natural aqueous systems. Sorption as a process that immobilizes dissolved water
constituents is a relevant part of the self-purification processes within the water cycle.

Under certain conditions, sorption processes in special environmental compart-
ments can be utilized for water treatment purposes. In drinking water treatment,
bank filtration and infiltration of pretreated surface water are typical examples for
utilizing the attenuation potential of natural sorption processes. Bank filtration is a
pretreatment option in cases where polluted surface water has to be used for drinking
water production. In such cases, the raw water is not extracted directly from the river
or lake but from extraction wells located at a certain distance from the bank. Due to

Liquid phase

Solid phase

Surface

Sorbate

Sorbent

Sorbed phaseSorption

Desorption

Figure 12.1: Fundamental terms used to describe sorption processes.
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the hydraulic gradient between the river or the lake and the extraction wells caused
by pumping, the water flows in the direction of the extraction wells. During the sub-
surface transport, complex attenuation processes take place. Although biodegrada-
tion is the most important process, particularly in the first part of the flow-path,
sorption onto the aquifer material during the subsurface transport can also contribute
to the purification of the raw water, in particular by retardation of nondegradable or
poorly degradable solutes. Sorption can also support slow biodegradation processes
by extending the retention time in the biologically active zone.

Infiltration of surface water, typically pretreated by engineered processes (e.g., floc-
culation, sedimentation, filtration), is based on analogous principles. During the contact
of the infiltrated water with the soil and the aquifer material, biodegradation and sorption
processes can take place, leading to an improvement in the water quality. The infiltrated
water is then extracted by extraction wells and further treated by engineered processes.

Natural sorption processes are not only utilized in drinking water treatment but
also for reuse of wastewater. In particular in regions with water scarcity, the use of re-
claimed wastewater for artificial groundwater recharge becomes increasingly impor-
tant. In this case, wastewater treated by advanced processes is infiltrated into the
subsurface where, in principle, the same attenuation processes as in bank filtration or
surface water infiltration take place. Since the degradable water constituents are al-
ready removed to a large extent in the wastewater treatment plant, sorption is particu-
larly relevant for the removal of residual nondegradable or poorly degradable solutes.

The sorption of solutes onto aquifer material determines significantly their
transport velocity in the subsurface (i.e., in groundwater or during bank filtration
and infiltration). More details are discussed in Section 12.6.

12.2 Geosorbents

Typically, geosorbents are heterogeneous solids consisting of mineral and organic
components. Therefore, different types of interactions with sorbates are possible.

Table 12.1: Examples of solid/liquid interfaces in natural systems where sorption
processes are possible.

Natural solid material acting as sorbent Liquid phase in contact with the solid

Lake and river sediments Surface water

Suspended matter in groundwater
and surface water

Groundwater or surface water

Soil (vadose zone) Seepage water, infiltrate

Aquifer (saturated zone) Groundwater, bank filtrate, infiltrate
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Generally, the following sorbate/sorbent interactions can be distinguished: interac-
tions of inorganic ions with mineral surfaces (electrostatic interactions, ion exchange,
surface complex formation) or with solid organic material (complex formation) and
interactions of organic solutes with solid organic matter or with mineral surfaces (hy-
drophobic interactions, van der Waals forces, hydrogen bond formation). Ionized or-
ganic species take an intermediate position because the bond forces can include
electrostatic interactions and weak intermolecular forces.

The mineral components of geosorbents are mainly oxidic substances and clay min-
erals. Due to their surface charge (Section 12.4) they sorb preferentially ionic species. In
contrast, the organic fractions of the geosorbents are able to sorb especially organic sol-
utes, in particular hydrophobic compounds. The high affinity of hydrophobic solutes to
the hydrophobic organic material can be explained by the effect of hydrophobic interac-
tions, which is an entropy-driven effect that induces the hydrophobic solute to leave the
aqueous solution and to aggregate with other hydrophobic materials. In accordance
with this sorption mechanism, it can be expected that the sorption of organic solutes
onto organic sorbent material increases with increasing hydrophobicity (Section 12.5).

12.3 Sorption Isotherms

12.3.1 General Considerations

Independent of the specific sorption mechanisms, sorption equilibria can be de-
scribed by sorption isotherms. Sorption isotherms relate the sorbed amount in the
state of equilibrium, qeq, to the equilibrium concentration in the liquid phase, ceq,
at constant temperature:

qeq = fðceqÞ T = constant (12:1)

The sorbed amount, also referred to as the sorbent loading or solid-phase concen-
tration, is defined by:

q= nsorbate
msorbent

(12:2)

where nsorbate is the sorbed substance amount (in mol or mmol) and msorbent is the
sorbent mass.

Isotherm data can be determined experimentally by adding a defined mass of
sorbent, msorbent, to a solution of the sorbate with known volume, V, and initial con-
centration, c0, and determining the residual concentration, ceq, after a contact time
long enough to establish sorption equilibrium. The sorbed amount related to the equi-
librium concentration, qeq(ceq) can be calculated by the material balance equation:

12.3 Sorption Isotherms 231



qeq =
V

msorbent

ðc0 − ceqÞ (12:3)

Further isotherm points can be found by varying the sorbent mass or the initial con-
centration. It has to be noted that this experimental method may fail in the case of
very weakly sorbed sorbates. Here, the sorbent mass needed to induce a measurable
concentration decrease may be impractically high. In this case, other methods such
as column experiments have to be applied (see also Section 12.6).

Instead of the molar liquid-phase and solid-phase concentrations, mass con-
centrations can also be used to quantify the equilibrium data (e.g., mg/L for the
liquid-phase concentration and mg/g for the sorbent loading).

To describe the sorption equilibrium data mathematically, a suitable isotherm
equation has to be selected and applied (Section 12.3.2). Although most of the pro-
posed isotherm equations have been derived from a conceptual model, they are typ-
ically used as empirical equations to describe measured sorption data without a
direct link to a defined sorption mechanism. In principle, sorption isotherm equa-
tions can be applied to all kinds of sorbate/sorbent combinations.

For the sorption of ions onto inorganic sorbents an alternative equilibrium
model is often used: the model of surface complexation. This model bears analogy
to the complex formation in the liquid phase (Chapter 11) and will be discussed in
more detail in Section 12.4.

In general, sorption processes are influenced by temperature and pH. However,
in the typical temperature range of natural aquatic systems, the temperature depen-
dence of the sorption equilibrium is only weak. In contrast, a strong influence of
the pH can be expected in all cases where the sorbent and/or the sorbate are subject
to protonation/deprotonation processes.

12.3.2 Isotherm Equations

Isotherm equations describe the relationship between the sorbent loading and the
liquid-phase concentration of the sorbate in the state of equilibrium. Since we con-
sider only equilibrium data, we will omit the subscript “eq” in the following equa-
tions for the sake of simplicity.

If the sorbate concentration is relatively low and the sorption is not very strong,
the equilibrium can often be described by a linear relationship:

q=Kd c (12:4)

with Kd as the characteristic isotherm parameter (Figure 12.2). Kd is referred to as
the distribution or partition coefficient. Common units are L/g or L/kg. There is ob-
viously an analogy to gas/water partitioning (Chapter 6). Equation (12.4) is there-
fore also referred to as the Henry isotherm. This equation was found to be well
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suited in many cases to describing the sorption of organic trace compounds onto
geosorbents, in particular on the organic fractions of these sorbents (Section 12.5).

The well-known equations proposed by Langmuir and Freundlich are typical repre-
sentatives of the group of nonlinear two-parameter isotherms.

The Langmuir isotherm (Figure 12.3) has the form:

q= qm KL c
1+KL c

(12:5)

where qm and KL are the isotherm parameters. The parameter qm, the maximum sor-
bent loading, has the same unit as the sorbent loading, q, and the unit of KL is the
reciprocal of the concentration unit. At low concentrations (KL c ≪ 1), equation
(12.5) reduces to the linear Henry isotherm:

q= qm KL c=Kd c (12:6)

whereas at high concentrations (KL c ≫ 1), a constant saturation value (maximum
loading) results:

q= qm = constant (12:7)

While showing plausible limiting cases, the Langmuir isotherm is often not suitable
for describing the experimental isotherm data found for aqueous solutions. This
might be a consequence of the fact that this theoretically derived isotherm is based
on assumptions which are often not fulfilled, in particular mono-layer coverage of
the sorbent surface and energetic homogeneity of the sorption sites. On the other
hand, the Langmuir isotherm equation was also shown to be applicable in some
cases, although these assumptions were obviously not fulfilled.

The Freundlich isotherm is given by:

q=KF cn (12:8)

Figure 12.2: Henry isotherm. Figure 12.3: Langmuir isotherm.
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where KF and n are the isotherm parameters. The Freundlich isotherm can describe
neither the linear range at very low concentrations nor the saturation effect at very
high concentrations. By contrast, the medium concentration range of isotherms is
often represented very well.

In the Freundlich isotherm, the sorption coefficient, KF, characterizes the strength
of sorption. The higher the value of KF is, the higher is the sorbent loading that can be
achieved at a given n. The exponent n is related to the energetic heterogeneity of the
sorbent surface and determines the curvature of the isotherm. The lower the n value is,
the more concave (with respect to the concentration axis) is the isotherm shape. If the
concentration has a value of 1 in the respective unit, the loading equals the value of KF.

In principle, the exponent n can take any value (Figure 12.4). In geosorption,
mostly n values lower than or equal to 1 are found. With n = 1, the isotherm becomes
linear.

It has to be noted that the Freundlich isotherm can be considered a composite of
Langmuir isotherms with different KL values representing patches of sorption sites
with different sorption energies. Accordingly, summing up a number of Langmuir iso-
therms for the different sorption sites leads to a Freundlich-type isotherm curve.

Figure 12.4: Different forms of the Freundlich isotherm: (a) favorable (n < 1), (b) linear (n = 1),
(c) unfavorable (n > 1).
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The unit of KF (= q/cn) depends on the units used for q and c and includes the
exponent n. As mentioned previously, different liquid-phase and solid-phase concen-
trations can be used in isotherm determination (molar concentrations, mass concen-
trations) that result in different KF units. The conversion of these KF units is not as
simple as for other isotherm parameters (Henry or Langmuir isotherm) due to the in-
cluded exponent n. The same problem occurs if the units should be converted to mul-
tiples or sub-multiples, for instance conversion of mol to mmol or vice versa.

Example 12.1
A Freundlich coefficient of KF = 5 (mmol/g)/(mmol/L)0.8 was found for a solute with a molecular
weight of M = 96 g/mol. What is the Freundlich coefficient in (mg/g)/(mg/L)0.8?

Solution:
The relationship between the molar concentration and the mass concentration is given by:

ρ✶ = cM

An analogue relationship can be formulated for the sorbent loading:

q✶ =qM

with q in mmol/g and q✶ in mg/g. If we denominate the Freundlich coefficient related to mass con-
centrations as K✶

F and the Freundlich coefficient related to molar concentrations as KF, we can write:

K✶
F = q✶

ðρ✶Þn = qM
ðcMÞn = qM

cn Mn = q
cn

M1− n =KF M
1−n

Finally, withM = 96 g/mol = 96 mg/mmol and n = 0.8, we find:

K✶
F = ½5 ðmmol=gÞ=ðmmol=LÞ0.8 � ½ð96mg=mmolÞ1−0.8�= 12.46 ðmg=gÞ=ðmg=LÞ0.8

In order to describe a given set of measured equilibrium concentrations and sorbent
loadings mathematically, the applicability of the different isotherm equations has to
be tested and the respective isotherm parameters have to be estimated. Whereas the
isotherm parameters of the Henry isotherm can be found by simple linear regression,
either nonlinear or linear regression can be used to find the isotherm parameters for
the two-parameter isotherms. To apply linear regression, the two-parameter isotherm
equations have to be linearized.

For the Langmuir isotherm, different types of linearization are possible:

c
q
= 1
qm KL

+ 1
qm

c (12:9)

1
q
= 1
qm

+ 1
qm KL

1
c

(12:10)

q= qm − 1
KL

q
c

(12:11)

12.3 Sorption Isotherms 235



q
c = qm KL − qKL (12:12)

The Freundlich isotherm can be linearized by transforming the equation into the
logarithmic form:

log q= logKF + n log c (12:13)

or

ln q= lnKF + n ln c (12:14)

12.3.3 Distribution Between Liquid and Solid Phase

Isotherm equations can be used to calculate the distribution of a sorbate between
the liquid and the solid phase for a given total concentration. For an arbitrary sor-
bate C and a solid S we can write a formal reaction equation for the sorption:

C+ S Ð S−C (12:15)

The related material balance reads:

cðCtotalÞ= cðCÞ+ qðCÞ ρ✶ðSÞ (12:16)

The sorbent loading has to be multiplied by the mass concentration of the solid in
order to make the second term on the right-hand side of the equation volume-
related as the other terms in the material balance equation. Now, q(C) can be substi-
tuted by the respective isotherm equation, for instance, by the Freundlich isotherm:

cðCtotalÞ= cðCÞ+KF cnðCÞ ρ✶ðSÞ (12:17)

Since equation (12.17) is nonlinear with respect to c(C), the solution for a given total
concentration has to be found by an iterative procedure.

This general speciation approach can be applied, in principle, for all types of
sorbate–sorbent interactions. However, it has to be noted that the isotherm parame-
ters are empirical parameters that are found from sorption experiments carried out
under defined conditions. Since there are no explicit relationships available that de-
scribe the influence of relevant liquid-phase properties such as pH, temperature, or
ionic strength, the validity of the isotherm parameters is restricted to the conditions
under which they were determined. This is particularly relevant for the sorption of
ions onto oxidic sorbents which is strongly influenced by pH and ionic strength.

Example 12.2
For the sorption of Cd2+ at pH = 6 onto solid ferric hydroxide, the Freundlich isotherm parameters
n = 0.36 and KF = 0.88 (mmol/g)/(mmol/L)0.36 were found. What is the fraction of dissolved Cd2+ if
the total Cd concentration is 1 × 10−8 mol/L and the sorbent concentration is 0.1 mg/L?
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Solution:
The material balance equation reads:

cðCdtotalÞ= cðCd2+Þ+KF c
nðCd2+Þ ρ✶ðSÞ

Introducing the given data yields:

1× 10−5 mmol=L= cðCd2+Þ+ ½0.88 ðmmol=gÞ=ðmmol=LÞ0.36�½ c0.36ðCd2+Þ� ð1× 10−4 g=LÞ

Note that the material balance equation is written here by using the units mmol/L and g/L accord-
ing to the unit of the isotherm parameter KF. Combining KF and ρ✶ gives:

1× 10−5 mmol=L= cðCd2+Þ+ ½8.8× 10−5ðmmol=LÞ0.64� ½ c0.36ðCd2+Þ�

This equation has to be solved by an iteration procedure where the concentration of Cd2+ is varied as
long as the right-hand side (RHS) of the equation equals the left-hand side (see the table below).

The concentration of dissolved Cd2+ in the considered system is 8.7 × 10−6 mmol/L or 8.7 × 10−9 mol/L.
The fraction of Cd2+ in the aqueous phase is then:

f ðCd2+Þ= cðCd2+Þ
cðCdtotalÞ

= 8.7× 10−9 mol=L

1× 10−8 mol=L
=0.87

Under the given conditions, 87% of the Cd occurs in dissolved form, whereas only 13% is sorbed
onto ferric hydroxide.

12.4 Sorption Onto Charged Surfaces

12.4.1 Introduction

Most of the naturally occurring inorganic sorbents (clay minerals, oxidic solids)
carry permanent and/or variable charges. Clay minerals are alumosilicates that
have permanent negative charges as a result of the isomorphic substitution of tetra-
valent silicon atoms by trivalent aluminum atoms in the basic silicate structure.
The negative charges are neutralized by positively charged counter ions that can be
exchanged by other ions from the aqueous solution. Cation exchange is therefore
an important sorption mechanism for clay minerals.

Oxidic materials, such as oxides or hydroxides of silicon, aluminum, manganese
or iron, carry variable charges. Clay minerals also show variable charges besides

Guess c(Cd+) in mmol/L RHS in mmol/L

  × 
−

. × 
−

  × 
−

. × 
−

  × 
−

. × 
−

 . × 
−

. × 
−

 . × 
−

. × 
−
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their permanent charges. All these solids are characterized by crystalline structures
where positively charged metal or metalloid ions and negatively charged oxygen or hy-
droxide ions are arranged in such a manner that the different charges compensate for
each other. At the surface, this regular structure is disturbed and the charges have to
be compensated for by other ions. In aqueous solutions, the negative charges of the
surface oxygen ions are neutralized by protons forming OH groups, whereas the posi-
tive charges of the surface metal ions are neutralized by hydroxide ions. As a result,
the surface of oxidic sorbents is covered with surface OH groups. These groups are sub-
ject to protonation or deprotonation depending on the pH value of the solution:

≡SOH+H+ Ð ≡SOH+
2 (12:18)

≡SOH Ð ≡SO−+H+ (12:19)

In these equations, the symbol ≡S stands for the surface of the solid material.
It follows from equations (12.18) and (12.19) that the surface is positively charged

at low pH values and negatively charged at high pH values. Between these regions, a
pH value exists at which the sum of negative charges equals the sum of positive
charges and the net charge of the surface is zero. This point is referred to as point of
zero charge (pzc). The pHpzc is an important sorbent parameter that helps to under-
stand the sorption of charged species and the influence of pH on the sorption process.
Generally, the sorption of charged species onto charged surfaces can be expected to
be strongly influenced by electrostatic attraction or repulsion forces depending on the
charges of the sorbate and the sorbent at the given pH.

The surface charge as a function of pH can be determined by titration of a sor-
bent suspension with strong acids and bases (e.g., HCl and NaOH) at a specified
ionic strength. From such titration curves, the pHpzc can be evaluated.

For each point of the titration curve, the surface charge, Qs, can be calculated
from the general mass and charge balance equation:

Qs = qðH+Þ− qðOH−Þ= V
msorbent

ðca − cb − cðH+Þ+ cðOH−ÞÞ (12:20)

where q(H+) is the surface loading with H+, q(OH–) is the surface loading with OH–,
ca is the molar concentration of the acid used for titration, cb is the molar concentra-
tion of the base used for titration, c(H+) is the proton concentration after equilibration
(measured as pH), c(OH–) is the OH– concentration after equilibration (calculated
from the measured pH), V is the volume of the solution, and msorbent is the sorbent
mass. The surface charge is given in mmol/g or mol/kg. The surface charge density,
σs (in C/m2), can be calculated from Qs by:

σs =
Qs F
Am

(12:21)
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where F is the Faraday constant (96 485 C/mol) and Am is the specific (mass-related)
surface area (m2/kg). Plotting Qs or σs versus pH illustrates the influence of the pH
on the surface charge (Figure 12.5). The intersection with the line at σs = 0 C/m2 (or
Qs = 0 mol/kg) gives the pHpzc. Table 12.2 lists points of zero charge for some solids.

12.4.2 Mathematical Description of the Surface Protonation/Deprotonation

The laws of mass action for the protonation and deprotonation of surface OH
groups as described by equations (12.18) and (12.19) are:

Ka1 =
cssð≡SOHÞ cðH+Þ

cssð≡SOH+
2Þ

(12:22)

Table 12.2: Points of zero charge for
selected solids (Stumm 1992).

Solid pHpzc

α-AlO .
α-FeO .
Fe(OH) .
γ-AlOOH .
α-FeOOH .
β-MnO .
α-Al(OH) .
Kaolinite .
δ-MnO .
Montmorillonite .
SiO .

Figure 12.5: Schematic representation of a surface titration curve.
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Ka2 =
cssð≡SO−Þ cðH+Þ

cssð≡SOHÞ (12:23)

where css is the concentration of the surface sites and Ka1 and Ka2 are the acidity con-
stants. Note that Ka1 is related to the reverse reaction to that shown in equation (12.18),
according to the general definition of an acidity constant (Chapter 7, Section 7.4). The
surface site concentrations can be expressed in mol/g or mol/m2. A conversion of the
units can be easily done if the specific surface area, Am (in m2/g), is known:

cssðmol=m2Þ= cssðmol=gÞ
Amðm2=gÞ (12:24)

For a system with a defined solid concentration, ρ✶solid(in g/L), the site concentra-
tions can also be expressed in mol/L:

cssðmol=LÞ= cssðmol=gÞ ρ✶solidðg=LÞ (12:25)

As can be derived from equations (12.22) and (12.23), the choice of the unit for css
has no influence on the unit of the constant, which is mol/L in all cases, the same
as we have found for acidity constants of dissolved monoprotic acids (Chapter 7,
Section 7.4).

It has to be noted that the acidity constants Ka1 and Ka2 are conditional or ap-
parent constants whose values are influenced by the change of the surface charge
due to protonation or deprotonation. This effect will be discussed later in more de-
tail. At first, we want to exclude the explicit consideration of this effect and con-
sider Ka1 and Ka2 as fixed constants. Under this condition, the site distribution as a
function of pH can be found by combining equations (12.22) and (12.23) with the bal-
ance equation for the surface sites:

css, total = cssð≡SOH+
2Þ + cssð≡SOHÞ+ cssð≡SO−Þ (12:26)

We start with the calculation of the pH dependence of the fraction f (≡SOH). Rear-
ranging the laws of mass action:

cssð≡SOH+
2Þ=

cssð≡SOHÞ cðH+Þ
Ka1

(12:27)

cssð≡SO−Þ= cssð≡SOHÞKa2

cðH+ Þ (12:28)

and introducing these equations into the balance equation gives:

css, total =
cssð≡SOHÞ cðH+Þ

Ka1
+ cssð≡SOHÞ+ cssð≡SOHÞKa2

cðH+Þ (12:29)
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css, total = cssð≡SOHÞ cðH+Þ
Ka1

+ 1+ Ka2

cðH+Þ
� 	

(12:30)

Finally, we obtain for the fraction f (≡SOH):

f ð≡SOHÞ= cssð≡SOHÞ
css, total

= 1
cðH+Þ
Ka1

+ 1+ Ka2

cðH+Þ
(12:31)

Knowing the fraction of the neutral surface sites, the fractions of the charged sur-
face sites can be found from equations (12.27) and (12.28) after dividing both sides
of the equations by the total surface site concentration, css,total:

f ð≡SOH+
2 Þ=

cssð≡SOH+
2 Þ

css, total
= cssð≡SOHÞ cðH+Þ

css, total Ka1
= f ð≡SOHÞ cðH+Þ

Ka1
(12:32)

f ð≡SO−Þ= cssð≡SO−Þ
css, total

= cssð≡SOHÞKa2

css, total cðH+Þ = f ð≡SOHÞ Ka2

cðH+Þ (12:33)

As an example, the complete distribution of the different surface sites ≡SOH2
+,

≡SOH and ≡SO– with the assumed acidity exponents pKa1 = 6.5 and pKa2 = 9.1 is
shown in Figure 12.6. The site distribution is comparable to the species distribution of
a diprotic acid, such as carbonic acid (Section 7.7.2 in Chapter 7).

Based on our previous theoretical considerations, we can also find a relationship
between the pH at the point of zero charge (pHpzc) and the acidity constants. Given

Figure 12.6: Site distribution as a function of pH (without charge effect), calculated for pKa1 = 6.5
and pKa2 = 9.1.
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that the net surface charge equals the difference between the positively and nega-
tively charged sites:

Qs = cssð≡SOH+
2Þ− cssð≡SO−Þ (12:34)

we can derive that at the point of zero charge (Qs = 0 mol/kg), the condition:

cssð≡SOH+
2Þ= cssð≡SO−Þ (12:35)

must be fulfilled. After introducing equations (12.27) and (12.28) into equation
(12.35), we obtain:

cpzcðH+Þ
Ka1

= Ka2

cpzcðH+Þ (12:36)

where cpzc(H
+) is the proton concentration at the point of zero charge. In logarith-

mic form we get:

log cpzcðH+Þ− logKa1 = logKa2 − log cpzcðH+Þ (12:37)

pKa1 − pHpzc = pHpzc −pKa2 (12:38)

which finally leads to the relationship:

pHpzc =0.5ðpKa1 +pKa2Þ (12:39)

Accordingly, the point of zero charge is pHpzc = 7.8 in our example, which also can
be seen in Figure 12.6 (intersection of the ≡SOH2

+ and ≡SO– curves and maximum of
the ≡SOH curve).

As already mentioned, the acidity constants are influenced by the surface charge,
which changes its value during protonation or deprotonation. Let us first consider the
protonation. The more protons added to the surface OH groups, the more the number
of positive sites (or the net positive surface charge) increases with the consequence
that the tendency to add further protons decreases. This means that the value of the
constant 1/Ka1, which describes the extent of proton addition, decreases with decreas-
ing pH (see equations (12.18) and (12.22)). On the other hand, we can expect that Ka2

for the deprotonation decreases with increasing pH for the same reason (decrease of
the tendency to release further protons with increasing negative charge of the surface).
From equations (12.32) and (12.33), we can draw some conclusions with respect to the
change of the site distribution due to the charge effect in comparison to the simplified
case without the charge effect shown in Figure 12.6. We can see from equation (12.32)
that a decreased 1/Ka1 (or increased Ka1) can be compensated for by an equivalent in-
crease of c(H+) to keep a given ratio of charged and uncharged sites constant. From
equation (12.33) we can derive that a decreased Ka2 can be compensated for by an
equivalent decrease of c(H+) to keep the site ratio constant. Accordingly, we can expect
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that the curve of ≡SOH2
+ will be flatter and further extended to lower pH values in com-

parison to the case where the charge effect is neglected. The ≡SO– curve will also be
flatter but further extended to higher pH values in comparison to the simplified case
shown in Figure 12.6.

In summary, the conditional constants Ka1 and Ka2 are not really constant but
change with the surface charge and therefore also with pH. This effect can be consid-
ered by introducing a correction term. Accordingly, the conditional acidity constant
is expressed as the product of a constant that is independent of the electrical charge
(intrinsic constant, K int

a ) and a term describing the influence of the surface potential:

Ka =K int
a exp

−Δ zs F Ψs

RT

� �
(12:40)

or in logarithmic form (with ln x = 2.303 log x):

logKa = logK int
a −

Δ zs F Ψs

2.303RT
(12:41)

where Ψs is the surface potential (V), F is the Faraday constant (96 485 C/mol, R is
the gas constant (8.3145 J/(mol⋅K)), T is the absolute temperature (K), and Δzs is
the change in the charge due to the surface reaction. Since the acidity constants,
Ka1 and Ka2, describe the release of one positively charged proton from ≡SOH2

+

and ≡SOH, respectively, the change in the surface charge is Δzs = −1 in both cases.
Given that 1 C = 1 A⋅s and 1 J = 1 W⋅s = 1 V⋅A⋅s, the correction term for 25 °C

(298.15 K) is:

Δ zs F Ψs

2.303RT
= 16.9

V
Δzs Ψs (12:42)

and with Δ zs = −1 we have:

logKa = logK int
a + 16.9

V
Ψs (12:43)

The surface potential, Ψs (in V), cannot be determined directly. It has to be calculated
from the surface charge density, σs. A simple model approach assumes that there is
only one layer of counter ions in the interfacial region and the electric double layer
can be considered a parallel plate capacitor. Under this condition, there is a fixed
ratio of surface potential and surface charge density, the constant capacitance, C:

C= σs
Ψs

C=m2

V
= A · s=m2

V

� 	
(12:44)

The surface charge density, σs (C/m2), is related to the surface charge, Qs (mol/kg),
by equation (12.21) and therefore also to the concentration difference (mol/kg) be-
tween the positively and negatively charged surface sites (equation (12.34)).
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The speciation of the surface sites at a given pH can be computed if the follow-
ing data are known: the total site concentration css,total, the capacitance, C, the intrin-
sic acidity constants, K int

a1 and K int
a2 , and the specific surface area, Am. Under these

conditions, an iterative procedure can be applied to find the site distribution. Starting
with a guess of Ψs, the conditional constants Ka1 and Ka2 can be computed by using
equations (12.41) or (12.43). Then, the fractions of the different sites and their absolute
concentrations can be calculated by means of equations (12.31)–(12.33). With the con-
centrations of the charged species, the surface charge, Qs, is available (equation
(12.34)), which can be converted into σs by means of equation (12.21). The computed
value of σs has to be compared with that found from equation (12.44) for the assumed
Ψs. If there is no equality, the procedure has to be repeated with a new guess of Ψs.
Such calculations are typically done by means of appropriate speciation software. It
has to be noted that the speciation results are often afflicted with relatively high un-
certainties mainly due to the limited availability of reliable input data.

Figure 12.7 shows the change in the distribution functions due to the effect of chang-
ing surface charge during protonation and deprotonation of the surface OH groups.

It is noteworthy to state that the relationship between the pHpzc and the acidity con-
stants as given in equation (12.39) remains valid independent of the additional con-
sideration of the charge effect. This follows from the fact that at the point of zero
charge the surface potential is zero and the correction term disappears in equations
(12.41) and (12.43). Accordingly, Ka equals K int

a and we can write equation (12.39)
not only with the conditional but also with the intrinsic constants:

Figure 12.7: Site distribution as a function of pH with (solid curves) and without (dashed curves)
consideration of the surface charge effect, calculated for pKa1 = 6.5, pKa2 = 9.1, C = 1 A⋅s/(V⋅m2),
Am = 250 m2/g, and ρ✶(solid) = 1 g/L.
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pHpzc =0.5ðpK int
a1 +pK int

a2 Þ (12:45)

12.4.3 Modeling of Ion Sorption

The sorption of dissolved ions onto charged surfaces is frequently described by the
surface complexation model (SCM). The formation of surface complexes is strongly
related to the structure of the electric double layer which surrounds the charged
solid particle. The term “surface complexation” (or surface complex formation)
comprises two different types of reactions, the formation of inner-sphere complexes
and the formation of outer-sphere complexes (Figure 12.8).

In the case of inner-sphere complexes, the sorbate ions without the water molecules
of the hydration shell are directly bound to the surface site by ligand exchange. Cati-
ons replace the protons of the surface OH groups as shown in the following reaction
equations for a bivalent metal cation (Me2+):

≡SOH+Me2+ Ð ≡SOM+ +H+ (12:46)

2≡SOH+Me2+ Ð ≡SOð Þ2Me+ 2H+ (12:47)

Me O Fe+

O 

O 

HH

O Me

O Me
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Figure 12.8: Inner-sphere (a) and outer-sphere (b) complexes (adapted from Sigg and Stumm 2011).
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In the case of anions (here A2‒), the OH groups are replaced, for instance:

≡SOH+A2− Ð ≡SA−+OH− (12:48)

2≡SOH+A2− Ð ≡Sð Þ2A + 2OH− (12:49)

According to the equations given above, the sorption of cations increases with in-
creasing pH, whereas the sorption of anions increases with decreasing pH. If the
sorbate is an anion of a weak acid or a cation of a weak base, its pH-depending
acid/base equilibrium also influences the sorption and has to be considered in the
equilibrium calculations in addition to the surface reactions.

The ions sorbed as inner-sphere complexes are strongly bound and located in a
compact layer directly attached to the surface. This first part of the electric double layer
is also referred to as the surface layer. As can be seen from the given reaction equa-
tions, the sorption of ions can lead to neutral or charged surface complexes depending
on the ion charge and the number of surface sites that take part in the reaction.

The model of outer-sphere complex formation presumes that ions can also be
bound to the surface sites by chemical bonds without losing the hydration shell.
This means that a water molecule is located between the ion and the sorption site.
Therefore, the distance to the surface is larger and the bond strength is weaker in
comparison to the inner-sphere complex formation. The layer where outer-sphere
complexation takes place is referred to as the beta (β) layer. The beta layer is also a
part of the compact layer in terms of the double-layer model.

The outer-sphere complexation of cations and anions can be formally described
by:

≡SOH+Me2+ +H2O Ð ≡SO−H2O−Me+ +H+ (12:50)

and

≡SOH+A2−+H2O Ð ≡S−H2O−A−+OH− (12:51)

Beyond the beta layer, a diffuse layer exists where an excess concentration of
counter ions (ions charged oppositely to the charge of the surface layer) neutralizes
the remaining surface charge. Throughout the diffuse layer, the concentration of
the counter ions decreases with increasing distance from the surface until in the
bulk liquid the equivalent concentrations of cations equal the equivalent concentra-
tions of the anions. The enrichment of counter ions in the diffuse layer is a result of
electrostatic interactions and can be considered a nonspecific sorption.

A number of models were developed to characterize the charge distribution and
the accumulation of counter ions. In particular, the constant capacitance model,
the diffuse layer model and the triple-layer model are widely used to describe the
sorption onto charged surfaces. These models differ mainly in the assumptions con-
cerning the charge distribution and the location of the sorbed species (Figure 12.9).
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Other, even more complex models (e.g., the charge distribution-multisite complexa-
tion [CD-MUSIC] model) will not be considered here.

The triple-layer model assumes specific sorption in the surface plane and in the beta
plane as well as charge compensation by nonspecifically sorbed ions distributed in
the diffuse layer. The diffuse layer model neglects the beta layer and assumes that
the specifically sorbed ions are all located in the surface plane and the charge in the
surface plane is neutralized by ions distributed in the diffuse layer. The constant ca-
pacitance model also neglects the existence of the beta layer and assumes that all
specifically sorbed ions are located in the surface layer and the ions that neutralize
the surface charge are all located in the d plane.

The complex formation in the surface or beta plane can be described by laws of
mass action with respective equilibrium constants. As already discussed for the pro-
tonation/deprotonation (Section 12.4.2), the conditional equilibrium constants of
the complex formation depend on the surface charge due to attraction or repulsion
caused by the charged surface groups. In analogy to equation (12.40), the condi-
tional equilibrium constant, K, can be expressed as the product of an intrinsic con-
stant, K int, and a term describing the influence of the surface potential. For the
surface layer, we have to write:

K =K int exp
−Δ zs FΨs

RT

� �
(12:52)

Solid

ψ

Surface layer β layer d layer

Surface plane β plane d plane Distance from surface

Figure 12.9: Surface potential as a function of distance from the surface as assumed in different
surface complexation models (adapted from Benjamin 2002).
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where Δ zs is the change of the charge in the surface layer due to sorption and Ψs is the
potential of the surface plane. If it is assumed that complexation affects the charges in
both the surface and beta layers, the apparent equilibrium constant is given by:

K =K int exp
− Δzs Ψs +Δzβ Ψβ
� �

F
RT

� �
(12:53)

where Δ zβ is the change of the charge in the beta layer and Ψβ is the potential of
the beta plane.

To apply a surface complexation model for describing the sorption of ions onto
a charged surface, a multitude of equations have to be combined, in particular ma-
terial balances for all species, laws of mass action for all reactions in all considered
layers, charge balances in each layer and charge–potential relationships for all con-
sidered layers. To reduce the number of equations, simplifying assumptions can be
made, for instance, neglecting the beta layer as in the constant capacitance model
or in the diffuse layer model. Commercial speciation software often includes solu-
tion algorithms for different surface complex formation approaches.

Relatively strong limitations of such equilibrium models result from uncertainties
concerning the model assumptions, the need for simplifications, and the problems in
parameter determination as well as from the increasing complexity if a large number
of sorbable ions are present in the water. Therefore, for practical purposes, the con-
ventional sorption isotherm equations are frequently used to describe the sorption
equilibria under defined conditions instead of applying a complex formation model.
Nevertheless, a qualitative characterization of surface chemistry, in particular, the
knowledge about the pH-depending charges and the location of pHpzc, is helpful for
interpreting sorption processes on oxidic or other charged surfaces.

12.5 Sorption of Organic Species Onto Organic Material

Neutral organic solutes are mainly sorbed to the organic fractions of the solid sorb-
ents. Relevant mechanisms are hydrophobic interactions, van der Waals forces, and
possibly also absorption. Sorption of neutral organic sorbates to mineral surfaces
becomes relevant only if the content of organic material in the sorbent is very low
(less than about 0.1%). In the case of ionized organic species, the contribution of
ionic interactions between charged species and mineral surfaces may be higher and
these interactions may dominate even if the organic carbon fraction is higher than
the given limit.

In most cases, the sorption of neutral organic solutes onto solid organic mate-
rial can be described by the linear Henry isotherm (Section 12.3.2). As with all iso-
therm parameters, the sorption coefficient Kd depends on the properties of both
sorbate and sorbent.
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Under the assumption that interaction with the organic fraction of the solid is
the dominant sorption mechanism, it is reasonable to normalize the sorption coeffi-
cient, Kd (in L/kg), to the organic carbon content, foc, of the sorbent:

Koc =
Kd

foc
(12:54)

with

foc = moc

msolid
(12:55)

where moc is the mass of organic carbon in the solid material and msolid is the total
mass of the solid material. In the ideal case, this normalization should make the
sorption coefficients independent of the kind of sorbent. However, it has to be
stated that the following conditions must be fulfilled to make the sorption coeffi-
cient really independent of the sorbent type: (i) the sorption onto the solid organic
matter is the only sorption mechanism, and (ii) the organic constituents of different
sorbents have exactly the same sorption properties. In practice, these conditions
are not strictly fulfilled, in particular the second one. Nevertheless, the normaliza-
tion makes Koc values much more comparable than Kd values.

If we assume that the value of Koc only depends on the sorbate but not on the
sorbent, it should be possible to correlate it with other sorbate properties. If we fur-
ther assume that the sorption of organic solutes is dominated by hydrophobic inter-
actions, it can be expected that the sorption strength increases with increasing
hydrophobicity of the sorbate. The hydrophobicity can be characterized by the di-
mensionless n-octanol-water partition coefficient, Kow, that describes the partition
of a compound between the organic solvent n-octanol and water. It increases with
increasing hydrophobicity. Consequently, Koc should strongly correlate with Kow.
Indeed, such correlations have been found in numerous studies. The general form
of all these correlations is:

logKoc = a logKow +b (12:56)

where a and b are empirical parameters.
Depending on the substances included in the respective studies, two groups of

correlations can be distinguished: class-specific correlations and nonspecific corre-
lations. Table 12.3 gives a selection of such correlations. The parameters in the cor-
relations are slightly different. However, the resulting deviations in the predicted
Koc values are in most cases smaller than one order of magnitude (see Example 12.3).
It has to be noted that the correlations are valid for Koc in L/kg.
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Example 12.3
Calculate log Koc and Koc for a solute with a log Kow = 3 by using the four nonspecific correlations
given in Table 12.3.

Solution:

logKoc =0.544 logKow + 1.377= 3.009 Koc = 1 021 L=kg
logKoc =0.909 logKow +0.088= 2.815 Koc =653 L=kg
logKoc =0.679 logKow +0.663= 2.700 Koc = 501 L=kg
logKoc =0.903 logKow +0.094= 2.803 Koc =635 L=kg

The predicted log Koc varies between 2.70 and 3.01 and the respective Koc values are in the range
of 501 L/kg to 1 021 L/kg.

It has to be stated that the application of such empirical correlations can only give
a rough estimate of Koc. However, it can be expected that at least the right order of
magnitude for Koc can be found from the correlations. The n-octanol-water partition
coefficients are available for most solutes from databases or can be estimated by
special prediction methods.

Furthermore, it is important to note that the application of the correlations is
restricted to neutral species and dominating hydrophobic interactions. For solutes
that are subject to protonation or deprotonation, the pH-dependent partition coeffi-
cient log D can be used instead of log Kow. Here, the concentration in the n-octanol
phase (cn-octanol) is related to the sum of the aqueous concentrations of the ionic

Table 12.3: Selection of log Koc – log Kow correlations.

Correlation Valid for substance class References

log Koc = . log Kow + . Not specified Kenaga and Goring ()

log Koc = . log Kow + . Not specified Hassett et al. ()

log Koc = . log Kow + . Not specified Gerstl ()

log Koc = . log Kow + . Not specified Baker et al. ()

log Koc = . log Kow – . Benzenes, PAHs Karickhoff et al. ()

log Koc = . log Kow + . Chloro and methyl benzenes Schwarzenbach and Westall
()

log Koc = . log Kow – . Chlorinated phenols van Gestel et al. ()

log Koc = . log Kow + .
log Koc = . log Kow + .

Substituted phenols, anilines,
nitrobenzenes, chlorinated
benzonitriles

Sabljiç et al. ()

log Koc = . log Kow – . Polychlorinated biphenyls Girvin and Scott ()

log Koc = . log Kow + . Aromatic amines Worch et al. ()
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(caq,ionic) and neutral species (caq,neutral). This definition includes the assumption
that only neutral species occur in the organic n-octanol phase:

D= cn−octanol
caq,neutral + caq, ionic

(12:57)

For a dissociating acidic sorbate, HA:

HA Ð H+ + A− (12:58)

we can write:

D= cn−octanolðHAÞ
caqðHAÞ+ caqðA−Þ =

cn−octanolðHAÞ
caqðHAÞ 1+ caqðA−Þ

caqðHAÞ
� � (12:59)

The ratio of the HA concentrations in the n-octanol phase and in the aqueous phase
equals Kow. Furthermore, as shown in Chapter 7 (Section 7.6.1), the ratio of the
anion and the neutral acid can be expressed by means of the acidity exponent, pKa:

caqðA−Þ
caqðHAÞ = 10pH−pKa (12:60)

Accordingly, we find the following expression for estimating distribution coeffi-
cients, D, for acidic compounds:

DðacidÞ= Kow

1+ 10pH− pKa
(12:61)

For the dissociation of protonated bases, BH+:

BH+ Ð H+ + B (12:62)

we can derive an analogue expression:

DðbaseÞ= Kow

1+ 10pKa −pH (12:63)

where pKa is here the acidity exponent of the protonated base, BH+ (for the rela-
tionship between acidity and basicity constants of conjugate acid/base pairs see
Section 7.4 in Chapter 7). Note the different signs of pKa and pH in comparison to
equation (12.61). This difference is in accordance with the fact that in the case of
bases the charged species (protonated bases) dominate at pH < pKa, whereas in
the case of acids the charged species (acid anions) dominate at pH > pKa.

Equations (12.61) and (12.63) can also be written in logarithmic form as:

logDðacidÞ= logKow − logð1+ 10pH−pKaÞ (12:64)

logDðbaseÞ= logKow − logð1+ 10pKa − pHÞ (12:65)
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Example 12.4
The log Kow of pentachlorophenol (PCP) is 5.1 and the pKa is 4.75. What are the log D for pH = 5 and
pH = 7 and what log Koc is found if the correlation by van Gestel et al. (Table 12.3) is applied?

Solution:
log D can be found by equation (12.64):

logDðPCP,pH= 5Þ= logKow − logð1+ 10pH−pKaÞ= 5.1− logð1+ 105−4.75Þ= 5.1−0.44=4.66

logDðPCP,pH= 7Þ= logKow − logð1+ 10pH−pKaÞ= 5.1− logð1+ 107−4.75Þ= 5.1− 2.25= 2.85

If we introduce the log D into the correlation proposed by van Gestel et al., we find:

logKocðPCP,pH= 5Þ=0.89 logDðPCP,pH= 5Þ−0.32= ð0.89Þð4.66Þ−0.32= 3.83

logKocðPCP,pH= 7Þ=0.89 logDðPCP,pH= 7Þ−0.32= ð0.89Þð2.85Þ−0.32= 2.22

It has to be noted that the introduction of log D into the correlations used to estimate
log Koc considers only the decrease of hydrophobic interactions with increasing frac-
tion of ionic (more hydrophilic) species. However, sorption of organic ions based on
other binding mechanisms, such as ion exchange, cannot be predicted in this way.

An alternative approach to describe the pH-dependent sorption of organic acids
is to measure Kd (or Koc) values at different pH values and to apply the following
equation to fit the measured data:

KdðpHÞ= Kd,n −Kd, iÞð1− αÞ +Kd, i
�

(12:66)

where Kd,n and Kd,i are the sorption coefficients of the neutral and ionized species,
respectively. α is the degree of protolysis (degree of dissociation):

α= 1

1+ 10pKa −pH (12:67)

The term (1 – α) in equation (12.66) represents the fraction of the undissociated acid
(Chapter 7, Section 7.6) and is given by:

1− α= 1

1+ 10pH−pKa
(12:68)

Plotting the measured Kd values over (1 – α) will allow to calculate Kd,n and Kd,i. If
these coefficients are once known, Kd can be predicted for each pH of interest by
means of equation (12.66).

Frequently, the ionized species does not contribute significantly to the overall
sorption because of its strong hydrophilicity. Under this condition, equation (12.66)
can be simplified to:

KdðpHÞ=Kd,n ð1− αÞ (12:69)
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Dividing equations (12.66) and (12.69) by foc, we find the corresponding relation-
ships for Koc:

KocðpHÞ= Koc,n −Koc, iÞð1− αÞ+Koc, ið (12:70)

KocðpHÞ=Koc,n ð1− αÞ (12:71)

Example 12.5
The sorption coefficients of undissociated pentachlorophenol and its anion were found to be Koc,n =
6800 L/kg and Koc,i = 320 L/kg (Amiri et al. 2004). Calculate the sorption coefficients Koc (pH = 5) and
Koc (pH = 7) and the respective logarithmic values. The pKa of pentachlorophenol is 4.75.

Solution:
The fractions of the undissociated acid, (1 – α), for pH = 5 and pH = 7 are:

1−α = 1

1+ 10pH−pKa
= 1

1+ 105−4.75
=0.360 pH = 5ð Þ

1−α = 1

1+ 10pH−pKa
= 1

1+ 107−4.75
=0.0056 pH = 7ð Þ

In the case of pentachlorophenol, the sorption coefficient of the anion is relatively high. Therefore,
the simplified equation (12.71) cannot be used here and equation (12.70) has to be applied:

KocðpHÞ= Koc,n −Koc, i
� �ð1−αÞ+Koc, i

KocðpH= 5Þ= 6800 L=kg− 320 L=kgð Þð0.36Þ+ 320 L=kg= 2 653 L=kg

logKocðpH= 5Þ= 3.42

KocðpH= 7Þ= 6800 L=kg− 320 L=kgð Þð0.0056Þ+ 320 L=kg= 356 L=kg

logKocðpH= 7Þ= 2.55

As expected, the sorption coefficient decreases with increasing degree of protolysis (or dissocia-
tion) and approaches the value of the ionized species. The log Koc calculated here on the basis of
experimental data compare well with those predicted from log D by means of the empirical correla-
tion (see Example 12.4).

12.6 Sorption-Influenced Subsurface Transport
of Dissolved Substances

Sorption plays an important role for the transport of dissolved substances with
groundwater or during riverbank filtration where water flows in the underground
through porous rock and sediment, which can act as sorbents. The porous material
with water in between is referred to as aquifer. Sorption onto the aquifer material re-
duces the transport velocity of sorbing solutes in comparison to the flow velocity of
water or non-sorbing substances. This effect is referred to as retardation. The strength
of this effect can be expressed by the retardation factor. The retardation factor, Rd,
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describes the ratio of the mean pore water velocity in the aquifer (interstitial water
velocity), vw, and the velocity of the concentration front of the considered solute, vc,
(more exactly the velocity of the center of mass of the concentration front):

Rd =
vw
vc

(12:72)

If no sorption takes place, the velocity of the concentration front is the same as the
pore water velocity and Rd is 1. If sorption takes place, vc is lower than vw and Rd

becomes greater than 1. The stronger the sorption is, the higher the value of Rd and
the lower the velocity of the concentration front.

It can be shown by solute transport modeling that a relationship between the re-
tardation factor, Rd, and the sorption isotherm exists. The general relationship reads:

Rd = 1+ ρB
εB

dq
dc

(12:73)

where ρB is the bulk density of the aquifer material and εB is the effective porosity.
If we express q by the isotherm equation and differentiate the resulting expression
with respect to c, we find for the linear isotherm (equation (12.4)):

Rd = 1+ ρB
εB

Kd (12:74)

In the case of the nonlinear Freundlich isotherm (equation (12.8)), Rd depends on
the concentration:

Rd = 1+ ρB
εB

KF n cn− 1 (12:75)

By using these equations, the subsurface transport velocity of solutes can be esti-
mated if the sorption isotherm parameter(s) and the aquifer material properties
density and porosity are known. Conversely, the equations can also be used to find
the sorption parameters (Rd or Kd) for the sorbent material of interest from column
experiments (breakthrough curve measurements to determine vw and vc).

Example 12.6
What is the travel velocity of chlorobenzene in an aquifer that is characterized by the following
properties: ρB = 1.6 g/cm3, εB = 0.40, foc = 0.01. The mean pore water velocity is assumed to be
1 m/day. The n-octanol-water partition coefficient of chlorobenzene is Kow = 2.58. To find the sorp-
tion coefficient, the correlation given by Schwarzenbach and Westall (Table 12.3) can be used.

Solution:
At first, Koc is calculated by the Schwarzenbach-Westall correlation:

logKoc =0.72 logKow +0.49= ð0.72Þ ð2.58Þ+0.49= 2.35

Koc = 102.35 L=kg= 223.9 L/kg
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Kd can be found from Koc and foc (see equation (12.54)):

Kd =Koc foc = ð223.9 L=kgÞð0.01Þ= 2.239 L=kg≈ 2.24 L=kg

Note that the standard unit of Koc and Kd is L/kg.
With Kd, the retardation factor, Rd, can be calculated:

Rd = 1+ ρB
εB

Kd = 1+ 1.6 kg=L
0.40 2.24 L=kg=9.96

The retardation factor is 9.96. This means that the travel velocity of chlorobenzene is by a factor of
about 10 lower than the pore water velocity:

vc =
vw
Rd

= 1 m=day
9.96 =0.1 m=day

12.7 Problems

12.1. 30 mg granular ferric hydroxide was added to 1 L of a phosphate solution con-
taining 1 mg/L P. The measured equilibrium concentration was 0.45 mg/L P. What
is the sorbed amount q✶eqðPÞ in mg/g?

12.2. For a sorbent/sorbate system, the Freundlich isotherm parameters n = 0.9 and
KF = 0.2 (mmol/g)/(mmol/L)0.9 were found. What is the Freundlich coefficient in
(µmol/g)/(µmol/L)0.9?

12.3. Take the data for the Cd2+ sorption onto ferric hydroxide from Example 12.2
(Section 12.3.3) and discuss the change in the speciation if: a) the total cadmium
concentration is increased from 1 × 10−8 mol/L to 5 × 10−8 mol/L (sorbent concentra-
tion: ρ✶ = 0.1 mg/L) and b) the sorbent mass concentration is increased from 0.1 to
0.5 mg/L (total Cd concentration: c (Cdtotal) = 1 × 10−8 mol/L).

12.4. For the sorption of dibenzothiophene on a sandy aquifer material with an or-
ganic carbon content of 0.21 mg/g, the linear sorption coefficient was found to be
Kd = 2.3 L/kg. Calculate the organic carbon normalized sorption coefficient Koc and
compare Koc and log Koc with the predictions made by using the correlation pro-
posed by Baker et al. (Table 12.3). The n-octanol-water partition coefficient of diben-
zothiophene is given as log Kow = 4.5.

12.5. The anti-inflammatory drug naproxen is an acidic drug with a pKa of 4.8. The
log Kow of the neutral acid is 3. What is the log Koc for pH = 6 that will be found by
using the correlation proposed by Baker et al. (Table 12.3)?

12.6. The sorption coefficient of neutral 2-methyl-4,6-dinitrophenol (2-M-4,6-DNP)
was found to be Koc = 2020 L/kg, whereas its anion shows no significant sorption.
The pKa of 2-M-4,6-DNP is 4.31. What is the Koc at pH = 6?
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13 Solutions to the Problems

Chapter 2

Problem 2.1

At first, the volume (V = 413 000 km3 = 4.13 × 1014 m3) is converted into the mass by
means of the density (ρ = 1 g/cm3 = 1 × 103 kg/m3):

m=V ρ= ð4.13× 1014 m3Þ ð1× 103 kg=m3Þ= 4.13× 1017 kg

Then, the mass is converted to the substance amount, n (in mol), by means of the
molecular weight (M = 18 g/mol = 1.8 × 10−2 kg/mol):

n= m
M

= 4.13× 1017 kg

1.8× 10−2 kg=mol
= 2.29× 1019 mol

Finally, the total enthalpy can be computed from the molar enthalpy:

ΔHvap, total = nΔHvap = ð2.29× 1019 molÞ ð44.3 kJ=molÞ= 1.01× 1021 kJ

Problem 2.2

The enthalpy of freezing has the same value as the enthalpy of fusion. The only dif-
ference consists of the negative sign (exothermic process):

ΔHfreez = −ΔHfus = −6.01 kJ=mol

To calculate the total enthalpy that is released during freezing of 100 L water, we
need the number of moles. The mass of 100 L (= 1 × 105 cm3) water can be found by
means of the density:

m= ρ V = ð1 g=cm3Þð1× 105 cm3Þ= 1× 105 g

With the molecular weight of water (M = 18 g/mol), we get for the number of moles:

n= m
M

= 1× 105 g
18 g=mol

= 5.56× 103 mol

The total enthalpy released is then:

ΔH = n ΔHfreez = ð5.56× 103 molÞ ð−6.01 kJ=molÞ= −3.34× 104 kJ

https://doi.org/10.1515/9783110758788-013
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Problem 2.3

The change of the molar enthalpy is given by:

ΔH =�cpðT2 − T1Þ

The difference of the absolute temperatures equals the difference of the Celsius
temperatures:

ϑ2 − ϑ1 = T2 −T1 = 50K

Therefore, we can write:

ΔH = ð75.5 J=ðK ·molÞÞ ð50KÞ= 3 775 J=mol = 3.775 kJ=mol

This is the enthalpy needed to heat 1 mol water. The total enthalpy for 1 L can be found
by multiplying the molar enthalpy with the number of moles, which is in our case:

n= m
M

= ρV
M

= ð1 g=cm3Þ ð1 000 cm3Þ
18 g=mol

= 55.56mol

ΔHtotal = nΔH = ð55.56molÞ ð3.775 kJ=molÞ= 209.74 kJ

Problem 2.4

The relationship between kinematic and dynamic viscosity is given by:

ν= η
ρ

With η = 1.308 × 10−3 Pa⋅s = 1.308 × 10−3 kg/(m⋅s) and ρ = 1 g/cm3 = 1 × 103 kg/m3,
we receive:

ν= η
ρ
= 1.308× 10−3 kg=ðm · sÞ

1× 103 kg=m3
= 1.308× 10−6 m2=s

Problem 2.5

The capillary rise in the case of θ = 0° (cos θ = 1) is given by:

h= 2 σ cos θ
ρ g r

= 2 σ
ρ g r

For 10 °C, we obtain with 1 g/cm3 = 1 × 103 kg/m3:
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h= 2 σ
ρ g r

= 2 ð74.23× 10−3 kg=s2Þ
ð1× 103 kg=m3Þ ð9.81m=s2Þ ð6× 10−5 mÞ =0.252m

and for 30 °C:

h= 2 σ
ρ g r

= 2 ð71.2× 10−3 kg=s2Þ
ð1× 103 kg=m3Þ ð9.81m=s2Þ ð6× 10−5 mÞ =0.242m

The temperature increase from 10 °C to 30 °C leads to a decrease of 1 cm (or approx-
imately 4%) in the capillary rise.

Problem 2.6

To solve the problem, we have to apply the equation:

pðdropletsÞ
p0

= exp
2 σVm

r R T

� �

After rearranging, we receive an expression for the radius:

r = 2 σVm

RT
· 1

ln
pðdropletsÞ

p0

Then, the searched radius can be computed after inserting the given data:

r = 2 ð7.423× 10−2 N=mÞ ð1.8 × 10−5 m3=molÞ
ð8.3145N · m=ðmol ·KÞÞ ð283.15 KÞ · 1

ln 1.5 = 2.8× 10−9 m= 2.8nm

Chapter 3

Problem 3.1

The molar concentrations can be found by dividing the mass concentrations by the
molecular weights. In the case of sulfate, at first the molecular weight of SO4

2– has
to be calculated from the molecular weights of the atoms. To find the equivalent
concentrations, the molar concentrations have to be multiplied by the charge num-
ber (as an absolute value):

cðCa2+Þ= ρ✶ðCa2+Þ
MðCa2+Þ = 50mg=L

40.1 mg=mmol
= 1.25 mmol=L

c
1
2
Ca2+

� �
= 2 cðCa2+Þ= 2.5mmol=L
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MðSO2−
4 Þ=MðSÞ+ 4MðOÞ= 32.1mg=mmol+ 64mg=mmol= 96.1mg=mmol

cðSO2−
4 Þ= ρ✶ðSO2−

4 Þ
MðSO2−

4 Þ = 20 mg=L
96.1 mg=mmol

=0.21mmol=L

c
1
2
SO2−

4

� �
= 2 cðSO2−

4 Þ=0.42mmol=L

Problem 3.2

Under consideration of the conversions 1 kg= 1× 103 g= 1× 106 mg and 60 mg=0.06 g,
we can calculate the concentrations in the different units:
a.

wðNa+Þ= 0.06 g
1× 103 g

= 6× 10−5 g=g

Alternatively,

wðNa+Þ= 60mg

1× 106 mg
= 6× 10−5 mg=mg ð= g=gÞ

b.

Mass percent ðNa+Þ=wðNa+Þ ð100%Þ= 6× 10−3%

c.

1 ppm= 1 mg

1× 106 mg
= 1 mg=kg ! 60 mg=kgNa+ = 60 ppmNa+

Problem 3.3

The mole fraction is given by:

xðCa2+Þ= nðCa2+ÞP
n

The term in the denominator includes the moles of solvent and solutes. Since the
solution is assumed to be a dilute solution (and since no other concentrations are
known),

P
n is set equal to n(H2O):

xðCa2+Þ= nðCa2+Þ
nðH2OÞ = nðCa2+ÞVsolution

nðH2OÞVsolution
= cðCa2+Þ
cðH2OÞ
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c(H2O) can be found by dividing the density (1 000 g/L) by the molecular weight
(18 g/mol):

cðH2OÞ= 1 000 g=L
18 g=mol

= 55.56mol=L

Now, the mole fraction can be calculated:

xðCa2+Þ= cðCa2+Þ
cðH2OÞ = 2 mmol=L

55.56 mol=L
= 2 × 10−3 mol=L

55.56 mol=L
= 3.6× 10−5

Problem 3.4

At first, we have to calculate the partial pressure of nitrogen and then we can use
the ideal gas law to convert the partial pressure into the molar concentration. The
partial pressure can be found from:

pðN2Þ= yðN2Þ ptotal
Since for ideal gases the mole fraction equals the volume fraction and the volume
fraction is 0.78 (vol% divided by 100%), we find for the partial pressure at ptotal = 1 bar:

pðN2Þ= ð0.78Þ ð1 barÞ=0.78 bar

The ideal gas law reads:

pi V = ni R T

Accordingly, the relationship between the partial pressure and the molar concentra-
tion is:

ni
V

= ci =
pi
R T

With R = 0.083145 L⋅bar/(mol⋅K) and T = 298.15 K (25 °C), we find:

cðN2Þ= pðN2Þ
RT

= 0.78 bar
ð0.083145 L · bar=ðmol ·KÞÞ ð298.15 KÞ = 3.15× 10−2 mol=L

Problem 3.5

To establish an ion balance and to calculate the balance error, the equivalent con-
centrations of all ions have to be known. Therefore, at first, the molar concentra-
tions have to be calculated according to:
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c= ρ✶

M

where the molecular weights of sulfate and hydrogencarbonate have to be calcu-
lated by summing up the molecular weights of the atoms:

MðSO2−
4 Þ= ð32.1+ 4× 16Þ mg=mmol= 96.1 mg=mmol

MðHCO−
3Þ= ð1+ 12+ 3× 16Þ mg=mmol= 61 mg=mmol

The equivalent concentrations are found by multiplying the molar concentrations
with the absolute value of the ion charge. For the cations, we find:

cðNa+Þ= 118 mg=L
23 mg=mmol

= 5.13 mmol=L c
1
1
Na+

� �
= 5.13 mmol=L

cðK+Þ= 11 mg=L
39.1 mg=mmol

=0.28 mmol=L c
1
1
K+

� �
=0.28 mmol=L

cðCa2+Þ= 348 mg=L
40.1 mg=mmol

= 8.68 mmol=L c
1
2
Ca2+

� �
= 17.36 mmol=L

cðMg2+Þ= 108 mg=L
24.3 mg=mmol

= 4.44 mmol=L c
1
2
Mg2+

� �
= 8.88 mmol=L

Summing up gives:X
cation equivalent concentrations= ð5.13+0.28+ 17.36+ 8.88Þ mmol=L

= 31.65mmol=L

For the anions, we obtain:

cðCl−Þ= 40 mg=L
35.5 mg=mmol

= 1.13 mmol=L, c
1
1
Cl−

� �
= 1.13 mmol=L

cðHCO−
3Þ=

1 816 mg=L
61 mg=mmol

= 29.77 mmol=L, c
1
1
HCO−

3

� �
= 29.77 mmol=L

cðSO2−
4 Þ= 38 mg=L

96.1 mg=mmol
=0.40mmol=L, c

1
2
SO2−

4

� �
=0.80 mmol=L

and the sum is:X
anion equivalent concentrations= ð1.13+ 29.77+0.80Þ mmol=L= 31.70 mmol=L

With the equivalent concentrations of the cations and anions, we can calculate the
balance error as follows:
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Balance error=

P
cations

ci zi −
P

anions
ci zi

����
����

0.5
P

cations
ci zi +

P
anions

ci zi

� � × 100%

Balance error= 31.65 mmol=L− 31.70 mmol=Lj j
ð0.5Þ ð31.65 mmol=L+ 31.70 mmol=LÞ × 100%

Balance error= 0.05
31.675 × 100%=0.16%

The balance error is much lower than the guide value of 5%. Hence, the analysis is
plausible.

Problem 3.6

The total hardness is given as the sum of the molar concentrations of Ca2+ and Mg2+:

TH = cðCa2+Þ+ cðMg2+Þ= 1.25mmol=L+0.35mmol=L= 1.60mmol=L

= 1.6× 10−3 mol=L

The carbonate hardness can be found from the hydrogencarbonate concentration
according to:

CH =0.5 cðHCO−
3Þ= 1.23mmol=L= 1.23× 10−3 mol=L

The latter relationship is only valid if CH ≤ TH. This condition is fulfilled. Therefore,
the non-carbonate hardness can be calculated according to:

NCH = TH −CH = 1.60mmol=L− 1.23mmol=L=0.37mmol=L=0.37× 10−3 mol=L

To express the hardness in mg/L CaCO3, the molar ion concentrations have to be con-
verted into mass concentrations and then multiplied with the specific stoichiometric
factors for the conversion of the ion concentration into the CaCO3 concentration:

Hardness mg=LCaCO3½ �= 2.5 ρ✶ðCa2+Þ mg=L½ �+ 4.12 ρ✶ðMg2+Þ mg=L½ �
ρ✶ðCa2+Þ= cðCa2+ÞMðCa2+Þ= ð1.25 mmol=LÞ ð40.1 mg=mmolÞ

= 50.13 mg=L

ρ✶ðMg2+Þ= cðMg2+ÞMðMg2+Þ= ð0.35mmol=LÞ ð24.3mg=mmolÞ= 8.51mg=L

Hardness mg=LCaCO3½ �= ð2.5Þð50.13 mg=LÞ+ ð4.12 Þð8.51 mg=LÞ
Hardness mg=LCaCO3½ �= ð125.33+ 35.06Þ mg=L= 160.39 mg=L
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Alternatively, we can multiply the molar concentration of the total hardness by the
molecular weight of CaCO3:

Hardness mg=L CaCO3½ �= ð1.6mmol=LÞ ð100.1 mg=LÞ= 160.16mg=L

The small difference in the results is due to round-off errors.

Problem 3.7

Since the concentrations of all major ions are given, the ionic strength can be calcu-
lated by using the definition equation:

I =0.5
X
i

ci z
2
i

Introducing the concentrations gives:

I =0.5
X
i

ci z
2
i = ð0.5Þ½ð0.58+0.05+ 1.71× 4+0.51× 4+0.65+ 2.51+0.94× 4Þmmol=L�

I = ð0.5Þ 0.58+0.05+ 6.84+ 2.04+0.65+ 2.51+ 3.76ð Þmmol=L½ �

I = 8.215mmol=L= 8.215× 10−3 mol=L

The Güntelberg equation reads:

log γ1 =−0.5

ffiffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

s

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

s

With the calculated ionic strength (in mol/L), we find:ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

s
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
8.215× 10−3

p
=0.0906

For log γ1, we obtain:

log γ1 =−0.5

ffiffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

s

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

s =−0.5 0.0906
1+ ð1.4Þ ð0.0906Þ = −0.0402

and for γ1, we find:
γ1 =0.912
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For multivalent ions, we have to use the general relationship:

γz = γ z 2
1

and with z = 2 for bivalent ions, we find:

γ2 = γ z
2

1 =0.9124 =0.692

Chapter 4

Problem 4.1

The vapor pressure lowering is given by:

p01 − p1
p01

= x2

where x2 is the mole fraction of the solute. Since NaCl dissociates completely into
two ions (Na+, Cl−), the van’t Hoff factor is i = 2. Therefore, the mole fraction x2 has
to be calculated according to:

x2 =
2 nðNaClÞ

nðH2OÞ+ 2 nðNaClÞ
To find the mole fraction, at first, the substance amounts of NaCl and water have to
be derived from the given molality. According to the molality b = 1 mol/kg, the sub-
stance amount of NaCl in 1 kg water is n = 1 mol. The substance amount of water
that is equivalent to 1 kg can be calculated by means of the molecular weight:

nðwaterÞ= mðwaterÞ
MðwaterÞ =

1 000 g
18 g=mol

= 55.56mol

With these data, the relative vapor pressure lowering can be computed:

p01 − p1
p01

= x2 =
2 ð1 molÞ

55.56 mol+ 2 ð1molÞ =0.0347

Finally, the vapor pressure of the solution, p1, can be calculated by:

p1 = p01 −0.0347 p01 = 23.4 mbar− ð0.0347Þ ð23.4mbarÞ= 22.59mbar

Problem 4.2

The freezing point depression is −4 K. After rearranging the equation for the freez-
ing point depression caused by a dissociating salt, we obtain:

264 13 Solutions to the Problems



i b= ΔT SL

KF
= −

−4K
−1.86K · kg=mol

= 2.15mol=kg

If we assume that the numerical values of molality and molarity are the same, we find:

i c= 2.15mol=L

and the osmotic pressure is:

π = i c R T = ð2.15mol=LÞ ð0.083145 bar · L=ðmol ·KÞÞ ð293.15 KÞ= 52.4 bar

Problem 4.3

The freezing point depression of a multicomponent ideal solution can be calculated by:

ΔTSL =
X
i

bi KF

At first, the sum of the molalities has to be computed. Since the concentrations are
given as ppm (mg per kg solution), the masses of the solutes have to be divided by the
molecular weights to find the concentrations in mol per kg solution. The results are:
Cl–: 0.545 mol/kg, Na+: 0.468 mol/kg, SO4

2–: 0.028 mol/kg, Mg2+: 0.053 mol/kg. Fur-
thermore, it has to be considered that the concentrations are given here as mol per kg
solution but the molality is related to kg solvent. As can be derived from the total salin-
ity (3.5%), there are 35 g salts and 965 g water in 1 kg solution. Therefore, the concen-
trations in mol per kg solution have to be divided by 0.965 (= 965g/1 000g) to find the
moles per kg water. The molalities are: b(Cl–) = 0.565 mol/kg, b(Na+) = 0.485 mol/kg,
b(SO4

2−) = 0.029 mol/kg, and b(Mg2+) = 0.055 mol/kg. The sum of the molalities is then:X
i

bi =0.565mol=kg+0.485mol=kg+0.029mol=kg+0.055mol=kg= 1.134mol=kg

Finally, we find for the freezing point depression:

ΔTSL =
X
i

bi KF = ð1.134mol=kgÞ ð−1.86K · kg=molÞ= −2.11 K

The freezing temperature of seawater is 2.11 K (= 2.11 °C) lower than that of pure
water (0 °C). Accordingly, the freezing point is −2.11 °C.
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Problem 4.4

The molality of ethylene glycol that is needed to reduce the freezing point from
0 to −20 °C (ΔTSL = −20 K) is:

b= ΔTSL

KF
= −20K

−1.86K · kg=mol
= 10.75mol=kg

Thus, we have to add 10.75 mol of ethylene glycol to 1 kg (= 1 L) water. The respec-
tive mass is:

m= nM = ð10.75molÞ ð62 g=molÞ= 666.5 g

and the volume that has to be added to 1 L water is:

V = m
ρ
= 666.5 g
1.11 g=cm3 = 600.5 cm3

Problem 4.5

The equation for the osmotic pressure is:

π =
X
i

ci R T

At first, the sum of the concentrations has to be computed:X
i

ci = ð0.50+0.03+ 1.25+0.40+ 3.00+0.23+0.30Þmmol=L= 5.71mmol=L

According to the unit of the gas constant, the sum of the concentrations has to be
expressed in mol/L: X

i

ci = 5.71× 10−3 mol=L

With the gas constant (0.083145 bar⋅L/(mol · K)) and the temperature (10 °C = 283.15 K),
we can find the osmotic pressure:

π =
X
i

ci R T = ð5.71× 10−3 mol=LÞ ð0.083145 bar · L=ðmol ·KÞÞ ð283.15 KÞ=0.134 bar

Problem 4.6

During the reverse osmosis process, water passes through the membrane from the
solution side to the side of pure water. Accordingly, the concentration and the osmotic
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pressure increase on the solution side. The process stops when the osmotic pressure
reaches the applied external pressure, in this case 80 bar. The related concentration
can be found after rearranging the van’t Hoff equation:

X
i

ci =
π
RT

= 80bar
ð0.083145 bar · L=ðmol ·K ÞÞ ð298.15 KÞ = 3.23mol=L

It follows from the law of conservation of mass that the number of moles before (n1)
and after (n2) the concentration process must be the same. Furthermore, the sub-
stance amount can be expressed as product of molar concentration and volume:

n1 = n2

c1 V1 = c2 V2

Accordingly, the volume of the concentrated solution after the reverse osmosis pro-
cess is:

V2 =
c1 V1

c2
= ð1.12 mol=LÞ ð1m3Þ

3.23mol=L
=0.347m3

Therefore, the volume of pure water that can be produced from seawater until the
osmotic pressure reaches the applied external pressure of 80 bar amounts to:

Vprod =V1 −V2 = 1m3 −0.347m3 =0.653m3

Chapter 5

Problem 5.1

The standard Gibbs energy of reaction can be found from the Gibbs energies of for-
mation by:

ΔRG0 =
X
i

νi G0
f, iðproductsÞ−

X
i

νi G0
f, iðreactantsÞ

ΔRG0 = −552:8 kJ=mol− 528:0 kJ=mol− ð−1 129:2 kJ=molÞ= 48:4 kJ=mol

Since the equilibrium constant is related to the standard Gibbs energy by:

ΔRG0 = −2.303RT logK✶

we can find the constant after rearranging this equation:

logK✶ = −
ΔRG0

2.303RT
= −

48:4 kJ=mol

ð2.303Þ ð8.3145× 10−3 kJ=ðmolKÞÞ ð298.15 KÞ = −8.48
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K✶ = 10−8.48 mol2=L2 = 3.31× 10−9 mol2=L2

The unit of the constant follows from the law of mass action.

Problem 5.2

To solve the problem, we have to compare the reaction quotient with the equilibrium
constant. By analogy to the law of mass action, the reaction quotient is given as:

Q= c2ðH+Þ
cðPb2+Þ c0.5ðO2Þ

= 1× 10−14 mol2=L2

ð1× 10−8 mol=LÞ ð0.0162 mol0.5=L0.5Þ = 6.17× 10−5 mol0.5=L0.5

Since Q >K, the reaction does not proceed spontaneously in the written direction under
the given conditions. In contrast, the reverse reaction will proceed spontaneously.

Problem 5.3

The temperature dependence of the equilibrium constant for a temperature-
independent molar standard enthalpy of reaction is given by:

ln
K✶
T2

K✶
T1

= ΔRH0

R
1
T1

−
1
T2

� �
= ΔRH0

R
T2 − T1
T1 T2

� �

Rearranging gives:

ΔRH0 =R ln
K✶
T2

K✶
T1

T1 T2
T2 − T1

� �

With the given data T1 = 283.15 K, K✶
T1
= 3.93 × 10−9 mol2/L2, T2 = 298.15 K, and

K✶
T2

= 3.30 × 10−9 mol2/L2, we get:

ΔRH0 = 8.3145 J
mol ·K ln

3.30× 10−9 mol2=L2

3.93× 10−9 mol2=L2
ð283.15 KÞð298.15 KÞ
298.15 K− 283.15 K

� �

ΔRH0 = ð8.3145Þð−0.175Þð5628.08Þ J=mol= −8189.07 J=mol= −8.19 kJ=mol

The reaction enthalpy is negative. This means that the dissolution of calcium car-
bonate is an exothermic reaction.

Problem 5.4

The reaction CO2ðaqÞ +H2O Ð 2H+ +CO3
2− is the overall reaction that results from

the addition of the elementary reactions according to:
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CO2ðaqÞ +H2O Ð H+ +HCO−
3

HCO−
3 Ð H+ +CO2−

3

---------------------------------------------------------

CO2ðaqÞ +H2O Ð 2H+ +CO2−
3

Therefore, the equilibrium constants of the elementary reactions have to be multi-
plied to find the equilibrium constant of the overall reaction:

K✶
overall =K✶

1 K✶
2 = ð4.4× 10−7 mol=LÞ ð4.7× 10−11 mol=LÞ= 2.1× 10−17 mol2=L2

Chapter 6

Problem 6.1

The unit of the given Henry constant is L · bar/mol. This unit corresponds to Henry’s
law written in the form:

p=Hinv c

which is the inverse form of the basic equation used here in the book. The Henry
constant H for the basic form is therefore:

H = 1
Hinv

= 1
5.495 L ·bar=mol

=0.182 mol=ðL ·barÞ

Kc (= caq/cg) can be found from:

Kc =H R T = ð0.182 mol=ðL · barÞÞ ð0.083145 bar · L=ðmol ·KÞÞ ð298.15 KÞ= 4.51

Alternatively, we can find Kc directly from Hinv by:

Kc =
R T
Hinv

= ð0.083145 bar · L=ðmol ·KÞÞ ð298.15 KÞ
5.495 L · bar=mol

= 4.51

Problem 6.2

Since the gas phase consists of pure oxygen (gas-phase mole fraction y = 1), the par-
tial pressure equals the total pressure and amounts to 10 bar:

pðO2Þ= yðO2Þ ptotal = 1 ð10 barÞ= 10 bar

The aqueous-phase concentration resulting from Henry’s law is:
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cðO2Þ=HðO2Þ pðO2Þ= ð1.247mol=ðm3 ·barÞÞ ð10 barÞ= 12.47mol=m3 =0.01247mol=L

Conversion of the molar concentration into the mass concentration gives:

ρ✶ðO2Þ= cðO2ÞMðO2Þ= ð0.01247mol=LÞ ð32 g=molÞ=0.399 g=L= 399mg=L

Problem 6.3

Rearranging equation (6.4) for ln H gives:

lnH = lnH0 +
ΔHsol

R
1
T0

−
1
T1

� �

By introducing T = 293.15 K, T0 = 298.15 K, H0 = 3.342 × 10−2 mol/(L · bar), ΔHsol =
–20.79 kJ/mol, and R = 8.3145 J/(mol · K), we get:

lnH = −3.3986+ −20 790 J=mol
8.3145 J=ðmol ·KÞ

1
298.15 K −

1
293.15 K

� �

lnH = −3.3986− 2 500.5 0.003354−0.003411ð Þ= −3.3986+0.1425= −3.2561

The Henry constant at 20 °C is then:

H = elnH = e−3.2561 mol=ðL · barÞ= 3.854× 10−2 mol=ðL ·barÞ

Problem 6.4

If the CO2 content in the soil atmosphere is 50 times higher compared to the normal
atmosphere, the respective partial pressure is:

pðCO2Þ= 50 ð0.000415 barÞ=0.02075 bar

Thus, the concentration in the aqueous phase, given by Henry’s law, is:

cðCO2Þ=HðCO2Þ pðCO2Þ
cðCO2Þ= ð0.0525mol=ðL · barÞÞ ð0.02075 barÞ= 1.09× 10−3 mol=L= 1.09mmol=L

Problem 6.5

At first, the distribution constant, Kc, of trichloroethylene (TCE) has to be calculated
according to:

KcðTCEÞ=HðTCEÞR T

KcðTCEÞ= ð0.085mol=ðL · barÞÞ ð0.083145 bar · L=ðmol ·KÞÞ ð298.15 KÞ= 2.107
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The total masses of trichloroethylene in the flasks can be found by multiplying the
initial concentration with the respective volume of the aqueous phase. The volume
of the aqueous phase is 0.8 L in flask 1 and 0.2 L in flask 2 and the concentration is
100 mg/L in both cases. Consequently, the total mass, mtotal, is 80 mg in flask 1 and
20 mg in flask 2.

With these values and under consideration of the respective gas volumes (0.2 L
in flask 1 and 0.8 L in flask 2), the aqueous-phase concentrations in both flasks can
be calculated by means of equation (6.27).
Flask 1:

ρ✶aqðTCEÞ=
mtotalðTCEÞ
Vg

KcðTCEÞ + Vaq

� � = 80mg
0.2 L
2.107 +0.8 L

= 89.39mg=L

Flask 2:

ρ✶aqðTCEÞ=
mtotalðTCEÞ
Vg

KcðTCEÞ + Vaq

� � = 20mg
0.8 L
2.107 +0.2 L

= 34.50mg=L

Problem 6.6

The minimum CO2 concentration in the water, which can be reached by stripping
with air, is the concentration that is in equilibrium with the CO2 partial pressure in
the air. At first, the partial pressure of CO2 has to be calculated. The CO2 content is
given here as 415 ppmv. This means 415 parts per million parts (volume per volume). To
find the percentage (= parts per 100 parts), the given value has to be divided by 10 000.
Consequently, the CO2 content is 0.0415 vol% and the mole fraction in the gas phase is
y(CO2) = 0.000415 (volume percent divided by 100, for ideal gases). With the total pres-
sure of ptotal = 1 bar, we can calculate the partial pressure:

pðCO2Þ= yðCO2Þ ptotal = ð0.000415Þ ð1 barÞ=0.000415 bar

The lowest molar CO2 concentration, which can be reached by stripping with air,
follows from Henry’s law with the previously calculated partial pressure:

cðCO2Þ=HðCO2ÞpðCO2Þ= ð0.0525mol=ðL · barÞÞ ð0.000415 barÞ= 2.18× 10−5 mol=L

cðCO2Þ=0.0218mmol=L

Finally, the molar concentration has to be converted into the mass concentration
according to:

ρ✶ðCO2Þ=cðCO2ÞMðCO2Þ= ð0.0218 mmol=LÞ ð44mg=mmolÞ=0.959mg=L≈0.96 mg=L
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Chapter 7

Problem 7.1

The proton concentration is given by:

cðH+Þ= 10−pH mol=L= 10−8.5 mol=L= 3.16× 10−9 mol=L

The pOH value can be found as follows:

pOH=pKw − pH= 14− 8.5= 5.5

and the resulting hydroxide ion concentration is:

cðOH−Þ= 10−pOH mol=L= 10−5.5 mol=L= 3.16× 10−6 mol=L

Problem 7.2

First, the initial molar concentrations have to be calculated:

c0 =
ρ✶0
M

= 5 g=L
128.6 g=mol

= 3.89× 10−2 mol=L

and

c0 =
ρ✶0
M

= 0.5 g=L
128.6 g=mol

= 3.89× 10−3mol=L

The pKa of 9.4 characterizes 4-chlorophenol as a weak acid. Therefore, the pH can
be calculated in a simplified manner according to:

pH=0.5 ðpKa − log c0ð4−CPÞÞ
The results for the different concentrations are:

pH= ð0.5 Þ ð9.4+ 1.41Þ= 5.405≈ 5.4 for ρ✶0 = 5 g=L

and

pH= ð0.5 Þ ð9.4+ 2.41Þ= 5.905≈ 5.9 for ρ✶0 =0.5 g=L

Problem 7.3

Given that phenol is a weak acid, we can try to calculate the pH without consider-
ation of the autoprotolysis of water by using the simplified equation (7.64) with
c0 = 1 × 10−5 mol/L:
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pH=0.5ðpKa − log c0ðphenolÞÞ= ð0.5Þ ð9.9+ 5Þ= 7.45

The result is not plausible. Since phenol is an acid, the resulting pH of the solution
cannot be higher than pH = 7 or, in other words, dissolution of an acid cannot lead
to an increase of the pH in comparison to the pH of pure water. Obviously, the sim-
plified equation fails in this case and the exact cubic equation:

c3ðH+Þ+Ka c2ðH+Þ− ðKa c0ðphenolÞ+KwÞ cðH+Þ−Kw Ka =0

has to be used to find the pH. In principle, this equation has to be solved by an iter-
ation procedure. However, we can simplify this equation if we consider the bound-
ary condition that the pH can be at maximum 7 (= minimum proton concentration
c(H+) = 1 × 10−7 mol/L). Furthermore, we expect a pH not much lower than this maxi-
mum pH (weak acid, low concentration). Introducing the minimum proton concentra-
tion, the acidity constant (Ka = 10−9.9 mol/L = 1.259 × 10−10 mol/L), the ion product of
water (Kw = 1 × 10−14 mol2/L2), and the initial concentration of phenol (1 × 10−5 mol/L)
into the cubic equation, we find:

1× 10−21 mol3=L3 + 1.259× 10−24 mol3=L3 − 1.126× 10−21 mol3=L3

− 1.259× 10−24 mol3=L3 =0

Obviously, only the first and the third term are relevant, because the values of
the second and the fourth are much lower and, furthermore, compensate for each
other due to the opposite signs. Therefore, we can simplify the cubic equation to:

c3ðH+Þ= ðKa c0ðphenolÞ+KwÞ cðH+Þ

After dividing both sides of the equation by c(H+), we find:

c2ðH+Þ=Ka c0ðphenolÞ+Kw

and

cðH+Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ka c0ðphenolÞ+Kw

p
Thus, the proton concentration is:

cðH+Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
ð1.259× 10−10 mol=LÞ ð1× 10−5 mol=LÞ+ 1× 10−14 mol2=L2

q
cðH+Þ= 1.061× 10−7 mol=L

and finally, the pH is:

pH= −log cðH+Þ= −logð1.061× 10−7Þ= 6.97
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This result is plausible, since the pH is lower than 7 (see previous discussion), but it
also shows that addition of a low concentration of a very weak acid causes only a
marginal shift in pH compared to the pH of pure water.

Problem 7.4

a. The pKb of the conjugate base can be found according to:

pKb =pKw −pKa = 14− 4.58= 9.42

The related basicity constant is:

Kb = 10−pKb mol=L= 10−9.42 mol=L= 3.8× 10−10 mol=L

b. The ratio of protonated and neutral (unprotonated) aniline (abbreviations AnH+

and An) can be found from the law of mass action for the protonated form:

KaðAnH+Þ= cðH+Þ cðAnÞ
cðAnH+Þ

With:

cðH+Þ= 10−pH mol=L= 10−5.5 mol=L= 3.16× 10−6 mol=L

and

Ka = 10−pKa mol=L= 10− 4.58 mol=L= 2.63× 10−5 mol=L

we obtain:

cðAnH+Þ
cðAnÞ = cðH+Þ

KaðAnH+Þ =
3.16× 10−6 mol=L
2.63× 10−5 mol=L

=0.12

Thus, the ratio of protonated and neutral aniline at pH = 5.5 is 0.12.

c. The given reaction equation describes a reaction that is inverse to the dissociation
of the protonated form for which the acidity constant is defined. Since the constant
of a reverse reaction is the reciprocal of the constant of a forward reaction, it holds:

Kreverse =
1

KaðAnH+Þ =
1

2.63× 10−5 mol=L
= 3.8× 104 L=mol

Problem 7.5

Sodium carbonate Na2CO3 is a salt consisting of the cation of the very strong base
NaOH and the anion of the weak acid CO2(aq). Therefore, it can be expected that the
solution is alkaline. The OH– producing reaction is:
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CO2−
3 +H2O Ð HCO−

3 +OH−

Under the expected pH conditions, the further reaction of HCO3
– to CO2 can be

neglected.
The pKb for the carbonate ion can be estimated from the pKa of the conjugate

acid hydrogencarbonate by:

pKb =pKw − pKa = 14− 10.33= 3.67

The corresponding basicity constant is:

Kb = 10−pKb mol=L= 10−3.67 mol=L= 2.14× 10−4 mol=L

Since pKb = 3.67 indicates a relatively strong base, first the equation:

cðOH−Þ= −
Kb

2
±

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
K 2
b
4

+Kb c0ðbaseÞ
s

will be used. Later, the simplified version:

pOH=0.5 ðpKb − log c0Þ
will be proved.

With the initial concentration c0(CO3
2–) = c0 (Na2CO3) = 2 mol/L, we have:

cðOH− Þ= −
2.14× 10−4 mol=L

2

±

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
4.58× 10−8 mol2=L2

4
+ ð2.14× 10−4 mol=LÞ ð2 mol=LÞ

s

cðOH− Þ= −1.07× 10−4 mol=L±
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.145× 10−8 mol2=L2 + 4.28× 10−4 mol2=L2

q
cðOH− Þ= −1.07× 10−4 mol=L+ 2.07× 10−2 mol=L= 2.06× 10−2 mol=L

ðnegative result canceledÞ

The corresponding pOH is:

pOH= − log cðOH−Þ= 1.69

and the pH is:

pH= pKw −pOH= 14− 1.69= 12.31

By using the simplified equation, we receive:

pOH=0.5 ðpKb − log c0Þ=0.5ð3.67−0.30Þ= 1.69

and the related pH is:
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pH= pKw −pOH= 14− 1.69= 12.31

We can see that in this case there is no difference between the results of the differ-
ent solution methods.

Problem 7.6

During the dissolution of iron(III) chloride, hydrated iron(III) ions are formed that
act as an acid according to:

Fe H2Oð Þ6

 �3+ Ð H+ + Fe H2Oð Þ5OH


 �2+
The pKa of 2.2 indicates that the acid is relatively strong and therefore the quadratic
equation:

cðH+Þ= −
Ka

2
±

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
K 2
a
4

+Ka c0ðacidÞ
s

has to be used to find the pH. The initial concentration is:

c0ðFeCl3Þ= c0ðFe3+Þ= c0ð½FeðH2OÞ6�3+Þ=0.05mol=L

and the constant Ka is given by:

Ka = 10−pKa mol=L= 10−2.2 mol=L= 6.31× 10−3 mol=L

For the concentration of protons, we find:

cðH+Þ= −
6.31× 10−3 mol=L

2

±

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
3.98× 10−5 mol2=L2

4
+ ð6.31× 10−3 mol=LÞ ð0.05mol=LÞ

s

cðH+Þ= −3.155× 10−3 mol=L ±
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
9.95× 10−6 mol2=L2 + 3.155× 10−4 mol2=L2

q
cðH+Þ= −3.155× 10−3 mol=L + 1.804× 10−2 mol=L=0.0149

ðnegative result canceledÞ

and the corresponding pH is:

pH= −log cðH+Þ= −logð0.0149Þ= 1.83
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Problem 7.7

The degree of protolysis is given by:

α= 1

10pKa −pH + 1

For pH = pKa + 1, we find:

α= 1

10pKa − ðpKa + 1Þ + 1
= 1
10−1 + 1

= 1
1.1 =0.909≈0.91

The degree of protolysis at pH = pKa + 1 is α = 0.91 or 91%.

Problem 7.8

a. The pH of the buffer system can be calculated by:

pH=pKa + log
cðbuffer baseÞ
cðbuffer acidÞ

Therefore, the pH of the buffer system is:

pH= 7.12+ log
0.1mol=L
0.1mol=L

= 7.12

b. Since during dilution, the ratio of buffer base and buffer acid remains constant,
the pH will not change:

pH= 7.12+ log
0.025mol=L
0.025mol=L

= 7.12

c. The buffer effect is here based on the consumption of the added protons by the
buffer base under formation of an equivalent amount of buffer acid. Accordingly,
the change of pH in the original buffer solution after addition of 0.005 mol/L of
the very strong acid HCl (complete dissociation, acid concentration = proton con-
centration) can be calculated as follows:

pH=pKa + log
cðbuffer baseÞ− cðH+Þ
cðbuffer acidÞ+ cðH+Þ

pH= 7.12+ log
0.1mol=L−0.005mol=L
0.1mol=L+0.005mol=L

= 7.12+ log
0.095
0.105 = 7.12−0.04= 7.08

There is only a slight change in pH from 7.12 to 7.08.
In the case of the diluted solution, we find:
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pH= 7.12+ log
0.025mol=L−0.005mol=L
0.025mol=L+0.005mol=L

= 7.12+ log
0.02
0.03 = 7.12−0.18= 6.94

The pH change is here a bit higher, because the relative impact of HCl on the
lower buffer base and buffer acid concentrations is higher.

d. The pH of the 0.005 M solution of the very strong (completely dissociated) acid
HCl alone would be:

pH= −log c0ðacidÞ= −log 0.005= 2.3

Comparison of the results given in b. or c. with that in d. clearly demonstrates
the strong buffer effect of the given buffer system.

Problem 7.9

The constants necessary for the calculations are:

Ka1 = 10−pKa1 mol=L= 10−6.36 mol=L= 4.37× 10−7 mol=L

Ka2 = 10−pKa2 mol=L= 10−10.33 mol=L= 4.68× 10−11 mol=L

Ka1 Ka2 = ð4.37× 10−7 mol=LÞ ð4.68× 10−11 mol=LÞ= 2.05× 10−17 mol2=L2

The fractions can be calculated according to:

f ðCO2Þ= cðCO2Þ
cðDICÞ = 1

1+ Ka1

cðH+Þ +
Ka1 Ka2

c2ðH+Þ

f ðCO2Þ= 1

1+ 4.37× 10−7 mol=L
1× 10−7 mol=L

+ 2.05× 10−17 mol2=L2

1× 10−14 mol2=L2

f ðCO2Þ= 1
1+ 4.37+ 2.05× 10−3

=0.186

f ðHCO−
3Þ=

cðHCO−
3Þ

cðDICÞ = 1
cðH+Þ
Ka1

+ 1+ Ka2

cðH+Þ

f ðHCO−
3Þ=

1
1× 10−7 mol=L

4.37× 10−7 mol=L
+ 1+ 4.68× 10−11 mol=L

1× 10−7 mol=L

f ðHCO−
3Þ=

1
0.229+ 1+ 4.68× 10−4

=0.813
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f ðCO2−
3 Þ= cðCO2−

3 Þ
cðDICÞ = 1

c2ðH+Þ
Ka1 Ka2

+ cðH+Þ
Ka2

+ 1

f ðCO2−
3 Þ= 1

1× 10−14 mol2=L2

2.05× 10−17 mol2=L2
+ 1× 10−7 mol=L
4.68× 10−11 mol=L

+ 1

f ðCO2−
3 Þ= 1

487.8+ 2 136.8+ 1
=0.00038

At pH = 7, CO2 and HCO3
– mainly contribute to the total inorganic carbon content of

the water, whereas the fraction of CO3
2– is negligibly small.

Problem 7.10

At pH = 7.7, the BNC8.2 can be set equal to the CO2 concentration and the ANC4.3
equals the HCO3

– concentration, whereas the CO3
2– concentration is very small and

can be neglected in the DIC balance (see Figure 7.4). Accordingly, the concentra-
tions are:

cðCO2Þ=BNC8.2 =0.08 mmol=L

cðHCO−
3Þ=ANC4.3 = 2.1 mmol=L

cðCO2−
3 Þ≈0 mmol=L

cðDICÞ= cðCO2Þ+ cðHCO−
3Þ+ cðCO2−

3 Þ
cðDICÞ=0.08mmol=L+ 2.1mmol=L+0mmol=L= 2.18 mmol=L

Alternatively, we can calculate c(DIC) from the equation:

cðDICÞ=m− p

Under consideration of the relationships:

ANC4.3 =m

and

BNC8.2 =−p

we obtain:

cðDICÞ=m− p= 2.1 mmol=L− ð−0.08 mmol=LÞ= 2.18 mmol=L
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Problem 7.11

A CO2 concentration of 600 ppm equals 0.06 vol%. The corresponding mole fraction
is y = 0.0006 and the partial pressure can be calculated by:

pðCO2Þ= yðCO2Þ ptotal =0.0006 ð1 barÞ=0.0006 bar

With equation (7.172), we find:

cðH+Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
H Ka1 pðCO2Þ

p
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
ð0.033mol=ðL ·barÞÞ ð4.4× 10−7 mol=LÞð0.0006 barÞ

q
cðH+Þ= 2.95× 10−6 mol=L

pH= 5.53

As expected, a further increase of the CO2 concentration in the atmosphere would
decrease the pH of rain water.

Problem 7.12

The species distribution for pH = 8.2 and m = 1.05 × 10−3 mol/L can be found from the
relationship between m and c(DIC). Rearranging equation (7.176) for c(DIC) gives:

cðDICÞ= m− cðOH−Þ+ cðH+Þ
f1 + 2 f2

f1 and f2 can be calculated from the equilibrium constants (Ka1 = 4.11 × 10−7 mol/L,
Ka2 = 4.21 × 10−11 mol/L) and the proton concentration (c(H+) = 10–pH mol/L = 6.31 ×
10−9 mol/L):

f1= f ðHCO−
3 Þ=

1
cðH+Þ
Ka1

+1+ Ka2

cðH+Þ
= 1

6.31×10−9 mol=L
4.11×10−7 mol=L

+1+ 4.21×10−11 mol=L

6.31×10−9 mol=L

=0.978

f2= f ðCO2−
3 Þ= 1

c2ðH+Þ
Ka1 Ka2

+ cðH+Þ
Ka2

+1
= 1

3.98×10−17 mol2=L2

1.73×10−17 mol2=L2
+ 6.31×10−9 mol=L
4.21×10−11 mol=L

+1
=0.0065

The OH– concentration can be found from the dissociation constant of water:

cðOH−Þ= Kw

cðH+Þ =
6.82× 10−15 mol2=L2

6.31× 10−9 mol=L
= 1.08× 10−6 mol=L

The DIC concentration is then:
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cðDICÞ= m− cðOH−Þ+ cðH+Þ
f1 + 2 f2

= 1.05× 10−3 mol=L− 1.08× 10−6 mol=L+ 6.31× 10−9 mol=L
0.978+ 2ð0.0065Þ

cðDICÞ= 1.06× 10−3 mol=L

With c(DIC), the species concentrations can be calculated:

cðHCO−
3Þ= f1 cðDICÞ= ð0.978Þ ð1.06× 10−3 mol=LÞ= 1.04× 10−3 mol=L

cðCO2−
3 Þ= f2 cðDICÞ= ð0.0065Þ ð1.06× 10−3 mol=LÞ= 6.89× 10−6mol=L

cðCO2Þ= f ðCO2Þ cðDICÞ= 1

1+ Ka1

cðH+Þ +
Ka1 Ka2

c2ðH+Þ
cðDICÞ

cðCO2Þ= 1

1+ 4.11× 10−7 mol=L

6.31× 10−9 mol=L
+ 1.73× 10−17 mol2=L2

3.98× 10−17 mol2=L2

1.06× 10−3 mol=L

= 1.59× 10−5 mol=L

Verification of the results:

cðDICÞ= cðCO2Þ+ cðHCO−
3Þ+ cðCO2−

3 Þ

cðDICÞ= 1.59× 10−5 mol=L+ 1.04× 10−3 mol=L+ 6.89× 10−6 mol=L= 1.06× 10−3 mol=L

The same calculation for pH = 10.5 (c(H+) = 3.16 × 10−11 mol/L) gives:

f1 =
1

cðH+Þ
Ka1

+ 1+ Ka2

cðH+Þ
= 1
3.16× 10−11 mol=L
4.11× 10−7 mol=L

+ 1+ 4.21× 10−11 mol=L
3.16× 10−11 mol=L

=0.429

f2 =
1

c2ðH+Þ
Ka1 Ka2

+ cðH+Þ
Ka2

+ 1
= 1

9.99× 10−22 mol2=L2

1.73× 10−17 mol2=L2
+ 3.16× 10−11 mol=L
4.21× 10−11 mol=L

+ 1
=0.571

cðOH−Þ= Kw

cðH+Þ =
6.82× 10−15 mol2=L2

3.16× 10−11 mol=L
= 2.16× 10−4 mol=L

cðDICÞ= m− cðOH−Þ+ cðH+Þ
f1 + 2 f2

= 1.05× 10−3 mol=L− 2.16× 10−4 mol=L+ 3.16× 10−11 mol=L
0.429+ 2ð0.571Þ
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cðDICÞ= 5.31× 10−4 mol=L

cðHCO−
3 Þ= f1 cðDICÞ= ð0.429Þ ð5.31× 10−4 mol=LÞ= 2.28× 10−4 mol=L

cðCO2−
3 Þ= f2 cðDICÞ= ð0.571Þ ð5.31× 10−4 mol=LÞ= 3.03× 10−4 mol=L

cðCO2Þ= f ðCO2Þ cðDICÞ= 1

1+ Ka1

cðH+Þ +
Ka1 Ka2

c2ðH+Þ
cðDICÞ

cðCO2Þ= 1

1+ 4.11× 10−7 mol=L
3.16× 10−11 mol=L

+ 1.73× 10−17 mol2=L2

9.99× 10−22 mol2=L2
+ 1

5.31× 10−4 mol=L

= 1.75× 10−8 mol=L

Verification of the results:

cðDICÞ= cðCO2Þ+ cðHCO−
3Þ+ cðCO2−

3 Þ

cðDICÞ= 1.75× 10−8 mol=L+ 2.28× 10−4 mol=L+ 3.03× 10−4 mol=L= 5.31× 10−4 mol=L

Chapter 8

Problem 8.1

The reaction equation for the dissolution of calcium hydroxide is:

Ca OHð Þ2 Ð Ca2+ + 2OH−

and the law of mass action reads:

Ksp = cðCa2+Þ c2ðOH−Þ
It follows from the stoichiometry of the reaction that:

cs = cðCa2+Þ=0.5 cðOH−Þ
Accordingly, the law of mass action can be rewritten as:

Ksp = 4 c3s

and the saturation concentration can be found by:

cs =
ffiffiffiffiffiffiffi
Ksp

4
3
r
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Considering the relationship between cs and c(OH–), we get:

cðOH−Þ= 2

ffiffiffiffiffiffiffiffi
Ksp

4
3
r

= 2

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
5× 10−6 mol3=L3

4

3

s
= 2

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.25× 10−6 mol3=L3

3
q

= 2.15 × 10−2 mol=L

The corresponding proton concentration results from the ion product of water:

cðH+Þ= Kw

cðOH−Þ =
1× 10−14 mol2=L2

2.15× 10−2 mol=L
= 4.65× 10−13 mol=L

Finally, the pH is:

pH= −log cðH+Þ= −logð4.65× 10−13Þ= 12.33

Problem 8.2

The reaction equation for the dissolution of nickel hydroxide reads:

Ni OHð Þ2 Ð Ni2+ + 2OH−

and the value of the solubility product can be calculated from the solubility expo-
nent according to:

Ksp = 10−pKsp mol3=L3 = 10−13.8 mol3=L3 = 1.58× 10−14 mol3=L3

The molar concentration of the limiting value for Ni2+ is:

cðNi2+Þ= ρ✶ðNi2+Þ
MðNi2+Þ = 0.5mg=L

58.7mg=mmol
= 8.52× 10−3 mmol=L= 8.52× 10−6 mol=L

This concentration has to be inserted into the law of mass action to find the related
OH– concentration:

Ksp = cðNi2+Þ c2ðOH−Þ

cðOH−Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp

cðNi2+Þ

s
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.58× 10−14 mol3=L3

8.52× 10−6 mol=L

s
= 4.31× 10−5 mol=L

The corresponding H+ concentration can be derived from the ion product of water:

cðH+Þ= Kw

cðOH−Þ =
1× 10−14 mol2=L2

4.31× 10−5 mol=L
= 2.32× 10−10 mol=L
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and the pH is:

pH= −log cðH+Þ= −logð2.32× 10−10Þ= 9.63

This is the minimum pH that is necessary to receive a nickel concentration not
higher than 8.52 × 10−6 mol/L (= 0.5 mg/L). Since the solubility product is constant,
a higher pH value would lead to a lower nickel concentration.

Alternatively, we can also compute the pH from the pOH according to:

pOH= −log cðOH−Þ= −logð4.31× 10−5Þ= 4.37

pH=pKw − pOH= 14− 4.37= 9.63

Problem 8.3

The reaction equation for the cadmium hydroxide dissolution reads:

Cd OHð Þ2 Ð Cd2+ + 2OH−

The allowed molar residual (equilibrium) concentration is:

cðCd2+Þ= ρ✶ðCd2+Þ
MðCd2+Þ = 0.1mg=L

112.4mg=mmol
= 8.90× 10−4 mmol=L= 8.90× 10−7 mol=L

The minimum OH– concentration that is necessary to meet the residual Cd2+ con-
centration can be found from the solubility product according to:

Ksp = cðCd2+Þ c2ðOH−Þ

cðOH−Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp

cðCd2+Þ

s
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.6× 10−14 mol3=L3

8.9× 10−7 mol=L

s
= 1.34× 10−4 mol=L

Finally, the respective proton concentration and the pH are:

cðH+Þ= Kw

cðOH−Þ =
1× 10−14 mol2=L2

1.34× 10−4 mol=L
= 7.46× 10−11 mol=L

pH= −log cðH+Þ= −logð7.46× 10−11Þ= 10.13

The same value is found by the following calculation:

pOH= −log cðOH−Þ= −logð1.34× 10−4Þ= 3.87

pH=pKw − pOH= 14− 3.87= 10.13
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It follows from the result that pH = 9 is not high enough to attain a Cd2+ concentra-
tion not higher than 0.1 mg/L. A pH of at least 10.13 is necessary.

Problem 8.4

To solve the problem, the products of the actually measured concentrations have to
be compared with the respective solubility products. To do that, at first the solubil-
ity products and the concentration of OH– have to be calculated. The solubility
products can be found from the solubility exponents by:

Ksp = 10−pKsp

The respective solubility products are:

KspðMgCO3Þ= cðMg2+Þ cðCO2−
3 Þ= 10−5.2 mol2=L2 = 6.31× 10−6 mol2=L2

KspðCaCO3Þ= cðCa2+Þ cðCO2−
3 Þ= 10−8.5 mol2=L2 = 3.16× 10−9 mol2=L2

KspðMgðOHÞ2Þ= cðMg2+Þ c2ðOH−Þ= 10−11.3 mol3=L3 = 5.01× 10−12 mol3=L3

KspðCaðOHÞ2Þ= cðCa2+Þ c2ðOH−Þ= 10−5.3 mol3=L3 = 5.01× 10−6 mol3=L3

The concentration of the hydroxide ions can be calculated from the pH according to:

pOH=pKw −pH= 14− 11= 3

cðOH−Þ= 10−pOH mol=L= 1× 10−3 mol=L

Now, all data necessary to compare Q and Ksp are available.
For MgCO3 and Mg(OH)2, we find with the measured concentrations:

QðMgCO3Þ= cðMg2+Þ cðCO2−
3 Þ= ð0.5× 10−3 mol=LÞ ð2× 10−3 mol=LÞ

= 1× 10−6 mol2=L2

QðMgCO3Þ<KspðMgCO3Þ

QðMgðOHÞ2Þ= cðMg2+Þ c2ðOH−Þ= ð0.5 × 10−3 mol=LÞ ð1× 10−6 mol=LÞ
= 5× 10−10 mol3=L3

QðMgðOHÞ2Þ>KspðMgðOHÞ2Þ

It follows from the results that Mg(OH)2 is expected to precipitate, whereas MgCO3

will not precipitate.
Under the same conditions (c(Ca2+) = 0.5 × 10−3 mol/L, c(CO3

2–) = 2 × 10−3 mol/L,
pH= 11), we find with QðCaCO3Þ= 1× 10−6 mol2=L2 and QðCaðOHÞ2Þ= 5× 10−10 mol3=L3

that calcium carbonate will precipitate whereas calcium hydroxide will not, because
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QðCaCO3Þ>KspðCaCO3Þ and QðCaðOHÞ2Þ<KspðCaðOHÞ2Þ.
Thus, the situation is contrary to that which we have found for magnesium.

Chapter 9

Problem 9.1

The CO2 concentration can be calculated by means of the Tillmans equation:

cðCO2Þ= KT

fT
c2ðHCO−

3 Þ cðCa2+Þ
KT is given by:

KT = 10logKT L2=mol2 = 104.383 L2=mol2 = 2.415× 104 L2=mol2

The activity coefficient fT can be found from the ionic strength by means of the Gün-
telberg equation:

log γ1 = −0.5

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r = −0.5
ffiffiffiffiffiffiffiffiffi
0.01

p

1+ 1.4
ffiffiffiffiffiffiffiffiffi
0.01

p = −0.5 0.1
1+0.14 = −0.0439

γ1 = 10log γ1 = 10−0.0439 =0.904

fT =
1

γ61
= 1

0.9046
= 1.832

Introducing the data into the Tillmans equation gives:

cðCO2Þ= 2.415× 104 L2=mol2

1.832 ð3.8× 10−3mol=LÞ2ð1.4× 10−3 mol=LÞ

= 2.66× 10−4 mol=L

This CO2 concentration and the related HCO3
– concentration represent one point of

the Tillmans curve with the curve parameter c(HCO3
–) – 2 c(Ca2+) = 0.001 mol/L. The

corresponding pH can be found from the law of mass action of the first dissociation
step of the carbonic acid with fa1 = γ1 and K✶

a1= 3.428 × 10−7 mol/L:

aðH+Þ= K✶
a1 cðCO2Þ

fa1 cðHCO−
3Þ

= ð3.428× 10−7 mol=LÞ ð2.66× 10−4 mol=LÞ
ð0.904Þ ð3.8× 10−3 mol=LÞ

aðH+Þ= 2.654× 10−8 mol=L

pH= −log aðH+Þ= −logð2.654× 10−8Þ= 7.58
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Problem 9.2

The assessment of the calcite saturation state can be carried out by means of the
Langelier equation:

pHeq = −logKLa − log fLa − log cðHCO−
3Þ− log cðCa2+Þ

The logarithm of the Langelier constant is given as:

logKLa = −2.082

and the logarithms of the concentrations of HCO3
– and Ca2+ (in mol/L!) can easily be

calculated according to:

log cðHCO−
3Þ= logð1.7× 10−3Þ= −2.770

log cðCa2+Þ= logð1.2× 10−3Þ= −2.921

To find the logarithm of the activity coefficient fLa, we need the ionic strength, I.
Since we do not know the concentrations of all major ions, we cannot apply the
definition equation of the ionic strength. Instead, we have to apply the empirical
correlation that allows us to find the ionic strength from the given electrical con-
ductivity, κ, at 25 °C:

Iðmol=LÞ= κ25ðmS=mÞ
6 200

= 45
6 200

= 7.26× 10−3

Now, we can apply the Güntelberg equation to find the activity coefficient for univa-
lent ions:

log γ1 = −0.5

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

r

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

r

With ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

s
=0.085

we get:

log γ1 = −0.5 0.085
1+ ð1.4Þ ð0.085Þ = −0.038
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Finally, log fLa can be calculated by:

log fLa = 5 log γ1 = −0.19

Introducing all data into the Langelier equation gives:

pHeq = −logKLa − log fLa − log cðHCO−
3Þ− log cðCa2+Þ

pHeq = 2.082+0.190+ 2.770+ 2.921= 7.963

Finally, we can calculate the saturation index:

SI =pHmeas − pHeq = 8.2− 7.963=0.237

Since SI is positive, the water under consideration is a calcite-precipitating water.

Problem 9.3

The CO2 concentration can be calculated from the pH and the given hydrogencar-
bonate concentration by using the rearranged law of mass action for the first disso-
ciation step of the carbonic acid:

cðCO2Þ= aðH+Þ fa1 cðHCO−
3Þ

K✶
a1

fa1 equals γ1, which can be calculated as shown in the solution to Problem 9.2:

log γ1 = −0.038

fa1 = γ1 =0.916

With the other given data:

aðH+Þ= 10−pH = 10−8.2 mol=L= 6.31× 10−9mol=L

cðHCO−
3Þ= 1.7mmol=L= 1.7× 10−3 mol=L

K✶
a1 = 3.428× 10−7 mol=L

we can calculate the CO2 concentration:

cðCO2Þ= ð6.31× 10−9 mol=LÞ ð0.916Þ ð1.7× 10−3 mol=LÞ
3.428× 10−7 mol=L

= 2.87× 10−5 mol=L
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In the state of the calco-carbonic equilibrium, the Tillmans equation:

cðCO2Þ= KT

fT
c 2ðHCO−

3 Þ cðCa2+Þ

has to be fulfilled. The required Tillmans constant, KT can be calculated from the
single equilibrium constants according to:

KT =
K✶
a2

K✶
a1 K

✶
sp

= 3.251× 10−11 mol=L

ð3.428× 10−7 mol=LÞ ð3.926× 10−9 mol2=L2Þ = 2.416× 104 L2=mol2

whereas fT is given by:

fT =
1

γ61
= 1

0.9166
= 1.693

Introducing all data into the Tillmans equation gives:

cðCO2Þ= 2.416× 104 L2=mol2

1.693 ð2.89× 10−6 mol2=L2Þ ð1.2× 10−3 mol=LÞ

cðCO2Þ= 4.949× 10−5 mol=L

If we compare the calculated CO2 concentrations, we see that the water contains less
CO2 (2.87 × 10

−5 mol/L) than in the state of equilibrium (4.95 × 10−5 mol/L) and is there-
fore calcite-precipitating. As expected, the assessment is the same as in Problem 9.2.

Problem 9.4

At first, the law of mass action for the overall reaction is formulated under consider-
ation of the material balance c(Ca2+) = 0.5 c(HCO3

−):

Koverall =
cðCa2+Þ c 2ðHCO−

3Þ
pðCO2Þ = 0.5 cðHCO−

3Þ c 2ðHCO−
3Þ

pðCO2Þ = 0.5 c 3ðHCO−
3Þ

pðCO2Þ

With Koverall = 2.172 × 10−6 mol3/(L3⋅bar) and p(CO2) = (100)(0.000415 bar) = 0.0415 bar
and after rearranging the equilibrium relationship, we find:

cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2 pðCO2ÞKoverall

3
p

=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
2ð0.0415 barÞð2.172× 10−6 mol3=ðL3 · barÞÞ3

q

cðHCO−
3Þ=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.803× 10−7mol3=L3

3
q

= 5.649× 10−3 mol=L
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The CO2 concentration can be calculated by means of Henry’s law:

cðCO2Þ=H pðCO2Þ= ð5.247× 10−2 mol=ðL · barÞÞ ð0.0415 barÞ= 2.178× 10−3 mol=L

Now, we can calculate the pH and the carbonate concentration by using the equilib-
rium relationships of the carbonic acid system:

cðH+Þ= cðCO2ÞKa1

cðHCO−
3 Þ

= ð2.178× 10−3 mol=LÞ ð3.428× 10−7 mol=LÞ
5.649× 10−3 mol=L

= 1.322× 10−7 mol=L

pH= −log cðH+Þ= −log ð1.322× 10−7Þ= 6.88

cðCO2−
3 Þ= Ka2 cðHCO−

3Þ
cðH+Þ = ð3.251× 10−11 mol=LÞ ð5.649× 10−3 mol=LÞ

1.322× 10−7 mol=L

cðCO2−
3 Þ= 1.389× 10−6 mol=L

Finally, the calcium concentration can be computed from the solubility product:

cðCa2+Þ= Ksp

cðCO2−
3 Þ =

3.926× 10−9 mol2=L2

1.389× 10−6 mol=L
= 2.826× 10−3 mol=L

Chapter 10

Problem 10.1

The general equation for the redox intensity reads:

pe=pe0 + 1
ne

log
Π aνðOxÞ
Π aνðRedÞ

For the given half-reaction of the Fe(OH)3(s)/Fe
2+ redox couple, we obtain:

pe=pe0 + log
c3ðH+Þ
cðFe2+Þ = 16.3− 3 pH− log cðFe2+Þ= 16.3− 18+ 4.7= 3.0

Problem 10.2

The general relationship between the standard redox intensity and the standard
redox potential is:

pe0 = F
2.303RT

E0
H
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After rearranging this relationship and introducing the given data, we find:

E0
H = 2.303RT

F
pe0 = ð2.303Þð8.3145V · A · s=ðmol ·KÞÞ ð298.15 KÞ

96 485A · s=mol
13=0.77V

Note that 1 J = 1 W⋅s = 1 V⋅A⋅s and that 1 C = 1 A⋅s.
For 25 °C, we can also use the simple relationship:

pe0 = 1
0.059VE0

H

Rearranging the relationship and introducing pe0 gives:

E0
H = ð0.059VÞpe0 = ð0.059VÞ 13=0.77V

Problem 10.3

The Henry constant describes the distribution of H2S between the gas and the aque-
ous phase:

H2SðgÞ Ð H2SðaqÞ

and the pKa is related to the H2S dissociation according to:

H2SðaqÞ Ð H+ +HS−

The second redox equation can be expressed as an overall reaction equation that
results from the addition of the first redox reaction equation, the reaction equation
for the gas/water distribution, and the reaction equation for the H2S dissociation:

SO2−
4 + 10H+ + 8 e− Ð H2SðgÞ + 4H2O

H2SðgÞ Ð H2SðaqÞ

H2SðaqÞ Ð H+ +HS−

------------------------------------------------------------------------------

SO2−
4 + 9H+ + 8 e− Ð HS− + 4H2O

Now, we can write all given constants as logarithms and then add the logarithms to
find the logarithm of the equilibrium constant of the overall reaction. In the case of
the Henry constant, we have to convert the unit m3 to L.
First reaction:

logK = ne pe0 = 8ð5.25Þ= 42
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Second reaction (with H = 0.1022 mol/(L⋅bar)):

logH = log ð0.1022Þ= −0.99

Third reaction:

logKa = −pKa = −7

Overall reaction:

logKoverall = logK + logH + logKa = 42−0.99− 7= 34.01

Accordingly, the related standard redox intensity for the redox couple SO4
2–/HS– is:

pe0 = 1
ne

logKoverall =
1
8
logKoverall =

34.01
8

= 4.25

Problem 10.4

The redox intensity equation for the Mn2+/MnO2 redox couple reads:

pe=pe0 + 1
2
log

c4ðH+ Þ
cðMn2+Þ = pe0 − 2 pH−0.5 log cðMn2+Þ

After rearranging the equation and considering that logK = 2 pe0, we obtain for
log c(Mn2+):

log cðMn2+Þ= 2 pe0 − 2 pe− 4 pH= 41.6− 20− 24= −2.4

and for c(Mn2+):

cðMn2+Þ= 10−2.4 mol=L= 3.98× 10−3 mol=L

Problem 10.5

The complete redox reaction can be found by adding the half-reactions after writing
the second reaction in the reverse direction and multiplying it by a factor of 4:

O2ðaqÞ + 4H+ + 4 e− Ð 2H2O

4Fe2+ + 12H2O Ð 4 Fe OHð Þ3ðsÞ + 12H+ + 4 e−

----------------------------------------------------------------------------------------------------

4 Fe2+ + 10H2O+O2ðaqÞ Ð 4 Fe OHð Þ3ðsÞ + 8H+
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If we want to calculate the difference of the standard redox intensities and the re-
lated equilibrium constant, we have to bear in mind that the subtrahend in the
equation:

logK = ne Δpe0 = neðpe01 −pe02 Þ

is the pe0 that belongs to the half-reaction, which has to be written in reverse direc-
tion. This is, in our case, the half-reaction of the Fe2+/Fe(OH)3(s) redox couple. Con-
sequently, we can calculate:

Δpe0 = pe01 −pe02 = 21.48− 16.3= 5.18

logK = ne Δpe0 = neðpe01 −pe02 Þ= 4ð5.18Þ= 20.72

and for the standard Gibbs energy of the complete reaction, we have:

ΔRG0 = −2.303RT logK = −2.303 ne RT Δpe0

ΔRG0 = ð−2.303Þ ð8.3145 J=ðmol ·KÞÞ ð298.15 KÞ ð20.72Þ

ΔRG0 = −118 292 J=mol= −118.292 kJ=mol

The standard redox intensities at pH = 7 can be calculated by using the equation:

pe0ðpH= 7Þ= pe0 −
np
ne

7

For the redox couple O2(aq)/H2O, the numbers of protons and electrons are np = 4
and ne = 4, respectively:

pe0ðpH= 7Þ= 21.48− 7= 14.48

The analogue calculation for Fe2+/Fe(OH)3(s) with np = 3 and ne = 1 gives:

pe0ðpH= 7Þ= 16.3− 21= −4.7

and the difference of the standard redox intensities at pH = 7 is:

Δpe0ðpH= 7Þ=pe01 ðpH= 7Þ− pe02 ðpH= 7Þ= 14.48+ 4.7= 19.18

The standard Gibbs energy of reaction for pH = 7 is then:

ΔRG0ðpH= 7Þ= −2.303 ne RT Δpe0ðpH= 7Þ

ΔRG0ðpH= 7Þ= ð−2.303Þ ð4Þ ð8.3145 J=ðK ·molÞÞ ð298.15 KÞ ð19.18Þ

ΔRG0ðpH= 7Þ= −437 999 J=mol≈ −438 kJ=mol
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Problem 10.6

The complete redox reaction can be found by adding the half-reactions after multi-
plying the first equation by two and writing the second in the reverse direction:

2MnO2ðsÞ + 8H+ + 4 e− Ð 2Mn2+ + 4H2O

2H2O Ð O2ðaqÞ + 4H+ + 4 e−

-------------------------------------------------------------------------------------------------

2MnO2ðsÞ + 4H+ Ð 2Mn2+ +O2ðaqÞ + 2H2O

The law of mass action of the overall reaction is:

K = c2ðMn2+Þ cðO2Þ
c4ðH+ Þ

The logarithm of the constant of the overall reaction can be found from the stan-
dard redox intensities that are related to the equilibrium constants of the half-
reactions:

pe01 =
1
ne

logK1 =
41.6
2

= 20.8

pe02 =
1
ne

logK2 =
85.9
4

= 21.48

logK = neðpe01 − pe02 Þ= 4ð20.8− 21.48Þ= −2.72

Accordingly, the equilibrium constant K is:

K = 10logK L=mol= 10−2.72 L=mol= 1.91 × 10−3 L=mol

Furthermore, the concentrations of oxygen and of the protons are:

cðO2Þ= 0.261mmol=L
100

=0.00261 mmol=L= 2.61× 10−6 mol=L

and

cðH+Þ= 10−pH mol=L= 1× 10−6 mol=L

The equilibrium concentration of Mn2+ can be found after rearranging the law of
mass action:
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c2ðMn2+Þ= K c4ðH+Þ
cðO2Þ = ð1.91× 10−3 L=molÞ ð1× 10−24 mol4=L4Þ

2.61× 10−6 mol=L

= 7.32× 10−22 mol2=L2

cðMn2+Þ =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
7.32× 10−22 mol2=L2

q
= 2.71× 10−11 mol=L

Finally, we have to multiply the molar concentration with the molecular weight to
find the mass concentration:

ρ✶ðMn2+Þ = ð2.71× 10−11 mol=LÞ ð55 g=molÞ= 1.49× 10−9 g=L= 1.49× 10−6 mg=L

Problem 10.7

The overall reaction equation can be found by multiplying the PbO2/Pb
2+ half-

reaction by two, writing this reaction equation in reverse direction, and adding
both half-reactions:

O2ðaqÞ + 4H+ + 4 e− Ð 2H2O

2Pb2+ + 4H2O Ð 2 PbO2ðsÞ + 8H+ + 4 e−

--------------------------------------------------------------------------------------------

2 Pb2+ +O2ðaqÞ + 2H2O Ð 2 PbO2ðsÞ + 4H+

The law of mass action reads:

K = c4ðH+Þ
c2ðPb2+Þ cðO2Þ

The value of K can be found from:

logK = neðpe01 − pe02 Þ= 4ð21.48− 24.7Þ= −12.88

K = 10−12.88 mol=L= 1.32× 10−13 mol=L

Note that pe02 is the standard redox intensity of the half-reaction that has to be writ-
ten in the reverse direction (here the PbO2/Pb

2+ half-reaction). The reaction quo-
tient, Q, can be calculated with the actual concentrations c(O2) = 2.61 × 10−4 mol/L,
c(H+) = 1 × 10−7 mol/L, and

cðPb2+Þ= ρ✶ðPb2+Þ
MðPb2+Þ = 5× 10−5g=L

207 g=mol
= 2.42× 10−7 mol=L
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Q= c4ðH+Þ
c2ðPb2+Þ cðO2Þ

= 1× 10−28 mol4=L4

ð5.86× 10−14 mol2=L2Þ ð2.61× 10−4 mol=LÞ
= 6.54× 10−12 mol=L

Since Q is larger than K, the reaction will not proceed in the written but in the re-
verse direction.

Problem 10.8

The complete redox reaction equation can be established after multiplying the O2/H2O
half-reaction by two and writing the SO4

2–/HS– half-reaction in the reverse direction:

2 O2ðaqÞ + 8H+ + 8 e− Ð 4H2O

HS− + 4H2O Ð SO4
2− + 9H+ + 8 e−

----------------------------------------------------------------------------------------

HS− + 2O2ðaqÞ Ð SO2−
4 +H+

with

K = cðSO2−
4 Þ cðH+Þ

c2ðO2Þ cðHS−Þ

The equilibrium constant is given by:

logK = neðpe01 − pe02 Þ= 8 ð21.48− 4.25Þ= 137.84

Rearranging the law of mass action and considering the condition c(SO4
2–) = c(HS–)

gives:

cðO2Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffi
cðH+Þ
K

r

Due to the large value of K (≈10138 L/mol) it is more convenient to use the logarithms.
Thus, we receive:

log cðO2Þ=0.5 ðlog cðH+Þ− logKÞ=0.5 ð−pH− logKÞ
log cðO2Þ=0.5 ð−7.5− 137.84Þ= −72.67≈ −73

and

cðO2Þ= 10−73 mol=L
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This means that HS– occurs in a significant portion only in waters that are practi-
cally free of oxygen.

Problem 10.9

To solve the problem, it is useful to calculate the concentration ratio NO3
−/NH4

+ in
the state of equilibrium. The total redox reaction for the oxidation of ammonium
results from the addition of the half-reactions after writing the second equation in
reverse direction and multiplying the first reaction by two to have the same num-
bers of electrons (ne = 8):

2 O2ðgÞ + 8H+ + 8 e− Ð 4H2O

NH+
4 + 3H2O Ð NO−

3 + 10H+ + 8 e−

----------------------------------------------------------------------------------------

NH+
4 + 2O2ðgÞ Ð NO−

3 + 2H+ +H2O

The law of mass action reads:

K = cðNO−
3Þ c2ðH+Þ

cðNH+
4Þp2ðO2Þ

and the equilibrium constant results from:

logK = neðpe01 −pe02 Þ= 8 ð20.75− 14.9Þ= 46.8

K = 1046.8 mol2=ðL2 · bar2Þ= 6.31× 1046 mol2=ðL2 · bar2Þ

The concentration ratio of NO3
– and NH4

+ can be found by rearranging the law of
mass action:

cðNO−
3Þ

cðNH+
4Þ

= p2ðO2ÞK
c2ðH+Þ = ð0.0437 bar2Þ ð6.31× 1046 mol2=ðbar2 · L2ÞÞ

1× 10−14 mol2=L2
= 2.76× 1059

The large value of the ratio indicates that in an oxygen-saturated water ammonium
will be nearly completely oxidized to nitrate.
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Chapter 11

Problem 11.1

The individual complex formation constants are valid for the reactions:

Cu2+ +CO2−
3 Ð CuCO0

3 K✶
1

CuCO0
3 +CO2−

3 Ð Cu CO3ð Þ2−2 K✶
2

whereas the overall complex formation constant is related to the reaction:

Cu2+ + 2 CO2−
3 Ð Cu CO3ð Þ2−2 β✶2

If reaction equations are added to an overall equation, the equilibrium constants
have to be multiplied. Therefore, the overall complex formation constant is the
product of the individual complex formation constants:

β✶2 =K✶
1 K✶

2 = ð5.37× 106 L=molÞ ð1.26× 103 L=molÞ= 6.77× 109 L2=mol2

The overall constant for the complex dissociation:

Cu CO3ð Þ2−2 Ð Cu2+ + 2 CO2−
3

is the reciprocal of the overall complex formation constant:

β✶2,diss =
1
β✶2

= 1

6.77× 109 L2=mol2
= 1.48× 10−10 mol2=L2

Problem 11.2

At first, the mass concentration of the limiting value (2 mg/L zinc) has to be con-
verted into the molar concentration. Here, it has to be taken into account that 1 mol
Zn is equivalent to 1 mol Zn(OH)4

2–:

cðZnðOHÞ2−4 Þ= cðZntotalÞ=
ρ✶ðZntotalÞ
MðZnÞ = 2× 10−3 g=L

65.4 g=mol
= 3.06× 10−5 mol=L

To find the OH– concentration that is related to this complex concentration, we
have to apply the law of mass action for the complex formation together with the
solubility product, because both equilibrium conditions have to be fulfilled simulta-
neously. The law of mass action for the complex formation reads:
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β4 =
cðZnðOHÞ2−4 Þ

cðZn2+Þ c4ðOH−Þ

The unknown Zn2+ concentration can be substituted by means of the solubility
product:

Ksp = cðZn2+Þ c2ðOH−Þ

cðZn2+Þ= Ksp

c2ðOH−Þ

β4 =
cðZnðOHÞ2−4 Þ

cðZn2+Þ c4ðOH−Þ =
cðZnðOHÞ2−4 Þ c2ðOH−Þ

Ksp c4ðOH−Þ = cðZnðOHÞ2−4 Þ
Ksp c2ðOH−Þ

After introducing the given data:

cðOH−Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
cðZnðOHÞ2−4 Þ

Ksp β4

s
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
3.06× 10−5 mol=L

ð1× 10−17 mol3=L3Þ ð2.5× 1015 L4=mol4Þ

s

we find the concentration of OH– and finally the pH:

cðOH−Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.22× 10−3 mol2=L2

q

cðOH−Þ=0.035mol=L ! pOH= 1.46

pH=pKw − pOH= 14− 1.46= 12.54

At pH = 12.54, the zinc concentration is exactly 2 mg/L. From the equation derived
for the simultaneous equilibrium, we can also see that the zinc complex concentra-
tion increases with increasing OH– concentration (increasing pH). This means that
at pH > 12.54 the zinc concentration in the liquid phase exceeds the mass concentra-
tion of 2 mg/L.

Problem 11.3

We start with the Cd balance:

cðCdtotalÞ= cðCd2+Þ+ cðCdCO0
3 Þ+ cðCdOH+Þ+ cðCdðOHÞ02 Þ

Substituting the complex species by means of the equilibrium relationships gives:
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cðCdtotalÞ= cðCd2+Þ+Kcarb, 1 cðCd2+Þ cðCO2−
3 Þ+Khydr, 1 cðCd2+Þ cðOH−Þ

+Khydr, 1 Khydr, 2 cðCd2+Þ c2ðOH−Þ

After factoring out the Cd2+ concentration:

cðCdtotalÞ= cðCd2+Þ 1+Kcarb, 1 cðCO2−
3 Þ+Khydr, 1 cðOH−Þ+Khydr, 1 Khydr, 2 c

2ðOH−Þ
 �
we find an expression for the desired fraction of Cd2+:

cðCd2+Þ
cðCdtotalÞ

= 1

1+Kcarb, 1 cðCO2−
3 Þ+Khydr, 1 cðOH−Þ+Khydr, 1 Khydr, 2 c2ðOH−Þ

With

cðOH−Þ= 10−ðpKw −pHÞmol=L= 10−ð14− 8Þ mol=L= 1× 10−6 mol=L

and

Kcarb, 1 cðCO2−
3 Þ= ð2.5× 105 L=molÞ ð5× 10−5 mol=LÞ= 12.5

Khydr, 1 cðOH−Þ= ð8.3× 103 L=molÞ ð1× 10−6 mol=LÞ= 8.3× 10−3

Khydr, 1 Khydr, 2 c
2ðOH−Þ= ð8.3× 103 L=molÞ ð5.42× 103 L=molÞ ð1× 10−12 mol2=L2Þ

= 4.5× 10−5

we finally find:

cðCd2+Þ
cðCdtotalÞ

= 1
1+ 12.5+ 8.3× 10−3 + 4.5× 10−5

=0.074

At pH = 8, only 7.4% of the total Cd concentration occurs as free (more exactly hy-
drated) Cd2+.

Problem 11.4

The iron(III) balance reads:

cðFeðIIIÞtotalÞ= cðFe3+Þ+ cðFeOH2+Þ+ cðFeðOHÞ+2 Þ+ cðFeðOHÞ03 Þ+ cðFeðOHÞ−4Þ

Replacing the complex species by means of the equilibrium relationships gives:

cðFeðIIIÞtotalÞ= cðFe3+Þ+ β1 cðFe3+Þ cðOH−Þ+ β2 cðFe3+Þ c2ðOH−Þ
+ β3 cðFe3+Þ c3ðOH−Þ+ β4 cðFe3+Þ c4ðOH−Þ
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Then, the Fe3+ concentration can be factored out. After rearranging the equation,
we obtain:

cðFe3+Þ= cðFeðIIIÞtotalÞ
1+ β1 cðOH−Þ+ β2 c2ðOH−Þ+ β3 c3ðOH−Þ+ β4 c4ðOH−Þ

Introducing the values of the constants and the concentration of the hydroxide
ions, c(OH–) = 1 × 10−7 mol/L (pH = pOH = 7), we can calculate the terms in the
denominator:

β1 cðOH−Þ= ð6.3× 1011 L=molÞ ð1× 10−7 mol=LÞ= 6.3× 104

β2 c
2ðOH−Þ= ð1.6× 1022 L2=mol2Þ ð1× 10−14 mol2=L2Þ= 1.6× 108

β3 c
3ðOH−Þ= ð2.5× 1028 L3=mol3Þ ð1× 10−21 mol3=L3Þ= 2.5× 107

β4 c
4ðOH−Þ= ð2.5× 1034 L4=mol4Þ ð1× 10−28 mol4=L4Þ= 2.5× 106

Thus, the Fe3+ concentration is:

cðFe3+Þ= 1× 10−5 mol=L

1+ 6.3× 104 + 1.6× 108 + 2.5× 107 + 2.5× 106
= 1× 10−5 mol=L

1.88× 108

cðFe3+Þ= 5.32× 10−14 mol=L

The concentrations of the complex species are found by rearranging the equilibrium
relationships and introducing the Fe3+ concentration:

cðFeOH2+Þ= cðFe3+Þ β1 cðOH−Þ
cðFeOH2+Þ= ð5.32× 10−14 mol=LÞ ð6.3× 1011 L=molÞ ð1× 10−7 mol=LÞ
cðFeOH2+Þ= 3.35× 10−9 mol=L

cðFeðOHÞ+2 Þ= cðFe3+Þ β2 c2ðOH−Þ
cðFeðOHÞ+2 Þ= ð5.32× 10−14 mol=LÞ ð1.6× 1022 L2=mol2Þ ð1× 10−14 mol2=L2Þ
cðFeðOHÞ+2 Þ= 8.51× 10−6 mol=L

cðFeðOHÞ03 Þ= cðFe3+Þ β3 c3ðOH−Þ
cðFeðOHÞ03 Þ= ð5.32× 10−14 mol=LÞ ð2.5× 1028 L3=mol3Þ ð1× 10−21 mol3=L3Þ
cðFeðOHÞ03Þ= 1.33× 10−6 mol=L

cðFeðOHÞ−4Þ= cðFe3+Þ β4 c4ðOH−Þ
cðFeðOHÞ−4Þ= ð5.32× 10−14 mol=LÞ ð2.5× 1034 L4=mol4Þ ð1× 10−28 mol4=L4Þ
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cðFeðOHÞ−4Þ= 1.33× 10−7 mol=L

To verify the result, we compare the sum of the species concentrations with the
given total concentration of Fe(III):

cðFeðIIIÞtotalÞ= cðFe3+Þ+ cðFeOH2+Þ+ cðFeðOHÞ+2Þ+ cðFeðOHÞ03 Þ+ cðFeðOHÞ−4Þ
= 5.32× 10−14 mol=L+ 3.35× 10−9 mol=L+ 8.51× 10−6 mol=L

+ 1.33× 10−6 mol=L+ 1.33× 10−7 mol=L= 9.98× 10−6 mol=L

The small difference to 1 × 10−5 mol/L is due to round-off errors and can be neglected.

Problem 11.5

The aqueous solubility (saturation concentration, cs) of AgCl can be calculated from
the solubility product as shown in Chapter 8:

cs = cðAg+Þ= cðCl−Þ
Ksp = cðAg+Þ cðCl−Þ= c2s

cs =
ffiffiffiffiffiffiffi
Ksp

p
=

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.8× 10−10 mol2=L2

q
= 1.34× 10−5 mol=L

If complex formation takes place, the initially dissolved Ag+ is partly converted into
the complex species. The saturation concentration after dissolution and complex
formation is therefore given by the material balance equation:

cs = cðAg+Þ+ cðAgNH+
3Þ+ cðAgðNH3Þ+2Þ

Substituting the complex concentrations by means of the equilibrium relationships
and factoring out the Ag+ concentration gives:

cðAgNH+
3Þ= β1 cðAg+Þ cðNH3Þ

cðAgðNH3Þ+2Þ= β2 cðAg+Þ c 2ðNH3Þ

cs = cðAg+Þ 1+ β1 cðNH3Þ+ β2 c
2ðNH3Þ


 �
Rearranging the equation gives:

cðAg+Þ= cs
1+ β1 cðNH3Þ+ β2 c2ðNH3Þ

Now, this equation can be introduced into the solubility product. Note that cs also
equals c(Cl–):
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Ksp = cðAg+Þ cðCl−Þ= cs
1+ β1 cðNH3Þ+ β2 c2ðNH3Þ cs =

c2s
1+ β1 cðNH3Þ+ β2 c2ðNH3Þ

After rearranging this equation, we can calculate cs:

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp½1+ β1 cðNH3Þ+ β2 c2ðNH3Þ�

q
β1 cðNH3Þ= ð2.5× 103 L=molÞ ð0.5mol=LÞ= 1.25× 103

β2 c
2ðNH3Þ= ð2.5× 107 L2=mol2Þ ð0.25mol2=L2Þ= 6.25× 106

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
ð1.8× 10−10 mol2=L2Þð1+ 1.25× 103 + 6.25× 106Þ

q

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
1.125× 10−3 mol2=L2

q
= 3.35 × 10−2 mol=L

If we compare the solubility in the presence of 0.5 mol/L NH3 with the solubility in
pure water, we see an increase of the solubility by a factor of 2 500 due to the com-
plex formation.

Problem 11.6

At first, the explanations for the simplifying assumptions will be given.
c(CdNTA−) ≪ c(NTA total): According to the composition of the complex, the CdNTA−

concentration cannot be higher than the total Cd concentration (1 × 10−9 mol/L),
which is much lower than the NTA concentration (1 × 10−7 mol/L).

c(CaNTA−)≪ c(Ca total): According to the composition of the complex, the CaNTA− con-
centration cannot be higher than the total NTA concentration (1 × 10−7 mol/L),
which is much lower than the total Ca concentration (1 × 10−3 mol/L).

c(CdCO3
0)≪ c(DIC): According to composition of the complex, the CdCO3

0 concentra-
tion cannot be higher than the total Cd concentration (1 × 10−9 mol/L), which is
much lower than the DIC concentration (1 × 10−3 mol/L).

Further simplifications can be derived from a comparison of the pKa of the DIC and
NTA species with the pH (pH = 8 in our case). Due to their low pKa in comparison to
the pH, CO2 (pKa = 6.4), H3NTA (pKa = 1.7), and H2NTA

− (pKa = 2.9) can be neglected
in the respective balance equations.

Now, the material balance equations can be formulated under consideration of
the simplifying assumptions:

cðDICÞ= cðCO2Þ+ cðHCO−
3Þ+ cðCO2−

3 Þ+ cðCdCO0
3 Þ≈ cðHCO−

3Þ+ cðCO2−
3 Þ

Chapter 11 303



cðCatotalÞ= cðCa2+Þ+ cðCaNTA−Þ≈ cðCa2+Þ

cðCdtotalÞ= cðCd2+Þ+ cðCdOH+Þ+ cðCdðOHÞ02Þ+ cðCdCO0
3Þ+ cðCdNTA−Þ

cðNTAtotalÞ= cðH3NTAÞ+ cðH2NTA−Þ+ cðHNTA2−Þ+ cðNTA3−Þ+ cðCaNTA−Þ
+ cðCdNTA−Þ≈ cðHNTA2−Þ+ cðNTA3−Þ+ cðCaNTA−Þ

From the given pH we can derive that c(H+) amounts to 1 × 10−8 mol/L and c(OH−)
amounts to 1 × 10−6 mol/L.

According to the above-mentioned simplifying assumption, the Ca2+ concentra-
tion equals the total calcium concentration:

cðCa2+Þ= cðCatotalÞ= 1× 10−3 mol=L

Next, the concentrations of CO3
2– and NTA3– are computed by combining the mate-

rial balance equations with the equilibrium relationships:

cðDICÞ= cðHCO−
3Þ+ cðCO2−

3 Þ= cðCO2−
3 Þ 1+ cðH+Þ

KaðHCO−
3Þ

� �

cðCO 2−
3 Þ= cðDICÞ

1+ cðH+Þ
KaðHCO−

3Þ
= 1× 10−3 mol=L

1+ 1× 10−8 mol=L
4.7× 10−11 mol=L

= 4.68× 10−6 mol=L

cðNTAtotalÞ= cðHNTA2−Þ+ cðNTA3−Þ+ cðCaNTA−Þ

cðNTAtotalÞ= cðNTA3−Þ cðH+Þ
KaðHNTA2−Þ + 1+K1ðCaNTA−Þ cðCa2+Þ
� �

cðNTA3−Þ= cðNTAtotalÞ
cðH+Þ

KaðHNTA2−Þ + 1+K1ðCaNTA−ÞcðCa2+Þ

= 1× 10−7 mol=L

1× 10−8mol=L
5× 10−11 mol=L

+ 1+ ð4× 107 L=molÞ ð1× 10−3mol=LÞ
= 2.49× 10− 12 mol=L

After introducing the equilibrium relationships into the Cd balance, we can calcu-
late the Cd2+ concentration:

cðCdtotalÞ= cðCd2+Þ½1+ β1ðCdOH+Þ cðOH−Þ+ β2ðCdðOHÞ02 Þ c2ðOH−Þ
+K1ðCdCO0

3 Þ cðCO2−
3 Þ+K1ðCdNTA−Þ cðNTA3−Þ�

The summands within the squared brackets are:
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β1ðCdOH+Þ cðOH−Þ= ð8.3× 103 L=molÞ ð1× 10−6 mol=LÞ= 8.3× 10−3

β2ðCdðOHÞ02 Þ c2ðOH−Þ= ð4.5× 107 L2=mol2Þ ð1× 10−12 mol2=L2Þ= 4.5× 10−5

K1ðCdCO0
3 Þ cðCO2−

3 Þ= ð2.5× 105 L=molÞ ð4.68× 10−6 mol=LÞ= 1.17

K1ðCdNTA−Þ cðNTA3−Þ= ð1× 1010 L=molÞ ð2.49× 10−12 mol=LÞ= 2.49× 10−2

Introducing these values into the rearranged Cd balance equation gives:

cðCd2+Þ= cðCdtotalÞ
1+ 8.3× 10−3 + 4.5× 10−5 + 1.17+ 2.49× 10−2

cðCd2+Þ= 1× 10−9 mol=L
2.203 = 4.54× 10−10 mol=L

With the Cd2+ concentration, all cadmium complex concentrations can be calculated:

cðCdOH+Þ= β1ðCdOH+Þ cðCd2+Þ cðOH−Þ
= ð8.3× 103 L=molÞ ð4.54× 10−10 mol=LÞ ð1× 10−6 mol=LÞ
= 3.77× 10−12 mol=L

cðCdðOHÞ02 Þ= β2ðCdðOHÞ02 Þ cðCd2+Þ c2ðOH−Þ
= ð4.5× 107 L2=mol2Þ ð4.54× 10−10 mol=LÞ ð1× 10−12 mol2=L2Þ
= 2.04× 10−14 mol=L

cðCdCO0
3Þ=K1ðCdCO0

3Þ cðCd2+Þ cðCO2−
3 Þ

= ð2.5× 105 L=molÞ ð4.54× 10−10 mol=LÞ ð4.68× 10−6 mol=LÞ
= 5.31× 10−10 mol=L

cðCdNTA−Þ=K1ðCdNTA−Þ cðCd2+Þ cðNTA3−Þ
= ð1× 1010 L=molÞ ð4.54× 10−10 mol=LÞ ð2.49× 10−12 mol=LÞ
= 1.13× 10−11 mol=L

To check the results for the cadmium complexes, we can add the calculated concen-
trations and compare the sum with the given total concentration:

cðCdtotalÞ= cðCd2+Þ+ cðCdOH+Þ+ cðCdðOHÞ02Þ+ cðCdCO0
3Þ+ cðCdNTA−Þ

= 4.54× 10−10 mol=L+ 3.77× 10−12 mol=L+ 2.04× 10−14 mol=L

+ 5.31× 10−10 mol=L+ 1.13× 10−11 mol=L= 1.0× 10−9 mol=L
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Finally, we have to calculate the concentration of the CaNTA– complex:

cðCaNTA−Þ=K1ðCaNTA−Þ cðCa2+Þ cðNTA3−Þ
= ð4× 107 L=molÞ ð1× 10−3 mol=LÞ ð2.49× 10−12 mol=LÞ
= 9.96× 10−8 mol=L

To check the NTA balance, we need at first the HNTA2– concentration, which can be
found from the acidity constant:

cðHNTA2−Þ= cðH+Þ cðNTA3−Þ
KaðHNTA2−Þ = ð1× 10−8 mol=LÞ ð2.49× 10−12 mol=LÞ

5× 10−11 mol=L

= 4.98× 10−10 mol=L

Now, we can compare the sum of the calculated NTA species concentrations with
the given total concentration:

cðNTAtotalÞ= cðHNTA2−Þ+ cðNTA3−Þ+ cðCaNTA−Þ+ cðCdNTA−Þ
= 4.98× 10−10 mol=L+ 2.49× 10−12 mol=L+ 9.96× 10−8 mol=L

+ 1.13× 10−11 mol=L

= 1.0× 10−7 mol=L

It can be seen from the results that the concentration of the CaNTA– complex
(9.96 × 10−8 mol/L) is much higher than that of the CdNTA– complex (1.13 × 10−11 mol/L)
although the calcium complex is weaker (K1 = 4 × 107 L/mol) than the cadmium com-
plex (K1 = 1 × 1010 L/mol). This is due to the much higher calcium concentration in com-
parison to the cadmium concentration. However, the fraction, f, of the NTA complex
related to the total metal concentration is higher for Cd (Ca: f ≈ 10−4, Cd: f ≈ 10−2).

Chapter 12

Problem 12.1

To find the sorbed amount, the balance equation:

q✶eq =
V

msorbent
ð ρ✶0 − ρ✶eqÞ

has to be used. After introducing the given data, we find:
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q✶eq =
1 L

0.030 g
ð1 mg=L−0.45 mg=LÞ= 18.33 mg=g

Problem 12.2

With the conversion factor:

1 mmol = 1 000 µmol

we can write:

KF =0.2 mmol=g

ðmmol=LÞ0.9 =0.2 1 000 μmol=g

ð1 000 μmol=LÞ0.9 =0.2ð1 0001−0.9Þ μmol=g

ðμmol=LÞ0.9

Accordingly, the Freundlich coefficient is:

KF =0.2ð1 0000.1Þ μmol=g

ðμmol=LÞ0.9 =0.399 μmol=g

ðμmol=LÞ0.9

Problem 12.3

a. The balance equation reads:

cðCdtotalÞ= cðCd2+Þ+ qðCd2+Þ ρ✶ðsorbentÞ= cðCd2+Þ+KF c
nðCd2+Þ ρ✶ðsorbentÞ

Introducing the total concentration c(Cdtotal) = 5 × 10−8 mol/L = 5 × 10−5 mmol/L,
the sorbent concentration ρ✶ = 0.1 mg/L = 1 × 10−4 g/L, and the isotherm param-
eters KF = 0.88 (mmol/g)/(mmol/L)0.36 and n = 0.36 gives:

5× 10−5 mmol=L= cðCd2+Þ+ ½0.88ðmmol=gÞ=ðmmol=LÞ0.36� c0.36ðCd2+Þ
· ð1 × 10−4 g=LÞ

5× 10−5 mmol=L= cðCd2+Þ+ ½8.8× 10−5ðmmol=LÞ0.64� c0.36ðCd2+Þ
By applying an iteration procedure under variation of c(Cd2+), we find
c(Cd2+) = 4.76 × 10−5 mmol/L:

5× 10−5 mmol=L= 4.76× 10−5 mmol=L+ ½8.8× 10−5ðmmol=LÞ0.64�
· ð4.76× 10−5 mmol=LÞ0.36

5× 10−5 mmol=L≡ 5× 10−5 mmol=L

Chapter 12 307



Accordingly, the fraction of Cd2+ is:

cðCd2+Þ
cðCdtotalÞ

= 4.76× 10−5 mmol=L
5× 10−5 mmol=L

=0.952

If we compare this result with that of Example 12.2 in Section 12.3.3, we can con-
clude that an increase of the total Cd concentration at constant sorbent dose
leads to an increase of the fraction of dissolved (i.e., nonsorbed) Cd2+.

b. The same procedure has to be carried out for the increased sorbent concentration.
Introducing the total concentration c(Cdtotal) = 1 × 10−8 mol/L = 1 × 10−5 mmol/L, the
sorbent concentration ρ✶ = 0.5 mg/L = 5 × 10−4 g/L, and the isotherm parameters
KF = 0.88 (mmol/g)/(mmol/L)0.36 and n = 0.36 gives:

1× 10−5 mmol=L= cðCd2+Þ+ ½0.88ðmmol=gÞ=ðmmol=LÞ0.36� c0.36ðCd2+Þ
· ð5 × 10−4 g=LÞ

1× 10−5 mmol=L= cðCd2+Þ+ ½4.4× 10−4ðmmol=LÞ0.64� c0.36ðCd2+Þ
From that, we find by iteration c(Cd2+) = 4.7 × 10−6 mmol/L:

1× 10−5 mmol=L= 4.7× 10−6 mmol=L+ ½4.4× 10−4ðmmol=LÞ0.64�
· ð4.7× 10−6 mmol=LÞ0.36

1× 10−5 mmol=L≡ 1× 10−5 mmol=L

Accordingly, the fraction of the dissolved Cd2+ is:

cðCd2+Þ
cðCdtotalÞ

= 4.7× 10−6 mmol=L
1× 10−5 mmol=L

=0.47

We can conclude from the result that an increase of the sorbent concentration
at constant total Cd concentration leads to a decrease of the fraction of dis-
solved (i.e., nonsorbed) Cd2+.

Problem 12.4

The fraction of organic carbon is:

foc =
moc

msolid
= 0.21mg

1 g
= 2.1× 10−4 g

1 g
= 2.1× 10−4

With foc, the organic carbon normalized sorption coefficient, Koc, can be calculated:
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Koc,meas =
Kd,meas

foc
= 2.3 L=kg
2.1× 10−4

= 1.095× 104 L=kg

logKoc,meas = log ð1.095× 104Þ= 4.04

By using the correlation of Baker et al., we find with log Kow = 4.5:

logKoc,pred =0.903 logKow +0.094= 4.16

The predicted log Koc (4.16) is very close to the measured value (4.04). If we com-
pare the nonlogarithmic values, we find:

Koc,pred = 1.445× 104 L=kg

and

Koc,meas = 1.095× 104 L=kg

The predicted value is about 32% higher than the measured value, but in the same
order of magnitude.

Problem 12.5

The correlation proposed by Baker et al. reads:

logKoc =0.903 logKow +0.094

This equation is valid only for neutral species. However, from a comparison of pKa

and pH we can expect that naproxen occurs mostly as anion. Thus, we have to re-
place log Kow by log D in the correlation:

logKoc =0.903 logD+0.094

For an acid, D can be calculated by:

D= Kow

1+ 10pH−pKa
= 103

1+ 106− 4.8 = 103

1+ 101.2
= 1 000

16.85 = 59.35

The logarithm of D is:

logD= 1.77

Alternatively, we can use the logarithmic equation:

logD= logKow − logð1+ 10pH−pKaÞ= 3− logð1+ 101.2Þ= 3− logð16.85Þ= 3− 1.23= 1.77
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With log D, we can predict log Koc according to:

logKoc =0.903 logD+0.094= ð0.903Þ ð1.77Þ+0.094= 1.69

Problem 12.6

If the ionized species shows no significant sorption, the pH-dependent sorption co-
efficient can be calculated by:

KocðpHÞ=Koc,n ð1− αÞ
with

1− α= 1

1+ 10pH−pKa

For pH = 6 and pKa = 4.31, we get:

1− α= 1

1+ 106− 4.31 =
1

49.98 =0.02

and the Koc at pH = 6 is:

KocðpH= 6Þ= ð2 020 L=kgÞ ð0.02Þ= 40.4 L=kg
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A Appendix

A.1 Some Important Constants

Constant Symbol Value

Avogadro constant (number of species per mole) NA . × 


/mol
Elementary charge (charge of a proton, negation of
the charge of an electron)

e . × 
− C

Ebullioscopic constant of water KB . K⋅kg/mol
Faraday constant F  . C/mol
Cryoscopic constant of water KF –. K⋅kg/mol
Universal gas constant R . J/(mol⋅K)

. bar⋅ L/(mol⋅K)
Vacuum permittivity ε . × 

− A · s/(V · m)

A.2 Some Important Logarithm Rules

Logarithmic quantities (e.g., log a, log c, log K) are frequently used in hydrochemis-
try and, consequently, also in this textbook. Therefore, it seemed useful to compile
the main definitions and rules that are needed to work with logarithms.

Definitions:
The logarithm of a number x is the exponent n of a basis b if x is expressed as
power of b:

x=bn ! logb x= n

If the basis b is 10, the logarithm is referred to as decimal (decadic, common)
logarithm:

x= 10n ! log10 x= n

Note that the decimal logarithm is often written simply as log x instead of log10 x.
This simplified notation is also used in this book.

If the basis b is the number e (Euler number, e = 2.71828), the logarithm is re-
ferred to as natural logarithm, written as ln x:

x= en ! loge x= ln x= n

The term en is sometimes also written as exp(n). The relationship between the deci-
mal and the natural logarithm is given by:

log x= ln x
ln 10

= ln x
2.303
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p notation:
The p notation, often used in hydrochemistry, means the negative decimal logarithm
of a quantity and is used for constants and activities (or concentrations):

pK = −logK

pX= −log aðXÞ≈ −log cðXÞ
Logarithm of a product:

log x yð Þ= log x+ log y

ln x yð Þ= ln x+ ln y

Logarithm of a quotient:

log
x
y

� �
= log x− log y

ln
x
y

� �
= ln x− ln y

Logarithm of the p-th power of a number:

log xp= p log x

ln xp= p ln x

Inverse properties:

log 10n = n 10log x = x

ln en = n eln x = x

A.3 List of Important Equations

The following list is a compilation of the most important equations from the main
text. The equations are arranged according to the chapters where they were intro-
duced and where the reader can find a detailed interpretation.

Chapter 2: Structure and Properties of Water

Density, ρ:

ρ= m

V
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Dynamic viscosity (η) and kinematic viscosity (ν):

η= ν ρ

Molar heat capacity, cp:

cp =
∂H
∂T

� �
p

�cp =
ΔH

T2 −T1

Capillary rise, h, in a capillary with the inner radius r:

h= 2 σ cos θ
ρ g r

Vapor pressure of small droplets with the radius r, p(droplets):

pðdropletsÞ
p0

= exp
2σVm

r R T

� �

Coulomb’s law:

FC =
1

4π ε
q1 q2
r2

= 1
4 π ε0 εr

q1 q2
r2

where cp is the molar heat capacity, FC is the Coulomb force (electrostatic interac-
tion force between point charges), g is the gravity of Earth, H is the enthalpy, h is
the capillary rise, m is the mass, p(droplets) is the vapor pressure of small droplets,
p0 is the vapor pressure (bulk liquid), q1, q2 are charges, R is the gas constant, r is
the radius or the distance, T is the absolute temperature, V is the volume, Vm is
the molar volume, ε is the permittivity of the medium, ε0 is the vacuum permittiv-
ity (8.854 × 10−12 A · s/(V · m)), εr is relative permittivity (dielectric constant), η is
the dynamic viscosity, ν is the kinematic viscosity, θ is the contact angle, ρ is the
density, and σ is the surface tension.

Chapter 3: Concentrations and Activities

Mass concentration, ρ✶:

ρ✶ðXÞ= mðXÞ
V

Molar concentration (molarity), c:

cðXÞ= nðXÞ
V

A.3 List of Important Equations 313



Substance amount (number of moles), n:

nðXÞ= mðXÞ
MðXÞ

Equivalent concentration, c(1/z X):

c
1
z
X

� �
=
n

1
z
X

� �
V

= z cðXÞ

Molal concentration (molality), b:

bðXÞ= nðXÞ
msolvent

Mass fraction, w:

wðXÞ= mðXÞ
msolution

= mðXÞP
m

Mole fraction, x:

xðXÞ= nðXÞ
nsolution

= nðXÞP
n

Note: For gaseous mixtures, y is used as the symbol for the mole fraction.

Partial pressure, pi:

pi = yi ptotal

Relationship between partial pressure, pi, and molar concentration, ci, in the gas
phase:

pi =
ni
V

RT = ci R T

Ionic strength, I:

I =0.5
X
i

ci z2i (exact definition)

I ðmol=LÞ= κ25 ðmS=mÞ
6 200

(empirical correlation)

Ion balance, condition of electrical neutrality:X
cations

ci zi =
X
anions

ci zi
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Activity, a:
a= γ c

Activity coefficient, γz:

log γz = −A z2
ffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

s
(Debye–Hückel equation)

log γz = −A z2

ffiffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

s

1+ 1.4
ffiffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

s (Güntelberg equation)

log γz = −A z2

ffiffiffiffiffiffiffiffiffiffiffiffiffi
I

mol=L

s

1+
ffiffiffiffiffiffiffiffiffiffiffiffiffiffi

I
mol=L

s −0.3 I
mol=L

0
BBBBB@

1
CCCCCA (Davies equation)

where A is the parameter in the activity coefficient equations (0.5 in the practically
relevant temperature range), a is the activity, b is the molality, c is the molar concen-
tration, I is the ionic strength,M is the molecular weight (molar mass), m is the mass,
n is the substance amount (number of moles), pi is the partial pressure, ptotal is the
total pressure, R is the gas constant, T is the absolute temperature, V is the volume,
w is the mass fraction, x is the mole fraction (liquid phase), y is the mole fraction (gas
phase), z is the ion charge (absolute value), γ is the activity coefficient, κ25 is the elec-
trical conductivity measured at 25 °C, and ρ✶ is the mass concentration.

Chapter 4: Colligative Properties

Relative vapor pressure lowering, Δp/p01:

p01 − p1
p01

= Δp
p01

= x2

Boiling point elevation, ΔT LV:

ΔT LV =bKB

Freezing point depression, ΔT SL:

ΔT SL = bKF
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Osmotic pressure, π:

π = c R T

where b is the molality, c is the molar concentration, KB is the ebullioscopic con-
stant, KF is the cryoscopic constant, p01 is the vapor pressure of the pure solvent, p1
is the vapor pressure of the solvent in the solution, R is the gas constant, T is the
absolute temperature, TLV is the boiling point, T SL is the freezing point, x2 is the
mole fraction of the dissolved substance, and π is the osmotic pressure.

Note: The given equations are valid for single solutes. In the case of multicom-
ponent solutions, the sum of all solute concentrations, molalities, or mole fractions
has to be used.

Chapter 5: Chemical Equilibrium

Law of mass action – thermodynamic equilibrium constant, K✶, and conditional
equilibrium constant, K:

νAA+ νB BÐ νC C+ νD D

K✶=
ðaCÞνCeq ðaDÞνDeq
ðaAÞνAeq ðaBÞνBeq

=
ðγC cCÞνCeq ðγD cDÞνDeq
ðγA cAÞνAeq ðγB cBÞνBeq

K =
ðcCÞνCeq ðcDÞνDeq
ðcAÞνAeq ðcBÞνBeq

=K✶ ðγAÞνA ðγBÞνB
ðγCÞνC ðγDÞνD

Gibbs energy of reaction, ΔRG:

ΔRG=ΔRH −T ΔRS

ΔRG=ΔRG0 +RT lnQ

ΔRG0 = −RT lnK✶

ΔRG= −RT lnK✶+RT lnQ=RT ln
Q
K✶

Standard Gibbs energy of reaction, ΔRG0:

ΔRG0 =
X
i

νi G0
f, iðproductsÞ−

X
i

νi G0
f, iðreactantsÞ

Equilibrium constant of a reverse reaction, K✶
reverse:

K✶
reverse =

1
K✶
forward

316 A Appendix



Equilibrium constant of an overall reaction, K✶
overall:

K✶
overall =K✶

1 K✶
2 � � � K✶

n

Temperature dependence of the equilibrium constant (ΔRH0= constant):

ln
K✶
T2

K✶
T1

= ΔRH0

R
1
T1

−
1
T2

� �

where a is the activity, c is the molar concentration, G0
f, i is the standard Gibbs energy

of formation, ΔRG is the Gibbs energy of reaction, ΔRG0 is the standard Gibbs energy of
reaction, ΔRH is the enthalpy of reaction, ΔRH0 is the standard enthalpy of reaction, K✶

is the thermodynamic equilibrium constant, K is the conditional equilibrium constant,
K✶
T1

is the equilibrium constant at temperature T1, K✶
T2

is the equilibrium constant at
temperature T2, Q is the reaction quotient, R is the gas constant, ΔRS is the entropy of
reaction, T is the absolute temperature, and νi is the stoichiometric factor.

Chapter 6: Gas–Water Partitioning

Henry’s law for a compound A, expressed with the Henry constant, H:

cðAÞ=HðAÞ pðAÞ
Temperature dependence of the Henry constant:

ln
H
H0

= ΔH0
sol

R
1
T0

−
1
T

� �

Henry’s law for a compound A, expressed with a dimensionless distribution con-
stant, Kc:

caqðAÞ=KcðAÞ cgðAÞ

Relationship between the Henry constant, H, and the distribution constant, Kc:

KcðAÞ=HðAÞ R T

Approximate estimation of the Henry constant, H:

H = cs
pv

Gas-phase mass concentration in a closed water/gas system, ρ✶g :

ρ✶g =
mtotal

ðVg +Kc VaqÞ
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Aqueous-phase mass concentration in a closed water/gas system, ρ✶aq:

ρ✶aq =
mtotal

Vg

Kc
+Vaq

� �

where caq is the aqueous-phase molar concentration, cg is the gas-phase molar con-
centration, cs is the aqueous solubility, H is the Henry constant, H0 is the Henry
constant at standard temperature (25 °C), ΔH0

sol is the standard enthalpy of solution,
Kc is the distribution constant, mtotal is the total mass in the closed system, p is the
partial pressure, pv is the vapor pressure, R is gas constant, T is the absolute tem-
perature, T0 is the standard temperature (25 °C = 298.15 K), Vaq is the volume of the
aqueous phase, Vg is the volume of the gas phase, ρ✶aq is the aqueous-phase mass
concentration, and ρ✶g is the gas-phase mass concentration.

Chapter 7: Acid/Base Equilibria

Ion product (dissociation constant) of water, K✶
w, and definitions of pH and pOH:

K✶
w = aðH+Þ aðOH−Þ pK✶

w = −logK✶
w

pH= −log aðH+Þ≈ −log cðH+Þ
pOH= −log aðOH−Þ≈ −log cðOH−Þ
pK✶

w =pH+pOH

Acidity constant, K✶
a , of the acid HA:

HAÐH+ +A−

K✶
a =

aðH+Þ aðA−Þ
aðHAÞ pK✶

a = −logK✶
a

Basicity constant, K✶
b , of the base B:

B+H2OÐBH+ +OH−

K✶
b =

aðBH+Þ aðOH−Þ
aðBÞ pK✶

b = −logK✶
b

Relationship between K✶
a and K✶

b for a conjugate acid/base pair:

K✶
a K✶

b =K✶
w

pK✶
a +pK✶

b = pK✶
w
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pH or c(H+) calculation for an acid solution:

c3ðH+Þ+Ka c2ðH+Þ− ðKa c0ðacidÞ+KwÞ cðH+Þ−Kw Ka =0 (general)

c2ðH+Þ+Ka cðH+Þ−Ka c0ðacidÞ=0 (for c(A–) ≫ c(OH–))

cðH+Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Ka c0ðacidÞ

p
(for weak acids)

pH= −log c0ðacidÞ (for very strong acids)

pOH or c(OH–) calculation for a base solution:

c3ðOH−Þ+Kb c
2ðOH−Þ− ðKb c0ðbaseÞ+KwÞ cðOH−Þ−Kw Kb =0 (general)

c2ðOH−Þ+Kb cðOH−Þ−Kb c0ðbaseÞ=0 (for c(HB+) ≫ c(H+))

cðOH−Þ=
ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
Kb c0ðbaseÞ

p
(for weak bases)

pOH= −log c0ðbaseÞ (for very strong bases)

pH of a buffered solution after introducing a strong acid with c(H+) or a strong base
with c(OH–):

pH=pKa + log
cðbuffer baseÞ− cðH+Þ
cðbuffer acidÞ+ cðH+Þ

pH= pKa + log
cðbuffer baseÞ+ cðOH−Þ
cðbuffer acidÞ− cðOH−Þ

Speciation of a conjugate acid/base pair:

f ðacidÞ= 1− α

f ðbaseÞ= α

with

α= 1

10pKa−pH + 1

Acid and base neutralizing capacities to pH = 4.3 and pH = 8.2 (most general
definitions):

ANC4.3 =AlkT =m= cðHCO−
3Þ+ 2 cðCO2−

3 Þ+ cðOH−Þ− cðH+Þ

ANC8.2 =AlkP = p= cðCO2−
3 Þ+ cðOH−Þ− cðCO2Þ− cðH+Þ

BNC4.3 =AciM = −m= −cðHCO−
3Þ− 2 cðCO2−

3 Þ− cðOH−Þ+ cðH+Þ

BNC8.2 =AciP = −p= −cðCO2−
3 Þ− cðOH−Þ+ cðCO2Þ+ cðH+Þ
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Relationship between c(DIC), m, and p:

m− p= cðCO2Þ+ cðHCO−
3Þ+ cðCO2−

3 Þ= cðDICÞ

where AlkP is the phenolphthalein (or carbonate) alkalinity, AlkT is the total alkalinity,
ANC4.3 and ANC8.3 are the acid neutralizing capacities to pH= 4.3 and pH= 8.2, respec-
tively, AciM is the mineral acidity, AciP is the phenolphthalein (or CO2) acidity, a is the
activity, BNC4.3 and BNC8.2 are the base neutralizing capacities to pH= 4.3 and pH=8.2,
respectively, c is the molar concentration, c(DIC) is the concentration of dissolved inor-
ganic carbon (carbonic acid species), c0 is the initial concentration, f (acid) is the frac-
tion of the acid in a conjugate acid/base pair, f (base) is the fraction of the base in a
conjugate acid/base pair, Ka is the conditional acidity constant, K✶

a is the thermody-
namic acidity constant, Kb is the conditional basicity constant, K✶

b is the thermody-
namic basicity constant, Kw is the conditional dissociation constant of water, K✶

w is the
thermodynamic dissociation constant of water,m is them value, p is the p value, and α
is the degree of protolysis.

Chapter 8: Precipitation/Dissolution Equilibria

Solubility product, K✶
sp, of a compound CmAn(s):

CmAnðsÞ ÐmCi · n+ + nAi ·m−

K✶
sp = amðC i · n+ÞanðAi ·m−Þ pK✶

sp = −log K✶
sp

Relationship between solubility and solubility product for a compound CmAn(s):

cs =
ffiffiffiffiffiffiffiffiffiffiffiffiffi
Ksp

mm nn
m+ n

r

cs =
cðC i · n+Þ

m
= cðAi ·m−Þ

n

where a is the activity, c is the molar concentration, cs is the solubility, Ksp is the
conditional solubility product, K✶

sp is the thermodynamic solubility product, i is an
integer multiplier, and m and n are stoichiometric factors.

Chapter 9: Calco-Carbonic Equilibrium

Tillmans equation:

cðCO2Þ= KT

fT
c2ðHCO−

3Þ cðCa2+Þ
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with

KT =
K✶
a2

K✶
a1 K

✶
sp

and

fT =
1
γ61

Langelier equation:

pHeq = −logKLa − log fLa − log cðHCO−
3Þ− log cðCa2+Þ

with

logKLa = logK✶
a2 − logK✶

sp

and

log fLa = 5 log γ1

Saturation index:

SI =pHmeas −pHeq

where c is the molar concentration, fLa is the overall activity coefficient in the Lange-
lier equation, fT is the overall activity coefficient in the Tillmans equation, K✶

a1 is the
acidity constant of CO2(aq), K✶

a2 is the acidity constant of HCO3
– , KLa is the Langelier

constant, K✶
sp is the solubility product of CaCO3(s), KT is the Tillmans constant, pHmeas

is the measured pH, pHeq is the equilibrium pH (calculated from the Langelier equa-
tion), SI is the saturation index, and γ1 is the activity coefficient of a univalent ion.

Chapter 10: Redox Equilibria

Redox half-reaction – equilibrium constant, K✶:

Ox + ne e−ÐRed

K✶= aðRedÞ
aðOxÞ aneðe−Þ

Redox half-reaction – redox intensity, pe, and standard redox intensity, pe0:

pe= −log aðe−Þ
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pe0 = 1
ne

logK✶

pe= pe0 + 1
ne

log
aðOxÞ
aðRedÞ

pe=pe0 + 1
ne

log
Π aνðOxÞ
Π aνðRedÞ (generalized form)

pH-dependent redox half-reaction – standard redox intensity for a given pH,
pe0(pH):

Ox + ne e− + np H+ Ð Red

pe0ðpHÞ=pe0 −
np
ne

pH

Redox intensity, pe, and redox potential, EH:

EH =E0
H + 2.303RT

ne F
log

Π aνðOxÞ
Π aνðRedÞ (Nernst equation)

pe= F
2.303RT

EH

pe0 = F
2.303RT

E0
H

Speciation of a redox couple:

f ðOxÞ= 1

1+ 10neðpe0 −peÞ

f ðRedÞ= 1− f ðOxÞ

Speciation of a redox couple that is influenced by the pH:

f ðOxÞ= 1

1+ 10ne½pe0ðpHÞ− pe�

f ðRedÞ= 1− f ðOxÞ

Complete redox reaction – equilibrium constant, K✶:

Ox1 +Red2 Ð Red1 +Ox2

K✶= aðOx2ÞaðRed1Þ
aðRed2ÞaðOx1Þ

logK✶ = neðpe01 −pe02 Þ= log
aðOx2Þ aðRed1Þ
aðRed2Þ aðOx1Þ
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Gibbs energy, ΔRG, and standard Gibbs energy, ΔRG0, of a redox reaction:

ΔRG= −2.303 ne RTðpe1 −pe2Þ
ΔRG0 = −RT lnK✶= −2.303 ne RTðpe01 −pe02 Þ

where a is the activity, EH is the redox potential, E0
H is the standard redox potential,

F is the Faraday constant, f (Ox) is the fraction of the oxidant, f (Red) is the fraction
of the reductant, ΔRG is the Gibbs energy of reaction, ΔRG0 is the standard Gibbs
energy of reaction, K✶ is the thermodynamic equilibrium constant, ne is the number
of electrons, np is the number of protons, pe is the redox intensity, pe0 is the stan-
dard redox intensity, pe0(pH) is the standard redox intensity at a given pH, R is the
gas constant, T is the absolute temperature, and ν is the stoichiometric factor.

Chapter 11: Complex Formation

Individual complex formation constant, K✶, and overall complex formation con-
stant, β✶:

Me+ L Ð MeL K✶
1 =

aðMeLÞ
aðMeÞ aðLÞ

MeL+ L Ð MeL2 K✶
2 =

aðMeL2Þ
aðMeLÞaðLÞ

Me+ 2 L Ð MeL2 β✶2 =K✶
1 K

✶
2 =

aðMeLÞ
aðMeÞ a2ðLÞ

Note: The equations above are written for two ligands (L) as an example. For more
than two ligands, the equations have to be extended in analogous manner.

Relationship between dissociation and formation constants:

K✶
diss =

1
K✶
form

where a is the activity, K✶ and K✶
form are individual complex formation constants,

K✶
diss is the individual complex dissociation constant, and β✶ is the overall complex

formation constant.

Chapter 12: Sorption

Sorbed amount of sorbate, q, or sorbed mass of sorbate, q✶:

q= nsorbate
msorbent

or q✶= msorbate

msorbent
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Material balance (batch process, sorbent initially free of sorbate):

qeq =
V

msorbent

ðc0 − ceqÞ

q✶eq =
V

msorbent

ðρ✶0 − ρ✶eqÞ

Linear sorption isotherm:

q=Kd c

Nonlinear Langmuir isotherm:

q= qm KL c
1+KL c

Nonlinear Freundlich isotherm:

q=KF cn

Material balance for the distribution of a compound C between the liquid phase and
the solid phase S:

C+ SÐ S−C

cðCtotalÞ= cðCÞ+ qðCÞ ρ✶ðSÞ
Protonation and deprotonation of surface OH groups (≡SOH) and the related condi-
tional acidity constants Ka1 and Ka2:

≡SOH+H+Ð≡SOH2
+

≡SOH2
+Ð≡SOH+H+

Ka1 =
cssð≡SOHÞ cðH+Þ

cssð≡SOH+
2Þ

≡SOH Ð≡SO−+H+

Ka2 =
cssð≡SO−Þ cðH+Þ

cssð≡SOHÞ

Conditional and intrinsic acidity constants, Ka and K int
a :

Ka =K int
a exp

−Δzs FΨs

RT

� �

logKa = logK int
a −

Δzs FΨs

2.303RT
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Point of zero charge and acidity constants of the surface OH groups:

pHpzc =0.5ðpKa1 +pKa2Þ=0.5ðpK int
a1 +pK int

a2 Þ

Organic carbon normalized sorption coefficient, Koc:

Koc = Kd

foc

foc = moc

msolid

General log Koc–log Kow correlation for neutral organic sorbates:

logKoc = a logKow +b

pH-dependent n-octanol–water partition coefficient, log D, for acids and bases:

logDðacidÞ= logKow − logð1+ 10pH−pKaÞ
logDðbaseÞ= logKow − logð1+ 10pKa − pHÞ

pH-dependent sorption coefficient of dissociating solutes:

KdðpHÞ= Kd,n −Kd, ið Þð1− αÞ +Kd, i

Retardation factor:

Rd = vw
vc

Relationship between the retardation factor and the (linear) sorption coefficient:

Rd = 1+ ρB
εB

Kd

where a, b are empirical parameters in the log Koc–log Kow correlation, c is the
molar concentration, css is the concentration of the surface sites, D is n-octanol/water
partition coefficient of an ionized solute at a specific pH, F is the Faraday constant,
foc is the fraction of organic carbon in the sorbent, Ka is the acidity constant, Ka1 is
the acidity constant for the deprotonation of the protonated surface OH groups
(≡SOH2

+), Ka2 is the acidity constant for the deprotonation of the surface OH groups
(≡SOH), K int

a is the intrinsic acidity constant of the surface OH groups, Kd is the sorp-
tion (distribution) coefficient of the linear isotherm, Kd,n is the sorption coefficient of
neutral species, Kd,i is the sorption coefficient of ionized species, KF is the sorption
coefficient of the Freundlich isotherm, KL is the sorption coefficient of the Langmuir
isotherm, Koc is the organic carbon normalized sorption coefficient, m is the mass, n
is the substance amount, n is the exponent in the Freundlich isotherm, pHpzc is the
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pH at the point of zero charge, pKa is the acidity exponent (= –log Ka), q is the sorbed
amount (sorbent loading), q✶ is the sorbed mass, qm is the maximum sorbed amount
in the Langmuir isotherm, R is the gas constant, Rd is the retardation factor, T is the
absolute temperature, V is the volume, vw is the mean pore water velocity, vc is the
velocity of the concentration front, zs is the charge of the surface sites, α is the degree
of dissociation, εB is the effective porosity, ρB is the bulk density, ρ✶ is the mass con-
centration, and Ψs is the surface potential.
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Nomenclature

Preliminary notes

Note 1: In the parameter list, general dimensions are given instead of special units. The dimensions
for the basic physical quantities are indicated as follows:

I electric current
L length
M mass
N amount of substance (mol)
T time
Θ temperature

Additionally, the following symbols for derived types of measures are used:

E energy (L2 M T−2)
F force (L M T−2)
P pressure (M L−1 T−2)
U voltage (L2 M I−1 T−3)

Note 2: Empirical parameters like a, b, c, A, B, C or similar are not listed here. They are explained in
context with the respective equations in the text.

English alphabet

A surface area (L2)
A parameter in the Debye‐Hückel equation (0.496 at 10 °C, 0.509 at 25 °C)
Am specific surface area (L2 M−1 )
AciM mineral acidity (N L−3)
AciP CO2 acidity (N L−3)
AlkP phenolphthalein (or carbonate) alkalinity (N L−3)
AlkT total alkalinity (N L−3)
ANC4.3 acid neutralizing capacity to pH 4.3 (N L−3)
ANC8.2 acid neutralizing capacity to pH 8.2 (N L−3)
a activity (N L−3)
BNC4.3 base neutralizing capacity to pH 4.3 (N L−3)
BNC8.2 base neutralizing capacity to pH 8.2 (N L−3)
b molality (N M−1 )
C capacitance per unit surface area (I T L−2 U−1 )
CH carbonate hardness (N L−3)
c molar concentration (N L−3)

subscripts:
0 initial
aq in the aqueous phase
eq equilibrium
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g in the gas phase
s saturation (solubility)
std standard
total total concentration

cm alternative symbol for molality (see also b)
cp molar heat capacity (E N−1 Θ−1 )
css concentration of surface sites (N M−1 or N L−2)
D n-octanol–water partition coefficient of ionized species (dimensionless)
EH redox potential (U)

superscript:
0 standard redox potential

F Faraday constant (96 485 C/mol)
FC electrostatic force, Coulomb force (F)
f fraction (dimensionless)

subscript:
oc of organic carbon

f summarized activity coefficients in the equations of the calco-carbonic equilibrium
(dimensionless)
subscripts:
a1 first dissociation step of the carbonic acid
a2 second dissociation step of the carbonic acid
La Langelier equation
sp solubility product of calcite
T Tillmans equation

G Gibbs energy (E) or molar Gibbs energy (E N−1 )
subscripts:
f formation
sol dissolution
superscript:
0 standard

g gravity of Earth (9.81 m/s2)
H enthalpy (E) or molar enthalpy (E N−1 )

subscripts:
cond condensation
freez freezing
fus fusion
hyd hydration
sol dissolution
vap vaporization
superscript:
0 standard

H Henry constant (N L−3 P−1 )
Hinv Henry constant in the inverse form of Henry’s law (P L3 N−1 )
Hx Henry constant in Henry’s law written with the liquid-phase mole fraction (P−1 )
h height (L)
i van’t Hoff factor (dimensionless)
K conditional equilibrium constant (unit depends on the specific law of mass action)
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subscripts:
a acidity
b basicity
sp solubility product
w water dissociation

K✶ thermodynamic equilibrium constant (unit depends on the specific law of mass action)
subscripts:
a acidity
b basicity
diss complex dissociation
form complex formation
sp solubility product
w water dissociation
superscript:
int intrinsic

KB ebullioscopic constant (Θ M N−1 )
Kc distribution constant (concentration ratio) in Henry’s law (dimensionless)
Kd distribution coefficient in the linear sorption isotherm (L3 M−1 )

subscripts:
i ionized species
n neutral species

KF cryoscopic constant (Θ M N−1 )
KF parameter of the Freundlich isotherm ((N M−1)/(N L−3)n or (M M−1)/(M L−3)n)
KL parameter of the Langmuir isotherm (L3 N−1 or L3 M−1 )
KLa Langelier constant (L3 N−1 )
Koc organic carbon normalized distribution coefficient (L3 M−1 )

subscripts:
i ionized species
n neutral species

Kow n-octanol‐water partition coefficient (dimensionless)
KT Tillmans constant (L6 N−2)
Kxy distribution constant (mole fraction ratio) in Henry’s law (dimensionless)
M molecular weight (M N−1 )
m alternative symbol for molality (see also b)
m m alkalinity (N L−3)
m mass (M)

subscripts:
aq in the aqueous phase
g in the gas phase
oc of organic carbon
solid solid material
total total mass

NCH non-carbonate hardness (N L−3)
n amount of substance, number of moles (N)
n parameter (exponent) of the Freundlich isotherm (dimensionless)
ne number of electrons in a redox equation (dimensionless)
np number of protons in a redox equation (dimensionless)
ON oxidation number (dimensionless)
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p pressure or partial pressure (P)
subscripts:
0 vapor pressure of a pure bulk liquid
crit critical pressure
total total pressure
tp pressure at the triple point
v vapor pressure

p p alkalinity (N L−3)
pH negative decimal logarithm of the proton activity (dimensionless)

subscripts:
c at the crossover point
pzc at the point of zero charge

pe redox intensity, negative decimal logarithm of the electron activity (dimensionless)
subscript:
c at the crossover point
superscript:
0 standard redox intensity

pK negative decimal logarithm of the conditional equilibrium constant (dimensionless)
subscripts:
a acidity
b basicity
sp solubility product
w water dissociation

pK✶ negative decimal logarithm of the thermodynamic equilibrium constant
(dimensionless)
subscripts:
a acidity
b basicity
sp solubility product
w water dissociation

pOH negative decimal logarithm of the hydroxide ion activity (dimensionless)
Q reaction quotient (same unit as the related equilibrium constant)
Qs surface charge (N M−1 )
q charge (I T)
q sorbed substance amount (sorbent loading) (N M−1 )

subscript:
eq equilibrium

q✶ sorbed mass (sorbent loading) (M M−1 )
subscript:
eq equilibrium

qm maximum sorbent loading, parameter of the Langmuir isotherm (M M−1 or N M−1 )
R universal gas constant (8.3145 J/(mol⋅K), 8.3145 Pa⋅m3/(mol⋅K),

0.083145 bar⋅L/(mol⋅K))
Rd retardation factor (dimensionless)
r radius (L)
r distance (L)
S entropy (E Θ−1 ) or molar entropy (E Θ−1 N−1 )
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subscript:
sol dissolution

SI saturation index (dimensionless)
T absolute temperature (Θ)

superscripts:
LV boiling point (liquid/vapor phase transition)
SL melting point (solid/liquid phase transition)

TH total hardness (N L−3)
U molar lattice energy (E N−1 )
V volume (L3)

subscripts:
aq of the aqueous phase
g of the gas phase

Vm molar volume (L3 N−1 )
vc velocity of the concentration front (L T−1 )
vw mean pore water velocity (L T−1 )
w weight fraction (dimensionless)
x mole fraction in the liquid phase (dimensionless)
y mole fraction in the gas phase (dimensionless)
z charge number (dimensionless)

subscripts:
s surface layer
β beta layer

Greek alphabet

α degree of protolysis or dissociation (dimensionless)
β alternative symbol for mass concentration (see also ρ✶)
βn conditional overall complex formation constant (unit depends on the number of

ligands, n)
βn
✶ thermodynamic overall complex formation constant (unit depends on the number of

ligands, n)
γ activity coefficient (dimensionless)

subscripts:
1 univalent ion
z ion with the charge z

ε permittivity (I2 T4 L−3 M−1 or I T L−1 U−1 )
εB effective porosity of the aquifer material (dimensionless)
εr relative permittivity (dimensionless)
ε0 vacuum permittivity (8.854 × 10−12 A·s/(V·m))
η dynamic viscosity (M L−1 T−1 )
ϑ Celsius temperature (degree)

subscripts:
crit critical temperature
tp temperature at the triple point

φ osmotic coefficient (dimensionless)
κ25 electrical conductivity measured at 25 °C (I U−1 L−1 or I2 T3 L−3 M−1 )
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ν kinematic viscosity (L2 T−1 )
ν number of ions within a formula unit of a dissociating substance (dimensionless)
νi stoichiometric coefficient in a reaction (dimensionless)
π osmotic pressure (P)

subscripts:
ideal ideal solution
real real solution

θ contact angle (degree)
ρ density (M L−3)

subscript:
B bulk (aquifer material)

ρ✶ mass concentration (M L−3)
subscripts:
aq aqueous phase
g gas phase

σ surface free energy (surface tension) (F L−1 or M T−2)
σs surface charge density (I T L−2)
Ψ electrical potential (U)

subscripts:
s surface layer
β beta layer
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Index

absorption 74, 229
acid neutralizing capacity to pH = 4.3 118
acid neutralizing capacity to pH = 8.2 119
acid/base equilibria 88
acidity
– proton balance 121
– constant 90, 94–95
activity 50
activity coefficient 50
adsorption 229
aerobic respiration 200
alkalinity
– alternative definition 122
– conservative character 122
– proton balance 121
amines 88
ampholytes see amphoteric species
amphoteric species 91
– as buffer 107
aqua complex 208
aquatic chemistry 1
aqueous solubility 26
atmospheric CO2 154
– concentration 4, 81, 156
atmospheric gases 81
– solubilities 81
autoprotolysis 89, 92

bank filtration 229
base neutralizing capacity to pH = 4.3 119
base neutralizing capacity to pH = 8.2 120
basicity constant 90, 94
biogenic decalcification 142
biogeochemical carbon cycle 112
boiling point elevation 56, 58–59
Brønsted’s acid/base theory 88
buffer
– acid 105
– base 105
– effect 105
– system 105

calcite dissolution capacity 151
calcite precipitation capacity 151
calcite saturation state

– assessment 148
– complex formation 153
– pH 147
calcite-dissolving water 146, 148
calcite-precipitating water 146, 148
calco-carbonic equilibrium 141
– activity coefficients 143
– basic equations 142
– equilibrium constants 143
– fixed carbon dioxide partial pressure 154
– overall reaction equation 141
– saturation index 149
capillary action 22
carbonate-dissolving water 146
carbonate-precipitating water 146
carbonic acid 112
– dissociation 112
– equivalence points 115
– speciation 112
carbonic acid species 112
– determination 114
– titrations 117
central ion 206
charge
– permanent 237
– variable 237
circulation 5, 12
clay mineral 237
climate change 4
closed system 80
– material balance equation 82
cluster model 10
colligative properties 56
complex 206
complex dissociation constant 211
complex formation 210
– and solubility 214
complex formation constant 212
– individual 211
– overall 212
complex geometry 206
complex stability constant 210
complexation strength 212
complexing agent 206, 208
conjugate acid/base pairs 89
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constant capacitance model 246, 248
coordination center 206
coordination complex 206
coordination number 206
Coulomb force 25
Coulomb’s law 25, 49
cryoscopic constant 60

Davies equation 52
deacidification 142, 148
Debye–Hückel equation 51
Debye–Hückel theory 26
degradation of organic material 200
degree of dissociation 94
denitrification 200
deprotonation 88
desorption 74, 229
desulfurication 200
DIC 113
– determination methods 123
diffuse layer model 246, 248
dipole moment 8
dissociation constant of water 92
– temperature dependence 92
dissolution 130
distribution coefficient (sorption) 232
distribution constant 77, 83

ebullioscopic constant 59
electric double layer
– beta layer 246
– diffuse layer 246
– surface layer 246
electrical conductivity 51
electron acceptor 163
electron donor 163
electron pair acceptor 206
electron pair donor 206
electronegativity 8
element-related concentrations 40
enthalpy of reaction 67, 70
entropy of reaction 67
equilibrium constant
– conditional 65
– estimation 68
– of reverse reaction 72
– overall reaction 72
– temperature dependence 69
– thermodynamic 64

equivalent 32
equivalent concentration 32

freezing point depression 56, 58, 60
freshwater composition 4
Freundlich isotherm 233
– linearization 236
fulvic acids 88

gas–water partitioning 74
geosorbent 229–230
geosorption 229
Gibbs energy 67, 68, 196
– of formation 68
– of reaction 67
Güntelberg equation 51

hardness 44
– carbonate 45
– non-carbonate 45
– permanent 45
– temporary 45
– total 46
heat capacity 17, 70
– of reaction 70
– of water 17
Henry constant 75
– estimation 79
– temperature dependence 76
Henry isotherm 232, 248
Henry’s law 75
– alternative formulations 77
humic acids 88
hydration 27
hydration sphere 207
hydrobiological processes 7
hydrochemical processes 7
hydrochemistry 1
hydrological cycle 2
hydrolysis 208
– of metal ions 215
hydrophobic interactions 231, 248

ice crystal 10
ideal solution 49
infiltration 229
inner-sphere complex 207, 245
ion activity product 138
ion balance 44
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ion exchange 229
ion pair 207
ion product of water 92
ion sorption 245
– conditional equilibrium constant 247
– intrinsic constant 247
ionic strength 50
isotherm data determination 231

Kelvin equation 23

lake
– dimictic 13
– meromictic 14
– polymictic 14
– stratification 5
Langelier equation 149
Langmuir isotherm 233
– linearization 235
lattice energy 27
law of mass action 64
ligand 206
ligand exchange 207
ligator atom 206
lime/carbonic acid equilibrium 141
log Koc–log Kow correlations 249

m alkalinity 118
mass concentration 31
– conversion 36
mass fraction 35
– conversion 39
mass percent 35
master variables 169
microplastics 7
– primary 7
– secondary 7
micropollutants 6
mineral acidity, –m alkalinity 119
mineralization 200
molality 34
– conversion 38
molar concentration 31
– conversion 37
molarity 31
mole fraction 35, 42
– conversion 39
monodentate ligand 206, 208
monoprotic acid

– degree of protolysis 107
– speciation 107
multidentate ligand 206

Nernst equation 171
neutral point 92
nitrate respiration 200
n-octanol–water partition coefficient 249
– pH dependence 250
normality 33

ocean acidification 4, 158
open system 79
orbital hybridization 8
osmosis 60
osmotic coefficient 62
osmotic pressure 56, 61
outer-sphere complex 207, 246
oxidant 163
oxidation 159
– by microorganisms 203
oxidation number 159
– estimation 159, 161
oxidation state 159

p alkalinity 119
partial charge 8
partial pressure 42
partition coefficient 232, 249
– sorption 232
parts per billion 35
parts per million 35
parts per trillion 35
pe–pH diagram 181
– of iron species 184
– of sulfur species 191
permittivity 25, 51
pH
– definition 92
– of a base solution 100
– of an acid solution 97
– of salt solutions 100
– scale 92
phenolphthalein acidity, –p alkalinity 120
phenolphthalein alkalinity 119
phenols 88
photosynthesis 200
PMT substances 7
pOH
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– definition 92
– of a base solution 100
point of zero charge 238, 241, 244
polydentate ligand 206, 208, 212
polyprotic acid speciation 110
pore water velocity 254
Pourbaix diagram 181
precipitation 130
predominance area diagram 181
process
– endergonic 67
– endothermic 67
– exergonic 67
– exothermic 67
protolysis 89
– of acids and bases 93
proton acceptor 88
proton balance
– CO2 solution 115
– hydrogencarbonate solution 116
proton donor 88
protonation 88
protonation of bases 94

rain water pH 125
reaction quotient 67, 138, 196
redox couple 159
– crossover point 174
redox intensity 165
– and speciation 176
– estimation from analytical data 169
– species distribution 169
redox milieu 168
redox pair 159
redox potential 171
redox reaction 159
– complete reaction 162, 194
– half-reaction 162
– with dissolved gas 172
– within the carbon cycle 200
redox sequence 202
reductant 163
reduction 159
retardation 253
retardation factor 253

saturation concentration 132
saturation state 138
seawater composition 3

solubility 130
– and solubility product 132
– influence of ionic strength 130, 134
– influence of side reactions 130, 136
– ionic solids 28
– nonelectrolytes 29
– of gases 75
– potential electrolytes 29
solubility exponent 131
solubility product 130–131
solvation 27
sorbate 229
sorbent 229
– organic carbon content 249
– oxidic 237
sorption 229
– of ions 245
– pH dependence 252
sorption isotherm 231
speciation
– at constant metal concentration 218
– in the presence of solids 223
– monoprotic acid 109
– of metal ions 206, 217
– polyprotic acid 110
– sorption 236
stagnation 5
standard redox intensity 165
– pH-normalized 168
standard redox potential 171
stratification 12
subsurface transport 253
sulfate respiration 200
surface charge 238
surface charge density 238, 243
surface complex formation 231–232, 245
surface OH groups 238
– deprotonation 238–239, 244
– protonation 238–239, 244
surface potential 243
surface sites
– acidity constant 240
– concentration 240
– conditional acidity constant 240, 243
– distribution 241
– intrinsic acidity constant 243
– material balance 240
surface titration 238
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Tillmans curve 144
Tillmans equation 145
total alkalinity 118
trace pollutants 6
triple-layer model 246

unidentate ligand 206

van’t Hoff equation 61
van’t Hoff factor 57, 60
vapor pressure lowering 56
vapor pressure 23, 56
– small droplets 23
volume fraction 35

wastewater reuse 230
water
– as a redox system 178
– boiling point 15

– critical point 15
– decomposition by electrolysis 178
– density anomaly 12
– density 11
– enthalpy of fusion 17
– enthalpy of vaporization 17
– melting point 15
– phase diagram 14
– structure 8
– surface tension 20
– triple point 15
– viscosity 19
water chemistry 1
water molecule
– bond angle 8, 10
– bond length 8, 10

zwitterion 91
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