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Preface to the Second Edition

Much new material has been added to this second edition. Besides a totally new
chapter on radionuclides, the text has been reorganized and updated with separate
chapters on metals, light nonaqueous phase liquids (LNAPLs), dense nonaqueous
phase liquids (DNAPLSs), and biodegradation. Also, some end-of-chapter exercises
have been added. The dictionary of inorganic pollutants has been enlarged and
some important organic pollutants added. The former appendices listing drinking
water standards, water quality criteria, and sample collection protocols have been
omitted because these data are continually changing and are readily available on the
Internet. However, the goals of the book remain the same—to help non-chemist
environmental professionals and students work with chemical information in their
work and studies.
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Preface to the First Edition

By sensible definition, any by-product of a chemical operation for which there is no
profitable use is a waste. The most convenient, least expensive way of disposing of said
waste — up the chimney or down the river — is the best.

From American Chemical Industry — A History, by W. Haynes,
Van Nostrand Publishers, 1954

The quote above describes the usual approach to waste disposal as it was practiced in
the first half of the 1900’s. Current disposal and cleanup regulations are aimed at
correcting problems caused by such misguided advice and go further toward trying
to maintain a non-degrading environment. Regulations such as federal and state
Clean Water Acts have set in motion a great effort to identify the chemical com-
ponents and other characteristics which influence the quality of surface and ground-
waters and the soils through which they flow. The number of drinking water
contaminants regulated by the United States Government has increased from about
five in 1940 to over 150 in 1999.

There are two distinct spheres of interest for an environmental professional,
the ever-changing, constructed sphere of regulations and the comparatively
stable sphere of the natural environment. Much of the regulatory sphere is bounded
by classifications and numerical standards for waters, soils, and wastes. The envir-
onmental sphere is bounded by the innate behavior of chemicals of concern.
While this book focuses on the environmental sphere, it makes an excursion into a
small part of the regulatory sphere in Chapter 1, where the rationale for stream
classifications and standards and the regulatory definition of water quality are
discussed.

This book is intended to be a guide and reference for professionals and students.
It is structured to be especially useful for those who must use the concepts of
environmental chemistry but are not chemists and do not have the time and/or
inclination to learn all the relevant background material. Chemistry topics that are
most important in environmental applications are succinctly summarized, with a
genuine effort to walk the middle ground between too much and too little informa-
tion. Frequently used reference materials are also included, such as water solubilities,
partition coefficients, natural abundance of trace metals in soil, and federal drinking
water standards. Particularly useful are the frequent “‘rules-of-thumb’ lists, which
conveniently offer ways to quickly estimate important aspects of the topic being
discussed.

Although it is often true that “a little knowledge can be dangerous”, it is also
true that a little chemical knowledge of the “‘right sort” can be a great help to the
busy non-chemist. Although no “practical guide” will please everyone with its
choice of inclusions and omissions, I have based my choices on the most frequently
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asked questions from my colleagues and the material I find myself looking-up over
and over again. The main goal of this book is to offer non-chemist readers enough
chemical insight to help them contend with those environmental chemistry problems
that seem to arise most frequently in the work of an environmental professional.
Environmental chemists and students of environmental chemistry should also find
the book valuable as a general-purpose reference.
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1 Water Quality

1.1 DEFINING ENVIRONMENTAL WATER QUALITY

Water quality means different things to different people, depending on their goals for
the water. A chemist in the laboratory will regard high-quality laboratory water as
water free from chemical impurities or suspended solids. High-quality environmental
water has different criteria. The same chemist on a wilderness backpack trip might
identify high-quality water as water in a pristine environment unaltered by human
activity. If the chemist is also a fisherman, she or he might regard high-quality water
as a good habitat for fish and other aquatic organisms. A drinking water treatment
plant manager will define high-quality water as water with a minimum amount of
substances that have to be removed or treated to produce safe and palatable drinking
water. A broad view of high-quality water will take into consideration its suitability
for particular uses.

The U.S. Congress recognized this when they enacted the Federal Water Pollu-
tion Control Act Amendments of 1972 (Public Law 92500, also known as the Clean
Water Act) where it is stated, ‘““The objective of this act is to restore and maintain the
chemical, physical, and biological integrity of the Nation’s waters.”” In the law, water
quality is a measure of its suitability for particular designated uses. Implementing the
law entails identifying these uses, setting standards that are protective of the desig-
nated uses, and providing enforcement procedures that require compliance with the
standards.

1.1.1  WATER-USE CLASSIFICATIONS AND WATER QUALITY STANDARDS

In most parts of the world, the days are long gone when rivers, lakes, springs, and
wells from which one can directly drink could readily meet almost all needs for high-
quality water. Where such water remains, mostly in high mountain regions
untouched by mining, grazing, or industrial fallout, it must be protected by strict
regulations. In the United States, many states seek to preserve high-quality waters
with antidegradation policies. But most of the water that is used for drinking water
supplies, irrigation, and industry, not to mention supplying a supporting habitat for
natural flora and fauna, is much-reused water that often needs treatment to become
acceptable.

Whenever it is recognized that water treatment is required, new issues arise
concerning the degree of water quality sought, the costs involved, and, perhaps,
restrictions imposed on the uses of the water. Since it is economically impossible to
make all waters suitable for all purposes, it becomes necessary to designate for which
uses various waters are suitable.
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In this context, a practical evaluation of water quality depends on how the water
is used, as well as its chemical makeup. The quality of water in a stream might be
considered good if the water is used for irrigation but poor if it is used as a drinking
water supply. To determine water quality, one must first identify the ways in which
the water will be used and only then determine appropriate numerical standards
for important water quality parameters that will support and protect the designated
water uses.

Strictly speaking, a water impurity is any substance in the water that is not a part
of a water molecule, and absolutely pure water is unattainable in any realistic water
sample. High-quality water is not pure; it just contains amounts of impurities too
small to be harmful to its intended uses. Many impurities in water are beneficial. For
example, carbonate (CO%’) and bicarbonate (HCO%’) make water less sensitive to
acid rain and acid mine drainage; hardness and alkalinity decrease the solubility and
toxicity of metals; nutrients, dissolved carbon dioxide (CO,), and dissolved oxygen
(O,) are essential for aquatic life. Outside a chemical laboratory, extremely pure
water generally is not desirable. Water with very low concentrations of dissolved
impurities is more corrosive (aggressive) to metal pipes than water containing a
measure of hardness, it cannot sustain aquatic life, and it certainly does not taste as
good as natural water saturated with dissolved oxygen and containing a healthy mix
of minerals.

In this book, the following definitions are used:

* A water impurity is any substance in water that is not derived from a water
molecule only,* regardless of whether it is considered harmful, beneficial,
or neutral to the intended uses of the water.

* A water pollutant or contaminant is any substance in water that is not
derived from a water molecule only, and is considered, when present in
sufficient concentration, to be harmful to the water’s intended uses.

For most purposes, the quality of water is not judged by its purity but rather by its
suitability for the different uses intended for it. The water contaminant nitrate (NO3)
illustrates this point. In drinking water supplies, nitrate concentrations greater than
10 mg/L are considered a potential health hazard, particularly to young children. On
the other hand, nitrate is a beneficial plant nutrient in agricultural water and is added
as a fertilizer. Water containing more than 10 mg/L of nitrate is of poor quality if it is
used for potable water but may be of good quality for agricultural use.

Thus, water uses must be identified before water quality can be judged. Once the
water uses are defined, numerical water quality standards for harmful impurities can
be established to protect each use.

There are three different types of water quality standards set by state and federal
regulations:

* The species H", OH™, H;0™", HsOJ can all be derived from water molecules only. Species such as C1~,
Na™, MnOjy, Ca(OH),, etc., clearly cannot.
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1. Surface and groundwater standards, for the ambient quality of natural
waters (rivers, lakes, reservoirs, wetlands, and groundwater). These stand-
ards are chosen to protect the current and intended uses of natural waters, as
discussed later.

2. Effluent standards, controlled by discharge permits under the National
Pollutant Discharge Elimination System (NPDES). Effluent standards are
chosen so that wastewaters discharging into natural waters do not cause the
receiving waters to exceed their surface and groundwater standards. Efflu-
ent standards are affected by the ambient standards for the receiving water,
the assimilation capacity of the receiving water, the total pollutant load
contributed by all dischargers into that water, etc.

3. Drinking water standards, which apply both to groundwater used as a public
water supply and to water delivered to the public from drinking water
treatment plants. Drinking water standards are chosen to protect the public
health.

1.1.2  WATER QUALITY CLASSIFICATIONS AND STANDARDS
FOR NATURAL WATERS

The following preliminary steps, taken by a state or federal agency, are a common
approach to evaluating water quality in natural waters:

1. Define in general the basic purposes for which natural waters will poten-
tially be used (water supply, aquatic life, recreation, agriculture, etc.). These
will be the categories used for classifying uses for existing bodies of water.

2. Set numerical water quality standards for physical and chemical character-
istics that will support and protect the different water-use categories.

3. Compare the water quality standards with field measurements of existing
bodies of water, and then assign appropriate use classifications to the water
bodies according to whether their present or potential quality is suitable for
the assigned water uses.

After a natural body of water is classified for one or more uses, compile an
appropriate set of numerical standards to protect its assigned use classifications.
Where different assigned classifications have different standards for the same para-
meter, the more stringent standard will apply.

It is clear that measuring the chemical composition of a water sample collected in
the field is just one step in determining water quality. The sample data must then be
compared with the standards assigned to that water body. If no standards are
exceeded, the water quality is defined as good within its classified uses. As new
information is collected about environmental and health effects of individual water
constituents, it may be necessary to revise the standards for different water uses.
Federal and state regulations require that water quality standards be reviewed
periodically and modified when appropriate.

In addition to the review process for existing standards, the Safe Drinking Water
Act requires the Environmental Protection Agency (EPA) to periodically publish a
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Drinking Water Contaminant Candidate List (CCL), a list of contaminants that, “at
the time of publication, are not subject to any proposed or promulgated national
primary drinking water regulations, are known or anticipated to occur in public water
systems, and may require regulations.”’* Contaminants on the list are studied until
EPA concludes that there are sufficient data and information to either propose
appropriate regulations or conclude that no action is currently necessary.

1.1.3  SeTTING NUMERICAL WATER QUALITY STANDARDS

Numerical water quality standards are chosen to protect the current and intended uses
(classifications) for environmental waters. The water quality standards for each water
body are based on all the uses for which it is classified. In addition, site-specific
standards may be established where special conditions exist, such as where aquatic
life has become acclimated to high levels of dissolved metals. Each state has tables of
water quality standards for each classified water body. In addition to standards for
environmental waters, there are separate human health-based standards for ground-
water used for public drinking water supplies, and for treated drinking water as
delivered from a water treatment plant or, for some parameters such as lead and
copper, as delivered at the tap.

The states, not the U.S. EPA, have the primary responsibility for setting water
quality standards. However, EPA sets baseline standards for different use classifica-
tions that serve as minimum requirements for the state standards. In addition, EPA
issues guidance and model regulations regarding standards, and EPA approval is
required before standards can be adopted or changed by states.

Water quality standards are defined in terms of

* Chemical composition: Concentrations of metals, organic compounds,
chlorine, nitrates, ammonia, phosphorus, sulfate, etc.

* General physical and chemical properties: Temperature, alkalinity,
conductivity, pH, dissolved oxygen, hardness, total dissolved solids
(TDS), chemical oxygen demand, etc.

* Biological characteristics: Biological oxygen demand, Escherichia coli,
fecal coliforms, whole effluent toxicity (WET), etc.

* Radionuclides: Radium-226, radium-228, uranium, radon, gross alpha and
gross beta emissions, etc.

1.1.4 TypricAL WATER-USE CLASSIFICATIONS
All states classify surface waters and groundwater according to their current and
intended uses. Typical classifications are described in the following sections.

1.1.4.1 Recreational

Class 1—Primary contact: These surface waters are suitable or intended to become
suitable for recreational activities in or on the water when the ingestion of small

* More information may be found at: www.epa.gov/safewater/ccl/index.html.
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quantities of water is likely to occur and prolonged and intimate contact with the
body is expected, e.g., swimming, rafting, kayaking, tubing, windsurfing, water-
skiing, etc. The Clean Water Act requires that waters shall be presumed, by default,
to be suitable or potentially suitable for class 1 uses, unless a use attainability
analysis demonstrates that there is not a reasonable potential for primary contact
uses to occur in the water segments in question within the next 20 year period. For
waters that are not currently suitable for class 1 status but could be restored within 20
years, states may subdivide the primary contact recreation classification into class la
and class 1b:

Class la—Existing primary contact: Class la waters are those in which
primary contact uses have been documented or are presumed to be present.
Waters for which no use attainability analysis has been performed demon-
strating that a recreation class 2 classification is appropriate shall be
assigned a class la classification, unless a reasonable level of inquiry has
failed to identify any existing class 1 uses of the water segment.

Class 1b—Potential primary contact. This classification shall be assigned to
water segments for which no use attainability analysis has been performed
demonstrating that a recreation class 2 classification is appropriate, and a
reasonable level of inquiry has failed to identify any existing class 1 uses of
the water segment.

Class 2—Secondary contact: Surface waters not suitable for a primary contact
classification but are suitable or intended to become suitable for recreational uses
in or around the water, which are not included in the primary contact categories,
e.g., wading, fishing, motor yachting, and other streamside or lakeside recreation
activities.

1.1.4.2 Aquatic Life

Surface waters that presently support aquatic life uses as described below, or may
reasonably be expected to do so in the future due to the suitability of present
conditions. Aquatic life classifications also apply to waters that are intended to
become suitable for such uses as a goal. Separate standards should be applied to
protect:

Class 1—Cold water aquatic life: These are waters that (1) are currently capable of
sustaining a wide variety of cold water biota (considered to be the inhabitants of
water in which temperatures normally do not exceed 20°C), including sensitive
species or (2) could sustain such biota but for correctable water quality conditions.
Waters shall be considered capable of sustaining such biota where physical habitat,
water flows or levels, and water quality conditions result in no substantial impair-
ment of the abundance and diversity of species.

Class 1—Warm water aquatic life: These are waters that (1) are currently capable
of sustaining a wide variety of warm water biota (considered to be the inhabitants
of water in which temperatures normally exceed 20°C), including sensitive species
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or (2) could sustain such biota but for correctable water quality conditions. Waters
shall be considered capable of sustaining such biota where physical habitat, water
flows or levels, and water quality conditions result in no substantial impairment of the
abundance and diversity of species.

Class 2—Cold and warm water aquatic life: These are waters that are not
capable of sustaining a wide variety of cold or warm water biota, including sensitive
species, due to conditions of physical habitat, water flows and levels, or uncorrect-
able water quality, which result in substantial impairment of the abundance and
diversity of species.

1.1.4.3 Agriculture

Surface waters that are suitable or intended to become suitable for irrigation of crops
and that are not hazardous as drinking water for livestock.

1.1.4.4 Domestic Water Supply

Surface waters that are suitable or intended to become suitable for potable water
supplies. After receiving standard treatment—defined as coagulation, flocculation,
sedimentation, filtration, and disinfection with chlorine or its equivalent—these
waters will meet federal and state drinking water standards.

1.1.4.5 Wetlands

Wetlands may be defined as areas that are inundated or saturated by surface or
groundwater at a frequency and duration sufficient to support, and under normal
circumstances do support, a prevalence of vegetation and organisms typically
adapted for life under saturated soil conditions. Surface water and groundwater
that supply wetlands may be subject to the same standards applied to wetlands.

A state may adopt a wetlands classification based on the functions of the
wetlands in question. Wetland functions that may warrant site-specific protection
include groundwater recharge or discharge, flood flow alteration, sediment stabi-
lization, sediment or other pollutant retention, nutrient removal or transformation,
biological diversity or uniqueness, wildlife diversity or abundance, aquatic life
diversity or abundance, and recreation.

1.1.4.6 Groundwater

Subsurface waters in a zone of saturation that are at the ground surface or can
be brought to the ground surface or brought to surface waters through wells,
springs, seeps, or other discharge areas. Separate standards are applied to ground-
water used for

Domestic use: Groundwaters that are used or are suitable for a potable water
supply.

Agricultural use: Groundwaters that are used or are suitable for irrigating crops
and livestock water supply.
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Surface water quality protection: This classification is used for groundwaters
that feed surface waters. It places restrictions on proposed or existing
activities that could impact groundwaters in a way that water quality
standards of classified surface water bodies could be exceeded.

Potentially usable: Groundwaters that are not used for domestic or agricultural
purposes, where background levels are not known or do not meet human
health and agricultural standards, where TDS levels are less than 10,000
mg/L, and where domestic or agricultural use can be reasonably expected
in the future.

Limited use: Groundwaters where TDS levels are equal to or greater than
10,000 mg/L, where the groundwater has been specifically exempted by
regulations of the state, or where the criteria for any of the above classifi-
cations are not met.

RULE OF THUMB

Generally, the most stringent standards are for drinking water and aquatic life
classifications.

1.1.5 StAYING UP-T1O-DATE WITH STANDARDS AND OTHER REGULATIONS

This is a daunting challenge and, in the opinion of some, an impossible one. Not only
are the federal regulations continually changing but also individual states may
promulgate different rules because of local needs. The usual approach is to obtain
the latest regulatory information as the need arises, always recognizing that your
current knowledge may be outdated. Part of the problem is that few environmental
professionals can find time to regularly read the Federal Register, where the EPA
first publishes all proposed and final regulations.

Fortunately, most trade magazines and professional journals highlight important
changes in standards and regulations that are of interest to their readers. If you stay
abreast of this literature, you will be aware of the regulatory changes and their
implications. For the greatest level of security, one has to often contact state and
federal information centers to ensure you are working with the regulations that are
currently being enforced. Among the most useful sources for staying abreast of the
latest information is the EPA Web site on the Internet (www.epa.gov). This Web site
has links to information hotlines, laws and regulations, databases and software,
available publications, and other information sources. Each state environmental
agency also has its own Web site.

1.2 SOURCES OF WATER IMPURITIES

As discussed in Section 1.1.1, a water impurity is any substance other than
water (H,O) that is found in the water sample, whether harmful or beneficial.
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Thus, calcium carbonate (CaCOs3) is a water impurity even though it is not consid-
ered hazardous and is not regulated. Impurities can be divided into three classes: (1)
regulated impurities (pollutants) considered harmful or aesthetically objectionable,
(2) unregulated impurities not considered harmful, and (3) unregulated impurities not
yet evaluated for their potential health risks.*

In water quality analysis, unregulated as well as regulated impurities are meas-
ured. For example, hardness is a water quality parameter that results mainly from the
presence of dissolved calcium and magnesium ions, which are unregulated impur-
ities. However, high hardness levels can partially mitigate the toxicity of many
dissolved metals to aquatic life. Hence, it is important to measure water hardness
in order to evaluate the hazards of dissolved metals.

Data concerning unregulated water impurities are also helpful for anticipating
certain non-health-related potential problems, such as a tendency for the water to form
deposits in pipes and boilers, to cause metal corrosion, and for irrigation water to cause
soils to swell and diminish their permeability. Unregulated impurities can also help to
identify the recharge sources of wells and springs, identify the mineral formations
through which surface water or groundwater passes, and age-date water samples.

1.2.1 NATURAL SOURCES

Snow and rainwater contain dissolved and particulate minerals collected from
atmospheric particulate matter, and small amounts of gases dissolved from atmos-
pheric gases. Snow and rainwater have virtually no bacterial content until they reach
the surface of the earth.

After precipitation reaches the surface of the earth and flows over and through
the soil, there are innumerable opportunities for introduction into the water of
mineral, organic, and biological substances. Water can dissolve at least a little of
nearly anything it contacts. Because of its relatively high density, water can also
carry suspended solids. Even under pristine conditions, surface and groundwater will
usually contain various dissolved and suspended chemical substances.

1.2.2 HuUMAN-CAUSED SOURCES

Many human activities cause additional possibilities for water contamination. Some
important sources are

* Construction and mining where freshly exposed soils and minerals can
contact flowing water

* Industrial waste discharges and spills

* Petroleum leaks and spills from storage tanks, pipelines, tankers, and trucks

¢ Agricultural applications of chemical fertilizers, herbicides, and pesticides

* The 1996 Amendments to the Safe Drinking Water Act created a Contaminant Candidate List and a
process to determine if new regulations are needed to protect drinking water safety. EPA is required to
periodically publish a list of potential contaminants that, “‘at the time of publication, are not subject to
any proposed or promulgated national primary drinking water regulation, which are known or antici-
pated to occur in public water systems, and which may require regulation.”
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e Urban storm water runoff, which may contact all the debris of a city,
including spilled fuels, animal feces, dissolved metals, organic scraps,
road salt, tire and brake particles, construction rubble, etc.

* Effluents from industries and waste treatment plants

* Leachate from landfills, septic tanks, treatment lagoons, and mine tailings

* Fallout from atmospheric pollution

Environmental professionals must remain alert to the possibility that natural impurity
sources also may be contributing to problems that at first appear to be solely the result
of human-caused sources. Whenever possible, one should obtain background mea-
surements that demonstrate what impurities are present in the absence of known human-
caused contaminant sources. For instance, groundwater in an area impacted by mining
often contains relatively high concentrations of dissolved metals. Before any remedia-
tion programs are initiated, it is important to determine what the groundwater quality
would have been if the mines had not been there. This generally requires finding, if
possible, a location upgradient of the area influenced by mining, where the ground-
water encounters subsurface mineral structures similar to those in the mined area.

1.3 MEASURING IMPURITIES

There are four characteristics of water impurities that are important for an initial
assessment of water quality:

1. What kinds of impurities are present? Are they regulated compounds?

2. How much of each impurity is present? Are any standards exceeded for the
water body being sampled?

3. How do the impurities influence water quality? Are they hazardous? Bene-
ficial? Unaesthetic? Corrosive?

4. What is the fate of the impurities? How will their location, quantity, and
chemical form change with time?

1.3.1 WHAT IMPURITIES ARE PRESENT?

The chemical content of a water sample is found by qualitative chemical analysis of
collected environmental samples. Qualitative analysis identifies the chemical species
present but not the quantity (although qualitative and quantitative analyses are often
combined in a single measurement). Some of the analytical methods used are gas and
ion chromatography, mass spectroscopy, optical emission and absorption spectros-
copy, electrochemical probes, and immunoassay testing.

1.3.2 How MucH oF EAcH IMPURITY Is PRESENT?

The amount of impurity is found by quantitative chemical analysis of the water
sample. The amount of impurity can be expressed in terms of total mass (e.g., “There
are 15 tons of nitrate in the lake.””), or in terms of concentration (e.g., “Nitrate is
present at a concentration of 12 mg/L.”). Concentration is usually the measure of
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interest for predicting the effect of an impurity on the environment. It is used for
defining environmental standards, and is reported in most laboratory analyses. In
addition to concentration standards, an additional limit of total mass may be applied
to some rivers in the form of total maximum daily loads (TMDLs) of certain
pollutants. Total maximum daily loads are used in setting standards for waste
effluent discharges so that allowable total loads are not exceeded.

1.3.3 WORKING WITH CONCENTRATIONS

Unfortunately, there is not one all-purpose method for expressing concentration. The
best choice of concentration units depends in part on the medium (liquid, solid, or
gas), and in part on the purpose of the measurement. The example problems in this
and the following sections illustrate some applications of concentration calculations.

For regulatory compliance purposes, concentration is usually expressed as mass
of impurity per unit volume or unit mass of sample.

* In water samples, impurity concentrations are typically reported as milli-
grams (mg), micrograms (pg), or nanograms (ng) of impurity per liter (L)
of water sample. Although this is actually comparing a weight to a volume,
it is generally assumed that the liter of water sample weighs exactly 1000
grams, so that an impurity concentration of 1 mg/L is equivalent to 1 gram
of impurity in 1 million grams of water, or one part per million (1 ppm).*
1 mg/L= 1073 g/L =1 part per million (ppm)

1 pg/L=10"°g/L=1 part per billion (ppb)
1 ng/L=10"° g/L =1 part per trillion (ppt)

* In soil samples, impurity concentrations are typically reported as milli-
grams, micrograms, or nanograms of impurity per kilogram of soil sample.
1 mg/kg=10"" g/kg =1 part per million (ppm)

1 pg/kg=10"° g/kg =1 part per billion (ppb)
1 ng/kg= 10" g/kg =1 part per trillion (ppt)

* In gas samples (normally air samples), concentrations cannot be expressed
as simply as in water or soils, because gas volumes and densities are
strongly dependent on temperature and pressure. In addition, the amount
of some air pollutants (such as carbon monoxide or organic vapors) can be
as large or as greater than the oxygen and nitrogen levels in severely
polluted air; thus, the approximation of the footnote below, used for water
concentrations, may not apply to air concentrations.

For these reasons, parts per million for gases is different from parts per million
for liquids and solids. For liquids and solids, ppm is a ratio of two masses

* Note that the actual mass of the water sample includes the mass of the water plus the mass of the
impurity. Since 1 L of pure water at 4°C and 1 atm pressure weigh 1000 g, there is an inherent
assumption when equating 1 mg/L to 1 ppm, that the mass of the impurity in the sample is negligible
compared to the mass of water and that the density of the sample does not change significantly over the
temperature and pressure ranges encountered in environmental sampling.
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(sometimes written as ppm (w/w)), whereas for gases, ppm means a ratio of two
volumes* (ppm (v/v) or ppmv).

There is no consensus regarding the appropriate units by which to express concen-
trations of substances in air. Air pollution standards are usually promulgated as ppm,
whereas air pollutant concentrations in reports and other literature may be expressed as

* Percent (parts per hundred) by volume (%V)

* Parts per million by volume (ppmv)

* Mass of pollutant per cubic meter of air (mg/m3, ug/m3, or ng/m3)

* Molecules of a pollutant gas per cubic centimeter of air (molecules/cc or
molecules/cc?)

*  Moles of a pollutant gas per liter of air (mol/L)

* Partial pressure of pollutant gas

* Mole fraction of pollutant gas

With so many definitions of gas concentrations in common use, it clearly is useful to
be able to convert gas concentrations from one set of units to another. The rules of
thumb box below illustrate the principles for converting between the two different
units of air pollutant concentrations most commonly used, ppmv and mg/m3.

RULES OF THUMB

1. To convert a gaseous pollutant concentration (Cpor) from ppbv to mg/ m’ use

Cho b MW, X P 1
Cpol (mg/m?) = < pot (PPDV) XT(OK)p L (atm)) X <0.08205> (1.1)

2. To convert a gaseous pollutant concentration (Cpo) from mg/ m® to ppbv use

B T(°K) 0.08205
Cpol (ppr) - <Cp01 (ppbv) X waol X P(atm)) 8 < 1 > (2

where
Cpo1 = pollutant concentration in the desired units
MW, = molecular weight of the pollutant in g/mole
P =pressure of air (atm)
T = temperature of air (K)
0.08205 (L atm)/(K mol) = R, the ideal gas constant

Note: TK) =T(°C) + 273.15;
P(atm) = P(mm Hg)/760 = P(torr)/760 = P(hPa)/1013
= P(mbar)/1013 = P(dyne/cm?)/1.013 X 106

* The ratio v/v means the ratio of the volume that a gaseous pollutant would have if it were isolated from
the air, to the volume of air without the pollutant, both volumes having the same temperature and
pressure. According to the ideal gas law, a v/v ratio is equivalent to a ratio of the number of pollutant gas
molecules (11,01) to the number of normal air molecules (1), OF Rpot/Mair-
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1.3.4 MoLes AND EQUIVALENTS

For chemical calculations (as opposed to regulatory compliance calculations), con-
centrations in any phase are usually expressed either as moles* of impurity per liter
of sample (abbreviated as mol/L), moles of impurity per kilogram of sample
(mol/kg), or as equivalents of impurity per liter (eq/L) or kilogram (eq/kg) of
sample. Moles per liter are related to the number of impurity molecules, rather
than the mass of impurity. Because chemical reactions involve one-on-one molecular
interactions, regardless of the mass of the reacting molecules, moles are best for
chemical calculations, such as balancing chemical reactions and calculating reaction
rates. A common chemical notation for expressing a concentration in mol/L is to
enclose the constituent in square brackets. Thus, writing [Nat]=16.4, is the same as
writing Na™ = 16.4 mol/L.

EXAMPLE 1

CALCULATING A CONCENTRATION IN WATER

A 45.6 mL water sample was found to contain 0.173 mg of sodium. What is the
concentration in mg/L of sodium in the sample?

Answer:

0.173 mg 1000 mL

el X L - 3.79 mg/L or 3.79 ppm

(Note that 3.79 ppm means all of the following: 3.79 g of sodium in 10° g of solution,
or3.79 X 107> g (3.79 mg) of sodium in 10 g (1 L) of solution, or 3.79 X 107° g (3.79 pg)
of sodium per gram of solution.)

* Operationally, 1 mole of any pure element or compound is that quantity of the substance that has a mass
equal to the atomic or molecular weight, in grams, of that substance. Thus, 1 mole of pure sodium (Na)
metal is the amount that weighs 23.00 g; 1 mole of sodium chloride (NaCl) is the amount that weighs
58.45 g. This arises from the definition of a mole (abbreviated mol in chemical notation, as in mol/L):
the term mole indicates a particular number of things, just as a dozen indicates 12 things and a pair
indicates 2 things. The number of things indicated by a mole is defined to be the number of carbon atoms
found in exactly 12 g of the '>C isotope. The number of atoms present in 12 g of '*C has been
determined experimentally to be 6.022 X 10%* atoms (given here to 4 significant figures). This large
number is called Avogadro’s number, after the first scientist to deduce its value.

The molecular (or atomic) weight of any molecule (or atom), expressed in grams, contains one
mole, or 6.022 X 10* molecules or atoms.

Thus, 1 mole of pure calcium metal (weighing 40.08 grams) contains 6.022 X 10> calcium atoms. As
an example of a molecule, 1 mole of pure calcium chloride (CaCl,; weighing 40.08 +
2X35.45=110.98 g) contains 6.022 X 10 calcium chloride molecules. When 1 mole of calcium
chloride dissolves, it dissociates into 1 mole of Ca®* ions and 2 moles of C1~ ions.
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EXAMPLE 2

CALCULATING A CONCENTRATION IN AIR

The equations used in these calculations are based on the ideal gas laws, which are
discussed in introductory general chemistry textbooks. The equations are used here
without derivation.

The ozone (O3) level in the Denver, Colorado, atmosphere was reported to be 2.50 ppmv
(2.50 pL/L). Express this in mg/m3 at ambient conditions of 37°C and 722 mm Hg.

Answer:

Using Equation 1.1

2.5 ppmv = 2500 ppbv
MW(0;) =3 x 16.0 g/mol = 48 g/mol
1 atm

P(atm) =722 mm Hg X m = 0.950 atm

T(K) = 37°C +273 =310 K
2500 ppbv x 48 g/mol x 0.950 atm 1
3y
Co, (mg/m’) = ( 310 K 0.08205
Co,(mg/m’) = 4.482 x 10°* mg/m*

EXAMPLE 3

CONVERTING MG/L TO MOLES/L

Benzene in a water sample was reported as 0.017 mg/L. Express this concentration as
mol/L. (To convert mg/L to mol/L, divide by 1000 mg/g and then divide by the
molecular weight, in grams (g) of the impurity. Obtain the molecular weight by adding
the atomic weights of all the atoms in the molecule. Use the periodic table inside the
front cover of this book to find the atomic weights.)

Answer:

The chemical formula for benzene is C¢Hg (meaning that one molecule of benzene
contains six atoms of carbon and six atoms of hydrogen). Therefore, its molecular
weight is (6X12 + 6X1) =78 g/mol. The concentration of benzene in the sample can
be expressed as

0.017 mg/L 7
Chengene = —2.18x 10 1/L
. (1000 mg/g)(78 g/mol) x mol/

EXAMPLE 4

UsING MOLES, PPM, AND MG/L TOGETHER

The federal primary drinking water standard for nitrate is 10 mg of nitrate—nitrogen per
liter of water (written as: 10 mg NOs-N/L). It is defined in terms of the nitrogen content
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of the nitrate ion present in the sample, neglecting the mass of the oxygen atoms in the
molecule.

If a laboratory analysis includes the mass of the oxygen atoms and reports the nitrate
concentration in a water sample as 33 ppm NO;/L (not NO3—N/L), does the analysis
indicate that the water source is in compliance with the federal drinking water standard?

Answer:

33 ppm = 33 mg/L =33 x 1073 g/L

weight of NO3 in 1 L of sample

Moles of NO3 in 1 L of le =
oles o 3 Of samp?e molecular weight of NO;

_33x107g/L

62.0 g/mol =0.53x 107 mol/L or 0.53 mmol/L

Each mole of NO; contains 1 mole of N and 3 moles of O. Therefore, 0.53 mmol/L
of NO; contains 0.53 mmol/L of N.

0.53 x 1073 mol N/L x 14 g N/mol = 7.4 x 10~ g NO3-N/L

This sample does not exceed the federal standard of 10 mg NO3;—N/L and the source
is in compliance.

EXAMPLE 5

USING MOLES, PPM, AND MG/L TOGETHER

2.00 g of the disinfectant calcium hypochlorite, Ca(OCl),, is added to a hot tub
containing 1050 L of water. Ca(OCl), dissociates in water by the reaction

Ca(0Cl), + 2H,0 — 2HOCI + Ca®* + 20H" (1.3)

HOCI partially dissociates further by
HOCI + H,0 « OCl~ + H;0™ (1.4)

a. What would be the concentration of Ca(OCl), in the hot tub water if Ca(OCl), did
not dissociate? In other words, what concentration of Ca(OCl), is initially added to the
hot tub water?

Answer:

2.00 g

Concentration of Ca(OCl), = 1050 L

=0.0019 g/L = 1.9 mg/L = 1.9 ppm

b. The active disinfecting species are HOCl and OCl~, which together are called the
available free chlorine. What is the concentration of the available free chlorine in ppm
after the reaction (in Equation 1.4) is complete? Assume that the Ca(OCl), dissociates
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in water completely, and that the available free chlorine is 50% HOCI and 50% OC1™
(in terms of number of molecules, or moles, not by weight), as is the case at pH=7.5.

Procedure: (Use the periodic table for atomic weights.)

(1) Determine the number of moles in 2.00 g of Ca(OCl),.

(2) Determine the moles of HOCI formed by 2.00 g of Ca(OCl),, if no further
dissociation occurred.

(3) Determine the moles of HOCI and OCI™ in the water after complete dissociation
(Equation 1.4).

(4) Determine the weight of HOCI and OC1™ in the water.

(5) Calculate the ppm of HOCI 4+ OCI™ in 1050 L of water.

Answer:

(1) MW of Ca(OCl), =40.1 + 2X16.0 + 2X35.4=142.9 g/mol

. 2.00 g
Moles of Ca(OCl), in 2.00 g = Wg/mol = 0.014 mol
(2) Equation 1.3 indicates that 2 moles of HOCI are formed from 1 mole of Ca(OCl),.

Therefore
2 X 0.014 mol = 0.028 moles of HOCI are formed from 2.00 g of Ca(OCl),.

(3) Half of the HOCI dissociates to OCI ", resulting in 0.014 moles of HOCI and 0.014

moles of OCI™.
(4) MW of HOCl=1.0 + 16.0 + 35.4=152.4 g/mol

MW of OCI™ =16.0 4 35.4=51.4 g/mol

Weight of HOCI in the water =0.014 mol X 52.4 g/mol=0.73 g

Weight of OCI™ in the water =0.014 mol X 51.4 g/mol =0.72 g

Total weight of HOCI + OCI™ = weight of free chlorine=1.45 g

1.45
& —0.0014 g/L = 1.4 ppm

5) C trati f fi hlorine in hot tub =
(5) Concentration of free chlorine in hot tu 1050 L.

EXAMPLE 6

USING CONCENTRATION CALCULATIONS TO PREDICT A PRECIPITATE

In this example, the result of a chemical reaction must be determined and it is necessary
to use concentration units of moles/L (molarity).

A mole is the amount of a compound that has a weight in grams equal to its
molecular weight. Molecular weight is the sum of the atomic weights of all the
atoms in the molecule. (See periodic table inside front cover for atomic weights.)

For example, the atomic weight of oxygen is 16. An oxygen molecule (O,) contains two
oxygen atoms and, thus, has a molecular weight of 32. A mole of O, is the amount, or
number of molecules, that weighs 32 g. Another example: the atomic weights of carbon
and calcium are 12 and 40, respectively. The molecular weight of CaCOj is

4041243 x16=100 g

One mole of CaCOj is the quantity that weighs 100 g.
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A water sample is taken from a stream that passes through soils containing gypsum
(CaS0O,), some of which dissolves. The stream already carries some Ca®t and SO?[
dissolved from other mineral sources. Laboratory analysis of the water shows
S03~ =576 mg/L; Ca’t = 244 mg/L.

Will a precipitate of CaSO,4 develop in the stream?

Calculation:

The precipitation reaction is Ca** + SO7~ — CaSOq(solid).

The solubility product is K.q = [Ca**][SO3 "] = 2.4 x 1075.

This means that if the product of the calcium and sulfate stream concentrations (in
moles/L) exceeds 2.4%107°, then CaSO, will precipitate when the system is at
equilibrium. The quantity [Ca“][SOﬁ*], using experimental concentrations, is called
the reaction quotient.

1. Convert mg/L to mol/L:

244 x 1073 g/L

Ca*™:
. 40 g/mol

=6.1 x 107 mol/L

576 x 1073 g/L

sop-: X0 e/L 1073 mot /L
96 g/mol

2. Insert environmental concentrations into the reaction quotient:

[Ca*"][SO37] = (6.1 x 1073)(6.0 x 1073) =3.7 x 107°

The reaction quotient is larger than K.,. Therefore, CaSO, may precipitate downstream
when equilibrium is reached, if the stream is not diluted by additional water carrying
less calcium or sulfate.

1.3.4.1 Working with Equivalent Weights

Equivalents per liter (eq/L) express the moles of ionic charge per liter of sample.
This is useful for chemical calculations involving ions, because ionic reactions must
always balance electrically, i.e., with respect to ionic charge. Since environmental
waters normally contain many ionic species, equivalent weights are often useful in

water quality calculations.
The equivalent weight of an ion is its molecular weight (for molecular ions such

as HCO3) or atomic weight (for single atom ions such as Na™ or C17) divided by its

magnitude of charge (without regard for the sign of the charge). For nonionic species
(such as CaSQO,), divide the molecular weight by what the charge would be if the

molecules were dissolved (also called the oxidation number).
Another way of stating this is to define the equivalent weight of an ion as the
weight that would carry 1 mole of charge. Thus,

* One equivalent weight of a singly charged ion is equal to its molecular or
atomic weight, because 1 mole of the ions carries 1 mole of charge.

* One equivalent weight of a doubly charged ion is equal to one-half of its
molecular or atomic weight, because 1 mole of the ions carries 2 moles of
charge.
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* One equivalent weight of a triply charged ion is equal to one-third of its
molecular or atomic weight, because 1 mole of the ions carries 3 moles of
charge.

For example, the equivalent weight of Ca>" is Y% its atomic weight, because each
calcium ion carries 2 positive charges, and a ¥2 mole of Ca®" contains 1 mole of
positive charge:

1
eq. wt. of Ca*" = 7 X 40.08 = 20.04 g/eq (20.04 grams/equivalent)

To determine the equivalent weight of the neutral molecule CaSO,, you must
recognize that it dissolves in water to form Ca*" and SO3~.

CaSO; 22, Ca?t + 502~

Since each ion formed carries a charge of magnitude 2, the equivalent weight of
CaSO0;, is its molecular weight divided by 2, or

(40.08 + 32.07 + 4 x 16.00)
2

eq. wt. of CaSO, = = 68.08 g/eq
Equivalents per liter of an impurity are equal to the moles per liter multiplied by the
ionic charge or oxidation number, because, for example, 1 mole of Ca>" contains 2
moles of charge (or two equivalents of charge). That this is consistent with the fact
that the equivalent weight of a substance is its molecular weight divided by the
charge or oxidation number is shown by Example 2.

EXAMPLE 7

EQUIVALENT WEIGHT OF AN ION

What is the equivalent weight of Cr’*?

Answer:

The equivalent weight of Cr** is the mass that contains 1 mole of charge. Since each
jon of Cr’* contains 3 units of charge, the moles of charge in a given amount of
chromium are 3 times the moles of ions. Thus, 1 mole of Cr**, or 52 grams, contains 3
moles of charge, or 3 equivalent weights. Therefore,

eq. wt. of Cr’™ = (at. wt. of Cr*")/3 =52.0/3 = 17.3 g/eq

If a water sample contains 1 mol/L (52 g/L) of Cr*™, it contains 3X17.3 g/L or 3 eq/L
of Cr**,

Working with equivalents is useful for comparing the balance of positive and
negative ions in a water sample or making cation exchange calculations. To convert
mol/L to eq/L, multiply by the ionic charge or oxidation number of the impurity. Use
the absolute value of the charge or oxidation number, i.e., multiply by +2 for a charge
of either +2 or —2.
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TABLE 1.1
Molecular Weights and Equivalent Weights of Some Common Water Species

Atomic  Absolute  Equivalent Atomic  Absolute  Equivalent
Species  Weight Charge Weight Species  Weight Charge Weight
Na* 23.0 1 23.0 cl- 354 1 35.4
K* 39.1 1 39.1 F~ 19.0 1 19.0
Li™ 6.9 1 6.9 Br- 79.9 1 79.9
Ca®t 40.1 2 20.04 NO*~ 62.0 1 62.0
Mg*t 243 2 12.2 NO*~ 46.0 1 46.0
Sr*+ 87.6 2 438 HCO*~ 61.0 1 61.0
Ba>* 1373 2 68.7 co¥ 60.0 2 30.0
Fe?* 55.8 2 279 Cro}~ 116.0 2 58.0
Mn*" 54.9 2 275 Nore 96.1 2 48.03
Zn*" 65.4 2 327 S 32.1 2 16.0
AR 27.0 3 9.0 PO}~ 95.0 3 31.7
crt 52.0 3 17.3 CaCO; 100.1 2 50.04
NHj 18.0 1 18.0 CaSO, 136.2 2 68.1
EXAMPLE 8

EQUIVALENT WEIGHT OF A COMPOUND

Alkalinity in a water sample is reported as 450 mg/L of CaCO;. Using Table 1.1,
convert this result to eq/L of CaCOj3. Alkalinity is a water quality parameter that results
from more than one constituent. It is expressed as the amount of CaCOj3 that would
produce the same analytical result as the actual sample (see Chapter 2).

Answer:

The molecular weight of CaCO; is (1 X40 + 1X 12 + 3 X 16)=100 g/mol. The
dissolution reaction of CaCOj; is

CaCO; 22, Ca?t + COZ

Since the absolute value of charge for either the positive or negative species equals 2,
eq/L =mol/L X 2.

450 mg/L
(100 g/mol)(1000 mg/g)

450 mg/L = = 4.5 x 107% mol/L or 4.5 mmol/L

4.5 x 107 mol/L x 2 eq/mol = 9.0 x 10~ eq/L or 9.0 meq/L

EXAMPLE 9

UsING EQUIVALENT WEIGHT

Chromium(III) in a water sample is reported as 0.15 mg/L. Express the concentration
as eq/L. (The Roman numeral III indicates that the oxidation number of chromium
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in the sample is +3. It also indicates that the dissolved ionic form would have a
charge of +3.)

Answer:

The atomic weight of chromium is 52.0 g/mol. Chromium(III) ionizes as Cr’, so its
concentration in mol/L is multiplied by 3 to obtain its equivalent weight.

0.15 mg/L
(52.0 g/mol)(1000 mg/g)
=2.88107° mol/L (or 2.88 wmol/L)

mol/L of Cr*t = [Cr’] =

Concentration of Cr** in equivalents = [Cr3]eq

[Cr'leq = 2.88 x 107® mol/L x 3 eq/mol = 8.64 x 10~® eq/L = 8.64 peq/L

EXAMPLE 10

USING MG/L, MOLES/L, AND EQUIVALENTS TOGETHER

Using the dissolution reaction CaCl, — Ca®** + 2Cl~

a. Calculate how many moles/L of CaCl, are needed to produce a solution with 500
mg/L of Ca>™, with 500 mg/L of CI™.

b. Show that dissolving in water one equivalent weight of calcium chloride (CaCl,),
results in an electrically neutral solution containing 1 mole of positive ions and 1
mole of negative ions.

Answer:

a. Calculate how many moles/L of Ca are in 500 mg/L of Ca*".

-3
3001078/ _ 0195 mol/L
40.1 g/mol
The dissolution reaction shows that the moles of Ca®" produced are equal to the
moles of CaCl, dissolved. Therefore, 0.0125 mol/L of CaCl, are needed.
Calculate how many moles/L of Cl are in 500 mg/L of CI.

500 x 1073 g/L
———F—— =10.0141 mol/L
35.5 g/mol mol/
The dissolution reaction shows that the moles of C1™ produced are two times the moles
of CaCl, dissolved. Therefore, 0.0141/2 =0.00704 mol/L of CaCl, are needed.

b. The exact amount of CaCl, dissolved is irrelevant. However, many moles or
equivalents are dissolved in any amount of water, the concentration of CI~ produced
is always twice the concentration of Ca®t produced and the total negative charge is
always equivalent to the total positive charge.
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Given that

¢ The total negative charge in the solution is 1 X [C]7]
¢ The total positive charge in the solution is 2 X [Ca*"]
* Total negative charge must equal total positive charge: [C1™] =2 X [Ca>"]

Then, negative charge=1X [C]T]=1X (2 X [Ca”]) = positive charge.

This result is general. Dissolving electrically neutral compounds in water always
results in an electrically neutral solution.

1.3.5 Case HisTOrRY EXAMPLE

A shallow aquifer below an industrial park was contaminated with toxic halogenated
hydrocarbons (in this case, hydrocarbons containing chlorine and bromine).
Although other pollutants were present, only the halogenated hydrocarbons were
found to threaten a municipal drinking water supply. The state environmental
authorities mandated a remediation program to be paid for by the responsible parties,
which were several industrial facilities in the park. In order to allocate an appropriate
share of the cleanup expenses to each responsible party, it was necessary to estimate
what percentage of the total pollution was caused by each party.

An automobile rental agency was cited as one of the responsible parties, even
though they did not use halogenated chemicals in their business, because they had
had a leaking underground gasoline storage tank that released approximately 2500
gal of leaded gasoline to the subsurface above the aquifer. The gasoline contained
additives with chlorine and bromine compounds.

During the time period between the late 1920s and the early 1990s, lead
compounds, particularly tetraethyl lead (also called TEL), were added to automotive
and aviation gasoline as an octane enhancer. During that time, it was common
practice to also add halogenated organic compounds, particularly 1,2-dichloroethane
(also called ethylene dichloride* or EDC) and 1,2-dibromoethane (also called ethyl-
ene dibromide’ or EDB), to leaded gasoline to serve as lead scavengers, helping to
prevent lead deposits from accumulating in gasoline engines.

a. Use the data below to calculate the mass in grams of EDC and EDB that
was potentially added to the aquifer from the spill of 2500 gal of leaded
gasoline.

b. Measurements of the contaminant plume indicated that the gasoline spill
impacted about 9 X 10° ft® of aquifer volume. Assume that 25% of this
volume was occupied by water in the soil pore space and calculate the
potential average concentrations of EDC and EDB in the aquifer water
(ignoring biodegradation, evaporation, and other loss mechanisms).

T The use of these common trade names may be confusing because the name ethylene normally means
that there is a double bond between two carbons, whereas the compounds 1,2-dichloroethane and
1,2-dibromoethane contain only single bonds. The use of ethylene dichloride and ethylene dibromide
as trade names arose because 1,2-dichloroethane and 1,2-dibromoethane were often manufactured
from ethylene with chlorine or bromine.
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Data:

Weight percentages in the gasoline additive package were 62% TEL, 18% EDC,
18% EDB, and 2% other nonrelevant compounds. The amount of additive used was
sufficient to yield 2.0 g of lead per gallon of gasoline. Assume both EDC and EDB
are fully dissolved in water.
Chemical formulas: TEL = CgH,¢Pb, EDC = C,H,Cl,, and EDB = C,H,Br,.
Use the periodic table on the inside front cover to calculate molecular weights.
Conversion factors: 1 gal =3.785412 L; 1 ft =28.31685 L

Calculation:
a. The formula for tetraethyl lead (TEL) is Pb(C,Hs), or PbCgH,y:

MW TEL =207.2 + (8 X 12.0) + (20 X 1.0) =323.2 g/mol

. 207.2
Wt% lead in TEL = %Pb = 3932

2.0 g Pb/gal gasoline =0.64 X (g of TEL per gallon of gasoline)

x 100% = 64%, to two significant figures

2.0
f TEL/gal = —— = 3.1 ¢ TEL/gal
go /ga 064 g /ga

TEL is 62% of additive package.

3.1 g TEL

Therefore, total f additive =
erefore, total grams of additive 0.6

= 5.0 g additive /gal

EDC and EDB each equal 18% of the additive package
EDC and EDB each =0.18 (5.0 g additive/gal) = 0.9 g/gal
Therefore, the 2500 gal spill contained about

0.9 g/gal x 2500 gal = 2250 g each of EDC and EDB

b. Volume of aquifer water receiving 2250 g each of EDC and EDB:
(9 x 10° ft> of aquifer) x (0.25) = 2.2 x 10° ft* of water = 6.4 x 10’ L

The potential concentration of each pollutant in mg/L is

2250 g

3 J—
eax 107 < ! * 10" mg/g =0.035 mg/L, or 35 ppb

For comparison, the drinking water MCLs (EPA maximum contaminant levels) are
EDC =0.005 ppm or 5 ppb and EDB =0.00005 ppm or 0.05 ppb. Therefore, the
gasoline releases were likely to have polluted the groundwater aquifer with EDC and
EDB in excess of the drinking water standards.

1.3.6 How Do ImpuriTies INFLUENCE WATER QUALITY?

The effects of different impurities on water quality are found by research and
experience. For example, concentrations of arsenic in drinking water greater than
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0.01 mg/L are deemed hazardous to human health. This judgment is based on
research and epidemiological studies. Frequently, regulations have to be based on
an interpretation of studies that are not rigorously conclusive. Such regulations may
be controversial, but until they are revised due to the emergence of new information,
they serve as the legal definition of the concentration above which an impurity is
deemed to have a harmful effect on water quality.

The EPA has a policy of publishing newly proposed regulatory rules before the
rules are finalized, and explaining the rationale used to justify the rules, in order to
receive feedback from interested parties. During the period dedicated for public
comment, interested parties can support or take issue with the EPA’s position. The
public input is then added to the database used for establishing a final regulation.
Examples of such regulations may be a numerical standard for a chemical not
previously regulated, a revised standard for a chemical already regulated, or a new
procedure for the analysis of a pollutant. The EPA publishes extensive documentation
for all their standards, describing the data on which the numerical values are based.

EXERCISES

1. 475 mL of a water sample was evaporated to determine the amount of dissolved
salts contained in it. After evaporation, the dried precipitated salts weighed 1475
mg. What was the concentration in ppm of dissolved salts (also called total
dissolved solids or TDS)?

2. The annual arithmetic mean ambient air quality standard for sulfur dioxide
(SO,) is 0.03 ppmv. What is this standard in pg/m>?

3. The primary drinking water MCL (maximum contaminant level) for barium (Ba)
is 2.0 mg/L. If the sole source of barium is barium sulfate (BaSO,), what weight
of BaSOy salt is present in 1 L of water that contains 2.0 mg/L of Ba? (Hint: The
moles of Ba in 2.0 mg equal the moles of BaSO, in one liter of sample.)

4. Most people can detect the odor of ozone in concentrations as low as 10 ppb.
Could they detect the odor of ozone in samples with an ozone level of (a) 0.118
ppm, (b) 25 ppm, and (c) 0.001 ppm?

5. Determine the percentage by volume of the different gases in a mixture contain-
ing 0.3 L O,, 1.6 L N, and 0.1 L CO,. Assume that each separate gas is at 1 atm
pressure before mixing and that the pressure of the combined gases after mixing
is also at 1 atm.

6. What is the significance of the fact that the percentage of oxygen in air is 21%
by numbers of molecules and 23% by mass?

7. Express the 0.9% argon content of air in parts per million (ppm).

8. Express 400 ppm of CO, in cigarette smoke as a percentage of the smoke
inhaled.

9. The permissible limit for ozone for a 1 h average is 0.12 ppm. If Little Rock,
Arkansas registers a reading of 0.15 ppm for 1 h, by what percent is Little Rock
over the limit for atmospheric ozone?

10. A certain water-soluble pesticide is fatal to fish at 0.5 mg/L (ppm). Five
kilograms (kg) of the pesticide are spilled into a stream. The stream flow rate
was 10 L/s at 1 km/h. For what approximate distance downstream could fish
potentially be killed?
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Contaminant Behavior
in the Environment:
Basic Principles

2.1 BEHAVIOR OF CONTAMINANTS IN NATURAL WATERS

Every part of our world is continually changing, essential ecosystems as well as
unwelcome contaminants. Some changes occur imperceptibly on a geological time-
scale; others are rapid, occurring within days, minutes, or less. Oil and coal are
formed from animal and vegetable matter over millions of years. When oil and coal
are burned, they can release their stored energy in fractions of a second.

Control of environmental contamination depends on learning how to bring about
desired changes within a useful timescale, a task that requires an understanding of
how pollutants are affected by environmental conditions. For example, metals that
are dangerous to our health, such as lead, are often more soluble in water under
acidic conditions than under basic conditions. Knowing this, one can plan to remove
dissolved lead from drinking water by raising the pH and making the water basic.
Under basic conditions, a large part of dissolved lead can be made to precipitate as a
solid and can be removed from drinking water by settling out or filtering.

Contaminants in the environment are driven to change by

* Physical forces that move contaminants to new locations, often without
significant change in their chemical properties. Contaminants released into
the soil and water can move into regions far from their origin under the
forces of wind, gravity, and water flow. An increase in temperature will
cause an increase in the rate at which gases and volatile substances evap-
orate from water or soil into the atmosphere. Electrostatic attractions can
cause dissolved substances and small particles to adsorb to solid surfaces,
where they may leave the water flow and become immobilized in soils or
filters. Water flow can erode soils and transport sediments carrying sorbed
pollutants over long distances.

* Chemical changes, such as oxidation and reduction, which break and make
chemical bonds, allowing atoms to rearrange into new compounds with
different properties. Chemical change often has the potential to destroy
pollutants by converting them into less undesirable substances.
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* Biological activity, whereby microbes, in their constant search for survival
energy, break down many kinds of contaminant molecules and return their
atoms to the environmental cycles that circulate carbon, oxygen, nitrogen,
sulfur, phosphorus, and other elements repeatedly through our ecosystems.
Biological processes are a special kind of chemical change.

We are particularly interested in processes that move pollutants to less hazardous
locations or change the nature of a pollutant to a less harmful form, because these
processes are the tools of environmental protection. The effectiveness of these
processes depends on properties of the pollutant and its water and soil environment.
It is often said that every remediation project is unique and site specific. The reason
for this is that, although each pollutant has its predictable and, generally, tabulated
chemical and physical properties, each project site has properties that are always
different from others to some extent, depending on its long-term geologic history and
its more recent anthropomorphic disturbances.

Important properties of pollutants can usually be found in handbooks or chem-
istry references. However, the important properties of the water and soil in which the
pollutant resides are always unique to the particular site and must be measured or
estimated anew for every project.

2.1.1 IMPORTANT PROPERTIES OF POLLUTANTS

The six properties of pollutants listed below are the most important for predicting the
environmental behavior of a pollutant. They are usually tabulated in handbooks and
other chemistry references, to the extent of current knowledge:

* Solubility in water

* Volatility

* Density

* Chemical reactivity

* Biodegradability

* Strength of sorption* to solids

If not readily found, these properties can often be estimated from the chemical
structure of the pollutant. Whenever possible, this book will offer “‘rules of
thumb” for estimating pollutant properties. The ability to guesstimate the environ-
mental behavior of a pollutant is often an important first step in developing a
remediation strategy.

* Sorption is a general term that includes all the possible processes by which a molecule originally in a gas
or liquid phase becomes bound to a solid. Sorption includes both adsorption (becoming bound to a solid
surface) and absorption (becoming bound within pores and passages in the interior of a solid). It also
includes all the variants of binding mechanisms, such as chemisorption (where chemical bonds are
formed between a molecule and the surface), and physisorption (where physical attractions such as van
der Waals and London forces hold a molecule to a surface).
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2.1.2 IMPORTANT PROPERTIES OF WATER AND SoOIL

The properties of water and soil that influence pollutant behavior can be expected to
differ at every location and must be measured or estimated for each project. Since
environmental conditions are so varied, it is difficult to generate a simple set of water
and soil properties that should always be measured. The lists below include the most
commonly needed properties. Discussions and examples throughout this book will
illustrate how knowledge of important soil and water properties are used in protect-
ing and restoring the natural environment.

Water properties

* Temperature

* Water quality (chemical composition, pH, oxidation-reduction potential,
alkalinity, hardness, turbidity, dissolved oxygen, biological oxygen
demand, fecal coliforms, etc.)

* Flow rate and flow pattern

Properties of solids and soils in contact with water

* Mineral composition

* Percentage of organic matter

* Sorption coefficients for contaminants (attractive forces between solids and
contaminants)

* Mobility of solids (colloid and particulate movement)

* Porosity

* Particle size distribution

* Hydraulic conductivity

The properties of environmental waters and soils are always site specific and must be
estimated or measured in the field.

2.2 WHAT ARE THE FATES OF DIFFERENT POLLUTANTS?

There are three possible naturally occurring (rather than engineered) fates of pollutants:

1. All or a portion might remain unchanged in their present location.
2. All or a portion might be carried elsewhere by transport processes.
a. Movement to other phases (air, water, or soil) by volatilization, dissol-
ution, adsorption, and precipitation.
b. Movement within a phase under gravity, diffusion, and advection.
3. All or a portion might be transformed into other chemical species by natural
chemical and biological processes.
a. Biodegradation (aerobic and anaerobic): Pollutants are altered structur-
ally by biological processes, mainly the metabolism of microorganisms
present in aquatic and soil environments.
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b. Bioaccumulation: Pollutants accumulate in plant and animal tissues to
higher concentrations than in their original environmental locations.

c. Weathering: Pollutants undergo a series of environmentally induced non-
biological chemical changes, by processes such as oxidation-reduction,
acid-base, hydration, hydrolysis, complexation, and photolysis reactions.

2.3 PROCESSES THAT REMOVE POLLUTANTS FROM WATER
2.3.1 NATURAL ATTENUATION

Even without human intervention, pollutant concentrations in the environment have
a tendency to diminish with time due to natural causes. The rate of attenuation,
however, depends strongly on the chemical and physical properties of the pollutants
(e.g., solubility; biodegradability; chemical stability; whether solid, liquid or gas;
etc.) and on many characteristics of the polluted site (soil permeability, average
precipitation and temperature, geologic features, etc.). Where natural processes are
fast enough, the simplest approach to remediation is to wait until pollutant levels are
no longer deemed hazardous. The case study in Section 5.10 is an example of when
this approach may be the best choice.

Because every case is different and highly site specific, the progress of natural
attenuation generally must be closely monitored before considering it as the pre-
ferred remediation option. Monitored natural attenuation is a recognized approach to
pollution remediation, (OSWER Directive 9200.4-17P, Use of Monitored Natural
Attenuation at Superfund, RCRA Corrective Action, and Underground Storage
Tank Sites, April 21, 1999; http: /www.epa.gov/swerustl /directiv/d9200417.htm),
defined by EPA as the

... reliance on natural attenuation processes (within the context of a carefully controlled
and monitored site cleanup approach) to achieve site-specific remediation objectives
within a time frame that is reasonable compared to that offered by other more active
methods. The ‘natural attenuation processes’ that are at work in such a remediation
approach include a variety of physical, chemical, or biological processes that, under
favorable conditions, act without human intervention to reduce the mass, toxicity,
mobility, volume, or concentration of contaminants in soil or groundwater. These
in-situ processes include biodegradation; dispersion; dilution; sorption; volatilization;
radioactive decay; and chemical or biological stabilization, transformation, or destruc-
tion of contaminants.

Natural attenuation processes are described more fully below and in later chapters.

2.3.2 TRANSPORT PROCESSES

Contaminants that are dissolved or suspended in water can move to other phases by
the following processes:

1. Volatilization: Dissolved and sorbed contaminants move from water and
soil into air, in the form of gases or vapors.
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2. Sorption: Dissolved contaminants become bound to solids by attractive
chemical, physical, and electrostatic forces.

3. Sedimentation: Small suspended solids in water grow large enough to settle
out of water under gravity. There are two stages to sedimentation:

a. Coagulation: Suspended solids generally carry an electrostatic charge
that keeps them apart. Chemicals may be added to lower the repulsive
electrostatic energy barrier between the particles (destabilization), allow-
ing thermal energy to bring them closer together.

b. Flocculation: Lowering the repulsive energy barrier by coagulation
allows suspended solids to collide and clump together because of
short-range attractive forces, to form a floc. When floc particles aggre-
gate, they can become heavy enough to settle out of the water.

2.3.3 ENVIRONMENTAL CHEMICAL REACTIONS

The following are brief descriptions of some important environmental chemical
reactions that can remove pollutants from water. More detailed discussions are
given throughout this book.

* Photolysis: In molecules that absorb solar radiation, exposure to sunlight
can break chemical bonds and start chemical breakdown. Many natural and
synthetic organic compounds are susceptible to photolysis.

* Complexation and chelation: Polar or charged dissolved species (such as
metal ions) bind to electron-donor ligands* to form complex or coordination
compounds. Complex compounds are often soluble and resist removal by
precipitation because the ligands must be displaced by other anions (such as
sulfide) before an insoluble species can be formed. Common ligands include
hydroxyl, carbonate, carboxylate, phosphate, and cyanide anions, as well as
water molecules, humic acids, and synthetic chelating agents such as nitrilo-
triacetate (NTA) and ethylenediaminetetraacetate (EDTA).

* Acid-base: Protons (H' ions) are transferred between chemical species.
Acid-base reactions are part of many environmental processes and influence
the reactions of many pollutants.

* Oxidation—reduction (OR or redox): Electrons are transferred between
chemical species, changing the oxidation states and the chemical properties
of the electron donor and the electron acceptor. Water disinfection, elec-
trochemical reactions such as metal corrosion, and most microbial reactions
such as biodegradation are oxidation—reduction reactions.

* Hydrolysis and hydration: A compound forms chemical bonds to water
molecules or hydroxyl anions (OH ™). In water, all ions and polar compounds
develop a hydration shell of water molecules. When the attraction to water is
strong enough, a chemical bond can result. Hydrolysis reactions cause many

* Ligands are polyatomic chemical species that contain nonbonding (within the ligand) electron pairs that
are used to bond the ligand to a central atom. The ligand contributes both of the electrons that forms the
bond, instead of the more common case where each bonded atom contributes one electron.
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metal ions to form hydroxides of low solubility. With organic compounds,
a water molecule may replace an atom or group, a step that often breaks the
organic compound into smaller fragments. Even dissolved gases can undergo
hydration. Hydration of dissolved carbon dioxide (CO,) and sulfur dioxide
(80,) forms carbonic acid (H,COs) and sulfurous acid (H,SO3), respectively.
* Chemical precipitation: Two or more dissolved species react to form an
insoluble solid compound, or there is a change in pH, redox potential, or
concentrations, resulting in the formation of a solid from dissolved species.
For example, precipitation can occur if a solution of a salt becomes over-
saturated, (when the concentration of a salt is greater than its solubility
limit). For the salt calcium carbonate (CaCO3) its solubility at 25°C is about
10 mg/L. In a water solution containing 5 mg/L of CaCO3, all the calcium
carbonate will be dissolved. If more CaCOj is added or water is evaporated,
the concentration of dissolved CaCOj3 can increase only to 10 mg/L. Any
CaCOs in excess of the solubility limit will precipitate as solid CaCOs;.

Chemical precipitation can also occur if two soluble salts react to form a different salt
of low solubility. For example, silver nitrate (AgNO3) and sodium chloride (NaCl)
are both highly soluble. They react in solution to form the insoluble salt silver
chloride (AgCl) and the soluble salt sodium nitrate (NaNQOj3). The insoluble silver
chloride precipitates as a solid, while the soluble silver nitrate remains dissolved.

Breaking the reaction into two separate conceptual steps (Equations 2.1 and 2.2)
helps to visualize what happens. Refer to the solubility table inside the back cover,
which gives qualitative solubilities for ionic compounds in water.

In the first conceptual step, the soluble salts silver nitrate and sodium chloride are
added to water and dissolve as ions:

AgNO3(s) 22, Ag*(aq) + NOj (aq) 2.1)*
NaCl(s) —22, Na*(aq) + Cl~(aq) 2.2)

After the dissolution step and before any further reaction, the solution contains Ag™,
Na™, CI™, and NO5 ions.

While in solution, all ions move about freely. Ions with charges having opposite
signs (positive/negative) are attracted to one another while ions with charges having
the same sign (positive/positive and negative/negative) are repelled from one
another. Charged ions with opposite signs tend to pair up randomly, regardless of
their chemical identity.

Therefore, in the second conceptual step, the ions can combine in all possible
ways that pair a positive ion with a negative ion. Besides the original Ag* /NO5 and

* Placing the chemical formula for water, H,O, above the reaction arrows means that the reaction requires
the presence of water, even though water does not react chemically with the other reagents and does not
appear in the overall reaction. The suffix (aq), abbreviation for aqueous, following a chemical species
means that the species are dissolved in water, see also Chapter 4, Section 4.11. The suffix (s),
abbreviation for solid, following a chemical species means that the species is in solid form.
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Na™/C1™ pairs, both of which are soluble, Ag"/Cl~ and Na™/NOj are also possible
pairs. Since NaNOs is a soluble ionic compound, which dissolves to form Na™ and
NO;, the Na* and NO5 ions simply remain in solution. However, AgCl is insoluble
and will precipitate as a solid. The overall reaction is written as

AgNO;(aq) + NaCl(aq) —=2 Na*(aq) + NOj (aq) + AgCl(s)  (2.3)

Thus, adding the two soluble salts, AgNO3 and NaCl to water results in a solution
containing Na™ and NOj3 ions and the precipitated solid compound AgCl. If equal
moles of the two salts, AgNO; and NaCl, were mixed initially, only very small amounts
of Ag" and C1~ will remain unprecipitated, because the solubility of AgCl is very small.

2.3.4 BioLocGicAL PROCESSES

Microbes can degrade organic pollutants by facilitating oxidation—reduction reactions.
During microbial metabolism (the biological reactions that convert organic compounds
into energy and carbon for microbe growth), there may be a transfer of electrons from a
pollutant molecule to other compounds present in the soil or water environment. It is
necessary that compounds are present that can serve as electron acceptors. The electron
acceptors most commonly available in the environment are molecular oxygen (O,),
carbon dioxide (CO,), nitrate (NO3), sulfate (SO?{), manganese (Mn*"), and iron
(Fe*). When molecular oxygen (O,) is available, it is always the preferred electron
acceptor and the process is called aerobic biodegradation. In the absence of O,, it is
called anaerobic biodegradation. Aerobic and anaerobic biodegradation are examples
of oxidation—reduction reactions, discussed in Chapter 3, Section 3.3.

Organic pollutants are generally toxic because of their chemical structure.
Changing their structure in any way will change their properties and may make
them innocuous or, in a few cases, more toxic. Eventually, usually after many
reaction steps, in a process called mineralization, biodegradation converts organic
pollutants into carbon dioxide, water, and mineral salts. Although these final prod-
ucts represent the destruction of the original pollutant, some of the intermediate steps
may temporarily produce compounds that are also pollutants, sometimes more toxic
than the original. Biodegradation is discussed in more detail in Chapter 8.

2.4 MAJOR CONTAMINANT GROUPS AND NATURAL PATHWAYS
FOR THEIR REMOVAL FROM WATER

Only brief and general introductory descriptions of major contaminant groups and
natural removal processes are given here, as an introduction to the discussion of
intermolecular forces that are the basis for their removal processes. There are less
common removal pathways not discussed here, such as photolysis and radiolysis,
which can become important or even dominant under special conditions.

2.4.1 METALs

Dissolved metals such as iron, lead, copper, cadmium, mercury, etc., are removed
from water mainly by sorption and precipitation processes. Some metals—particularly
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As, Cd, Hg, Ni, Pb, Se, Te, Sn, and Zn—can form volatile metal-organic compounds
in the natural environment by microbial reactions. For these, volatilization can be an
important removal mechanism. Bioaccumulation of metals in animals usually is not
very significant as a removal process, although it can have very toxic effects. Bioac-
cumulation in plants on the other hand, has been developed into a useful remediation
technique called phytoremediation. Biotransformation of metals, in which redox
reactions involving bacteria can cause some metals to precipitate, has also shown
promise as a removal method. The aqueous chemistry of metals is discussed in
Chapter 4.

2.4.2 CHLORINATED PESTICIDES

Chlorinated pesticides, such as atrazine, chlordane, DDT, dicamba, endrin, hepta-
chlor, lindane, 2,4-D, etc., are removed from water mainly by sorption, volatilization,
and biotransformation. Chemical processes like oxidation, hydrolysis, and photolysis
usually play a minor role.

2.4.3 HALOGENATED ALIPHATIC HYDROCARBONS

Halogenated hydrocarbons in the environment arise mostly from industrial and
household solvents. Compounds such as 1,2-dichloropropane, 1,1,2-trichlorethane,
tetrachlorethylene, carbon tetrachloride, chloroform, etc., are removed mainly by
volatilization. Under natural conditions, aerobic biotransformation and biodegrad-
ation processes are usually very slow, with half-lives of tens to hundreds of years.
However, natural and engineered anaerobic biodegradation processes have been
identified that have short enough half-lives to be useful remediation techniques.

2.4.4 FureL HYDROCARBONS

Gasoline, diesel fuel, and heating oils are mixtures of hundreds of different organic
hydrocarbons. The lighter weight compounds such as benzene, toluene, ethylben-
zene, xylenes, naphthalene, trimethylbenzenes, and the smaller alkanes, etc., are
removed mainly by sorption, volatilization, and biotransformation. The heavier
compounds including polycyclic aromatic hydrocarbons (PAHs) such as fluorene,
benzo(a)pyrene, anthracene, phenanthrene, etc., are not volatile and are removed
mainly by sorption, sedimentation, and biodegradation.

2.4.5 INORGANIC NONMETAL SPECIES

These include ammonia, chloride, bromide, fluoride, cyanide, nitrite, nitrate, phos-
phate, sulfate, sulfide, etc. They are removed mainly by sorption, volatilization,
chemical reactions, and biotransformation.

It should be noted that many normally minor removal pathways, such as
photolysis, can become important, or even dominant, in special circumstances. For
example, low volatility pesticides in a clear, shallow stream with little organic matter
might be degraded primarily by photolysis.
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2.5 CHEMICAL AND PHYSICAL REACTIONS IN THE WATER
ENVIRONMENT

Chemical and physical reactions in water can be

* Homogeneous—occurring entirely among dissolved species
* Heterogeneous—occurring at the liquid—solid—gas interfaces

Most environmental water reactions are heterogeneous. Purely homogeneous reac-
tions are rare in natural waters and wastewaters. Among the most important hetero-
geneous reactions are those that move pollutants from one phase to another:
volatilization, dissolution, and sorption:*

* Volatilization: At the liquid—air and solid—air interfaces, volatilization
transfers volatile contaminants from water and solid surfaces into the
atmosphere and into air in soil pore spaces. Volatilization is most important
for compounds with high vapor pressures. Contaminants in the vapor phase
are the most mobile in the environment.

* Dissolution: At the solid-liquid and air-liquid interfaces, dissolution trans-
fers contaminants from air and solids to water. It is most important for
contaminants of significant water solubility. The environmental mobility of
contaminants dissolved in water is generally intermediate between volati-
lized and sorbed contaminants.

* Sorption: At the liquid—solid and air—solid interfaces, sorption transfers con-
taminants from water and air to soils and sediments. It is most important for
compounds of low solubility and low volatility. Sorbed compounds undergo
chemical and biological transformations at different rates and by different
pathways than dissolved compounds. The binding strength with which
different contaminants become sorbed depends on the nature of the solid surface
(sand, clays, organic particles, etc.) and on the properties of the contaminant.
Contaminants sorbed to solids (except for solid colloids, see Chapter 5,
Section 5.8) are the least mobile in the environment.

Eventually, as described in the next section using diesel oil as an example, a portion
of every pollutant released to the environment becomes distributed by heterogeneous
reactions into all the liquid, gas, and solid phases with which it comes into contact, as
diagramed in Figure 2.1. Predicting the amount of pollutant that will enter different
phases is an important subject that is treated later in this text.

2.6 PARTITIONING BEHAVIOR OF POLLUTANTS

A pollutant in contact with water, soil, and air will partially dissolve into the water,
partially volatilize into the air, and partially sorb to the soil surfaces, as illustrated
in Figure 2.1. The relative amounts of pollutant that are found in each phase with

* See footnote on page 24.
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AIR PHASE FREE-PRODUCT PHASE

Pollutant vapor < » Pollutant liquid
in air free product

| |
l l

Pollutant dissolved Pollutant sorbed
in water — to soil

WATER PHASE SOIL PHASE

FIGURE 2.1 Partitioning of a pollutant among air, water, soil, and free-product phases.
Arrows indicate all possible phase change pathways.

which it is in contact depend on intermolecular attractive forces existing between
pollutant, water, and soil molecules. The most important factor for predicting the
partitioning behavior of contaminants in the environment is an understanding of the
intermolecular attractive forces between contaminants and the water and soil mater-
ials in which they are found.

2.6.1 PARTITIONING FROM A Dieser OiL SpiLL

Consider, for example, what happens when diesel oil is spilled at the soil’s surface.
Some of the liquid diesel oil (commonly called free product) flows downward under
gravity through the soil toward the groundwater table. Before the spill, the soil pore
spaces above the water table (called the soil unsaturated zone or the vadose zone)
were filled with air and water, and the soil surfaces were partially covered with
adsorbed water.

As diesel oil, which is a mixture of many different compounds, passes downward
through the soil, its different components become partitioned in the air and water
within the soil pore spaces, on the soil particle surfaces, and some remain within the
oil-free product. After the spill, the pore spaces are filled with air containing diesel
vapors, water carrying dissolved diesel components, and diesel free-product that has
changed in composition by losing some of its components to other phases. The soil
surfaces are partially covered with diesel-free product and adsorbed water containing
dissolved diesel components.

Diesel oil is a mixture of hundreds of different compounds each having a unique
partitioning, or distribution pattern. The pore space air will contain mainly the most
volatile components, the pore space water will contain mainly the most soluble com-
ponents, and the soil particles will sorb mainly the least volatile and least soluble
components. The quantity of free product diminishes continually as it moves downward
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through the soil because a significant portion is lost to other phases. The composition of
the free product also changes continually because the most volatile, soluble, and
strongly sorbed compounds are lost preferentially.

The distribution of the various diesel compounds among different phases attains
quasi-equilibrium, with compounds continually passing back and forth across each
phase interface, as indicated in Figure 2.1. As the remaining free product continues
to change by losing components to other phases (part of the “weathering” process),
it increasingly resists further change. Since the lightest weight components tend to be
the most volatile and soluble, they are the first to be lost to other phases, and the
remaining free product becomes increasingly more viscous and less mobile. Severely
weathered free product is very resistant to further change, and can persist in the soil
for decades. It only disappears by biodegradation or by actively engineered removal.

Depending on the amount of diesel oil spilled, it is possible that all of the diesel
free-product becomes ‘“immobilized” in the soil before it can reach the water table.
This occurs when the mass of free product diminishes and its viscosity increases to
the point where capillary forces in the soil pore spaces can hold the remaining free
product in place against the force of gravity. There is still pollutant movement,
however, mainly in the non-free-product phases. The volatile components in the
vapor state usually diffuse rapidly through the soil, moving mostly upward toward
the soil surface and along any high permeability pathways through the soil, such as a
sewer line backfill. New water percolating downward, from precipitation or other
sources, can dissolve additional diesel compounds from the sorbed phase and carry it
downward. Downward percolating water can also displace some free product held by
capillary forces and soil pore water already containing dissolved pollutants, forcing
them to move farther downward. Although the diesel free-product is not truly
immobilized, its downward movement can become imperceptible.

However, if the spill is large enough, diesel free-product may reach the water table
before becoming immobilized. If this occurs, liquid diesel free-product, being less dense
than water, cannot enter the water-saturated zone but remains above it, effectively
floating on top of the water table. There, the free product spreads horizontally on the
groundwater surface, continuing to partition into groundwater, soil pore space air, and to
the surfaces of soil particles. In other words, a portion of the free product will always
become distributed among all the solid, liquid, and gas phases with which it comes into
contact. This behavior is governed by intermolecular forces that exist between molecules.

RULES OF THUMB

When a pollutant consisting of a mixture of different compounds, such as
diesel fuel or gasoline, is released to the environment, its composition and
physical properties change as time passes.

1. The most volatile components tend to leave the free product and pass
into the atmosphere or into air in the soil pore space.

(Continued)
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RULES OF THUMB (Continued)

2. The most water-soluble components tend to dissolve into any surface
water or groundwater they contact.

3. The least volatile and soluble components tend to sorb to soil and
sediment surfaces as the pollutant is moved by gravity and water flow
forces.

The remaining free product progressively becomes denser, more viscous, less
mobile, and more resistant to further change.

2.7 INTERMOLECULAR FORCES

Volatility, solubility, and sorption processes all result from the interplay between
intermolecular forces. All molecules have attractive forces acting between them. The
attractive forces are electrostatic in nature, created by a nonuniform distribution of
valence shell electrons around the positively charged nuclei of a molecule. When
electrons are not uniformly distributed, the molecule will have regions that carry net
positive or negative charges. A charged region on one molecule is attracted to
oppositely charged regions on adjacent molecules, resulting in the so-called polar
attractive forces. Because of random movement caused by thermal agitation, mole-
cules can experience momentary electrostatic repulsive forces as well. On average,
however, molecular arrangements will favor the lower energy attractive positions,
and the attractive forces always prevail. The most obvious demonstrations of inter-
molecular attractive forces are the phase changes of matter that inevitably accom-
pany a sufficient lowering of temperature, where cooling a gas turns it into a liquid
and then into a solid, as the temperature becomes low enough.

2.7.1 TemMPERATURE DEPENDENT PHASE CHANGES

Attractive forces always work to bring order to molecular configurations, in oppos-
ition to thermal energy, which always works to randomize configurations. Gases are
always the higher temperature form of any substance and are the most randomized
state of matter. If the temperature of a gas is lowered enough, every gas will
condense to a liquid, a more ordered state. Condensation is a manifestation of
intermolecular attractive forces. As the temperature falls, the thermal energy of the
gas molecules decreases, eventually reaching a point where there is insufficient
thermal kinetic energy to keep the molecules separated against the intermolecular
attractive forces. The temperature at which condensation occurs is called the boiling
point; it is dependent on environmental pressure as well as temperature.

If the temperature of a liquid is lowered further, it eventually freezes to a solid
when its thermal energy becomes low enough for intermolecular attractions to pull
the molecules into a rigid solid arrangement. Solids are the most highly ordered state
of matter. Whenever lowering the temperature causes a change of phase (gas to
liquid and liquid to solid) the decrease in thermal energy allows the always-present
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attractive forces to overcome molecular kinetic energy and pull gas and liquid
molecules closer together into more ordered liquid or solid phases.

2.7.2  VOLATILITY, SOLUBILITY, AND SORPTION

The model of attractive forces working to bring increased order, against the rando-
mizing effects of thermal energy, also explains the volatility, solubility, and sorption
behavior of molecules.

* Molecules of volatile liquids have relatively weak attractions to one
another. Thermal energy at ordinary environmental temperatures is suffi-
cient to allow the most energetic of the weakly held liquid molecules to
escape from the electrostatic attractions to their slower liquid neighbors and
fly into the gas phase.

* Molecules in water-soluble solids are attracted to water more strongly than
they are attracted to themselves. If a water-soluble solid is placed in water,
its surface molecules are drawn from the solid phase into the liquid phase
by the stronger attractions to water molecules.

* Dissolved molecules that become sorbed to sediment surfaces are held to
the sediment particle by attractive forces that pull them away from water
molecules.

Understanding intermolecular forces is the key to predicting how contaminants
become distributed in the environment.

2.7.3 PRrepICTING ReLATIVE ATTRACTIVE FORCES

When you can predict relative attractive forces between molecules, you can predict
their relative solubility, volatility, and sorption behavior. For example, the volatility of
a substance is closely related to its freezing and boiling temperatures, which, in turn
are related to the attractive forces between molecules of that substance. The water
solubility of a compound is related to the strength of the attractive forces between
molecules of the compound and molecules of water. The soil-water partition coeffi-
cient of a compound indicates the relative strengths of its attraction to water and soil.

For any compound, the temperature at which it changes phase is an indicator of
the intermolecular attractive force existing between its molecules:

* Boiling a liquid means that it has been heated to the point where thermal
energy imparts sufficient kinetic energy to the molecules to allow them to
overcome their attractive forces and move apart from one another into the gas
phase. A higher boiling temperature indicates stronger intermolecular attrac-
tive forces between the liquid molecules, because they must attain higher
kinetic energy to pull apart. The thermal energy has to be higher in order to
overcome the stronger attractions and allow liquid molecules to escape into
the gas phase. Thus, the fact that methanol boils at a lower temperature than
water means that methanol molecules are attracted to one another more
weakly than are water molecules.
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2.8

Intermolecular forces are electrostatic in nature. Molecules are composed of elec-
trically charged particles (electrons and protons), and it is common for there to
be regions within a single molecule that are predominantly charged positive or
negative. Attractive forces between molecules arise when electrostatic forces attract
positive regions on one molecule to negative regions on another. The strength of the
attractions between different molecules depends on the polarities of chemical bonds

Freezing a liquid means that its thermal energy has been reduced to the point
where attractive forces can overcome the randomizing effects of thermal motion
and pull freely moving liquid molecules into fixed positions in a solid phase.
A lower freezing point indicates weaker attractive forces. The thermal energy
has to be reduced to lower values so that the weaker attractive forces can pull the
molecules into fixed positions in asolid phase. The fact that methanol freezes ata
lower temperature than water is another indicator that attractive forces are
weaker between methanol molecules than between water molecules.

Wax, a mixture of hydrocarbons consisting mainly of carbon and hydrogen
atoms, is solid at room temperature (20°C), whereas diesel fuel, also a
mixture of hydrocarbons, is liquid. The freezing temperature of diesel fuel
is well below room temperature. This indicates that the attractive forces
between wax molecules are stronger than between molecules in diesel fuel.
At the same temperature where diesel molecules can still move about ran-
domly in the liquid phase, wax molecules are held by their stronger attractive
forces in fixed positions in the solid phase. The reasons for differences in
attractive forces, discussed below, are important for remediation strategies.

Compounds that are highly soluble in water have strong attractions to water
molecules. When a soluble solid substance is added to water, water mole-
cules are attracted to the solid surface where they literally pull the solid
molecules apart from one another and carry them into solution.

When compounds released to the environment are mostly found sorbed to
soils and sediments, rather than dissolved in water or vaporized into the air, it
indicates that they have stronger attractions to soil than to water or to their
own kind of molecules.

Compounds found in the environment as a gas, because they volatilize
readily at environmental temperatures from water, soil, and their own
molecules, must have relatively weak attractions to water, soil, and their
own kind of molecules.

ORIGINS OF INTERMOLECULAR FORCES:
ELECTRONEGATIVITIES, CHEMICAL BONDS,
AND MOLECULAR GEOMETRY

within the molecules and the geometrical shapes of the molecules.

2.8.1 CHemicAL BonDs

At the simplest level, the chemical bonds that hold atoms together in a molecule are

of two types, ionic and covalent.

© 2007 by Taylor & Francis Group, LLC.



1. ITonic bonds occur when one atom attracts an electron away from another
atom to form a positive and a negative ion. The ions are then bound together
by electrostatic attraction. The electron transfer occurs because the electron-
receiving atom has a much stronger attraction for electrons in its vicinity
than does the electron-losing atom.

2. Covalent bonds are formed when two atoms share electrons, called bonding
electrons, in the space between their nuclei. The electron-attracting proper-
ties of two covalent bonded atoms are not different enough to allow one
atom to pull an electron entirely away from the other. However, unless both
atoms attract the bonding electrons equally, the average position of the
bonding electrons will be closer to one of the atoms. The atoms are held
together because their positive nuclei are attracted to the negative charge of
the shared electrons in the space between them.

When two covalent bonded atoms are identical, as in Cl,, the bonding electrons are
always equally attracted to each atom and the electron charge is uniformly distrib-
uted between the atoms. Such a bond is called a nonpolar covalent bond, meaning
that it has no polarity, i.e., no regions with net positive or negative charge.

When two covalent bonded atoms are of different kinds, as in HCI, one atom can
attract the bonding electrons more strongly than the other. This results in a nonuni-
form distribution of electron charge between the atoms where one end of the bond is
more negative than the other, resulting in a polar covalent bond.

Figure 2.2 illustrates the electron distributions in nonpolar and polar covalent
bonds. The strength with which an atom attracts bonding electrons to itself is
indicated by a quantity called electronegativity, abbreviated EN. Electronegativities

5+ &5—

Cl Cl H . Cl

Polar bond resulting from nonuniform
distribution of bonding electrons between
different atoms in HCI. Electron charge is
concentrated toward the more electronegative
atom, indicated by §—. The less electronegative
atom is indicated by & +.

Nonpolar covalent bond resulting
from uniform distribution of bonding electrons
between identical atoms in Cl,.

Cl——ClI H-+—CI

Polar bond indicated by an arrow joining
the atoms, pointing to the more

Nonpolar covalent bond indicated by a electronegative atom. A vertical cross line
straight line joining the atoms. shows the more positive end of the bond.

FIGURE 2.2 Uniform and nonuniform electron distributions, resulting in nonpolar and polar
covalent chemical bonds. Shading indicates variation in the electron density within the bond;
light regions are low density and dark regions are high density. The use of a delta (3) in front
of the 4+ and — signs signifies that the charges are partial, arising from a nonuniform electron
charge distribution rather than the transfer of a complete electron.
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TABLE 2.1
Electronegativity Values of the Elements (Pauling Scale, to two Significant
Figures)

1A

1

H 2 13 14 15 16 17
22 | 2A 3A 4A 5A BA T7A

3 4 5 6 7 8 9
Li | Be B C N [0} F
1.0 (1.6 20 |25 (3.0 (34 |4.0
11 12 13 | 14 |15 | 16 | 17

Na | Mg 3 4 5 6 7 8 9 10 1 12 Al Si P S Cl
09 (13 |3 4B 5B 6B 7B 8B 8B 8B 1B 2B |16 (1.9 |22 |26 [3.2
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Rb | Sr | Y Zr |[Nb (Mo |Tc (Ru |Rh [Pd |Ag [Cd |In |Sn [Sb |Te 1
08 |1.0 (12 |13 |16 |22 (19 [22 |23 |22 [19 [1.7 [1.8 |2.0 [2.0 [21 |27
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Cs (Ba |‘La |Hf |Ta | W [Re |[Os | Ir Pt [Au [Hg | TI |Pb | Bi [Po | At
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#Actinide[ 90 | 91 | 92 | 93 | 94 | 95 | 96 | 97 | 98 | 99 | 100 | 101 | 102 | 103
¢! Th (Pa | U [Np |Pu |Am |Cm |Bk [ Cf |[Es [Fm |Md [No | Lr
13 (22 |17 |13 |13 (13 (13 |13 |13 |13 |13 |13 |13 |15

Note: Electronegativity values are below and atomic numbers are above the element symbol.

of the elements, shown in Table 2.1, are relative numbers with an arbitrary maximum
value of 4.0 for fluorine, the most electronegative element. Electronegativity values
are approximate, to be used primarily for predicting the relative polarities of covalent
bonds and relative bond strengths.

The electronegativity difference, AEN, between two atoms indicates what
kind of bond they will form. The greater the difference in electronegativities of
bonded atoms, the more strongly the bonding electrons are attracted to the more
electronegative atom, and the more polar is the bond. The following rules of thumb
usually apply, with very few exceptions.

RULES OF THUMB (USE TABLE 2.1)

1. If the electronegativity difference between two bonded atoms is
zero, they will form a nonpolar covalent bond. Examples are O,
H,, and N,.

(Continued)
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RULES OF THUMB (USE TABLE 2.1) (Continued)

2. If the electronegativity difference between two atoms is greater than
zero and less than 1.7, they will generally form a polar covalent bond.
Examples are HCI, NO, and CO.

3. If the electronegativity difference between two atoms is 1.7 or greater,
they will generally form an ionic bond. Examples are NaCl, HF, and
KBr.

4. Relative electronegativities of the elements can be predicted by an
element’s position in the periodic table. Ignoring the inert gases:

a. The most electronegative element (F) is at the upper right corner of
the periodic table.

b. The least electronegative element (Fr) is at the lower left corner of
the periodic table.

c. In general, electronegativities increase diagonally up and to the
right in the periodic table. Within a given period (or row), electro-
negativities tend to increase in going from left to right; within a
given group (or column), electronegativities tend to increase in
going from bottom to top.

d. The farther apart two elements are in the periodic table, the more
different are their electronegativities, and the more polar will be a
bond between them.

5. The solubility in water of a pure compound is roughly proportional to
the polarity of its molecules.

a. Molecules with no, or small, polarity are generally insoluble or
only slightly soluble in water.

b. Molecules that are ionic or have large polarity are generally
soluble in water.*

Because electronegativity differences can vary continuously between zero and
four, bond character also can vary continuously between nonpolar covalent and
ionic, as illustrated in Figure 2.3.

2.8.2 CHemicAL BonD DiPOLE MOMENTS

For polar bonds, we can define a quantity called the dipole moment, which serves as a
measure of the nonuniform charge separation. Hence, the dipole moment measures the
degree of the bond polarity. The more polar the bond, the larger is its dipole moment.
In Figure 2.4, the dipole moment, w, is equal to the magnitude of positive and

* There are some exceptions to this principle, such as when a crystalline substance has a high lattice
energy, indicating that the atoms are held in place by strong forces. For example, LiF is ionic
(AEN =3.0) but is only slightly soluble in water.
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FIGURE 2.3 Bond character as a function of the electronegativity difference.

negative charges at each end of the dipole multiplied by the distance, d, between the
charges.

Polarity arrows, as shown in Figure 2.4, are vector quantities. They show
both the magnitude and direction of the bond dipole moment. The length of the
arrow indicates the magnitude of the dipole moment, and the direction of
the arrow points from the positive region toward the negative region of the separated
charges.

2.8.3 MoLecUuLAR GEOMETRY AND MOLECULAR POLARITY

When a molecule containing polar bonds is itself polar, its polarity will always
contribute to its strength of attraction to other molecules. When we know whether a
molecule is polar or not, we can estimate its relative water solubility and several
other properties. The presence of polar bonds in a molecule is necessary, but not
sufficient, for the molecule also to be polar. The geometric symmetry of the molecule
also is important.

Dipole moment == §-d &+ | 5-
Polarity arrow

FIGURE 2.4 Bond dipole moment as indicated by a polarity arrow.
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Depending on its geometry, a molecule that contains polar bonds may, or may
not, be a polar molecule. A molecule with polar bonds will not be a polar molecule
if the polar bonds are oriented in a way that the polarity vectors cancel each other
(see Section 2.8.4). A molecule with polar bonds will be polar if the polarity vectors
of all its bonds add up to give a net polarity vector to the molecule, as in Section
2.8.5. The polarity of a molecule is the vector sum of all its bond polarity vectors.
A polar molecule can be experimentally detected by observing whether an electric
field exerts a force that makes the molecule align its charged regions with the direction
of the field. Polar molecules will point their negative ends toward the positive
source of the field, and their positive ends toward the negative source.

RULES OF THUMB
To predict if a molecule is polar, we need to answer two questions:

1. Does the molecule contain polar bonds? If it does, then it might be
polar; if it does not, it cannot be polar.

2. Ifthe molecule contains polar bonds, do all the bond polarity vectors add
to give aresultant molecular polarity? If the molecule is symmetrical in a
way that the bond polarity vectors add to zero, then the molecule is not
polar, even though it contains polar bonds. If the molecule is asymmetric
and bond polarity vectors add to give a resultant polarity vector, the
resultant vector indicates the molecular polarity.

2.8.4 ExampLes oF NONPOLAR MOLECULES

Nonpolar molecules invariably have low water solubility. A molecule with no polar
bonds cannot be a polar molecule. Thus, all diatomic molecules where both atoms
are the same, such as H,, O,, N,, and Cl,, are nonpolar (and have low water
solubility) because there is no electronegativity difference across the bond. On the
other hand, a molecule with polar bonds whose dipole moments add to zero because
of molecular symmetry is also not a polar molecule. Carbon dioxide, carbon tetra-
chloride, hexachlorobenzene, p-dichlorobenzene, and boron tribromide are all sym-
metrical and nonpolar, although all contain polar bonds.

Carbon dioxide: Oxygen is more electronegative (EN(O,) = 3.5) than carbon
(EN(C)=2.5). Each bond is polar, with the oxygen atom at the negative end of the
dipole. Because CO; is linear with carbon in the center, the polarity vectors cancel
each other and CO, is nonpolar.

OQ=—+C+—>0

(Continued )
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(Continued)

Cl
| Carbon tetrachloride: EN(C) = 2.5, EN(CI) = 3.2, C+—Cl. Although each
Cimy bond is polar, the tetrahedral symmetry of the molecule results in no net
wy,
al ~ CI|/C| dipole moment so that CCl, is nonpolar.
(;I
CI\C/ C\ c ,/Cl Hexachlorobenzene: The bond polarities are the same as in CCl, above. C¢Clg is
| Q | planar with hexagonal symmetry. All the bond polarities cancel one another and
C C the molecule is nonpolar.
& 3:/ N cl P!
Cl
H
i p-Dichlorobenzene: This molecule also is planar. It has polar bonds of two
Cl\C/ \C/H magnitudes, the H+—C bond with the smaller polarity and the C+—Cl
ond with the larger polarity. The H an atoms are positioned so that a
bond with the 1 larity. The H and C1 itioned so that all
C c

polarity vectors cancel and the molecule is nonpolar. Check the

f electronegativity values in Table 2.1.
H
Br\B/Br Boron tribromide: EN(B) = 2.0, EN(Br) =2.8, B+—Br. BBr; has trigonal
; planar symmetry, with 120° between adjacent bonds. All the polarity vectors
Br cancel and the molecule is nonpolar.

2.8.5 ExampLEs OoF POLAR MOLECULES

Polar molecules are generally more water-soluble than nonpolar molecules of similar
molecular weight. Any molecule with polar bonds whose dipole moments do not add
to zero is a polar molecule. Carbon monoxide, carbon trichloride, pentachloroben-
zene, o-dichlorobenzene, boron dibromochloride, and water are all polar.

Carbon monoxide: EN(O) = 3.5, EN(C) =2.5. Oxygen is more electronegative

C+—>0 than carbon. Every diatomic molecule with a polar bond must be a polar
molecule.
H Carbon trichloride: EN(C) = 2.5, EN(CI) = 3.2, EN(H) = 2.2. Carbon trichloride
| has polar bonds of two magnitudes, the smaller polarity H+—C bond and the
/C NS larger polarity C+—CI bond. The asymmetry of the molecule results in a net
Cl Cl dipole moment, so that CHCl; is polar.
(il
Cl C

Pentachlorobenzene: The bond polarities are the same as in CHCl; above. The
bond polarities do not cancel one another and the molecule is polar.
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(Continued)

Cl w8 H
c C o-Dichlorobenzene: This molecule is planar and has two kinds of polar bonds:
lOl H+—C and C+—CI. The bond polarity vectors do not cancel, making the

7O C~
H o] H molecule polar.
!

Br\B/ Br Boron dibromochloride: EN(B) = 2.0, EN(Br) = 2.8, EN(C]) = 3.2. In BBr,Cl,
; the polarity vectors of the polar bonds, B+—Br and B+—Cl, do not quite
al cancel and the molecule is slightly polar.

Resultant molecule Water: is a particularly important polar molecule. Its bond polarity vectors add to

polarity vector give the water molecule a high polarity (i.e., dipole moment). The dipole—
dipole forces between water molecules are greatly strengthened by hydrogen
$ bonding (see discussion below), which contributes to many of water’s unique
H/ \H characteristics, such as relatively high boiling point and viscosity, low vapor

. pressure, and high heat capacity.
Bond polarity vectors

2.8.6 THE NATURE OF INTERMOLECULAR ATTRACTIONS

All molecules are attracted to one another because of electrostatic forces. Polar
molecules are attracted to one another because the negative end of one molecule is
attracted to the positive ends of other molecules, and vice versa. Attractions between
polar molecules are called dipole—dipole forces. Similarly, positive ions are attracted
to negative ions. Attractions between ions are called ion—ion forces. If ions and polar
molecules are present together, as when sodium chloride is dissolved in water, there
can be ion—dipole forces, where positive and negative ions (e.g., Na* and C17) are
attracted to the oppositely charged ends of polar molecules (e.g., H,0).

However, nonpolar molecules also are attracted to one another although they do
not have permanent charges or dipole moments. Evidence of attractions between
nonpolar molecules is demonstrated by the fact that nonpolar gases such as methane
(CHy), oxygen (O,), nitrogen (N,), ethane (CH3CHj;), and carbon tetrachloride
(CCly) condense to liquids and solids when the temperature is lowered sufficiently.
Knowing that positive and negative charges attract one another makes it easy to
understand the existence of attractive forces among polar molecules and ions. But
how can the attractions among nonpolar molecules be explained?

In nonpolar molecules, the valence electrons are distributed about the nuclei so
that, on average, there is no net dipole moment. However, molecules are in constant
motion, often colliding and approaching one another closely. When two molecules
approach closely, their electron clouds interact by electrostatically repelling
one another. These repulsive forces momentarily distort the electron distributions
within the molecules and create transitory dipole moments in molecules that would
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be nonpolar if isolated from neighbors. A transitory dipole moment in one molecule
induces electron charge distortions and transitory dipole moments in all nearby mol-
ecules. Atany instant in an assemblage of molecules, nearly every molecule will have a
nonuniform charge distribution and an instantaneous dipole moment. An instant later,
these dipole moments will have changed direction or disappeared so that, averaged
over time, nonpolar molecules have no net dipole moment. However, the effect of these
transitory dipole moments is to create a net attraction among nonpolar molecules.
Attractions between nonpolar molecules are called dispersion forces or London forces
(after Professor Fritz London who gave a theoretical explanation for them in 1928).

Hydrogen bonding: An especially strong type of dipole—dipole attraction, called
hydrogen bonding, occurs among molecules containing a hydrogen atom covalently
bonded to a small, highly electronegative atom that contains at least one valence shell
nonbonding electron pair. An examination of Table 2.1 shows that fluorine, oxygen,
and nitrogen are the smallest (implied by their position at the top of their columns in
the periodic table)* and the most electronegative elements that also contain nonbond-
ing valence electron pairs. Although chlorine and sulfur have similarly high electro-
negativities and contain nonbonding valence electron pairs, they are too large to
consistently form hydrogen bonds (H-bonds). Because hydrogen bonds are both
strong and common, they influence many substances in important ways.

Hydrogen bonds are very strong (1040 kJ/mole) compared to other dipole—dipole
forces (from less than 1 to 5 kJ/mole). The hydrogen atom’s very small size makes
hydrogen bonding so uniquely strong. Hydrogen has only one electron. When hydrogen
iscovalently bonded to a small, highly electronegative atom, the shift of bonding electrons
toward the more electronegative atom leaves the hydrogen nucleus nearly bare. With no
inner core electrons to shield it, the partially positive hydrogen can approach very closely
to a nonbonding electron pair on nearby small polar molecules. The very close approach
results in stronger attractions than with other dipole—dipole forces.

Because of the strong intermolecular attractions, hydrogen bonds have a strong
effect on the properties of the substances in which they occur. Compared with non-
hydrogen bonded compounds of similar size, hydrogen bonded substances have
relatively high boiling and melting points, low volatilities, high heats of vaporiza-
tion, and high specific heats. Molecules that can H-bond with water are highly
soluble in water; thus, all the substances in Figure 2.5 are water-soluble.

2.8.7 COMPARATIVE STRENGTHS OF INTERMOLECULAR ATTRACTIONS

The strength of dipole—dipole forces depends on the magnitude of the dipole
moments. The strength of ion—ion forces depends on the magnitude of the ionic
charges. The strength of dispersion forces depends on the polarizability of the
nonpolar molecules. Polarizability is a measure of how easily the electron distribu-
tion can be distorted by an electric field—that is, how easily a dipole moment can be
induced in an atom or a molecule by the electric field carried by a nearby atom or

* Atomic size of atoms in the same column of the periodic table tends to increase from the top of the column to
the bottom. Thus, for example, the diameter of Li < Na < K < Rb < Cs < Frand Bi > Sb > As >P > N.
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(a) Water; extensive H-bonding gives water its
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(c) Ethanol; hydrogens bonded to carbons, as (d) Ethanol dissolved in water.
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because carbon is not electronegative enough.

H  t-—H—o H ]
| v TN e
H—C—C C—C—H N /A
[ S A HoN HooN
—h-- H ‘ H / H
H - N \ ¥ A
_‘F_' oFs oFe
(e) Acetic acid; pure acetic acid contains a high
percentage of dimers (double molecules) held ) i )
together by H-bonds between the -COOH (f) Hydrogen fluoride forms zigzag chains.

groups.

FIGURE 2.5 Examples of hydrogen bonding among different molecules.

molecule. Large atoms and molecules have more electrons and larger electron clouds
than small ones. In large atoms and molecules, the outer shell electrons are farther
from the nuclei and, consequently, are more loosely bound. Their electron distribu-
tions can be more easily distorted by external electric fields. In small atoms and
molecules, the outer electrons are closer to the nuclei and are more tightly held.
Electron charge distributions in small atoms and molecules are less easily distorted.
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Therefore, large atoms and molecules are more polarizable than small ones. Since
atomic and molecular sizes are closely related to atomic and molecular weights, we
can generalize that polarizability increases with increasing atomic and molecular
weights. The greater the polarizability of atoms and molecules, the stronger are the
intermolecular dispersion forces between them. Molecular shape also affects polariz-
ability. Elongated molecules are more polarizable than compact molecules. Thus, a
linear alkane is more polarizable than a branched alkane of the same molecular weight.

All atoms and molecules have some degree of polarizability. Therefore, all atoms
and molecules experience attractive dispersion forces, whether or not they also have
dipole moments, ionic charges, or can hydrogen bond. Small polar molecules are
dominated by dipole—dipole forces since the contribution to attractions from dispersion
forces is small. However, dispersion forces may dominate in very large polar molecules.

RULES OF THUMB

1. The higher the atomic or molecular weights of nonpolar molecules,
the stronger are the attractive dispersion forces between them.

2. For different nonpolar molecules with the same molecular weight,
molecules with a linear shape have stronger attractive dispersion
forces than do branched, more compact molecules.

3. For polar and nonpolar molecules alike, the stronger the attractive
forces, the higher the boiling point and freezing point, and the lower
the volatility of the substance.

EXAMPLE 1

Consider the halogen gases fluorine (F,, MW = 38), chlorine (Cl,, MW = 71), bromine
(Br,, MW =160), and iodine (I, MW =254). All are nonpolar, with progressively
greater molecular weights and correspondingly stronger attractive dispersion forces as
you go from F, to I,. Accordingly, their boiling and melting points increase with their
molecular weights. At room temperature, F; is a gas (bp=—188°C), Cl, is also a gas
but with a higher boiling point (bp = —34°C), Br; is a liquid (bp=158.8°C), and I, is a
solid (mp = 184°C).

EXAMPLE 2

Alkanes are compounds of carbon and hydrogen only. Although C-H bonds are
slightly polar (electronegativity of C=2.5; electronegativity of H=2.1), all alkanes
are nonpolar because of their bond geometry. In the straight-chain alkanes (called
normal-alkanes), as the alkane carbon chain becomes longer, the molecular weights
and, consequently, the attractive dispersion forces become greater. Consequently,
melting points and boiling points become progressively higher. The physical properties
of the normal-alkanes in Table 2.2 reflect this trend.
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TABLE 2.2
Some Properties of the First Twelve Straight-Chain Alkanes

Alkane Formula Molecular Weight Melting Point® (°C) Boiling Point (°C)
Methane CH, 16 —183 —162
Ethane C,Hg 30 —172 —89
Propane C;3Hg 44 —188 —42
n-Butane C4Hjo 58 —138 0
n-Pentane CsH,» 72 —130 36
n-Hexane CeH iy 86 —95 69
n-Heptane C7H ¢ 100 —91 98
n-Octane CgH, g 114 -57 126
n-Nonane CoHyo 128 —51 151
n-Decane CioHan 142 -29 174
n-Dodecane C,Hog 170 —10 216

? Deviations from the general trend in melting points occur because melting points for the smallest
alkanes are more strongly influenced by differences in crystal structure and lattice energy of the solid.

EXAMPLE 3

Normal-butane (n-CsH;,) and dimethylpropane (CH3C(CH3),CHj3) are both nonpolar
and have the same molecular weights (MW = 72). However, n-CsH, is a straight-chain
alkane whereas CH;C(CH3),CHj3 is branched. Thus, n-CsH;, has stronger dispersion
attractive forces than CH3;C(CH3),CHj3 and a correspondingly higher boiling point.

CH,
CHS ~N /CH2 ~ /CH3 |
CH; CH, CH; — C—CH,
CH,
n-Pentane: bp = 36°C Dimethylpropane: bp = 9.5°C

2.9 SOLUBILITY AND INTERMOLECULAR ATTRACTIONS

In liquids and gases, the molecules are in constant, random, thermal motion, collid-
ing and intermingling with one another. Even in solids, the molecules are in constant,
although more limited, motion. If different kinds of molecules are present, random
movement tends to mix them uniformly. If there were no other considerations,
random motion would cause all substances to dissolve completely into one another.
Gases and liquids would dissolve more quickly and solids more slowly.

However, intermolecular attractions must also be considered. Strong attractions
between molecules tend to hold them together. Consider two different substances A
and B, where A molecules are attracted strongly to other A molecules, B molecules
are attracted strongly to other B molecules, but A and B molecules are attracted only
weakly to one another. Then, A and B molecules tend to stay separated from each
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other. A molecules try to stay together and B molecules try to stay together, each
excluding entry from the other. In this case, A and B are not soluble in one another.

As an example of this situation, let A be a nonpolar, straight-chain liquid
hydrocarbon such as n-octane (CgH;g) and let B be water (H,O). Octane molecules
are attracted to one another by strong dispersion forces, and water molecules are
attracted strongly to one another by dipole—dipole forces and H-bonding. Dispersion
attractions are weak between the small water molecules. Because the small water
molecules have low polarizability, octane cannot induce a strong dispersion force
attraction to water. Because octane is nonpolar, there are no dipole—dipole attractions
to water. When water and octane are placed in the same container, they remain
separate forming two layers with the less dense octane floating on top of the water.

However, if there were strong attractive forces between A and B molecules, it
would help them to mix. The solubility of one substance (the solute) in another (the
solvent) depends mostly on intermolecular forces and, to a much lesser extent, on
conditions such as temperature and pressure. Substances are more soluble in one
another when intermolecular attractions between solute and solvent are similar in
magnitude to the intermolecular attractions between the pure substances. This prin-
ciple is the origin of the rules of thumb that say, “‘like dissolves like’’ or ““oil and water
do not mix.” “Like” molecules have similar polar or nonpolar properties and,
consequently, similar intermolecular attractions. Oil and water do not mix because
water molecules are attracted strongly to one another, and oil molecules are attracted
strongly to one another; but water molecules and oil molecules are attracted only
weakly to one another.

RULES OF THUMB

1. The more symmetrical the structure of a molecule containing polar
bonds, the less polar and the less soluble it is in water.

2. Molecules with OH, NO, or NH groups can form hydrogen bonds to
water molecules. They are the most water-soluble nonionic com-
pounds, even if they are nonpolar because of geometrical symmetry.

3. The next most water-soluble compounds contain O, N, and F atoms.
All have high electronegativities and allow water molecules to H-
bond with them.

4. Charged regions in ionic compounds (like sodium chloride) are
attracted to polar water molecules. This makes them more soluble.

5. Most compounds in oil and gasoline mixtures are nonpolar. They are
attracted to water very weakly and have very low solubilities.

6. All molecules, including nonpolar molecules, are attracted to one
another by dispersion forces. The larger the molecule the stronger
the dispersion force.

7. Nonpolar molecules, large or small, have low solubilities in water
because the small-sized water molecules have weak dispersion forces,
and nonpolar molecules have no dipole moments. Thus, there are
neither dispersion nor polar attractions to encourage solubility.
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EXAMPLE 4

Alcohols of low molecular weight are very soluble in water because of hydrogen
bonding. However, their water solubilities decrease as the number of carbons
increase. The —OH group on alcohols is hydrophilic (attracted to water by hydrogen
bonding), whereas the hydrocarbon part is hydrophobic (repelled from water). If the
hydrocarbon part of an alcohol is large enough, the hydrophobic behavior overcomes
the hydrophilic behavior of the —OH group and the alcohol has low solubility.
Solubilities for alcohols with increasingly larger hydrocarbon chains are given in
Table 2.3.

EXAMPLE 5

For alcohols of comparable molecular weight, the more hydrogen bonds a compound
can form, the more water-soluble the compound, and the higher the boiling and melting
points of the pure compound. In Table 2.3, notice the effect of adding another -OH
group to the molecule. The double alcohol 1,5-pentanediol is more water-soluble and
has a higher boiling point than single alcohols of comparable molecular weight, because
of its two —OH groups capable of hydrogen bonding. This effect is general. Double
alcohols (diols) are more water-soluble and have higher boiling and melting points than

TABLE 2.3
Solubilities and Boiling Points of Some Straight-Chain Alcohols

Molecular Melting Boiling Aqueous Solubility
Name Formula Weight Point® (°C) Point (°C) at 25°C (mol/L)
Methanol CH;0H 32 —98 65 oo(miscible)
Ethanol C,HsOH 46 —130 78 oo(miscible)
1-Propanol C;H,0OH 60 —127 97 oo(miscible)
1-Butanol C4HyOH 74 —-90 117 0.95
1-Pentanol CsH,,OH 88 -79 138 0.25
1,5-Pentanediol® CsH;o(OH), 104 —18 239 oo(miscible)
1-Hexanol Ce¢H3OH 102 —47 158 0.059
1-Octanol CgH,,0H 130 17 194 0.0085
1-Nonanol CoHoOH 144 —6 214 0.00074
1-Decanol C,oH,;OH 158 +6 233 0.00024
1-Dodecanol C,,H,s0H 186 +24 259 0.000019

a

Deviations from the general trend in melting points occur because melting points for the smallest
alcohols are more strongly influenced by differences in crystal structure and lattice energy of the solid.
The properties of 1,5-pentanediol deviate from the trends of the other alcohols because it is a diol and
has two —OH groups available for hydrogen bonding, see text.
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single alcohols of comparable molecular weight. Triple alcohols (triols) are still more
water-soluble and have higher boiling and melting points.

EXERCISES

1. a. Describe briefly what physical changes will condense a gas to a liquid and a
liquid to a solid. Explain, in terms of forces between molecules, why these
changes have the effect described.

b. In light of your answer to 1a, what conclusions can you draw from the fact that
water boils at a higher temperature than does ammonia?

Describe briefly the relation between temperature and molecular motion.

. a. Balance the equation: H, + N, — NH;

b. When 3 g of hydrogen (H,) react with 14 g of nitrogen (N,), 17 g of a
compound called ammonia (NH3) are made: 3.0 g H, + 14 g N, — 17 g NH;
How many grams of ammonia will be made if 6.0 g of hydrogen react with 14 g
of nitrogen?

Balance the following equation: CsH;o + O, — CO,+ H,O

. Various compounds and some of their properties are tabulated below.

W

v

Boiling Water Solubility Dipole
Compound Point (°C) (g/100 mL) Moment (D)
H, -253 2x107* 0
HCl —84.9 82 1.08
HBr —67 221 0.82
CO, —78 0.15 0
CH, —164 2x1073 0
NH; —33.5 90 1.3
H,0 100 [e%9) 1.85
HF 19.5 00 1.82
LiF 1676 0.27 6.33

a. Which compounds are nonpolar?

b. Which compounds are polar?

c. Make a rough plot of boiling point versus dipole moment. What
conclusions may be inferred from the graph?

d. Discuss briefly the trends in water solubility. Why is solubility not related
to dipole moment in the same manner as boiling point?

e. The ionic compound LiF appears to be unique. Try to suggest a reason for
its low solubility.

6. The chemical structures of several compounds are shown below. Use the struc-
tures to fill in the table with estimated properties. Do not look up reference data
for the answers.
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Compound Structure
Ethane H3;C—CHj
Benzene
0 on
Citric acid (”) |I| (I?
HOC—(IJ—CI—C—OH
OH H
Anthracene
PR
Glyphosate HOC_(ID_II\I_(ID_T’_OH
H H H OH

Physical State
at Room
Temperature
(Gas, Liquid, or
Solid)

Water

Solubility (Very Lipid Solubility

Low, Low (Very Low, Low
Moderate, Moderate,
High) High)
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3 Major Water Quality
Parameters and
Applications

3.1 INTERACTIONS AMONG WATER QUALITY PARAMETERS

This chapter deals with important water quality parameters that serve as controlling
variables, those that strongly influence the behavior of many other constituents
present in the water. The major controlling variables are pH, oxidation—reduction
(redox) potential, alkalinity and acidity, temperature, and total dissolved solids
(TDS). This chapter also discusses several other important parameters, such as
ammonia, sulfide, carbonates, dissolved metals, and dissolved oxygen (DO), which
are strongly affected by changes in the controlling variables.

It is important to understand that chemical constituents in natural water bodies
react in an environment far more complicated than if they were surrounded only by a
large number of water molecules. Various impurities in water interact in ways that
can affect their chemical behavior markedly. Water quality parameters defined above
as controlling variables have an especially strong effect on water chemistry. For
example, a pH change from pH 6 to 9 will lower the solubility of Cu®" by four orders
of magnitude. The solubility of Cu”" in water at pH 6 is about 40 mg/L, while at
pH 9 it is about 4 X 1073 mg/L—10,000 times smaller. If, for example, a water
solution at pH 6 contained 40 mg/L of Cu" and its pH was raised to 9, all but
4%1073 mg/L of the Cu?* would precipitate as solid Cu(OH),.

As another example, consider a shallow lake with algae and other vegetation
growing in it. Its suspended and bottom sediments contain high concentrations of
decaying organic matter. The lake is fed by surface and groundwaters containing
high concentration of sulfate. During daytime, photosynthesis can produce enough
DO to maintain a positive oxidation-reduction (OR) potential in the water. At night,
photosynthesis stops and biodegradation of suspended and lake-bottom organic
sediments consumes nearly all of the DO in the lake. This changes the water from
oxidizing (aerobic) to reducing (anaerobic) conditions and causes the OR potential to
change from positive to negative values. At negative OR potentials (reducing
conditions), dissolved sulfate in the lake is reduced to sulfide, producing hydrogen
sulfide (H,S) gas, which smells like rotten eggs. Thus, if there are residences around
the lake, there may be an odor problem at night that generally dissipates during the day.
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A remedy for this problem entails finding a way to maintain a positive OR potential
for longer periods.

RULE OF THUMB

Because they strongly influence other water quality parameters, the controlling
variables listed are usually included among the parameters that are routinely
measured in water quality sampling programs.

. pH

* Temperature

* Alkalinity and acidity

¢ Total dissolved solids or conductivity
* Oxidation—-reduction (redox) potential

3.2 pH
3.2.1 BACKGROUND

Acidic, basic, and neutral water solutions are measured by a quantity called pH. As
shown below, pH is a measure of the hydrogen ion (H") concentration in water
solutions. Hydrogen ions arise in water from dissociation of the water molecules
themselves or from dissociation of other molecules containing hydrogen that are
dissolved in water.

Pure water always contains a small number of molecules that self-dissociate
because of thermal energy into hydrogen ions (H")* and hydroxyl ions (OH"), as
illustrated by Equation 3.1:

H,0 < H" + OH"™ 3.1

Equation 3.1 is a reversible reaction (indicated by the double arrow); after they are
formed, H" and OH™ ions can recombine to form uncharged water molecules. At
any given temperature, collisions between the more energetic water molecules
initiate the forward dissociation reaction of Equation 3.1, and collisions between
less energetic HY and OH ™ ions initiate the reverse recombination reaction. The
condition of equilibrium, when the rates of ion formation and recombination are
equal, determines the equilibrium concentrations of H* and OH™ ions.

* Note that a hydrogen atom consists of a nucleus with just one proton, surrounded by an electron cloud with
just one electron. Its positive ion is formed by losing its only electron, leaving a bare proton. Without an
electron cloud, H" has the dimensions of a proton, very much smaller than any other ionic species. Thus,
the hydrogen ion is a unique chemical entity, lying between subatomic and atomic domains. It is
structurally identical to the proton subatomic positive particle found in all atomic nuclei, but is not within
anucleus because it is formed in a chemical reaction and is available for further chemical interactions. Its
very large charge-to-diameter ratio makes it extremely reactive (see discussion of Equation 3.5).
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The water dissociation constant, K, is defined as the product of the equilibrium
concentrations of H™ and OH™ ions, expressed as moles per liter:

Ky = [H"][OH] (3.2)

Enclosing the symbol for a chemical species in square brackets is chemical symbol-
ism that represents the species concentration, expressed as moles per liter.
For example, if Nat]= 1073 mol/L, the concentration of Na™ in the solution is
0.001 mol/L, and, since the atomic weight of Na is 23, this is equivalent to 0.023 g/L
(or 23 ppm) (see footnotes on pages 10 and 12 of Chapter 1).

Because the degree of dissociation increases with temperature, Ky, is temperature
dependent. At 25°C

Kyosec = [HT][OH™] = 1.0 x 10~ * (mol/L)? (3.3)
whereas at 50°C
Kysooc = [HT][OH ] = 1.83 x 10~ (mol/L)? (3.4)

If, for example, an acid is added to water at 25°C (usually considered as the standard
default temperature when no other is specified), it dissociates releasing additional
H™ into the water. The H" concentration increases but the product, [H*] X [OH ],
in Equation 3.3 must remain equal to 1.0 X 10" (mol/L)z. This means that
if [H"] increases, [OH ] must decrease by a corresponding amount. Similarly, adding
a base causes [OH ] to increase and, therefore, [H] must decrease correspondingly.

In pure water, or in water with no sources or sinks of H" or OH™ other than the
dissociation reaction of water, Equation 3.1 predicts that there will be equal numbers of
H* and OH™ species. By definition, pure water is neither acidic nor basic; it is defined
as neutral with respect to its acid-base properties. Thus, the neutral condition in water is
when there are equal concentrations of H" and OH ™ ions. When [H '] is greater than
[OH ], the water solution is acidic; when [H1] is less than [OH ], it is basic.

In pure water at 25°C, the values of [H'] and [OH ] must each be equal to
1.0 X 107 mol/L, since by Equation 3.3

Kyas.c = [HTJ[OH™] = (1.0 x 1077 mol/L)(1.0 x 10~ mol/L)
= 1.0 x 10" (mol/L)?

Since pure water defines the condition of acid-base neutrality, neutral water always
has equal concentrations of H" and OH ™, or [Ht]=[OH].

Whatever their separate values, the product of hydrogen ion and hydroxyl ion
concentrations must be equal to 1 X 10~ at 25°C, as in Equation 3.3. If for example
[H = 1073 mol/L, then it is necessary that [OH ] = 10°° mol/L, so that their product
is1071 (mol/L)z. In this example, because [H*] > [OH ], the solution is acidic.

Many compounds dissociate in water to form ions. Those that form hydrogen
ions (H") or consume hydroxyl ions (OH") are called acids because, when added to
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pure water, they produce the condition [H*] > [OH]. Compounds that produce the
condition [H'] < [OH ] when added to pure water are called bases.

RULES OF THUMB
The extent of water self-dissociation increases with temperature. For example

a. In neutral water at 25°C, [H']=[OH ]=1 X 1077 mol/L, and
pH 7.0 (by Equation 3.8).

b. In neutral water at 50°C, [H']=[OH ]=4.3 X 107" mol/L, and
pH 6.4 (by Equation 3.8).

e If [H"] > [OH ], the water solution is acidic.
e If [H"] < [OH ], the water solution is basic.
o If [H"]=[OH ], the water solution is neutral.

H™ is too reactive to exist alone and is always attached to other molecular species. In
water solutions, some of the H™ are always chemically bound to water molecules,
most commonly to one or two water molecules. Equations 3.5a and 3.5b are almost
instantaneous, so H™ does not exist long enough to be measured:

H" + H,O — H30" (3.52)
H;0" + H,0 — Hs05 — (H,0),H" (3.5b)

Further steps in this process to give values for n > 2 become less and less likely.
It is the hydrogen ion—water molecule complex (H,0),H", called the hydrated
proton, that gives solutions their acidic characteristics. Since the chemical structure of
the hydrated proton is not precisely defined, a convention must be adopted to chem-
ically describe the hydrated proton. Although, H;0™ and HsOj are the two most
common varieties of hydrated protons, it does not make any difference to the meaning
of a chemical equation whether the presence of an acid is indicated by H*, H;0™, or
H; O;“ . For example, the addition of nitric acid, HNO;, to water can be written in a
manner that emphasizes the hydration process and identifies the hydrated protons:

HNO; + H,0 — H;0* 4+ NO; (3.6a)
HNO; + 2H,0 — HsO + NO; (3.6b)

Equation 3.7 is an equivalent but more generic equation that emphasizes the disso-
ciation process:

HNO; 22 H* + NO; (3.7)

All the equations are read, “HNO; added to water forms H"(or H;0"/ Hs0;) and
NOj ions.” In other words, 1 mole of HNO; dissociates in water to form 1 mole of
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hydrated protons, no matter whether we choose to write the hydrated proton as H,
H;0", or HsOF. For most environmental chemistry purposes, the dissociation
process is more important and this text will discuss acidic solutions in terms of
their “hydrogen ion (H")” concentration.

3.2.2 DerNING PH

The concentration of H' in water solutions commonly ranges from about 1 mol/L
(since the molecular weight MW) of HT is 1.0 g/mol,* this is equivalent to 1 g/L or
1000 ppm) for very acidic water, to about 10~"* mol/L (10~ g/L or 10" ppm) for
very basic water. Under special circumstances, the range can be even wider."

Rather than work with such a wide numerical range for a measurement that is so
common, chemists have developed a way to use logarithmic units for expressing [H™]
as a positive decimal number whose value normally lies between 0 and 14." This
number is called the pH, and is defined in Equation 3.8 as the negative of the base 10
logarithm of the hydrogen ion concentration, expressed in moles per liter:

pH = —log,, [H'] (3.8)

Note that since logarithms are dimensionless, pH value has no dimensions or units.
Frequently, pH is unnecessarily assigned units called standard units (SU), even
though pH is unitless. This mainly serves to avoid blank spaces in a table that contains
a column for units, or to satisfy a computer database that requires an entry in a units
field. Also note that if [H"] =107, then pH= —10g]0(1077) = —(=7)="17. A higher
concentration of H" such as [H']=10"" yields a lower value for pH, i..,
pH= floglo(lofs) =5. Thus, if pH is less than 7 in a solution at 25°C, the solution
contains more H™ than OH ™ and is acidic; if pH is greater than 7, the solution is basic.

3.2.3 Acip-Base REACTIONS

In acid-base reactions, protons (H' ions) are transferred between chemical species,
one of which is an acid and the other is a base. The proton donor is the acid and the
proton acceptor is the base. For example, if an acid, such as hydrochloric acid (HCI),
is dissolved in water, water acts as a base by accepting the proton donated by HCI.
The acid-base reaction is written as

HCI + H,0 — CI~ + H;0™ (3.9

A water molecule that behaved as a base by accepting a proton is turned into an acid,
H;0™, a species that has a proton available to donate. The species H;0™", as noted
above, is called a hydronium ion and is the chemical species that gives acid water

* In water solutions, the water molecules attached to a hydrated proton readily exchange with other unat-
tached water molecules and are indistinguishable from them. It makes no difference in quantitative calcu-
lations when the water molecules bound to hydrated protons are simply included with those of the water
solvent. Thus, the molecular weight of the hydrated proton may be taken as 1 g/mol, the same as for H.

It is possible, although not very common, to have H' concentrations greater than 1 ppm or less than
10~'* ppm. This, of course, would result in pH values less than 0 (negative) or greater than 14. For
example, if [HT] =2 g/L, then pH = —log;¢(2) = —(+0.301) ~ —0.3. (see Nordstrom, 2000).
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solutions their acidic characteristics. The HCl/water solution of Equation 3.9 contains
water molecules, hydronium ions, hydroxylions (in smaller concentration than H;0™),
and chloride ions. The solution is termed acidic, with pH < 7. The measurable param-
eter pH indicates the concentration of protons available for acid-base reactions.

RULES OF THUMB

In an acid-base reaction, H' ions are exchanged between chemical species.
The specie that donates the H' is the acid. The specie that accepts the H is the
base.

The concentration of H' in water solutions is an indication of how many
hydrogen ions are available, at the time of measurement, for exchange between
chemical species. The exchange of hydrogen ions changes the chemical pro-
perties of the species between which the exchange occurs; the donor, which
was an acid, becomes a base because it now can accept a hydrogen ion, and the
acceptor, which was a base, becomes an acid, because it now can donate a
hydrogen ion.

pH is a measure of [H'], the hydrogen ion concentration, which deter-
mines the acidic or basic quality of water solutions. At 25°C, when

* pH < 7, water solution is acidic
* pH = 7, water solution is neutral
* pH > 7, water solution is basic

EXAMPLE 1

The [H'] of water in a stream is 3.5 X 107 mol/L. What is the pH?

Answer:
pH = —log,o [H*] = —log;, (3.5 x 107°%) = —(—5.46) = 5.46.
An alternate and useful form of Equation 3.8 is
[H"] = 10?1 (3.10)

EXAMPLE 2

The pH of water in a stream is 6.65. What is the hydrogen ion concentration?
Answer:

From Equation 3.10, [H"]=10"""=10"%% =224 X 10~ mol/L.

3.2.4 ImprorTANCE OF PH

Measurement of pH is one of the most important and frequently used tests in water
chemistry. pH is an important factor in determining the chemical and biological
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Acid-base pH scale

More acidic | More basic

< 1 >

Hydronium ion concentration mol/L

1 107" 1072 107% 10™* 10°°10°° 1077 10°8107° 1071071072107 "% 107 ™
< | | | | | | | | | | | | | | | >
[ [ [ | [ | [ | [ [ [ [ [ [ [
0 1 2 3 4 5 6 7 8 9 10 11 12 13 14
pH
~«———— Strong acids (>0.1 M) Strong bases (>0.1 M) =—>
H,SO,, HCI, HNO;, etc. NaOH, KOH, NazPQ,, etc.
Battery acid= Beer — Fresh eggs
Human TS — Cow's milk Sodium bicarbonate = Lye
stomach fluids Human saliva Mild soaps
Lemon juice ——— Human blood - —— Milk of Magnesia
Soft drinks=——— Human urine- Household ammonia
Wines Tap water:
Vinegar =—— Pure waterl
Oranges natural surface fresh
Tomatoes — lakes and streams
Usual range of acid rain=——————————— — pure rainwater
Most acidic rainfall = = Mean pH of rainfall, — Sea water
recorded in United States Toronto, Feb. 1979
Mean pH of Adirondack lakes, 1975 = = Mean pH of Adirondack lakes, 1930

acid mine drainage
— lethal to most fish

FIGURE 3.1 pH scale and typical pH values of some common substances.

properties of water. It affects the chemical forms and environmental impacts of many
chemical substances in water. For example, many metals dissolve as ions at lower
pH values, precipitate as hydroxides and oxides at higher pH, and redissolve again at
very high pH. Figure 3.1 shows the pH scale and typical pH values of some common
substances.

pH also influences the degree of ionization, volatility, and toxicity to aquatic life of
certain dissolved substances, such as ammonia, hydrogen sulfide, and hydrogen cyan-
ide. The ionized form of ammonia, which predominates at low pH, is the less toxic
ammonium ion (NH; ). NH; transforms to the more toxic unionized form of ammonia,
NH3s, at higher pH. Both hydrogen sulfide (H,S) and hydrogen cyanide (HCN) behave
oppositely to ammonia; the less toxic ionized forms, S*~ and CN~, are predominant
at high pH, and the more toxic unionized forms, H,S and HCN, are predominant at
low pH. The pH value is an indicator of the chemical state in which these compounds
will be found and must be considered when establishing water quality standards.

3.2.5 MEAsurING PH

The pH of environmental waters is most commonly measured with electronic pH
meters or by wetting special papers impregnated with color-changing dyes with the
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sample being measured. Battery-operated field meters are common. The pH of a
water sample is altered by many processes that can occur after the sample is
collected, such as loss or gain of dissolved carbon dioxide (CO,) or the oxidation
of dissolved iron. Therefore, a pH measurement of surface or groundwater is valid
only when made in the field or very shortly after sampling. A laboratory determin-
ation of pH made hours or days after sampling may be more than one full pH unit
(a factor of 10 in H™ concentration) different from the value at the time of sampling.

Loss or gain of dissolved CO, is one of the most common causes for pH
changes. When CO, dissolves into water, by diffusion from the atmosphere or
from microbial activity in water or soil, the pH is lowered. Conversely, when CO,
is lost, by diffusion to the atmosphere or consumption during photosynthesis of algae
or water plants, the pH is raised.

RULES OF THUMB
Under low pH conditions (acidic):

a. Metals tend to dissolve.
b. Cyanide and sulfide are more toxic to fish.
¢. Ammonia is less toxic to fish.

Under high pH conditions (basic):

a. Metals tend to precipitate as hydroxides and oxides. However, if the
pH gets too high, some precipitates begin to dissolve again because
soluble hydroxide complexes are formed (see Chapter 4).

b. Cyanide and sulfide are less toxic to fish.

¢. Ammonia is more toxic to fish.

3.2.6 WATER QuALITY CRITERIA AND STANDARDS FOR PH

The pH of pure water at 25°C is 7.0, but the pH of environmental waters is affected
by dissolved CO, and exposure to minerals. Most unpolluted groundwater and
surface water in the United States have pH values between about 6.0 and 8.5,
although higher and lower values can occur because of special conditions, such as
sulfide oxidation that lowers the pH, or low CO, concentrations which raises the pH.
During daylight, photosynthesis in surface waters by aquatic organisms may con-
sume more CO, than is dissolved from the atmosphere, causing pH to rise. At night,
after photosynthesis has ceased, CO, from the atmosphere continues to dissolve and
lowers the pH again. In this manner, photosynthesis can cause diurnal pH fluctu-
ations, the magnitude of which depends on the alkalinity buffering capacity of the
water. In poorly buffered lakes or rivers, the daytime pH may reach 9.0-12.0.
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The permissible pH range for protecting aquatic life depends on factors such as
DO, temperature, and concentrations of dissolved anions and cations. A pH range of
6.5-9.0, with no short-term change greater than 0.5 units beyond the normal seasonal
maximum or minimum, is deemed protective of freshwater aquatic life and consid-
ered harmless to fish. In irrigation waters, the pH should not fall outside a range of
4.5-9.0 to protect plants.

Environmental Protection Agency (EPA) criteria for pH

* Domestic water supplies is 5.0-9.0
* Freshwater aquatic life is 6.5-9.0

RULES OF THUMB

1. The pH of natural unpolluted river water is generally between
6.5 and 8.5.

2. The pH of natural unpolluted groundwater is generally between

6.0 and 8.5.

. Clean rainwater has a pH of about 5.7 because of dissolved COs,.

4. After reaching the surface of the earth, rainwater usually acquires
alkalinity from carbonate minerals while moving over and through
the earth, which may raise the pH and buffer the water against severe
pH changes.

5. The pH of drinking water supplies should be between 5.0 and 9.0.

6. Fish acclimate to ambient pH conditions. For aquatic life, pH should
be between 6.5 and 9.0 and should not vary more than 0.5 units
beyond the normal seasonal maximum or minimum.

(O8]

3.3 OXIDATION-REDUCTION POTENTIAL

3.3.1 BACKGROUND

Oxidizing or reducing conditions in water are indicated by a measured quantity
known as the oxidation potential or, more commonly, redox potential. The oxida-
tion—reduction (redox) potential measures the availability of electrons for exchange
between chemical species. This may be viewed as analogous to pH, which measures
the availability of protons (H" ions) for exchange between chemical species. When
H™ ions are exchanged, the acid or base properties of the species are changed.
When electrons are exchanged, the oxidation states of the species and their chemical
properties are changed, resulting in OR (oxidation-reduction) reactions. The electron
donor is said to be oxidized; the electron acceptor is said to be reduced. For every
electron donor, there must be an electron acceptor. For example, whenever one
substance is oxidized, another must be reduced.
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The most common oxidizing agent in the natural environment is oxygen. When
the measured redox potential of a natural water body is positive, indicating oxidizing
(or aerobic) conditions, there is sufficient DO (dissolved oxygen) present to allow
many dissolved metals and organic species to be oxidized, thereby undergoing
chemical changes that influence their toxicity and solubility. Stronger oxidizing
agents, such as ozone, chlorine, or permanganate, are those that take electrons
from many substances even more readily than oxygen. As noted above, the electron
donor is oxidized and, by accepting electrons, the oxidizing agents are themselves
reduced. Strong oxidizing agents are those that are easily reduced. Similarly, strong
reducing agents are those that are easily oxidized, in other words, they readily give
up electrons to other substances that in turn become reduced.

For example, chlorine is a strong oxidizing agent widely used to treat water and
sewage. Chlorine oxidizes many pollutants more readily than oxygen to less objec-
tionable forms. When chlorine reacts with hydrogen sulfide (H,S)—a common
sewage pollutant that smells like rotten eggs—it oxidizes the sulfur in H,S to insoluble
elemental sulfur (Sg), which is easily removed by settling or filtering. The reaction is

8Cly(g) + 8H>S(aq) — Ss(s) + 16HCl(aq) @3.11)

As the sulfur in H,S is more electronegative than the hydrogens, the sulfur atom in
H,S effectively carries two extra electrons that it has attracted from the hydrogens,
giving it an oxidation number of —2 and a redox structure of S*~. Because chlorine
is more electronegative than sulfur, it can attract the electrons from s>, leaving the
sulfur with oxidation number zero,* at the same time forming two chloride ions in
oxidation state —1, as in Equation 3.12, which shows only the species from Equation
3.11 that undergo a change in oxidation number.

Clh+S8* —2C1 +8° (3.12)

In Equation 3.11, the sulfur in H,S is oxidized because it donates two electrons that
are accepted by the chlorine atoms in Cl,. Chlorine is reduced because it accepts the
electrons. Since chlorine is the agent that causes the oxidation of H,S, chlorine is
called an oxidizing agent. Because H,S is the agent that causes the reduction of
chlorine, H,S is called a reducing agent.

The class of OR reactions is very large. It includes all combustion processes, such
as the burning of gasoline or wood, most microbial reactions, such as those that occur
in biodegradation, and all electrochemical reactions, such as those that occur in
batteries and metal corrosion. The use of subsurface groundwater treatment using
permeable barrier walls containing finely divided iron is based on the reducing
properties of iron. Such treatment walls are placed in the path of groundwater
contaminant plumes. The iron donates electrons to pollutants as they pass through
the permeable barrier. Thus, the iron is oxidized and the pollutant reduced. This often
causes the pollutant to decompose into less harmful or inert fragments.

* Every atom in its elemental state has the same number of electrons around its nucleus as there are protons
in its nucleus. Hence, the net charge on an elemental atom, and its oxidation number, equals zero.
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RULES OF THUMB

1. Oxygen gas (O,) is always an oxidizing agent in its reactions with
metals and most nonmetals. If a compound has combined with O, it
has been oxidized and the O, has been reduced. By accepting elec-
trons, O, is either changed to the oxide ion (O*7) or combined in
compounds such as CO, or H,O.

2. Like O,, halogen gases (F,, Cl,, Br,, and I,) are always oxidizing
agents in reactions with metals and most nonmetals. They accept
electrons to become halide ions (F~, C17, Br, and ") or are com-
bined in compounds such as HCI or CHBrCl,.

3. If an elemental metal (Fe, Al, Zn, etc.) reacts with a compound, the
metal acts as a reducing agent by donating electrons, usually forming
a soluble positive ion such as Fe?*, AI**, or Zn?™.

3.4 CARBON DIOXIDE, BICARBONATE, AND CARBONATE
3.4.1 BACKGROUND

The reactive inorganic forms of environmental carbon are CO,, bicarbonate (HCOy),
and carbonate (CO3 ™). Organic carbon, such as cellulose and starch, is made by plants
from CO, and water during photosynthesis. Carbon dioxide is present in the atmosphere
and in soil pore space as a gas, and in surface waters and groundwaters as a dissolved
gas. The carbon cycle is based on the mobility of CO,, which is distributed readily
through the environment as a gas in the atmosphere and dissolved in rainwater, surface
water, and groundwater. Most of the earth’s carbon, however, is relatively immobile,
being contained in ocean sediments and on continents as minerals. The atmosphere,
with about 360 ppmv (parts per million by volume) of mobile CO,, is the second
smallest of the earth’s global carbon reservoirs, after life forms which are the smallest.

On land, solid forms of carbon are mobilized as particulates, mainly by weath-
ering of carbonate minerals, biodegradation and burning of organic carbon, and
burning of fossil fuels.

3.4.2 SoiusiLty oF CO, IN WATER

Carbon dioxide plays a fundamental role in determining the pH of natural waters.
Although CO, itself is not acidic, it reacts in water (reversibly) to make an acidic
solution by forming carbonic acid (H,COs), as shown in Equation 3.13. Carbonic
acid can subsequently dissociate in two steps to release hydrogen ions, as shown in
Equations 3.14 and 3.15:

CO; + H,0 < H,CO; (3.13)
H,CO; « H" + HCO; (3.14)
HCO; « H™ +CO3~ (3.15)
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CO, HCOg Cco%™

Species fraction

FIGURE 3.2 Distribution diagram showing pH dependence of carbonate species in water.

As a result, pure water exposed to air is not acid-base neutral with a pH near 7.0
because dissolved CO, makes it acidic, with a pH around 5.7. The pH dependence of
Equations 3.13 through 3.15 is shown in Figure 3.2 and Table 3.1.

Observations from Figure 3.2 and Table 3.1:

* As pH increases, all equilibria in Equations 3.10 through 3.12 shift to the
right.

* As pH decreases, all equilibria shift to the left.

* Above pH 10.3, carbonate ion (CO3") is the dominant species.

* Below pH 6.3, dissolved CO; is the dominant species.

* Between pH 6.3 and 10.3, a range common to most environmental waters,
bicarbonate ion (HCOy) is the dominant species.

The equilibria among only the carbon species (omitting the H™ species) are
COy(gas, atm) +» CO,(aq) «+» H,COs(aq) «+» HCOj (aq) < CO%’(aq) 3.16)

These dissolved carbon species are sometimes referred to as dissolved inorganic
carbon (DIC).

TABLE 3.1

pH Dependence of Carbonate Fractions

pH Fraction as CO, Fraction as HCO; Fraction as CO3~
<6.35 Essentially 1.00 Essentially O Essentially 0
6.35 0.50 0.50 Essentially 0
16.35 +10.33)=8.34 0.01 0.98 0.01

10.33 Essentially O 0.50 0.50

>10.33 Essentially 0 Essentially 0 Essentially 1.00

Note: Data from Figure 3.2.

© 2007 by Taylor & Francis Group, LLC.



3.4.3 Sou CO,

Processes such as biodegradation of organic matter and respiration of plants and
organisms, which commonly occur in the subsurface, consume O, and produce CO,.
In the soil subsurface, air in the pore spaces cannot readily equilibrate with the
atmosphere and, therefore, pore space air becomes lower in O, and higher in CO,
concentrations.

* Oxygen may decrease from about 21% (210,000 ppmv) in the atmosphere
to between 15% and 0% (150,000—0 ppmv) in the soil.

* Carbon dioxide may increase from about 0.04% (~360 ppmv) in the
atmosphere to between 0.1% and 10% (1,000-100,000 ppmv) in the soil.

When water moves through the subsurface, it equilibrates with soil gases and may
become more acidic because of a higher soil concentration of dissolved CO,. Acidic
groundwater has an increased capacity for dissolving minerals. The higher the CO,
concentration in soil air, the lower is the pH of groundwater. Acidic groundwater may
become buffered, minimizing pH changes, by dissolution of soil minerals, particularly
calcium carbonate. Limestone (calcium carbonate, CaCOs) is particularly susceptible
to dissolution by low pH waters. Limestone caves are formed when low pH ground-
waters move through limestone deposits and dissolve the limestone minerals.

RULES OF THUMB

1. Unpolluted rainwater is acidic, pH 5.7, because of dissolved CO,
from the atmosphere. Rainwater appears to become more acidic as
atmospheric CO; levels increase, mainly due to increasing burning of
fossil fuels.

2. Acid rain has lower pH values, reaching pH 2.0 or lower, because of
dissolved sulfuric, nitric, and hydrochloric acids which result mainly
from industrial air emissions.

3. Dissolved carbonate species, CO,(aq) (equivalent to H,CO3), HCOy,
and COZ%~, are present in any natural water system near the surface of
the earth. The relative proportions depend on pH.

4. At pH values between 7.0 and 10.0, bicarbonate is the dominant DIC
species in water. Between pH 7.8 and 9.2, bicarbonate is close to
100%; carbonate and dissolved CO, concentrations are essentially
Zero.

5. In subsurface soil pore space, oxygen is depleted and CO, is
increased, compared to the atmosphere. Oxygen typically decreases
from 21% in atmospheric air to 15% or less in soil pore space air, and
CO, typically increases from ~360 ppmv in atmospheric air to
between 1,000 and 100,000 ppmv in soil pore space air. Thus,
unpolluted groundwaters tend to be more acidic than unpolluted
surface waters because of higher dissolved concentrations of CO,.
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3.5 ACIDITY AND ALKALINITY
3.5.1 BACKGROUND

The alkalinity of water is its acid-neutralizing capacity. The acidity of water is its
base-neutralizing capacity. Both parameters are related to the buffering capacity of
water (the ability to resist changes in pH when an acid or base is added). Water with
high alkalinity can neutralize a large quantity of acid without large changes in pH; on
the other hand, water with high acidity can neutralize a large quantity of base without
large changes in pH.

3.5.2 Acity

Acidity is determined by measuring how much standard base must be added to raise
the pH to a specified value. Acidity is the net effect of the presence of several
constituents, including dissolved CO,, dissolved multivalent metal ions, strong
mineral acids such as sulfuric, nitric, and hydrochloric acids, and weak organic
acids such as acetic acid. Dissolved CO, is the main source of acidity in unpolluted
waters. Acidity from sources other than dissolved CO, is not commonly encountered
in unpolluted natural waters and is often an indicator of pollution.

Titrating an acidic water sample with base to pH 8.3 measures phenolphthalein*
acidity or total acidity. Total acidity measures the neutralizing effects of essentially
all the acid species present, both strong and weak.

Titrating with base to pH 3.7 measures methyl orange* acidity. Methyl orange
acidity primarily measures acidity due to the presence of strong mineral acids, such
as sulfuric (H,SQOy), hydrochloric (HCl), and nitric (HNO3) acids.

3.5.3 ALKALINITY

In natural waters that are not highly polluted, alkalinity is more commonly found
than acidity. Alkalinity is often a good indicator of the total DIC (bicarbonate and
carbonate anions) present. All unpolluted natural waters can be expected to have
some degree of alkalinity. Since all natural waters contain dissolved CO,, they all
will have some alkalinity contributed by carbonate species—unless acidic pollutants
have consumed the alkalinity. It is not unusual for alkalinity to range from O to
750 mg/L as CaCOs;. For surface waters, alkalinity levels less than 30 mg/L are
considered low, and levels greater than 250 mg/L are considered high. Average
values for rivers are around 100-150 mg/L. Alkalinity in environmental waters is
beneficial because it minimizes pH changes, reduces the toxicity of many metals by
forming complexes with them, and provides nutrient carbon for aquatic plants.
Alkalinity is determined by measuring how much standard acid must be added to
a given amount of water to lower the pH to a specified value. Like acidity, alkalinity
is the net effect of the presence of several constituents, but the most important are the
bicarbonate (HCO3), carbonate (CO3™), phosphate (PO;"), and hydroxyl (OH")
anions. Alkalinity is often taken as an indicator for the concentration of these

* Phenolphthalein and methyl orange are pH-indicator dyes that change color at pH 8.3 and 3.7,
respectively.
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constituents. There are other, usually minor, contributors to alkalinity, such as
ammonia, phosphates, borates, silicates, and other basic substances.

Titrating with acid a water sample having pH greater than 8.3 down to pH 8.3
measures phenolphthalein alkalinity. Phenolphthalein alkalinity primarily measures
the amount of carbonate ion (CO3~) present. Titrating with acid to pH 3.7 measures
methyl orange alkalinity or total alkalinity. Total alkalinity measures the neutralizing
effects of essentially all the bases present.

Because alkalinity is a property caused by several constituents, some convention
must be used for reporting it quantitatively as a concentration. The usual convention is
to express alkalinity as the ppm or mg/L of calcium carbonate (CaCOs3) that would
produce the same alkalinity as measured in the sample. This is done by calculating
how much CaCOj; would be neutralized by the same amount of acid as was used in
titrating the water sample when measuring either phenolphthalein or methyl orange
alkalinity. Whether it is present or not, CaCOs is used as a proxy for all the base
species that are actually present in the water. The alkalinity value is equivalent to the
mg/L of CaCOj3 that would neutralize the same amount of acid as does the actual water
sample and is written as, for example, alkalinity = 1200 mg/L as CaCOs.

3.5.4 IMPORTANCE OF ALKALINITY

Alkalinity is important to fish and other aquatic life because it buffers both natural-
and human-induced pH changes. The chemical species that cause alkalinity, such as
carbonate, bicarbonate, hydroxyl, and phosphate ions, can form chemical complexes
with many toxic heavy metal ions, often reducing their toxicity. Water with high
alkalinity generally has a high concentration of DIC (in the forms of HCO3; and
CO%’), which can be converted to biomass by photosynthesis. A minimum alkalinity
of 20 mg/L as CaCOj; is recommended for environmental waters and levels between
25 and 400 mg/L are generally beneficial for aquatic life. More productive waterfowl
habitats correlate with increased alkalinity above 25 mg/L as CaCO;. A range
between 100 and 250 mg/L is considered normal for surface waters.

3.5.5 WAaTEer QuALITY CRITERIA AND STANDARDS FOR ALKALINITY

Naturally occurring levels of alkalinity reaching at least 400 mg/L as CaCOs; are not
considered a health hazard. An upper limit of 500 mg/L is considered safe for
livestock. EPA guidelines recommend a minimum alkalinity of 20 mg/L as
CaCOs;, and that natural background alkalinity is not reduced by more than 25%
by any discharge. For waters where the natural level is less than 20 mg/L, alkalinity
should not be further reduced. Changes from natural alkalinity levels should be kept
to a minimum. The volume of sample required for alkalinity analysis is 100 mL.

RULES OF THUMB

1. Alkalinity is the mg/L of CaCOs; that would neutralize the same
amount of acid as does the actual water sample.

(Continued)
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RULES OF THUMB (Continued)

2. Phenolphthalein alkalinity (titration with acid to pH 8.3) measures the
amount of carbonate ion (CO%’) present.

3. Total or methyl orange alkalinity (titration with acid to pH 3.7)
measures the neutralizing effects of essentially all the bases present.

4. Surface- and groundwaters draining carbonate mineral formations
become more alkaline due to dissolved minerals.

5. High alkalinity can partially mitigate the toxic effects of heavy metals
to aquatic life.

6. Alkalinity greater than 25 mg/L CaCOj is beneficial to water quality.

7. Surface waters without carbonate buffering may be more acidic than
pH 5.7 (the value established by equilibration of dissolved CO, with
CO, in the atmosphere) because of water reactions with metals and
organic substances, biochemical reactions, and acid rain.

3.5.6 CALCULATING ALKALINITY

Although alkalinity is usually determined by titration, the contribution from carbonate
species (carbonate alkalinity) is readily calculated if the total carbonate (bicarbonate plus
carbonate) concentration is known. If only the bicarbonate or carbonate concentration is
known, the pH can be used with Figure 3.2 to estimate the total carbonate concentration,
as in Example 3. Carbonate alkalinity is equal to the sum of the concentrations of
bicarbonate and carbonate ions, expressed as the equivalent concentration of CaCOs;.

EXAMPLE 3

A groundwater sample contains 300 mg/L of bicarbonate at pH 10.0. The carbonate
concentration was not reported. Calculate the total carbonate alkalinity as CaCOs.

Answer:

1. Use the measured values of bicarbonate and pH, with Figure 3.2, to determine the
carbonate concentration. At pH 10.0, total carbonate is about 73% bicarbonate ion
and 27% carbonate ion. Although these percentages are related to moles/L rather
than mg/L, the molecular weights of bicarbonate and carbonate ions differ by only
about 1.7%; therefore, mg/L can be used in the calculation without significant error.

300 mg/L

Total carbonate (HCO; + Co%) = 03 = 411 mg/L

CO3™ =0.27 x 411 = 111 mg/L, or alternatively, 411 — 300 = 111 mg/L.

2. Determine the equivalent weights of HCO3 ,CO%i and CaCOj (or use Table 1.1,
page 18).

Molecular or atomic weight

Eq. wt. = - — -
4 Magnitude of ionic charge or oxidation number
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61.0

Eq. wt. of HCO3 = -4 = 61.0 g/eq
60.0

Eq. wt. of CO;}™ = - = 30.0 g/eq
100.1

Eq. wt. of CaCO;3 = — = 50.0 g/eq

3. Determine the multiplying factors to obtain the equivalent concentrations of CaCOs5.

Eq. wt. of CaCO; _ 50.0 g/eq

= = 0.820
Eq. wt. of HCO;  61.0 g/eq

Multiplying factor for HCO3 as CaCOs3 =

Eq. wt. of CaCO5; _ 50.0 g/eq

Multiplying factor for CO3~ as CaCO; = = = 1.667
ultiplying tactor for 3 as CaCOs3 Eq. wt. of CO%’ 300 g/eq

4. Use the multiplying factors and concentrations to calculate the carbonate alkalinity,
expressed as mg/L of CaCOs;.

Carbonate alk. (as CaCO3) = 0.820 (HCO;,mg/L) +1.667 (CO?, mg/L) (3.17)
Carbonate alk. = 0.820(300 mg/L) 4+ 1.667(111 mg/L) = 431 mg/L CaCO;

Equation 3.17 may be used to calculate carbonate alkalinity whenever pH and the total
carbonate concentration are known.

3.5.7 CALCULATING CHANGES IN ALKALINITY, CARBONATE, AND PH

A detailed calculation of how pH, total carbonate, and total alkalinity are related to one
another is moderately complicated because of the three simultaneous carbonate equi-
libria reactions, Equations 3.13 through 3.15. However, the relations can be conveni-
ently plotted on a total alkalinity/pH/total carbonate graph, also called a Deffeyes
diagram, or capacity diagram (see Figures 3.3 and 3.4). Details of the construction of
the diagrams may be found in Stumm and Morgan (1996) and Deffeyes (1965).

In a total alkalinity/pH/total carbonate graph, shown in Figure 3.3, a vertical line
represents adding strong base or acid without changing the total carbonate. The
added base or acid changes the pH and, therefore, shifts the carbonate equilibrium,
but does not add or remove any carbonate. The amount of strong base or acid in
meq/L equals the vertical distance on the graph. You can see from Figure 3.3 that if
the total carbonate is small, the system is poorly buffered; so a little base or acid
makes large changes in pH. If total carbonate is large, the system buffering capacity
is similarly large and it takes much more base or acid for the same pH change.

A horizontal line represents changing total carbonate, generally by adding or
losing CO,, without changing alkalinity. For alkalinity to remain constant when total
carbonate changes, the pH must also change. Changes caused by adding bicarbonate
or from simple dilution are indicated in the figure.

Figure 3.4 is a total acidity/pH/total carbonate graph. Note that changes in
composition, caused by adding or removing CO, and carbonate, are indicated by
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FIGURE 3.3 Total alkalinity/pH/total carbonate diagram (Deffeyes diagram). Relationships
among total alkalinity, pH, and total carbonate are shown here. If any two of these quantities
are known, the third may be determined from the plot. The composition changes indicated
refer to Example 4.

different movement vectors in the acidity and alkalinity graphs. Examples below
illustrate the uses of the diagrams.

EXAMPLE 4

Designers of a wastewater treatment facility for a meat rendering plant planned to
control ammonia concentrations in the wastewater by raising its pH to 11, in order
to convert about 90% of the ammonia to the volatile form. The wastewater would then

© 2007 by Taylor & Francis Group, LLC.



Acidity/pH/carbonate system
pH=24 25 26272830 3550 6.0

FLa
2.9 5.5
1)

77 é%/
N %

o
w
o
(6]

5.5

6.8
7.0
7.2

7.5
8.0

9.0
9.3
9.5

9.7

/
[/
0

V.

NN

N
RIAITAANANNNNN

9.9
10.0

10.1
10.2

10.3

Acidity (meq/L)
N
N o

LMK

10.4
10.5

10.6

10.7
0.5

10.8

o
L
L

10.9

AN
LAY

TRUANN

| 11.0

0 0.001 0.002 0.003 0.004
Total carbonate (mol/L)

Add Add Add Na,CO; Dilution Add NaHCO, Add CO,
strong strong or CaCOj with
acid base water

-0.5

(] "
1 1
— i

<«
L

L
R

L

FIGURE 3.4 Total acidity/pH/total carbonate diagram (Deffeyes diagram). Relationships among
total acidity, pH, and total carbonate are shown here. If any two of these quantities are known, the
third may be determined from the plot. The composition changes indicated refer to Example 5.

be passed through an air-stripping tower to transfer the ammonia to the atmosphere.
Average initial conditions for alkalinity and pH in the wastewater were expected to be
about 0.5 meq/L and 6.0, respectively.

In the preliminary design plan, four options for increasing the pH were considered:

. Raise the pH by adding NaOH, a strong base.

. Raise the pH by adding calcium carbonate, CaCOs, in the form of limestone.
. Raise the pH by adding sodium bicarbonate, NaHCOj.

. Raise the pH by removing CO,, perhaps by aeration.

RSOSSN
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ApbiTioN oF NAOH

In Figure 3.3, we find that the intersection of pH 6.0 and alkalinity 0.5 meq/L occurs at
total carbonate 0.0015 mol/L (point A). Assuming that no CO, is lost to the atmos-
phere, addition of the strong base NaOH represents a vertical displacement upward
from point A. Enough NaOH must be added to intersect with the pH 11.0 contour at
point B. In Figure 3.3, the vertical line between points A and B has a length of about 3.3
meq/L. Thus, the quantity of NaOH needed to change the pH from 6.0 to 11.0 is 3.3
meq/L (132 mg/L).

ApbpiTioN ofF CACO3

Addition of CaCOs; is represented by a line of slope +2 from point A. The carbonate
addition line rises by 2 meq/L of alkalinity for each increase of 1 mol/L of total carbonate
(because 1 mole of carbonate =2 equivalents). Note, in Figure 3.3, that the slope of
the pH 11.0 contour is nearly 2. The CaCOj3 addition vector and the pH 11.0 contour are
nearly parallel. Therefore, a very large quantity of CaCO3; would be needed, making this
method impractical.

AbpDITION OF NAHCO4

Addition of NaHCOj5 is represented by a line of slope +1 from point A. Although this
vector is not shown in Figure 3.3, it is evident it cannot cross the pH 11 contour.
Therefore, this method will not work.

RemovinGg CO,

Removal of CO, is represented by a horizontal displacement to the left. Loss or gain of
CO, does not affect the alkalinity. Note that if CO, is removed, total carbonate is
decreased correspondingly. However, pH and [OH ] also increase correspondingly,
resulting in no net change in alkalinity. We see from Figure 3.3 that removal of CO, to
the point of zero total carbonate cannot achieve pH 11.0. Therefore, this method also
will not work.

Of the four potential methods considered for raising the wastewater pH to 11.0,
only addition of NaOH is useful.

EXAMPLE 5

A large excavation at an abandoned mine site has filled with water. Because pyrite
minerals were exposed in the pit, the water is acidic with pH 3.2. The acidity was
measured at 3.5 meq/L. Because the pit overflows into a stream during heavy rains,
managers of the site must meet the conditions of a discharge permit, which include a
requirement that pH of the overflow water be between 6.0 and 9.0. The site manager
decides to treat the water to pH 7.0 to provide a safety margin. Use Figure 3.4 to
evaluate the same options for raising the pH as considered in Example 4.
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AppiTioN oF NAOH

In Figure 3.4, we find that the intersection of pH 3.2 and acidity 3.5 meq/L occurs at
about total carbonate 0.0014 mol/L, point A. Assuming that no CO, is lost to the
atmosphere, addition of the strong base NaOH represents a vertical displacement
downward from point A to point C. Enough NaOH must be added to intersect with
the pH 7.0 contour. The vertical line between points A and C has a length of about 1.8
meq/L. Thus, the quantity of NaOH needed to change the pH from 3.0 to 7.0 is 1.8
meq/L (72 mg/L).

AppITION OF CACO;

In the acidity diagram, addition of CaCOj is represented by a horizontal line to the
right. In Figure 3.4, the CaCO; addition line intersects the pH 7.0 contour at point B,
where total carbonate is 0.0030 mol/L. Therefore, the quantity of CaCO; required to
reach pH 7.0 is 0.0030 — 0.0014 = 0.0016 mol/L (160 mg/L).

ApbitioN oF NAHCO;

The addition of NaHCOs is represented by a line of slope +1 (the vector upward to the
right from point A in Figure 3.4). Note that the slope of the pH 7.0 contour is just a little
greater than +1. The NaHCO; addition vector and the pH 7.0 contour are nearly
parallel. Therefore, a very large quantity of NaHCO; would be needed, making this
method impractical.

RemovinGg CO,

In the acidity diagram, the removal of CO, is represented by a line downward to the left
with slope +2. We see from Figure 3.4 that removal of CO, to the point of zero total
carbonate cannot achieve pH 7.0. Therefore, this method will not work.

Of the four potential methods considered for raising the wastewater pH to 7.0,
addition of either NaOH or CaCO5; will work. The choice will be based on other
considerations, such as costs or availability.

EXAMPLE 6

Figures 3.3 and 3.4 are useful for finding properties of mixed waters. As a simple
example, consider an industry that requires its process water to be at pH 7.0. It uses two
different water sources for filling a storage tank for its process water. Let water A be the
remaining water in the half-full tank that needs replenishing. Water A has a pH 7.0 and
an alkalinity 2.5 meq/L. Water B, used to fill the tank, has pH 8.0 and alkalinity 3.5
meq/L.

a. What is the pH of the mixture after Water B fills the tank? Assume no CO, is lost to

the atmosphere.
b. What would be a reasonable way to bring the mixture back to pH 7.0?

© 2007 by Taylor & Francis Group, LLC.



Answer:

a. From Figure 3.3, for water A, at the intersection of pH 7.0 and alkalinity 2.5 meq/L,
total carbonate is 0.0030 mol/L, and for water B, at the intersection of pH 8.0 and
alkalinity 3.5, total carbonate is 0.0036. Because the volumes of waters A and B are
equal and no CO, is assumed to be lost, the mixture will have alkalinity and total
carbonate values that are the average of waters A and B, i.e., for the mixture, alkalinity is
3.0 meq/L and total carbonate is 0.0033 meq/L. From Figure 3.3, the mixture’s pH is
very close to 7.3.

b. Adding 0.2 meq/L of strong acid will lower the pH to 7.0.

Note: If unequal volumes of water are mixed, as is usually the case, the only change
needed in the above approach is to use weighted averages of alkalinity and total carbon
for the mixture.

3.6 HARDNESS
3.6.1 BACKGROUND

Originally, water hardness was a measure of the ability of water to precipitate soap.
It was measured by the amount of soap needed for adequate lathering and served
as an indicator of the rate of scale formation in hot water heaters and boilers. Soap
is precipitated as a gray ‘‘bathtub ring” deposit mainly by reacting with the calcium
and magnesium cations (Ca>" and Mg>") present, although other polyvalent cations
may play a minor role.

Hardness has some similarities to alkalinity. Like alkalinity, hardness is a
property of water that is not attributable to a single constituent and, therefore,
some convention must be adopted to express hardness quantitatively as a concen-
tration. As with alkalinity, hardness is usually expressed as an equivalent concen-
tration of CaCO5. However, hardness is a property of cations (Ca’" and Mg*"),
while alkalinity is a property of anions (HCO; and CO3~).

3.6.2 CALCULATING HARDNESS

Current practice is to define total hardness as the sum of the calcium and magnesium
ion concentrations in mg/L, both expressed as calcium carbonate. Hardness is
usually calculated from separate measurements of calcium and magnesium, rather
than measured directly by colorimetric titration.

Calcium and magnesium ion concentrations are converted to equivalent concen-
trations of CaCQOj as follows:

1. Find the equivalent weights of Ca®", Mg?", and CaCOjs (also, see Table
1.1, page 18).

Molecular or atomic weight

Eq. wt. = - — s
d Magnitude of ionic charge or oxidation number
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40.08 g/mol

Eq. wt. of Ca*" = = 20.04
4 wh- ot 4 2 eq/mol g/eq
24.31 g/mol
Eq. wt. of Mg?" = ——>""—— = 12.15
4. whof Ve 2 eq/mol g/ed
100.09 1
Eq. wt. of CaCO; = 100.09 g/mol =50.04 g/eq

2 eq/mol

2. Determine the multiplying factors to obtain the equivalent concentration
of CaCOs.

Eq. wt. of CaCOj3 _ 50.04 g/eq 5497
Eq. wt. of Ca2t  20.04 g/eq
Eq. wt. of CaCO3;  50.04 g/eq
Eq. wt. of Mg2t  12.15 g/eq

Multiplying factor for Ca*" as CaCO; =

=4.119

Multiplying factor of Mg as CaCO; =

3. Calculate the total hardness with Equation 3.18.
Total hardness (as CaCO3) = 2.497 (Ca*", mg/L) + 4.118 (Mg>", mg/L) (3.18)

Equation 3.18 may be used to calculate hardness whenever Ca>" and Mg”" concen-
trations are known.

EXAMPLE 7

Calculate the total hardness as CaCOj of a water sample in which Ca®" =98 mg/L and
Mg?* =22 mg/L.

Answer:

Use Equation 3.18
Total hardness = 2.497(98 mg/L) + 4.118(22 mg/L) = 335 mg/L CaCO;

Both alkalinity and hardness are expressed in terms of an equivalent concentration of
calcium carbonate. As noted before, alkalinity results from reactions of the anions, CO%‘
and HCO;, whereas hardness results from reactions of the cations, Ca>" and Mg”.

It is possible for hardness as CaCOj to exceed the total alkalinity as CaCO5;. When
this occurs, the portion of the hardness that is equal to the alkalinity is referred to as
““carbonate hardness or temporary hardness,” and the amount in excess of alkalinity is
referred to as ‘‘non-carbonate hardness or permanent hardness.”

3.6.3 IMPORTANCE OF HARDNESS

Hardness is sometimes useful as an indicator proportionate to the total dissolved
solids (TDS) present, since Ca*", Mg*", CO_z’, and HCOj3 often represent the
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largest part of the TDS. No human health effects due to hardness have been proven;
however, an inverse relation with cardiovascular disease has been reported. Higher
levels of drinking water hardness correlate with lower incidence of cardiovascular
disease. High levels of water hardness may limit the growth of fish; on the other
hand, low hardness (soft water) may increase fish sensitivity to toxic metals. In
general, higher hardness is beneficial by reducing metal toxicity to fish. Aquatic life
water quality standards for many metals are calculated by using an equation that
includes water hardness as a variable.

The main advantages in limiting the level of hardness (by softening water) are
economical: less soap requirements in domestic and industrial cleaning, and less
scale formation in pipes and boilers. Water treatment by reverse osmosis (RO) often
requires a water-softening pretreatment to prevent scale formation on RO mem-
branes. Increased use of detergents, which do not form precipitates with Ca*" and
Mg, has lessened the importance of hardness for soap consumption. On the other
hand, a drawback to soft water is that it is more ““corrosive’ or “aggressive” than
hard water. In this context, ““corrosive’’ means that soft water more readily dissolves
metal from plumbing systems than does hard water. Thus, in plumbing systems
where brass, copper, galvanized iron, or lead solders are present, a soft water system
will carry higher levels of dissolved copper, zinc, lead, and iron, than will a hard
water system.

RULES OF THUMB

1. The higher the hardness, the more tolerant are many surface water
metal standards for aquatic life.

2. Hardness above 100 mg/L can cause significant scale deposits to
form in boilers.

3. The softer the water, the greater the tendency to dissolve metals from
the pipes of water distribution systems.

4. An ideal quality goal for total hardness is about 70-90 mg/L. Muni-
cipal treatment sometimes allows up to 150 mg/L of total hardness in
order to reduce chemical costs and sludge production from precipita-
tion of calcium and magnesium carbonates.

Water will be “hard”” wherever groundwater passes through calcium and magnesium
carbonate mineral deposits. Such deposits are very widespread and hard to moder-
ately hard groundwater is more common than soft groundwater. Very hard ground-
water occurs frequently. Calcium and magnesium carbonates are the most common
carbonate minerals and are the main sources of hard water. A geologic map showing
the distribution of carbonate minerals serves also as an approximate map of the
distribution of hard groundwater. The most common sources of soft water are where
rainwater is used directly, or where surface waters are fed more by precipitation than
by groundwater.
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FIGURE 3.5 Relationship between hardness expressed as milligrams per liter (mg/L) and
grains per gallon (gpg).

RULES OF THUMB

Degree of Hardness ~ mg CaCO;/L Effects

Soft <75 May increase toxicity to fish of dissolved metals
May increase corrosivity of water to metals
No scale deposits
Efficient use of soap

Moderately hard 75-120 Not objectionable for most purposes
Requires somewhat more soap for cleaning
Above 100 mg/L may deposit significant scale

in boilers
Hard 120-200 Considerable scale buildup and staining.
Generally softened if >200 mg/L
Very hard >200 Requires softening for household or

commercial use

In industrial usage, hardness is sometimes expressed as grains per gallon (gpg). The
conversion between gpg and mg/L is shown in Figure 3.5.

3.7 DISSOLVED OXYGEN
3.7.1 BACKGROUND

Sufficient dissolved oxygen (DO) is important for high-quality water. DO is crucial
for the survival of fish and most other aquatic life forms. It oxidizes many sources of
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objectionable tastes and odors. Oxygen becomes dissolved in surface waters by
diffusion from the atmosphere and from aquatic—plant photosynthesis.

On average, most oxygen dissolves into water from the atmosphere; only a little
net DO is produced by aquatic—plant photosynthesis. Although water plants produce
oxygen during the day, they consume oxygen at night as an energy source. When
they die and decay, dead plant matter serves as an energy source for microbes, which
consume additional oxygen. The net change in DO is small during the life cycle of
aquatic plants.

RULES OF THUMB

1. The solubility of oxygen in water decreases as water temperature
increases.

2. Saturation concentration of O, in water at sea level is 14.7 mg/L
(ppm) at 0°C:

8.3 mg/L (ppm) at 25°C
7.0 mg/L (ppm) at 35°C

Dissolved oxygen is consumed by the degradation (oxidation) of organic matter in
water. Because the concentration of DO is never very large, oxygen-depleting
processes can rapidly reduce it to near zero in the absence of efficient aeration
mechanisms. Fish need at least 5-6 ppm DO to grow and thrive. They stop feeding
if the level drops to around 3—4 ppm and die if DO falls to 1 ppm. Many fish kills are
not caused by the direct toxicity of contaminants but instead by a deficiency of
oxygen caused by the biodegradation of organic contaminants (Table 3.2).

Typical state aquatic life standards for DO are
* 7.0 ppm for cold water spawning periods

* 6.0 ppm for class 1 cold water biota
* 5.0 ppm for class 1 warm water biota

TABLE 3.2

Dissolved Oxygen and Water Quality

Water Quality Dissolved Oxygen (mg/L)
Good Above 8.0

Slightly polluted 6.5-8.0

Moderately polluted 4.5-6.5

Heavily polluted 4.0-4.5

Severely polluted Below 4.0
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3.8 BIOLOGICAL OXYGEN DEMAND AND CHEMICAL
OXYGEN DEMAND

3.8.1 BACKGROUND

Biological oxygen demand (BOD) refers to the amount of oxygen potentially
consumed if all the biologically degradable organic matter in a given volume of
water were biodegraded. BOD is an indicator of the potential for a water body to
become depleted in oxygen and possibly become anaerobic because of biodegrad-
ation. BOD measurements do not take into account reoxygenation of water by
naturally occurring diffusion from the atmosphere or mechanical aeration. Water
with a high BOD and an active microbial population can become depleted in oxygen
and may not support aquatic life, unless there is a means for rapidly replenishing DO.

Chemical oxygen demand (COD) refers to the amount of oxygen consumed when
all the organic matter in a given volume of water is chemically oxidized to CO, and H,O
by a strong chemical oxidant, such as permanganate or dichromate. COD is sometimes
used as a measure of general pollution. For example, in an industrial area built on fill dirt,
COD in the groundwater might be used as an indicator of organic materials leached from
the fill material. Leachate from landfills often has high levels of COD.

BOD is a subset of COD. The COD analysis oxidizes organic matter that is both
chemically and biologically oxidizable. If a reliable correlation between COD and
BOD can be established at a particular site, the simpler COD test may be used in
place of the more complicated BOD analysis.

3.8.2 BOD;

BODs refers to a particular empirical test, accepted as a standard, in which a specified
volume of sample water is seeded with bacteria and nutrients (nitrogen and phosphorus)
and then incubated for 5 days at 20°C in the dark. BODjs is measured as the decrease in
DO (in mg/L) after 5 days of incubation. The BODs test originated in England, where
any river contaminant not decomposed within 5 days will reach the ocean.

Water surface turbulence helps to dissolve oxygen from the atmosphere by increas-
ing the water surface area. A BODs of 5 mg/L in a slow-moving stream might be enough
to produce anaerobic conditions, while a turbulent mountain stream might be able to
assimilate a BODs of 50 mg/L without appreciable oxygen depletion (Figure 3.6).

3.8.3 BOD CALCULATION

EXAMPLE 8

When 1 L water sample is collected for analysis, an insect weighing 50.0 mg is acciden-
tally trapped in the bottle. The initial DO is 7.0 mg/L. Assume that 15% of the insect’s
fresh weight is readily biodegradable and has the approximate unit formula CH,O*. Also,

* Organic biomass contains carbon, hydrogen, and oxygen atoms approximately in the ratio of 1:2:1, so
that CH,O serves as a convenient “‘unit molecule’ of organic matter.
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FIGURE 3.6 Dissolved oxygen sag curve caused by discharge of organic wastes into a river.

assume that microbes are present that will metabolize the insect. If the laboratory does not
analyze the sample until biodegradation is complete, what DO will they measure?

Answer:

The chemical reaction for oxidation of organic matter is

Equation 3.19 shows that 1 mole of O, oxidizes 1 mole of CH,O. Therefore, the moles
of CH,0 biodegraded will equal the moles of O, consumed during biodegradation.
First, find the moles of O, initially present and the biodegradable moles of organic
matter in the insect.

7.0 x 1073 g/L

=2.19 x 10~* mol/L
32 g/mol X mol/

Moles O; initially present as DO =

Initial weight of insect organic matter (CH,O) present =50.0 mg
Weight of insect matter that is biodegradable = 0.15 X (50.0 mg) =7.50 mg
Molecular weight of CH,O=12 + 2 + 16 =30 g/mol

7.50 x 10-%g/L

=2.50 x 107* mol
30 g/mol x me

Moles biodegradable organic matter =

The moles of biodegradable organic matter exceed the moles of DO in the 1 L sample.
Therefore, biodegradation of the insect will consume all of the DO in the sample and
there will be some biodegradable organic matter left over.

Moles of organic matter biodegraded = moles of O, consumed =2.19 X 10™* mol/L
Mass of organic matter biodegraded = (2.19 X 10~*mol/L) X (30 g/mol) = 6.57 X 10> g
Mass of biodegradable organic matter remaining =7.50 — 6.57 mg =0.093 mg
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Since all of the DO has been consumed the laboratory will find the water anaerobic,
with no DO. There will be (50.0 — 6.57 mg) =43.4 mg of insect remaining, of which
0.093 mg is still biodegradable. Note that the concentration of BOD degraded (6.6 mg/L)
is similar to the concentration of DO consumed (7.0 mg/L), being about 6% less.

RULE OF THUMB

The mg/L of BOD biodegraded in a BODjs test ~ mg/L of O, consumed by
microbes in the sample.

Note: This convenient approximation is valid because, by Equation 3.19, the
moles of O, consumed in a BODj test equals the moles of BOD consumed,
and the MW of O, (MW, = 32 g/mole) is close to that of the “unit molecule”
of organic matter (CH,O, MWy o =30 g/mole). This means that the weight
concentration ratio of BOD to DO consumed in a BODs test is 30/32, or
0.9375, very close to 1/1.

3.8.4 COD CALCULATION

EXAMPLE 9

COD levels of 60 mg/L were measured in groundwater. It is suspected that fuel
contamination is the main cause. What concentration of hydrocarbons from fuel is
necessary to account for all of the COD observed?

Answer:

For simplicity, assume fuel hydrocarbons to have an average unit formula of CH,. The
oxidation reaction is

CH; + 1.5 O, — CO, + H,O (3.20)

For each carbon atom in the fuel, 1.5 oxygen molecules are consumed.
Weight of 1 mole of CH, =12 +2=14¢g
Weight of 1.5 mole of O, =1.5X32=48 g 48 ¢
Weight ratio of oxygen to fuel consumed during oxidation is e 34

60 L
A COD of 60 mg/L requires %f/

If dissolved fuel hydrocarbons in the groundwater are around 18 mg/L or greater, the fuel
alone could account for all the measured COD.

If dissolved fuel hydrocarbons in the groundwater are much less than 18 mg/L,
then fuels could account for only a part of the COD; other organic substances, such as
pesticides, fertilizers, solvents, PCBs, etc., must account for the rest.

= 18 mg/L fuel hydrocarbons.

3.9 NITROGEN: AMMONIA, NITRITE, AND NITRATE
3.9.1 BACKGROUND

Nitrogen compounds of greatest interest to water quality are those that are biologic-
ally available as nutrients to plants or exhibit toxicity to humans or aquatic life.
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Atmospheric nitrogen (N,) is the primary source of all nitrogen species, but it is
not directly available to plants as a nutrient because the N=N triple bond is
too strong to be broken by photosynthesis. Atmospheric nitrogen must be
converted to other nitrogen compounds before it can become available as a plant
nutrient.

The conversion of atmospheric nitrogen to other chemical forms is called
nitrogen fixation and is accomplished by certain bacteria that are present in water,
soil, and root nodules of alfalfa, clover, peas, beans, and other legumes. Atmospheric
lightning is another significant source of fixed nitrogen because the high temperat-
ures generated in lightning strikes are sufficient to break N, and O, bonds, making
possible the formation of nitrogen oxides. Nitrogen oxides created within lightning
bolts dissolve in rainwater and are absorbed by plant roots, thus entering the nitrogen
nutrient subcycles (see Figure 3.7).

The rate at which atmospheric nitrogen can enter the nitrogen cycle by natural
processes is too low to support today’s intensive agricultural production.
The shortage of fixed nitrogen must be made up with fertilizers containing
nitrogen fixed by industrial processes, which are dependent on petroleum fuel.
Modern large-scale farming has been called a method for converting petroleum
into food.

Atmospheric nitrogen

> N,
0, CO, ATMOSPHERE CO, O, '
f Nit fixation:
»| Animal growth: I rci%ehrtlnilzg on
Plant growth: protein synthesis
protein synthesis .
soil surface Fertlizers,
@ nitrogen-fixing
S ; )
\ Death, 2 soil bacteria
decomposition ‘9
i
Y A
SOIL SUBSURFACE o
Ammonlflcatlﬂ
: —]_ Oxidation Y
Soil nitrogen N!trgte (NOP) Ammonia (NH;)
N, Nitrite (NO2), | Reduction | Ammonium ion
- in soil > (NHZ)
Bacteria A
denitrification
Leaching to
groundwater

FIGURE 3.7 Nitrogen cycle.
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3.9.2 NITROGEN CYCLE

In the nitrogen cycle (Figure 3.7) plants take up ammonia and nitrogen oxides
dissolved in soil pore water and convert them into proteins, DNA, and other nitrogen
compounds. Animals get their nitrogen by eating plants or other plant-eating ani-
mals. Once in terrestrial ecosystems, nitrogen is recycled through repeated biological
birth, growth, death, and decay steps. There is a continual and relatively small loss of
fixed nitrogen when specialized soil bacteria convert fixed nitrogen back into
nitrogen gas (denitrification), which is then released to the atmosphere, from which
it can eventually reenter the nutrient subcycles again.

When nitrogen is circulating in the nutrient subcycles, it undergoes a series of
reversible oxidation-reduction reactions that convert it from nitrogenous organic
molecules, such as proteins, to ammonia (NHj3), nitrite (NO3 ), and nitrate (NO3).
Ammonia is the first product in the oxidative decay of nitrogenous organic com-
pounds. Further oxidation leads to nitrite and then to nitrate. Ammonia is naturally
present in most surface- and wastewaters. Under aerobic conditions, ammonia is then
oxidized to nitrites and nitrates, consuming dissolved oxygen (Equation 3.21).

Organic N—NH;— 2 NO; —2 NO; (3.21)

3.9.3 AMMONIA/AMMONIUM ION

In water, ammonia reacts as a base, raising the pH by generating OH™ ions
(Equation 3.22).

NH; + H,0 <> NH] + OH™ (3.22)

The equilibrium of Equation 3.22 depends on pH and temperature (see Figure 3.8).
In a laboratory analysis, total ammonia (NH; + NH;) is measured and the distribu-
tion between unionized ammonia (NH3) and ionized ammonia (NHJ) is calculated
from the knowledge of water pH and temperature at the sampling site. Since the
unionized form is far more toxic to aquatic life than the ionized form, field meas-
urements of water pH and temperature at the sampling site are very important.

The two forms of ammonia have different mobilities in the environment. Ionized
ammonia is strongly adsorbed on mineral surfaces, where it is effectively immobi-
lized. In contrast, unionized ammonia is only weakly adsorbed and is transported
readily by water movement. If suspended sediment carrying sorbed NHj is
carried by a stream into a zone with a higher pH, a portion will be converted to
unionized NHj3, which can then desorb and become available to aquatic life forms as
a toxic pollutant. Unionized ammonia is also volatile and a fraction of it is trans-
ported as a gas.

As discussed above, nitrogen passes through several different chemical forms in
the nutrient subcycle. To allow quantities of these different forms to be directly
compared with one another, analytical results often report their concentrations in
terms of their nitrogen content. For example, 10.0 mg/L of unionized ammonia may
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FIGURE 3.8 Percent unionized ammonia (NHj3) as a function of pH and temperature.

be reported as 8.23 mg/L NH3-N (ammonia nitrogen); 10.0 mg/L of nitrate may be
reported as 2.26 mg/L NO3-N (nitrate nitrogen).

RULES OF THUMB

—_

. Ammonia toxicity increases with pH and temperature.

2. At20°C and pH > 9.4, the equilibrium of Equation 3.22 is to the left,
favoring NHj3, the toxic form.

3. At 20°C and pH < 9.4, the equilibrium of Equation 3.22 is to the
right, favoring NHZ, the nontoxic form.

4. Temperature increase shifts the equilibrium to the left, favoring the
NH; form.

5. NH; concentrations >0.5 mg NH3-N/L cause significant toxicity to
fish.

6. The unionized is volatile (air-strippable), and the ionized form is

nonvolatile.

Changes in environmental conditions can cause an initially acceptable concentration
of total ammonia to become unacceptable and in violation of a stream standard. For
example, consider a wastewater treatment plant that discharges its effluent into a
detention pond that, in turn, periodically releases its water into a stream. The
treatment plant meets its discharge limit for unionized ammonia when its effluent
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is measured at the end of its discharge pipe. However, the detention pond that
receives the effluent supports algal growth. In such a situation, it is common for
algae to grow to a level that influences the pond’s pH. During daytime photosyn-
thesis, algae may remove enough dissolved CO, from the pond to raise the pH and
shift the equilibrium of Equation 3.22 to the left far enough that the pond concen-
tration of NHj3 becomes higher than the discharge permit limit. In this case, dis-
charges from the pond could exceed the stream standard for unionized ammonia
even though the total ammonia concentration is unchanged.

EXAMPLE 10

Ammonia is removed from an industrial wastewater stream by an air-stripping
tower. To meet the effluent discharge limit of 5 ppm ammonia, the influent must
be adjusted so that 60% of the total ammonia is in the volatile form. To what pH
must the influent be adjusted if the wastewater in the stripping tower is at 10°C? Use
Figure 3.8.

Answer:

In Figure 3.8, the 60% unionized ammonia gridline crosses the 10°C curve between pH
9.7 and 9.8. Thus, the influent must be adjusted to pH 9.8 or higher to meet the
discharge limit.

3.9.4 WATER QuALITY CRITERIA AND STANDARDS FOR AMMONIA

Typical state standards for unionized ammonia (NH3) are

* Aquatic life: Cold water biota=0.02 mg/L NH3-N, chronic; warm water
biota=0.06 mg/L NH3-N, chronic; acute standard calculated from tem-
perature and pH.

* Domestic water supply: 0.05 mg N/L total (NH; + NH;), for a 30 day
average.

3.9.5 NITRITE AND NITRATE

Ammonia and other nitrogenous materials in natural waters tend to be oxidized by
aerobic bacteria, first to nitrite and then to nitrate. Therefore, all organic compounds
containing nitrogen should be considered as potential nitrate sources. Organic
nitrogen compounds enter the environment from wild animal and fish excretions,
dead animals, human sewage, and livestock manure. Inorganic nitrates come pri-
marily from manufactured fertilizers containing ammonium nitrate and potassium
nitrate, and from nitrate-based explosives and rocket fuels.

In oxygenated waters, nitrite is rapidly oxidized to nitrate, so normally there is
little nitrite present in surface waters. Both nitrite and nitrate are important nutrients
for plants, but they are toxic to fish and humans at sufficiently high concentrations.
Nitrates and nitrites are very soluble, do not adsorb readily to mineral and soil
surfaces, and are very mobile in the environment. Consequently, where soil nitrate
levels are high, contamination of groundwater by nitrate leaching is a serious
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problem. Unlike ammonia, nitrites and nitrates do not evaporate and remain in water
until they are consumed by plants and microorganisms.

RULES OF THUMB

1. Unpolluted, oxygenated surface waters normally contain only trace
amounts of nitrite.

2. Measurable nitrite concentrations in groundwater are more common
because of low oxygen concentrations in the soil’s subsurface.

3. Nitrate and nitrite leach readily from soils to surface and ground-
waters.

4. High concentrations (>1-2 mg/L) of nitrate or nitrite in surface or
groundwater generally indicate agricultural contamination from fer-
tilizers and manure seepage.

5. Greater than 10 mg/L of nitrite and nitrate in drinking water is a
human health hazard.

Drinking water standards for nitrate are strict because the nitrates can be reduced to
nitrites in human saliva and in the intestinal tracts of infants during the first 6 months of
life. Nitrite oxidizes iron in blood hemoglobin from ferrous iron (Fe”) to ferric iron
(Fe*™). The resulting compound, called methemoglobin, cannot carry oxygen. The
resulting oxygen deficiency is called methemoglobinemia. It is especially dangerous
in infants (blue baby syndrome) because of their small total blood volume.

3.9.6 WAaTER QuALITY CRITERIA AND STANDARDS FOR NITRATE

Typical state water quality standards for nitrate (NO5') are

e Agriculture MCLs: Nitrate, 100 mg/L NOs-N; Nitrite, 10 mg/L NO>,-N
(1 day average).

* Domestic water supply MCLs: Nitrate, 10 mg/L NO3-N; Nitrite, 1.0 mg/L
NO,—N (1 day average).

EXAMPLE 11

COD Causep BY Sopium NITRITE DisposAL

A chemical company applied for a permit to dispose of 250,000 gal of water containing
500 mg/L of nitrite into a municipal sewer system. The manager of the municipal
wastewater treatment plant had to determine whether this waste might be detrimental to
the operation of his plant. Calculate the increase in COD in the sewer system that would
be caused by the chemical company’s proposed wastewater release.

Under oxidizing conditions that exist in the treatment plant, nitrite is oxidized to
nitrate as follows:

2NO; + 0, — 2NO; (3.23)
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The consumption of oxygen shown in Equation 3.23 makes the use of nitrite compounds
to deoxygenate water useful as a rust-inhibiting additive in boilers, heat exchangers, and
storage tanks. When nitrite is added to a wastewater stream, it is the same as adding
chemical oxygen demand. More oxygen will be needed to maintain aerobic treatment
steps at their optimum performance level. In addition, it will produce additional nitrate
that may have to be denitrified before it can be discharged.

Calculation:

In a wastewater stream of 250,000 gal containing 500 mg/L of nitrite, the net weight of
nitrite is

500 x 1073 g/L x 250,000 gal x 3.79 L/gal = 474,000 g of nitrite

From Equation 3.23, stoichiometric consumption of oxygen is 1 mole (32 g) for each 2
moles (92 g) of nitrite oxidized, resulting in a 32/92 g=0.35 ratio of O, to NO; by
weight. Therefore, 474,000 g of nitrite will potentially consume

474,000 g NO; x 0.35 = 165,000 g of DO = Additional COD load

Whether this represents a significant additional amount of COD depends on the
operating specifications of the treatment plant.

In addition, from Equation 3.23, stoichiometric production of nitrate is 2 moles
(124 g) for each 2 moles (92 g) of nitrite oxidized, resulting in a 124/92 g = 1.35 ratio
of NO3 to NO; by weight. Therefore, oxidation of 474,000 g of nitrite will produce

474,000 g NO; x 1.35 = 639,000 g (1,409 1b) of nitrate.

Depending on the limit for nitrate in the treatment plant’s discharge permit, additional
capacity for denitrification might be required.

3.9.7 METHODS FOR REMOVING NITROGEN FROM WASTEWATER

After the activated sludge treatment stage, municipal wastewater generally still
contains some nitrogen in the forms of organic nitrogen and ammonia. Additional
treatment may be required to remove nitrogen from the waste stream.

3.9.7.1 Air-Stripping Ammonia

Air stripping can follow the activated sludge process (see Example 10). pH must be
raised with lime to about 10 or higher to convert all ammoniacal nitrogen to the volatile
NH; form. At higher temperatures, the removal efficiency will be higher. Lime (CaO)
is the least expensive way to raise the pH, but it generates CaCOj5 sludge. NaOH is more
expensive but it does not generate sludge. Scaling, icing, and air pollution are some of
the disadvantages of air stripping; whereas an advantage is that raising the pH with lime
also precipitates any phosphorus present in the form of calcium phosphate compounds.

3.9.7.2 Nitrification—Denitrification
This is a two-step process:

1. Ammonia and organic nitrogen are first biologically oxidized completely to
nitrate under strongly aerobic conditions (nitrification). This is achieved by
extensive aeration of the sewage:
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Nitrosomas

2NH; + 30, 4H" 4+ 2NO; + 2H,0 (3.24)

Nitrobacter

INO; + 0, %, HNOy (3.25)

2. Nitrate is then biologically converted to gaseous nitrogen under anaerobic
conditions (denitrification). This requires a carbon nutrient source. Water
that is low in total organic carbon (TOC; shown as CH,O below) may
require the addition of methanol or other carbon source.

Denitrifying bacteria
H+

4NO;5 + 5CH,0 + 4 2N>(g) +5C01(g) + 7TH,0  (3.26)

3.9.7.3 Breakpoint Chlorination

Chlorination can be used to remove dissolved ammonia and ammonium ion
from wastewater by the chemical reactions 3.27a and 3.27b. The chemical reaction
of ammonia with dissolved chlorine results in denitrification by first converting
ammonia to chloramines, Equations 3.27a and 3.27b. With continued addition of
Cl,, nitrogen gas is formed, Equation 3.28. Any chloramine remaining serves as a
weak disinfectant and is relatively nontoxic to aquatic life.

NH; + Cl, — NH,Cl + CI™ + HT (3.27a)
NH; + Cl, — NH,Cl + CI™ + 2H" (3.27b)

The ratio by weight of chlorine to NH3;—N is 5:1 and ammonia is converted stoichio-
metrically to monochloramine (NH,Cl) at 1:1 molar ratio. NHCI, (dichloramine) and
NCl; (nitrogen trichloride or trichloramine) may also be formed, depending on pH and
small excesses of chlorine. Further addition of chlorine leads to conversion of chlor-
amines to nitrogen gas. The reaction for conversion of monochloramine is

2NH,Cl + Cl, — Na(g) + 4H™ + 4CI~ (3.28)
The overall reaction for complete nitrification of ammonia by chlorine oxidation is
2NHj; + 3Cl, — Na(g) + 6H' + 6CI~ (3.29)

Equation 3.29 is theoretically complete at a molar ratio of 3:2 and a weight ratio of
7.6:1 of Cl, to NH3—N. This process is called breakpoint chlorination. The reaction is
very fast and both ionized (NH;) and unionized (NH3) forms of ammonia are
removed.

RULES OF THUMB

1. The rate of ammonia removal is most rapid at pH 8.3.
2. The rate decreases at higher and lower pH. Since the reactions lower the
pH, additional alkalinity as lime might be needed if [NH3] > 15 mg/L.
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Add alkalinity as CaCOs in a weight ratio of about 11:1 of CaCOj to

NH;-N.

The rate also decreases at temperatures below 30°C.

4. The chlorine “‘breakpoint” (see Figure 3.9) occurs theoretically at a
Cl,:NH;3-N weight ratio of 7.6.

5. In actual practice, ratios of 10:1 to 15:1 may be needed if oxidizable
substances other than NHj3 are present (such as Fe”, Mn”, sz, and
organics).

W

EXAMPLE 12

CALCULATE THE CHLORINE NEEDED TO REMOVE AMMONIA

A waste treatment plant handles 1,500,000 L/day of sewage that contains an average of
50 mg/L of NH3-N. How many grams of Cl,(aq) must be present daily in the waste-
water to remove all of the ammonia?

< A >l«—B—>leCc>
/
/
/
/
/
A
/
! 2
c NH N/ y Total chlorine
il 3~ i
E concentration / applied
§ y / Measured
S / chlorine
o / residual
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FIGURE 3.9 Breakpoint chlorination curves showing removal of ammonia from wastewater.
In Region A, easily oxidizable substances such as Fe’*, H,S, and organic matter react.
Ammonia reacts to form chloramines. Organics react to form chloroorganic compounds. In
Region B, adding more chlorine oxidizes chloramines to N,O and N,. At the breakpoint,
virtually all chloramines and a large part of chloroorganics have been oxidized. In Region C,
further addition of chlorine results in a free residual of HOCI and OCI™.
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Answer:

By Equation 3.29, three moles of chlorine are needed for every two moles of ammonia
nitrogen.

2NH; + 3Cl, — Na(g) + 6HT + 6C1~
Molecular weights are Cl; =71 and N =14

3 moles of Cl, =3 x71 =213 ¢
2molesof N=2x14=28¢g

Thus, the stoichiometric weight ratio is 213/28 =7.6 g Cl, per gram of N (as ammonia).
One mole of NH; contains 14 grams of N and 3 grams of H. Thus, 50 mg/L of NH3
contains 14/17 X 50 mg/L =41.2 mg/L of N. In 1,500,000 L there will be

1,500,000 L x 41.2 mg/L = 61,800,000 mg N or 61,800 g N/day
The theoretical amount of chlorine required is

7.6 ¢ Cly

TaN = 61,800 g N = 470 kg Cl,/day or about 1,036 Ib/day

Depending on the quantity of other oxidizable substances in the wastewater, the plant
operator should be prepared to use up to twice this amount of chlorine.

3.9.7.4 Ammonium lon Exchange

This is a good alternative to air stripping because an exchange resin, the natural
zeolite clinoptilolite, is selective for ammonium ion. NH; is exchanged for Na™ or
Ca”" on the resin. The zeolite can be regenerated with sodium or calcium salts.

3.9.7.5 Biosynthesis

The removal of biomass, produced in the sewage treatment system by filtering to
reduce suspended solids, results in a net loss of nitrogen that has been incorporated in
the biomass cell structure.

3.10 SULFIDE AND HYDROGEN SULFIDE
3.10.1 BACKGROUND

Hydrogen sulfide (H,S) is a colorless gas with the characteristically disagreeable
odor of rotten eggs. It is formed when sulfide ion (S*7) reacts reversibly with water
to form HS™ and H,S by the reverse reaction of Equation 3.30, written below with
only the sulfide species.

S« HS™ < H,S
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S?~ and HS ™ are soluble, nonvolatile anions with no odor. H,S is a gas with a strong
odor of rotten eggs. Analytically, the three sulfur species S*~, HS™, and H,S are
collectively called sulfide.

Sulfide is often present naturally in groundwater as the dissolved anion S;,
especially in natural hot springs. There, it arises from soluble sulfide minerals and
anaerobic bio-reduction of dissolved sulfates. Sulfide is also formed in surface waters
from anaerobic decomposition of organic matter containing sulfur. It is a common
product of wetlands and eutrophic lakes and ponds. Sulfide reacts with water to form
H,S a colorless, highly toxic gas that smells like rotten eggs. The human nose is very
sensitive to the odor of low levels of H,S. The odor threshold for H,S dissolved in
water is 0.03-0.3 mg/L.

There are two important sources of H,S in the environment: the anaerobic
decomposition of organic matter containing sulfur, and the reduction of mineral
sulfates and sulfites to sulfide. Both mechanisms require reducing, or anaerobic,
conditions, and are strongly accelerated by the presence of sulfur-reducing bacteria.
H,S is not formed in the presence of an abundant supply of oxygen.

Surface waters become oxygenated (made aerobic) by oxygen diffusion from the
atmosphere and by oxygen released from photosynthesizing aquatic plants. In
standing water, where oxygen diffusion from the atmosphere is slow and where
dead organic matter (leaf and grass litter, insect and animal waste, etc.) can accu-
mulate, biodegradation of the organic matter can consume the DO faster than it is
replenished by diffusion and create anaerobic conditions. If sulfate is present, it will
be reduced to sulfide and produce H,S gas, whose odor is an indicator of this
process. Another indicator is the formation of blackened soils, sludge, and sediments
in locations with standing water, which usually results from the reaction of hydrogen
sulfide with dissolved iron to form precipitated ferrous sulfide (FeS), along with
other metal sulfides.

3.10.1.1 Formation of H,S in Detention Ponds, Wetlands, and Sewers

Water conditions promoting the formation of H,S are sulfate >60 mg/L (or presence
of sulfur-containing organic matter such as protein), oxidation-reduction potential
<200 mV, and pH <6-7. These conditions frequently occur in standing or slowly
moving water, such as in detention ponds, wetlands, sewers, etc. where organic litter
can accumulate and where the water or soil contains sulfate. Since surface waters
seldom contain more than 8—12 mg/L of dissolved oxygen (more often less), decay
of organic matter can quickly reduce dissolved oxygen to anaerobic levels (<1
mg/L). Such waters often develop a bottom layer of black sediments containing
iron and other metal sulfides along with organic matter in various stages of decay. In
still water, oxygen diffusion into this sediment layer is slow and anaerobic conditions
can be maintained with minimal water cover, less than 10 in. in depth. If all water is
removed and the soil allowed to dry, diffusion of oxygen into the sediment quickly
oxidizes the sulfides to sulfate and H,S disappears.

Blackening of soils, wastewater, sludge, and sediments in locations with stand-
ing water, in addition to the odor of rotten eggs, is an indication that sulfide is
present. The black material results from a reaction of H,S with dissolved iron and
other metals to form precipitated FeS, along with other metal sulfides.
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H,S can have two stages of dissociation under reducing conditions in water,
depending on the pH:

H,S < H' + HS™ < 2H" 4+ §*~ (3.30)

* AtpHS5, about 99% of dissolved sulfide is in the form of H,S, the unionized
form.

* At pH 7, dissolved sulfide is 50% HS™ and 50% H,S.

* At pH 9, about 99% is in the form of HS™.

+ S becomes measurable only above pH 12.

H.,S is the most toxic and volatile form; HS™ and S~ are nonvolatile and much less
toxic. H,S > 2.0 mg/L constitutes a long-term hazard to fish.

RULES OF THUMB

1. Well water smelling of H,S is usually a sign of sulfate-reducing
bacteria. Look for a water redox potential below —200 mV and a
sulfate (SO3 ™) concentration in groundwater >100 mg/L.

2. A typical concentration of H,S in unpolluted surface water is <0.25

mg/L.

H,S >2.0 mg/L constitutes a chronic hazard to aquatic life.

In aerated water, H,S is bio-oxidized to sulfates and elemental sulfur.

5. Unionized H,S is volatile and air-strippable. The ionized forms, HS™
and S?~, are nonvolatile.

hal

3.10.1.2 Typical Water Quality Criteria and Standards for H,S

* Agquatic life (cold and warm water biota): 2.0 mg/L (30 day average).
* Domestic water supply: 0.05 mg/L (30 day average).

3.10.2 Cast Stupy

3.10.2.1  Odors of Biological Origin in Water (Mostly Hydrogen Sulfide
and Ammonia)

Odors from anaerobic surface waters, groundwater, and domestic wastewater are
usually from inorganic and organic gases generated by biological activity. Anaerobic
decomposition of nitrogenous or sulfurous organic matter often produces gases that
contain sulfur or nitrogen. Such gases are frequent causes of odors in water. The
most common inorganic gases in water are carbon dioxide (CO,), methane (CH,),
hydrogen (H,), hydrogen sulfide (H,S), ammonia (NHj3), carbon disulfide
(CS,), sulfur dioxide (SO,), oxygen (O,), and nitrogen (N,). Of these inorganic
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gases, those with an odor always contain N or S in combination with H, C, and O,
such as H,S, NH3, CS,, and SO..

Hydrogen sulfide from the anaerobic reduction of sulfate (SO3~) by bacteria
usually is the most prevalent odor in natural waters and sewage. Sulfate, formed
from the aerobic biodegradation of sulfur-containing proteins, is commonly present
in domestic wastewater between 30 and 100 mg/L. Sulfate can arise in natural waters
from sulfate minerals and aerobic decomposition of organic material. In addition
to H,S, other disagreeable odorous compounds may be formed by anaerobic decom-
position of organics. The particular compounds that are formed depend on the
types of bacteria and organic compounds present. Table 3.3 lists a number of
common odiferous inorganic and organic compounds with their odor characteristics
and odor threshold concentrations when dissolved in water. Sewage carrying indus-
trial wastes may contain other volatile organic chemicals that can contribute addi-
tional odors.

3.10.2.2 Environmental Chemistry of Hydrogen Sulfide

Under anaerobic aqueous conditions, in the presence of organic matter or sulfate-
reducing bacteria, sulfate is reduced to sulfide ion (S*) (Equation 3.31).

SOi_ + organic matter/sulfate-reducing bacteria — S~ + H,0+CO, (3.31)

TABLE 3.3
Odor Characteristics and Threshold Concentrations in Water
Odor Threshold
Concentration

Substance Formula in Water (mg/L)  Odor Characteristics
Allyl mercaptan H,C = CHCH,SH 0.00005 Very disagreeable,

garlic-like
Ammonia NH; 0.037 Sharp, pungent
Benzyl mercaptan CeHsCH,SH 0.0.00019 Unpleasant
Chlorine Cl, 0.010 Pungent, irritating
Chlorophenol CIC¢H,OH 0.00018 Medicinal
Crotyl mercaptan CH;CH = CHCH,SH 0.000029 Skunk-like
Diphenyl sulfide (C¢Hs),S 0.00005 Unpleasant
Ethyl mercaptan CH;CH,SH 0.00019 Decayed cabbage
Diethyl sulfide (ethyl sulfide) (CH3CH,»),S 0.000025 Nauseating, ethereal
Hydrogen sulfide H,S 0.0011 Rotten egg
Methyl mercaptan CH,SH 0.0011 Decayed cabbage
Dimethyl sulfide (methyl sulfide) (CHj3),S 0.0011 Decayed vegetables
Pyridine CgHsN 0.0037 Disagreeable, irritating
Skatole CoHgN 0.0012 Fecal, nauseating
Sulfur dioxide SO, 0.009 Pungent, irritating
Thiocresol CH;C¢H,4SH 0.001 Rancid, skunk-like
Thiophenol CgHsSH 0.000062 Putrid, nauseating
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FIGURE 3.10 pH distribution of hydrogen sulfide species in water.

Sulfide ion is a strong base, reversibly reacting rapidly in water to form HS™ and
gaseous hydrogen sulfide (Equation 3.32).

$*~ 4+ 2H,0 < OH™ 4+ HS™ + H,0 < H,S(g) + 20H"~ (3.32)
HS™ and S*~ are nonvolatile with no odor. H,S is gaseous with a strong odor of

rotten eggs. The equilibrium distribution between S*~, HS™, and H,S depends
mainly on the pH and somewhat on the temperature. In Figure 3.10, 7= 30°C.

RULES OF THUMB
In water, S*~ reacts according to Equation 3.32:
S?~ 4+ 2H,0 < OH™ +HS™ + H,0 < H,S + 20H"

1. Raising the pH shifts the equilibrium to the left, converting the
malodorous gas H,S into nonodorous and nonvolatile HS ™ and S*~.
2. Lowering the pH shifts the equilibrium to the right, creating more
malodorous H,S gas from the nonvolatile forms, HS™ and S .
3. Lowering the temperature shifts the equilibrium to the right (more
H,S) at any pH.
4. Well water, groundwater, or stagnant surface water that smells of H,S
(rotten eggs), is usually a sign of sulfate-reducing bacteria.
5. Water conditions promoting the formation of H,S are:
Sulfate, >60 mg/L
Oxidation—reduction potential, <200 mV
pH <6

3.10.2.3 Chemical Control of Odors

Depending on the odor-causing compound, chemical control of odors may be
accomplished by a combination of pH control, eliminating the causes of reducing
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conditions, chemical oxidation, and aeration; sorption to activated charcoal; air
stripping of volatile species; and chemical conversion (often microbially mediated,
as in nitrification).

3.10.2.4 pH control

3.10.2.4.1 Hydrogen sulfide
For odors from H,S, raising the pH (by adding NaOH or lime) shifts the equilibrium
to the left (Equation 3.33):

S*™ 4+ 2H,0 < OH™ + HS™ + H,O < H,S + 20H" (3.33)

This converts gaseous H,S to the nonodorous ionic forms. However, the pH must be
maintained above 9 for complete odor removal. Normally, odor control by removing
the sulfur compounds is more practical.

Lowering the pH (by adding acid) shifts the equilibrium to the right, converting
the ionic forms to gaseous H,S. At low pH, the gas can be removed from the water
by air stripping (see the following example). This, of course, does not destroy the
H,S; it moves it from the water to the air. Figure 3.11 gives the fraction of hydrogen
sulfide that is in the volatile form of H,S at different pH values and temperatures.
Note that H,S behaves the opposite of NH3 (Section 3.10.2.4.2). Stripping efficiency
is increased with decreasing pH and lower temperatures.

100
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Percent of total sulfide as unionized H,S

10

FIGURE 3.11 Fraction of hydrogen sulfide in unionized form (H,S) as a function of tem-
perature and pH.
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3.10.2.4.2 Ammonia

pH control of odors from ammonia is opposite to that for hydrogen sulfide. To use air
stripping to remove odor caused by ammonia, the pH must be raised (see Example
10 and Section 3.9.7).

3.10.2.5 Oxidation

Add oxidizing agents such as Cl,, NaOCl, H,O,, O,, KMnO,, or ClO,.
They oxidize hydrogen sulfide to odorless sulfate ion, SO2~, and ammonia to
odorless nitrogen compounds, including elemental nitrogen, N..

RULES OF THUMB

1. The usual chlorine dose for odor control is 10-50 mg/L.
2. 8.9 mg of chlorine is required to oxidize 1 mg of hydrogen sulfide,
H,S.

3.10.2.6 Eliminate Reducing Conditions Caused by Decomposing
Organic Matter

This often means mechanically cleaning out the organic slime and sludge in a well,
sewer, drain, or wetland. Mechanical cleaning will aid the use of oxidizing agents.

It can also be accomplished sometimes by aerating the water. Increasing the
DO level will shift conditions from reducing to oxidizing as the oxygen diffuses into
the reducing zone of the water. Mixing currents in the water help this process. If the
reducing zone is thick and the water stagnant and motionless, aeration control might
be very slow.

Drying out wet soil that has an H,S odor also allows oxygen to diffuse into the
organic matter, changing the decomposition processes from anaerobic to aerobic.

3.10.2.7 Sorption to Activated Charcoal

Sorption to powdered or granular activated charcoal is a reliable ““last resort’” for
removing bad tastes and odors. Powdered charcoal can be added as a slurry directly
to a waste stream. Gases can be passed through a canister filled with granulated
activated charcoal (GAC).

3.11 PHOSPHORUS
3.11.1 BACKGROUND

Phosphorus is a common element in igneous and sedimentary rocks and in sediments
but it tends to be a minor element in natural waters because most inorganic
phosphorous compounds have low solubility. Dissolved concentrations are generally
in the range of 0.01-0.1 mg/L and seldom exceed 0.2 mg/L. The environmental
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behavior of phosphorus is largely governed by the low solubility of most of its
inorganic compounds, its strong adsorption to soil particles, and the fact that it is an
essential nutrient for most life forms—animal, plant, and microbial.

Because of its low dissolved concentrations, phosphorus is usually the limiting
nutrient in natural waters. The dissolved phosphorous concentration is often low
enough to limit algal growth. Because phosphorus is essential to metabolism, it is
always present in animal wastes and sewage. Too much phosphorus in wastewater
effluent is frequently the main cause of algal blooms and other precursors of
eutrophication.

3.11.2 IMPORTANT USEs FOR PHOSPHORUS

Phosphorous compounds are used for corrosion control in water supply and indus-
trial cooling water systems. Certain organic phosphorous compounds are used in
insecticides. Perhaps the major commercial uses of phosphorous compounds are in
fertilizers and in the production of synthetic detergents. Detergent formulations may
contain large amounts of polyphosphates as “builders,” to sequester metal ions and
maintain alkaline conditions. The widespread use of detergents instead of soap
makes a major contribution to the available phosphorus in domestic wastewater.

Prior to the use of phosphate detergents, most wastewater inorganic phosphorus
was contributed from human wastes; about 1.5 g/day per person is released in urine.
As a consequence of detergent use, the concentration of phosphorus in treated
municipal wastewaters has increased from 3 to 4 mg/L in predetergent days, to the
present values of 10-20 mg/L. Since phosphorus is an essential element for the
growth of algae and other aquatic organisms, rapid growth of aquatic plants can be a
serious problem when effluents containing excessive phosphorus are discharged to
the environment.

3.11.3 PHospHOROUS CYCLE

In a manner similar to nitrogen, phosphorus in the environment is cycled between
organic and inorganic forms. An important difference is that under certain soil
conditions, some nitrogen is lost to the atmosphere by ammonia volatilization and
microbial denitrification. There are no analogous gaseous loss mechanisms for
phosphorus. While nitrogen in the atmosphere is continually redistributed globally,
phosphorus has no such global redistribution mechanism; the closest approaches are
by bird migration and international shipping of fertilizers.

Also important are the differences in earthbound mobility of the two nutrients.
Both exist in anionic forms (NO; /NO; and H,PO, /HPOj3 "), which are not subject
to retention by cation exchange reactions. However, nitrate anions do not form
insoluble compounds with metals and, therefore, nitrates leach readily from soil to
surface and groundwaters. Phosphate anions are largely immobilized in the soil by the
formation of insoluble compounds, chiefly iron, calcium, and aluminum phosphates,
and by adsorption to soil particles. Because nitrogen compounds leach from soils more
readily than phosphorous compounds, nitrogen is more generally available than
phosphorus to water vegetation, a condition that contributes to phosphorous-limited
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algal growth in most surface waters. The critical level of inorganic phosphorus for
forming algal blooms can be as low as 0.01-0.005 mg/L under summer growing
conditions but is more frequently around 0.05 mg/L.

Organic compounds containing phosphorus are found in all living matter.
Orthophosphate (PO;") is the only form readily used as a nutrient by most plants
and organisms. The two major steps of the phosphorous cycle, conversion of organic
phosphorus to inorganic phosphorus and back to organic phosphorus, are both
bacterially mediated. Conversion of insoluble forms of phosphorus, such as calcium
phosphate, Ca(HPOy,),, into soluble forms, principally PO}, is also carried out by
microorganisms. Organic phosphorus in the tissues of dead plants and animals and in
animal waste products is converted bacterially to PO;~. The PO}~ thus released to
the environment is taken up again into plant and animal tissue.

RULES OF THUMB

1. In surface waters, phosphorous concentrations are influenced by the
sediments, which serve as a reservoir for adsorbed and precipitated
phosphorus. Sediments are an important part of the phosphorous
cycle in streams. Bacteria-mediated exchange between dissolved
and sediment-adsorbed forms plays a role in making phosphorus
available for algae and therefore contributes to eutrophication.

2. In streams, dissolved phosphorus from all sources, natural and anthro-
pogenic, is generally present in low concentrations, around 0.1 mg/L
or less.

3. The natural background of total dissolved phosphorus has been
estimated to be about 0.025 mg P/L; that of dissolved phosphates
about 0.01 mg P/L.

4. The solubility of phosphates increases at low pH and decreases at
high pH.

5. Particulate phosphorus (sorbed on sediments and insoluble phosphor-
ous compounds) is about 95% of the total phosphorus in most cases.

6. In carbonate soils, dissolved phosphorus can react with carbonate to
form the mineral precipitate hydroxyapatite (calcium phosphate
hydroxide), Ca;o(PO4)s(OH),.

3.11.4 MOBILITY IN THE ENVIRONMENT

Phosphorus is an important plant nutrient and is often present in fertilizers
to augment the natural concentration in soils. Phosphorus is also a constituent of
animal wastes. Runoff from agricultural areas is a major contributor to total phos-
phorus in surface waters, where it occurs mainly in sediments because of the low
solubility of its inorganic compounds and its tendency to adsorb strongly to soil
particles.
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Dissolved phosphorus is removed from the solution by

* Precipitation
* Strong adsorption to clay minerals and oxides of aluminum and iron
* Adsorption to organic components of soil

Reducing (anaerobic) conditions, as in water-saturated soil, may increase phosphor-
ous mobility because insoluble ferric iron, to which phosphorus is strongly adsorbed,
is reduced to soluble ferrous iron, thereby releasing adsorbed phosphorus. In acid
soils, aluminum and iron phosphates precipitate, while in basic soils, calcium
phosphates precipitate. The immobilization of phosphorus is therefore dependent
on soil properties, such as pH; aeration; texture; cation-exchange capacity; the
amount of calcium, aluminum, and iron oxides present; and the uptake of phos-
phorus by plants.

Because of these removal mechanisms for dissolved phosphorus, phosphorous
compounds resist leaching, and there is little movement of phosphorus with water
drainage through most soils. It is mobilized mainly by sorption to erosion sediments.
Phosphorous transport into surface waters is controlled chiefly by preventing soil
erosion and controlling sediment transport. In most soils, except for those that are
nearly all sand, almost all the phosphorus applied to the surface is retained in the top
1-2 ft. The adsorption capacity for phosphorus has been estimated for several soils to
be in the range of 77 to over 900 Ib/acre-ft of soil profile. Often, the total phosphor-
ous removal capacity for a soil will exceed the planning life of a typical land
application project. If the phosphorus-removing capacity of a soil becomes saturated,
it usually can be restored in a few months, during which adsorbed phosphorus is
precipitated with metals or removed by crops.

As pH becomes higher, the equilibrium of Equation 3.34 shifts increasingly to
the right.

H;PO, «» HyPO, + H' «» HPO}™ +2H' « PO~ 4 3H" (3.34)

Dissolved phosphate species exhibit the following pH-dependent equilibria (see
Figure 3.12):
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FIGURE 3.12 pH dependence of phosphate species.
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FIGURE 3.13 Forms of immobile phosphorus.

* Below pH 2, H;PO, is the dominant species.

¢ Between pH 2 and 7, H,PO, is the dominant species.
* Between pH 7 and 12, HPO?~ is the dominant species.
* Above pH 12, PO;~ is the dominant species.

Figure 3.13 shows some general relationships between soil pH and phosphorous
reactions:

In the acid pH range, dissolved phosphorus is predominantly H,PO,, and
immobile phosphorus is bound with iron and aluminum compounds.

In the basic pH range, dissolved phosphorus is predominantly HPO3~, and
immobile phosphorus is mainly in the form of calcium phosphate.

Maximum availability of phosphorus for plant uptake (as well as leaching)
occurs between pH 6 and 7.

Even when algal growth in lakes is temporarily limited by carbon or nitrogen
instead of phosphorus, natural long-term mechanisms act to compensate for these
deficiencies. Carbon deficiencies are corrected by CO, diffusion from the atmos-
phere, and nitrogen deficiencies are corrected by changes in biological growth
mechanisms. Therefore, even if a sudden increase in phosphorus occurs temporarily
causing algal growth to be limited by carbon or nitrogen, eventually these deficien-
cies are corrected. Then, algal growth becomes proportional to the phosphorous
concentration as the system becomes once more phosphorous-limited.

No national criteria have been established for concentrations of phosphorous
compounds in water; however, to control eutrophication, the EPA makes the
following recommendations:

¢ Total phosphates should not exceed 50 mg/L (as phosphorus) in a stream at
a point where it enters a lake or reservoir.

* Total phosphorus should not exceed 100 mg/L in streams that do not
discharge directly into lakes or reservoirs.
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RULES OF THUMB

1. The critical level of inorganic phosphorus for algae bloom formation
can be as low as 0.01-0.005 mg/L under summer growing conditions
but more frequently is around 0.05 mg/L.

2. Lakes are nitrogen-limited if the weight ratio of total nitrogen to total
phosphorus (N/P) is <13, nutrient-balanced if 13 < N/P < 21, and
phosphorous-limited if N/P > 21. Exact ranges depend on the particular
algae species. Most lakes are phosphorous-limited; in other words,
additional phosphorus is needed to sustain further algal growth.

3. Different N/P ratios and pH values favor the growth of different kinds
of algae.

4. Low N/P ratios favor N-fixing blue—green algae.

5. High N/P ratios, often achieved by controlling phosphorous input by
means of additional wastewater treatment, cause a shift from blue—
green algae to less objectionable species.

6. Lower pH (or increased CO,) gives green algae a competitive advan-
tage over blue—green algae.

7. To control eutrophication, EPA recommends that total phosphates
should not exceed 50 mg/L (as phosphorus) in a stream where it
enters a lake or reservoir, or 100 mg/L in streams that do not
discharge directly into lakes or reservoirs.

3.11.5 PHospHOROUS COMPOUNDS

Compounds containing phosphorus that are of interest to water quality include

* Orthophosphates (all contain PO?[)

* Trisodium phosphate, Na;PO,

* Disodium phosphate, Na,HPO,

* Monosodium phosphate (NaH,PO,)

*  Diammonium phosphate (NH,),HPO,4

Orthophosphates are soluble and are considered the only biologically available form.
In the environment, hydrolysis slowly converts polyphosphates to orthophosphates.
Analytical methods measure orthophosphates. To measure total phosphate, all forms
of phosphate are chemically converted to orthophosphates (hydrated forms).
Polyphosphates (called condensed phosphates, meaning dehydrated) include

* Sodium hexametaphosphate, Na3(PO,)g

* Sodium tripolyphosphate, NasP30q

* Tetrasodium pyrophosphate, Na,P,0;

* Organic phosphate (biodegradation or oxidation of organic phosphates
releases orthophosphates)
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Sedimentary phosphorus occurs in the following forms:

* Phosphate minerals: Mainly hydroxyapatite, CasOH(PO,);.

* Nonoccluded phosphorus: Phosphate ions (usually orthophosphate) bound
to the surface of SiO, or CaCO;. Nonoccluded phosphorus is generally
more soluble and more available than occluded phosphorus (below).

* Occluded phosphorus: Phosphate ions (usually orthophosphate) contained
within the matrix structures of amorphous hydrated oxides of iron, alumi-
num, and amorphous aluminosilicates. Occluded phosphorus is generally
less available than nonoccluded phosphorus.

* Organic phosphorus: Phosphorus incorporated with aquatic biomass, usu-
ally algal or bacterial.

3.11.6 RemovAL of DissOLVED PHOSPHATE

Current remedies for phosphate-caused foaming and eutrophication are

* Using lower phosphate formulas in detergents
* Precipitating the phosphate with Fe>™, AI>", or Ca**
¢ Diverting the discharge to a less sensitive location

Municipal wastewater treatment plants in many areas are required to remove phos-
phorous in their treatment process. While the biological treatment process removes
some phosphorus, in most cases precipitation as an insoluble metal phosphate is
required to meet discharge regulations. This precipitation step is normally accom-
plished by the addition of a metallic salt such as ferric sulfate, ferric chloride, or
aluminum sulfate in the primary or secondary clarifiers. The usual precipitants for
removing phosphate are alum [Aly(SOy4);], lime [Ca(OH),], ferric sulfate
[Fex(SO4)3], and ferric chloride (FeCls). The choice of precipitant depends on the
discharge requirements, wastewater pH, and chemical costs.

Pertinent reactions for the precipitation of phosphate with alum, ferric sulfate,
ferric chloride, and lime are

Alum: Aly(SOy); + 2HPO2~ — 2AIPO,(s) + 3503~ + 2H™ (3.35)

Ferric sulfate: Fe;(SO4); + 2HPO;~ — 2FePO4(s) 4+ 3SO;~ + 2H" (3.36)

Ferric chloride: FeCl; + HPO;~ — FePOu(s) + 3C1™ + H" 3.37)
Lime: 3Ca’" + 20H™ + 2HPO?~ — Ca3(PO,),(s) + 2H,0 (3.38)
4Ca*" +20H™ + 3HPO?™ — CagH(POy);(s) + 2H,0 (3.39)

5Ca>* + 40H™ + 3HPO2~ — Cas(OH)(PO4);(s) + 3H,0 (3.40)
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Where effluent concentrations of phosphorus up to 1.0 mg/L are acceptable, the use
of iron or aluminum salts in a wastewater secondary treatment system is often the
process of choice. If very low levels of effluent phosphorus are required, precipita-
tion at high pH by lime in a tertiary unit is necessary. The lowest levels of
phosphorus are achieved by adding NaF with lime to form Cas(PO,4);sF (fluorapatite).
The operating pH for phosphate removal with lime is usually above 11 because
flocculation is best in this range.

If alkalinity is present, aluminum and iron ions are consumed in the formation of
metal-hydroxide flocs. This may increase required dosages by up to a factor of 3.
Calcium ions react with alkalinity to form calcium carbonate. Thus, the amount of
precipitant needed for phosphate precipitation is controlled more by the alkalinity
than the stoichiometry of the reaction. In the case of aluminum and iron precipitants,
the reaction with alkalinity is not totally wasted because the hydroxide flocs assist
in the settling and removal of metal-phosphate precipitates, along with other sus-
pended and colloidal solids in the wastewater.

Biological phosphorus removal can be accomplished by operating an activated
sludge process in an anaerobic—aerobic sequence. A number of bacteria respond to
this sequence by accumulating large excesses of polyphosphate within their cells in
volutin granules. During the anaerobic phase, release of phosphate occurs. In the
aerobic phase, the released phosphate and an additional increment is taken up and
stored as polyphosphate, giving a net removal, coincident with organic removal and
metabolism. Phosphate can be removed from the waste stream as sludge or through
use of a second anaerobic step. During the second anaerobic step, the stored
phosphate is released in dissolved form. Then, the bacterial cells can be separated
and recycled and the released soluble phosphate is removed by precipitation.

3.12 SOLIDS (TOTAL, SUSPENDED, AND DISSOLVED)
3.12.1 BACKGROUND

The general term “‘solids” refers to matter that is suspended (insoluble solids) or
dissolved (soluble solids) in water. Solids can affect water quality in several ways.
Drinking water with high dissolved solids may not taste good and may have a
laxative effect. Boiler water with high dissolved solids requires pretreatment to
prevent scale formation. Water high in suspended solids may harm aquatic life by
causing abrasion damage, clogging fish gills, harming spawning beds, and reducing
photosynthesis by blocking sunlight penetration, among other consequences. On the
other hand, hard water (caused mainly by dissolved calcium and magnesium com-
pounds) reduces the toxicity of metals to aquatic life.

Total solids (sometimes called residue) are the solids remaining after evaporating
the water from an unfiltered sample. It includes two subclasses of solids that are
separated by filtering (generally with a filter having a nominal 0.45 pm or smaller
pore size):

1. Total suspended solids (TSS, sometimes called filterable solids) in water are
organic and mineral particulate matter that do not pass through a 0.45 pm
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filter. They may include silt, clay, metal oxides, sulfides, algae, bacteria,
and fungi. TSS is generally removed by flocculation and filtering. TSS
contributes to turbidity, which limits light penetration for photosynthesis
and visibility in recreational waters.

2. Total dissolved solids (TDS; sometimes called nonfilterable solids) are
substances that will pass through a 0.45 pm filter. If the water passed
through the filter is evaporated, the TDS will remain behind as a solid
residue. TDS may include dissolved minerals and salts, humic acids,
tannin, and pyrogens. TDS is removed by precipitation, ion exchange,
and RO. In natural waters, the major contributors to TDS are carbonate,
bicarbonate, chloride, sulfate, phosphate, and nitrate salts. Taste problems
in water often arise from the presence of high TDS levels with certain
metals present, particularly iron, copper, manganese, and zinc.

The difference between suspended and dissolved solids is a matter of definition
based on the filtering procedure. Solids are always measured as the dry weight, and
careful attention must be paid to the drying procedure to avoid errors caused by
retained moisture or loss of material by volatilization or oxidation.

RULES OF THUMB

1. TSS is detrimental to fish health by decreasing growth, disease
resistance, and egg development.

2. Suspended solids should be restricted so they do not reduce the
maximum depth of photosynthetic activity by more than 10% from
the seasonally established norm.

3. Water with TDS < 1200 mg/L generally has an acceptable taste.
Higher TDS can adversely influence the taste of drinking water and
may have a laxative effect.

4. In water to be treated for domestic potable supply, TDS < 650 mg/L
is a preferred goal.

5. For drinking water, recommended TDS is <500 mg/L; the upper
limit is 1000 mg/L.

6. At low concentrations, TSS (in mg/L for soil erosion or pg-
chlorophyll/L for algae) is roughly equal to turbidity in NTU (see
Table 3.4).

3.12.2 TDS AND SALINITY

TDS and salinity both indicate dissolved salts. Table 3.5 offers a qualitative com-
parison between the terms.
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TABLE 3.4
Total Suspended Solids Concentration Estimated from
Turbidity Measurement

Turbidity (NTU) 2 5 10 20 50

Corresponding TSS due to soil 2.2 6.3 12 24 64
sediment (mg/L)

Corresponding TSS due to algae 22 4.7 10 36 54
(ng chlorophyll/L)

3.12.3 Seeciric ConpucTiviTY AND TDS

Specific conductivity is directly related to TDS and serves as a check on TDS
measurements.

RULES OF THUMB

1. Conductivity units are wmhos/cm or pSiemens/cm (uS/cm):
1 pmho/cm =1 pSiemen/cm

2. TDS in mg/L can be estimated from a measurement of specific
conductivity.
a. For seawater (NaCl-based):

TDS (mg/L) = (0.5) X (Sp. Cond. in p.S/cm)
b. For surface and ground waters (carbonate or sulfate-based):

TDS (mg/L) =~ (0.55-0.7) X (Sp. Cond. in pS/cm)

1 TDSmeas 1 1 1
3. If the ratio Sp_ Cond. 18 demonstrated to be consistent, the simpler

specific conductivity measurement may sometimes be substituted
for TDS analysis.

TABLE 3.5

Comparison of TDS and Salinity

TDS Degree of Salinity
1,000-3,000 mg/L Slightly saline
3,000-10,000 mg/L Moderately saline
10,000-35,000 mg/L Very saline
>35,000 mg/L Briny
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3.12.4 TDS TesT FOR ANALYTICAL RELIABILITY

A calculated value for TDS may be used for judging the reliability of a sample
analysis if all the important ions have also been measured. The TDS concentration
should be equal to the sum of the concentrations of all the ions present plus silica.
You can use either of the following equations to calculate TDS from an analysis or to
check on the validity of analytical results. All concentrations are in mg/L.

TDS = sum of cations + sum of anions + silica (3.41)

or

TDS = 0.6(alkalinity) + Nat + K" + Ca®" + Mg®" 4+ CI~ + SO; ™ + SiO;
(3.42)

In any given analysis, it is unlikely that all the ions have been measured. Frequently,
only the major ions (Na*, K*, Ca®>", Mg**, CI™, HCOj, SO?") are necessary for
the calculations, as other ion concentrations are likely to be insignificant by
comparison.

Use the following guidelines for checking accuracy of a TDS analysis:

1. TDS,eas should always be equal to or somewhat larger than TDS,.
because a significant ion contributor might not have been included in the
calculation.

2. An analysis is acceptable if the ratio of measured-to-calculated TDS is in
the range

< measured TDS <12
calculated TDS '

(O8]

If TDS 1eas < TDS,a1c, the sample should be reanalyzed.
4. I TDS jieas > 1.2 X TDS_,1c, the sample should be reanalyzed, perhaps with
a more complete set of ions.

3.13 TEMPERATURE

Temperature affects all water uses.

* The solubility of gases such as oxygen and CO, decreases as water
temperature increases.

* Biodegradation of organic material in water and sediments is accelerated
with increased temperatures, increasing the demand on DO.

* Fish and plant metabolism depends on temperature.
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Most chemical equilibria are temperature dependent. Important environmental
examples are the equilibria between ionized and unionized forms of ammonia,
hydrogen cyanide, and hydrogen sulfide.

Temperature regulatory limits are set to maintain a normal pattern of diurnal

and seasonal fluctuations, with no changes deleterious to aquatic life. Maximum-
induced change is limited to a 3°C increase over a 4 h period, lasting for 12 h
maximum.

EXERCISES

1.

(a) The measured pH of a seawater sample is 8.30. What is the hydrogen ion
(H") concentration in mol/L and in mg/L?
(b) What is the pH of a water sample in which [H"=1.5X 10719 Mm?

. (a) The [H'] of water in a stream is 6.1 X 1078 mol/L. What is the pH?

(b) The pH of water in a stream is 9.3. What is the hydrogen ion concentration?
An engineer requested a water sample analysis that included the parameters: pH,
carbonate ion, and bicarbonate ion. Explain why she probably is wasting money.
(a) Water sample analysis indicated a total carbonate concentration of 0.003
mol/L and a pH of 6.6. What is the alkalinity in meq/L and in mg/L?

(b) If 1 L of the sample was diluted with enough pure water to change the total
carbonate concentration to 0.0025 mol/L, what would be the new pH and
alkalinity? Use Figure 3.3.

A water sample contains 150 mg/L of Ca*" and 33 mg/L of Mg*". Calculate the
total hardness of the water.
A wastewater treatment plant removed ammonia with a nitrification—denitrifica-
tion process that also reduced alkalinity. For each gram of NH3-N removed,
the process also removed 7.14 g of alkalinity-CaCOj. If the plant was designed
to remove 25 mg/L of NH3-N and the total throughput was 250,000 gpd,
how many pounds of caustic soda (sodium hydroxide, NaOH) must be
added each day to restore the alkalinity to its original value before ammonia
removal?

. A wastewater flow contains 30 g/L total ammonia nitrogen and has a 10 g/L

discharge limit. An air-stripping tower is to be used. Its temperature varies from
20°C to 30°C and the pH is normally about 9. At what pH must the stripper be
operated?

A water sample from a lake has a measured alkalinity of 0.8 eq/L.

In the early morning, a monitoring team measures the lake’s pH as part of an
acid rain study and finds pH 6.0. The survey team returns after lunch to recheck
their data. By this time, algae and other aquatic plants have consumed
enough dissolved CO, to reduce the lake’s total carbonate (Ct) to one-half of
its morning value. (a) What was the morning value for Ct? (b) What was the pH
after lunch?
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9. A groundwater has the following analysis at pH 7.6

Analyte Concentration (mg/L)
Calcium 75
Magnesium 40
Sodium 10
Bicarbonate 300
Chloride 10
Sulfate 112

Calculate alkalinity, total hardness, carbonate (temporary) hardness, and non-
carbonate (permanent) hardness.
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4 Behavior of Metal
Species in the Natural
Environment

4.1 METALS IN WATER
4.1.1 BACKGROUND

A casual glance at the periodic table shows that most of the elements (about three-
fourths) are metals or metalloids.* It often happens in environmental literature that
little or no distinction is made between metals and metalloids, especially for the
metalloids arsenic, selenium, and antimony. To discuss their chemical behavior, the
elemental metals may be divided into three general classes:

1. Alkali metals: Li, Na, K, Rb, Cs, and Fr (periodic table group 1A).

2. Alkaline metals: Be, Mg, Ca, Sr, Ba, and Ra (periodic table group 2A).

3. Metals not in the alkali or alkaline groups include the transition metals (all
the group B periodic table metals), the metals and metalloids in groups 3A
through 6A, and metals whose classifications are not based primarily on
periodic table groups, the so-called trace or heavy metals.'

Heavy metals in surface waters can be from natural or anthropogenic sources.
Currently, anthropogenic inputs of metals exceed natural inputs. Living organisms
require trace amounts of some heavy metals, including cobalt, copper, iron, manga-
nese, molybdenum, vanadium, strontium, and zinc. Excessive levels of essential
metals, however, can be detrimental to the organism. Nonessential heavy metals of

* Metalloids are those elements in periodic table groups 3A through 6A that have electrical and chemical
properties intermediate between those of metals and nonmetals. They are B, Si, Ge, As, Sb, Te, and Po.
For regulatory purposes, it is sometimes useful to group metals and metalloids together, as when they
share the same analytical method (e.g., ICP, ion-coupled plasma spectroscopy).

T The term “heavy metals” is often encountered in texts and reports, usually meaning metals with atomic
numbers equal to or greater than Cu (at. no. 29), especially metals exhibiting toxicity. However, the term
heavy metals has no precise definition and its use is inconsistent (Duffus, 2002). Another designation
often used is trace metals, generally used for those metals found in the earth’s crust with average
concentrations less than 1%. Nearly all the metals are included in this class, the exceptions (with average
crustal concentrations greater than 1%) being Na, K, Ca, Mg, Fe, and Al.
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particular concern because of their toxicity are cadmium, chromium, mercury, lead,
arsenic, and antimony.

When metal atoms combine chemically with other metal atoms, the result is a
metal substance, either pure elemental metals or alloys. When metal atoms combine
with nonmetal atoms, nonmetallic compounds result that range from ionic salts like
sodium chloride to volatile, inflammable liquid organometallic compounds like
dimethylmercury.

Metals and metal-containing compounds in natural waters may be in dissolved,
colloidal, or particulate forms, depending on water quality parameters of pH, redox
potential, and the presence of other dissolved species such as sulfide or carbonate
which can form compounds with metal ions. This section treats how the solubility of
metals in water depends on these different factors.

Dissolved forms* are
 Cations: Ca*", Fe*", K™, AP, Ag™, etc.
o ComplexesT: Zn(OH)fﬁ, Au(CN);, Ca(P,07)>~, PuEDTA, etc.
* Organometallics: Hg(CHjs),, B(C,Hs);, Al(C,Hs);, etc.

Particulate forms are

* Mineral sediments

* Precipitated oxides, hydroxides, sulfides, carbonates, silicates, etc.

¢ Cations and complexes sorbed to mineral sediments (clays, oxides, hydrox-
ides, sulfides, carbonates, silicates, etc.) and organic matter.

The behavior of metals in natural waters may be described in terms of how they
become distributed between dissolved and solid species. Metal species undergo

* It is shown in this chapter that cations in water always attract a hydration shell of water molecules
because of electrostatic attractions. Although a cation dissolved in water is often written as an elemental
ion, e.g., A>T, it actually is a cluster consisting of the metal ion enclosed within progressively larger
surrounding shells of water molecules. The water molecules in the innermost shell are the most strongly
attracted to the metal cation and the cluster could be written, for example, as Al(HzO)i+, where n is the
number of water molecules in the inner hydration shell, from 1 to about 6. One simpler way to indicate a
dissolved cation is append the suffix “aq” (for aqueous) to it, as in AI*"(aq). In this text, and many
others, whenever a dissolved cation is written without any indication of its hydration shell, e.g., Al3+,
the more accurate designation is to be assumed, e.g., AI>*(aq).

A complex is a dissolved chemical species formed by the association of a cation with one or more anions
or neutral species (such as water) that contain nonbonding electron pairs. The cation has room for one or
more electron pairs in its valence shell and the anions or neutral species it connects with (called ligands)
have nonbonding electron pairs in their outer shells that can fill the cation electron shell vacancies.
Remember that chemical bonds consist of electron pairs positioned between the bonded atoms.
A complex differs from a covalent compound in that the ligand brings both electrons of the bonding
pair to the bond, while covalent compounds are formed when the connected atoms contribute one
electron each. Cation—ligand bonds are called coordinate bonds, and the complexes formed are called
coordination compounds.

—
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continuous changes between dissolved, precipitated, and sorbed-to-sediment forms.
The rates of adsorption, desorption, and precipitation processes depend on pH, redox
potential, water chemistry, and the composition of bottom and suspended sediments.
Adsorption of dissolved metal species to sediments removes the metal from the
water column and stores it in the sediments, where it is less biologically available.
Desorption returns the metal to the water column, where it becomes biologically
available again and where water flow may carry the metal to a new location
where sorption and precipitation can recur. Metals may be desorbed from sediments
if the water undergoes increases in salinity, decreases in redox potential, or decreases
in pH. Sorption and desorption processes are discussed further in Chapter 5.

In the water environment, nonradioactive metals are of greatest environmental
and health concern when in dissolved forms, where they are more mobile and more
biologically available than are particulate forms, although ingestion and inhalation of
particulates containing metals also can be a serious health hazard. Radioactive metals
are hazardous because of their ionizing emissions as well as their chemical toxicity
and may be harmful in both dissolved and particulate forms, even without metal
species entering the body.

4.1.2 MosILITY OF METALS IN THE WATER ENVIRONMENT

Two properties, solubility and the tendency to sorb to soil particles (sorption
coefficient) largely govern the mobility of metals in the water environment. Metals
can take many forms in environmental soil/water systems and the mobility of each
form can depend in a different way on environmental conditions.

The important metal forms are

1. Solid elemental metal precipitates.

a. These may be particles of colloid size or larger. Colloids remain
suspended in water and are mobilized by water movement. Larger
particles may settle out and require stronger flows to move them as
sediments.

2. Solid metal compounds formed by weathering of minerals and by reactions
of dissolved metal cations with water and other dissolved species such as
carbonate, fluoride, and sulfate.

a. These may be colloid size or larger.

. Dissolved metal cations.

. Dissolved metal compounds, such as carbonate and hydroxy complexes.

5. Metal species sorbed to solid soil and sediment surfaces.

a. Sorption processes may be reversible to some degree, resulting in a
retardation of dissolved metal movement relative to water flow, or
irreversible, resulting in immobilization of metal species, except for
erosion mechanisms.

b. Dissolved or colloidal solids may become sorbed to solid surfaces.

W
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RULES OF THUMB

1. Dissolved forms of metals move with surface water and groundwater
flows.

2. Metals in particulate form can be transported with sediments by wind
and in moving water.

3. Both dissolved and particulate forms of metals may sorb to organic
soil solids, where they can be immobilized or carried along with
eroding soils.

4. Metals pose the greatest environmental risks when particulate metals
encounter environmental conditions that increase their solubility.

4.1.3 GEeNERAL BEHAVIOR OF DissoLvED METALS IN WATER

It can be misleading to think in terms of the solubility of elemental metals. For
example, to say that “iron is more soluble under reducing conditions than under
oxidizing conditions,” does not call attention to the fact that it is not elemental iron
that is more soluble; it is the iron compounds that can be formed which may (or may
not) be more soluble under reducing conditions.

Reactions of metal cations with water (hydrolysis) are the usual criteria for
assessing whether a metal is soluble or insoluble under certain redox and pH
conditions. When a metal such as iron is said to be insoluble under oxidizing
conditions and soluble under reducing conditions, what actually is meant is that
the compounds formed by reaction of the metal cation with water under oxidizing
conditions are insoluble; under reducing conditions iron does not hydrolyze in water
and can remain as a dissolved cation (with a hydration shell). The same is true for pH
conditions; metals tend to be less soluble at high pH because their cations often react
in high pH water to form low-solubility hydroxides and oxides. At low pH, where
hydroxide concentrations are low (see Chapter 3), they may remain as soluble
hydrated cations.

4.1.3.1 Hydrolysis Reactions

The simplest form of a dissolved metal is an elemental cation, such as Fet or Zn?+.
However, elemental cations cannot exist as such in water solutions. Any charged
species in solution will interact with other charged or polar species because of
electrical forces. Because water molecules are polar (Chapter 2), metal cations
always attract a multilayered hydration shell of water molecules by electrostatic
attraction of the negative end of the water molecules (the oxygen end, see Chapter 2)
to the positive charge of the cation, as described by Equation 4.1 and illustrated in
Figure 4.1.

M 0 N, 0y .1
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FIGURE 4.1 Water molecules form a hydration shell around dissolved metal cations. Mole-
cules in the hydration shell can lose a proton to bulk water molecules, as indicated by the
arrow, leaving a hydroxide group bonded to the metal. In this way, the hydrated metal behaves
as an acid. Eventually, the metal may precipitate as a hydroxide compound of low solubility.

where
M is a metal cation
n is the number of positive charges on the cation
x is the maximum number of water molecules in the innermost hydration shell
x is 6 for most cations

Depending on the strength of the electrostatic attraction between the cation and
the water molecules, the water molecules closest to the metal cation (in the innermost
hydration shell) may bond as a ligand, forming a metal-water complex (see second
footnote on page 110). The strength of the electrostatic attraction depends on the
magnitude of the cation charge, the cation radius, and, to a lesser extent, the electro-
negativity of the metal. The strongest bonds are formed with cations having
the smallest radius, greatest positive charge, and electronegativity greater than 1.8
(Wulfsburg, 1987).

4.1.3.2 Hydrated Metals as Acids

Hydrated metal ions can behave as acids by releasing protons (H") from their water
ligands that then become attached to the surrounding free H,O molecules, forming
acidic hydrated protons, H;0" and HSOEr (see Section 4.2.1). The stronger the bond
between the water ligand and the metal cation, the more readily a proton is released
to surrounding water molecules and the more acidic is the hydrated metal cation. The
process can continue stepwise up to z times to make a neutral metal hydroxide.*

* For simplicity, hydrated protons will be designated only by the most common form, H;O". Because
solvent water molecules are normally not included when balancing a chemical reaction, the stoichiom-
etry of acid-base reactions remains unchanged, regardless of how many water molecules are shown
attached to an acidic proton, i.e., whether the hydrated proton is designated by H*, H;O™, Hs07, etc.
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M(H,0){" + H,0 « M(H,0)sOH"~" + H;0™" 4.2)
M(H,0)sOH" "D 4+ H,0 « M(H,0),(OH), "2 + H;0* 4.3)

For example, with Fe*™, it takes three proton transfer steps to form neutral ferric
hydroxide:

Fe(H,0);" + H,0 « Fe(H,0),0H*" + H;0" 4.4)
Fe(H,0),0H*" 4+ H,0 « Fe(H,0)(OH); + H;0™" 4.5)
Fe(H,0)(OH); + H,0 « Fe(OH);(s) + H;0* 4.6)

Adding Equations 4.4 through 4.6 gives the overall reaction:
Fe(H,0)3" + 3H,0 « Fe(OH);(s) + 3H;0" 4.7)

With each step, the hydrated metal is progressively deprotonated, forming
polyhydroxides and becoming increasingly insoluble. At the same time, the solution
becomes increasingly acidic due to the formation of more H;O". Eventually, the
metal may precipitate as a low-solubility hydroxide. The degree of acidity induced
by metal hydration is the greatest for cations having the greatest electronegativity,
which are those of high charge and small size. All metal cations with a charge of +3
or more are moderately strong acids. This process is one source of acidic water
draining from mines.

RULES OF THUMB

1. Only polyvalent cations (e.g., Fe**, Zn**", Mn**, and Cr3+) have
large enough charges to attract water molecules strongly enough to
act as acids, by causing the release of H' from water molecules in the
hydration sphere. Monovalent cations, such as Na*, do not act as
acids at all.

2. The interactions of metal cations with water, Equations 4.2 through
4.7, cause the solubility of metal species in water to be dependent on
pH and redox potential.

a. Low pH (high H;0" concentration and high acidity) increases
metal solubility by shifting the equilibria of Equations 4.2 through
4.7 to the left, decreasing the formation of less soluble metal
polyhydroxides.

b. High pH (low H30" concentration and low acidity) decreases
metal solubility by shifting the equilibria of Equations 4.2 through
4.7 to the right, increasing the formation of less soluble metal
polyhydroxides.
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RULES OF THUMB (Continued)

c. Low redox potentials (reducing conditions, low-to-zero dissolved
oxygen (DO) levels, where electron donors are more common than
electron acceptors) increase the solubility of many metals (see
Section 4.1.5) by promoting lower oxidation numbers for metal
cations (lower positive charge, e.g., Fe*" rather than Fe®"). For
cations with lower positive charge, the equilibria of Equations 4.2
through 4.7 are maintained more strongly to the left, resulting in
less formation of low-solubility polyhydroxides.

d. High redox potentials (oxidizing conditions, high DO levels, where
electron acceptors are more common than electron donors) decrease
the solubility of many metals by promoting higher oxidation num-
bers for metal cations (higher positive charge, e.g., Fe>" rather than
Fe?™). For cations with higher positive charge, the equilibria of
Equations 4.2 through 4.7 are maintained more strongly to the right,
resulting in greater formation of low-solubility polyhydroxides.

3. The presence of dissolved species such as sulfide or carbonate, which
form low-solubility compounds with metal cations, can largely negate
the above generalizations by competing with hydroxide formation.

4.1.4 INFLUENCE OF PH ON THE SOLUBILITY OF METALS

All the reactions (Equations 4.2 through 4.7) are reversible, with H;0" on the right
side. This means that the equilibria of these reactions shift to the left if the concen-
tration of H;O™ is increased (by adding more acid) and to the right if it is decreased
(by adding a base). Thus, the formation of metal hydroxides by hydration of metal
cations is sensitive to the solution pH. Considering the overall reaction, Equation 4.7,
we see that lowering the pH (increasing the concentration of H3O™) shifts the
equilibrium of Equation 4.7 to the left, tending to dissolve any solid metal hydroxide
that has precipitated. Raising the pH (increasing the concentration of OH™) con-
sumes H3O" and shifts the equilibrium of Equation 4.7 to the right, precipitating
more insoluble metal hydroxide. Thus, one may say that the metal becomes more
soluble at lower pH and less soluble at higher pH, even though what actually occurs
is that the hydrated metal forms less soluble hydroxide at higher pH.

However, if the pH is raised too high, precipitated metal hydroxides can redis-
solve (see Figure 4.2). At high pH values, a metal hydroxide may form complexes
with OH™ anions to become a negatively charged ion having increased solubility.
For example, precipitated Fe(OH); can react with OH™ anions as follows:

Fe(OH); + OH™ « Fe(OH), 4.8)
Fe(OH), + OH™ « Fe(OH)5™ 4.9)

Negatively charged polyhydroxide anions are more soluble because their ionic
charge attracts them strongly to polar water molecules. As shown in Figure 4.2,
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the high value of pH, where solubility begins to increase again, varies from metal to
metal. Alkaline water provides a buffer against pH changes. In alkaline water, the
tendency of metals to make water acidic is diminished by reactions like Equations
4.11 through 4.13.

EXAMPLE 1

ErrecT OF DiISSOLVED METAL ON ALKALINITY

A sample of groundwater contains a high concentration of dissolved iron, about 20 mg/L.
At the laboratory, alkalinity is measured to be 150 mg/L for CaCOs. Is this laboratory
measurement of alkalinity likely to accurately represent the groundwater alkalinity?

Answer:

Soluble inorganic iron is in the ferrous form, Fe*". Because of its small charge, loss of
protons from the hydration sphere is not a significant process for hydrated ferrous iron
Fe*™, denoted in Equation 4.10 by Fe(HZO)?. However, when a groundwater sample
is exposed to air, oxygen (an electron acceptor) dissolving from the atmosphere can
oxidize Fe*" to the ferric form, Fe**. This process is often enhanced by aerobic iron
bacteria (see reaction step 2 in Figure 4.3). Depending on the pH, hydrated Fe*™ can
lose protons from its hydration sphere to any bases present, including water molecules
and hydroxyl ions (OH "), forming ferric hydroxide species and making the solution
more acidic. The acidic behavior of hydrated Fe** occurs to a greater extent at higher
pH. Equation 4.10 represents the overall oxidation reaction that converts dissolved
ferrous iron to precipitated ferric hydroxide:

4Fe(H20)é+ + 0, < 4Fe(OH)5(s) + 14H,0 + 8H* (4.10)

Fe(OH); is a yellow to red-brown precipitate often seen on rocks and sediments in
surface waters with high iron concentrations.

The molar concentration of H* formed by Equation 4.10 can be up to 2 times the
Fe>" molar concentration, depending on the final pH. Each H' released will neutralize
a molecule of base, consuming some alkalinity, by reactions such as

H™ + OH™ < H,0 4.11)
H' + HCO; « HyCO; 4.12)
H' + CO3™ « HCO; (4.13)

We will assume a worst-case scenario with respect to affecting the alkalinity, where the
pH is high enough that the equilibrium of Equation 4.10 goes essentially to completion
to the right side as additional oxygen dissolves from the atmosphere. The atomic weights of
hydrogen and iron are 1 and 56 g/mol, respectively. If the equilibrium of Equation 4.10
is completely to the right, 1 mole (56 g) of Fe>™ will produce 2 moles of H' (2 g). At the
time of sampling, the concentration of dissolved Fe>* (as FC(H20)§+) was about 20 mg/L
and all is eventually oxidized to Fe>* (as Fe(OH)3). The molar concentration of iron is

0.020 g/L

56 g/mol = 0.00036 mol/L or 0.36 mmol/L
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By Equation 4.10, the moles of H" produced are two times the moles of iron:

Moles of H =2 x 0.36 mmol/L = 0.72 mmol/L

Grams of H" = 0.72 mmol/L x 1 mg/mmol = 0.72 mg/L

We must now determine what effect this quantity of H* will have on the alkalinity.
Alkalinity is measured in terms of a comparable quantity of CaCO3. The molecular
weight (MW) of CaCOs is 100 g/mol, and it dissolves to form the doubly charged ions
Ca®" and CO}~. Alkalinity is a property of the CO3~ anion, which consumes acidity by
accepting 2 H' cations:

2H' + CO3™ « HyCO; (4.14)

Therefore, 0.72 mmol/L of H* will react with 0.72/2=0.36 mmol/L of CO3}~, and
0.36 mmol/L of CaCOj is required as a source of the CO3~.* From the definition of
alkalinity, the change in alkalinity is equal to the change in concentration of CaCQO3, in
milligram per liter.

100 mg
1 mmol
= 36 mg/L = change in alkalinity

0.36 mmol/L of CaCO5; = 0.36 mmol/L x

Groundwater alkalinity at time of sampling
= Lab. measured alk. + alk. lost by Equation 4.10

The maximum possible value for the original alkalinity of the groundwater before
exposure to air was

150 mg/L + 36 mg/L = 186 mg/L as CaCO;

The laboratory alkalinity measurement was lower than the actual groundwater alkali-
nity, with a maximum error of about 21%.

In the above example, the pH was assumed high enough to maintain the equilibrium
of Equation 4.10 entirely to the right. Under these conditions, essentially all the H"
added to the solution will react by Equation 4.13 to form H,COj3. Thus, there would be
no significant net change in aqueous H* (as H30™") and little corresponding change in
pH. In practice, the changes in concentrations brought about by Equations 4.10 through
4.13 will never cause the equilibria of the reactions to go completely to the right. Thus,
the H" added will never react completely with the alkalinity and there will always be at
least a small net increase in the H;O" concentration, accompanied by a corresponding
small decrease in pH.

This example illustrates the pH buffering effect of alkalinity. The addition of H' to
the solution by hydration of metal ions, as in Equation 4.10, will not change the pH
greatly as long as some alkalinity remains, because the added H' is taken up by
carbonate species in the water. This is also true for the addition of H" from other
sources, such as mineral and organic acids.

* Equation 4.14 can be obtained by adding Equations 4.12 and 4.13.
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4.1.5 INFLUENCE OF REDOX POTENTIAL ON THE SOLUBILITY OF METALS

The redox potential (see Chapter 3) influences metal solubility because it can
influence the electron structure of metal atoms and, thereby, the metal’s ability to
react with other substances to form compounds of varying solubilities. This was the
case in Example 1, where an increase in DO (an electron acceptor) raised the redox
potential. However, the redox potential may also influence other substances, such as
sulfate, in a manner more significant than its effect on metal species. For example,
the oxidation state of lead is not particularly sensitive to redox changes within
common environmental conditions. However, if sulfate is present, a zero or negative
value for the redox potential (anaerobic conditions) will cause the reduction of
sulfate to sulfide and dissolved lead species will precipitate as insoluble lead sulfide.
In the absence of sulfate or sulfide, the lead species may remain relatively soluble.

Although solubility is, perhaps, the most important property governing a con-
taminant’s mobility in the environment, the mobility of a substance does not depend
only on its solubility. As discussed in Section 4.1.2, metals can take many forms in
environmental soil-water systems and the mobility of each form depends in a
different way on environmental conditions.

4.1.5.1 Redox-Sensitive Metals: Cr, Cu, Hg, Fe, Mn

It is useful to classify metals as redox sensitive or insensitive, according to their
redox-dependent solubility. Redox-sensitive metals are those that can undergo
changes in oxidation state (valence shell electron structure) under common environ-
mental conditions, often resulting in changes in solubility because of the formation
of new compounds by reaction with water.

Redox-sensitive metals (Cr, Cu, Hg, Fe, and Mn) can change their oxidation
state within the redox conditions common in the environment. Under oxidizing
conditions and pH greater than about 5.5, they react with water to form low-
solubility* hydroxides and oxides. For example, under oxidizing conditions,
concentrations of dissolved iron are limited by precipitation of insoluble Fe(OH)3,
dissolved manganese by precipitation of insoluble MnO,, dissolved chromium by
precipitation of insoluble Cr(OH);, and dissolved copper by precipitation of an
insoluble cupric ferrite mineral CuFe,0,.

Under reducing conditions and pH less than about 7, with no sulfide present, iron
is present as the soluble cation Fe>*. Above pH 7, Fe(OH),, about 10° times more
soluble than Fe(OH);, is formed. The other redox-sensitive metals behave similarly
under reducing conditions, being present as either the soluble cation or a relatively
soluble compound.

4.1.5.2 Redox-Insensitive Metals: Al, Ba, Cd, Pb, Ni, Zn

These metals do not change their oxidation state within the redox conditions
common in the environment. In their normal oxidation state, these metals do not
react strongly with water to form insoluble oxides and hydroxides.

* The solubility table inside the back cover contains definitions for degrees of solubility.
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Under oxidizing conditions and the absence of anions with which they can react,
they tend to remain as dissolved cations. In the presence of reactants other than
water, they can form carbonates, phosphates, sulfates, and oxides/hydroxides whose
solubilities depend more on pH than on redox potential.

Although, reducing conditions have little direct effect on these metals as cations,
under reducing conditions, with sufficient sulfide present, all can form sulfides of
low solubility.

4.1.5.3 Redox-Sensitive Metalloids: As, Se

Arsenic and selenium tend to behave oppositely to the redox-sensitive metals. They
are more soluble under oxidizing conditions than under reducing conditions.

Under oxidizing conditions, they form the oxygen anions arsenate (AsOi’) and
selenite (SeO%’). These react with Fe, Mn, and Pb cations to form moderately
soluble compounds.

Under reducing conditions, selenium forms insoluble elemental selenium and
iron selenide (FeSe,). Arsenic forms sulfides of very low solubility.

4.2 METAL WATER QUALITY STANDARDS

A metal water quality standard may be written for the dissolved, potentially dis-
solved, total recoverable, or total forms.

* Dissolved: Sample is filtered on site immediately after or, preferably, during
collection through a 0.45 pm filter and is then acidified to pH 2 for
preservation before analysis. Acidification prevents precipitation of any
dissolved metal before analysis. This procedure omits from the analysis
metals adsorbed on suspended sediments.

It is essential that the sample be filtered immediately after or during
collection. A true measure of dissolved metals in the source water cannot be
obtained after transporting an unfiltered sample to a laboratory. An unfiltered
sample collected for dissolved metals cannot be acidified for preservation
because the lower pH could cause some precipitated metals in the original
sample to dissolve. It cannot be transported without acidification because
potential gain or loss of dissolved CO, or O, can result in changes in pH or
redox potential that could dissolve or precipitate metals en route, resulting in a
measurement not representative of the source water.

* Potentially dissolved: Sample is acidified to pH 2, held for 72-90 h, then
filtered through a 0.45 pm filter and analyzed. This procedure is intended to
simulate the possibility that metals bound in suspended sediments might be
transported into more acidic environmental conditions and partially dis-
solve. It measures the metals dissolved at the time of sampling, in addition
to a portion of the metals initially bound to suspended sediments and
released during the holding period at low pH.

* Total recoverable: Sample is acidified to pH 2 and analyzed without filter-
ing. This procedure measures all metals, dissolved and initially bound to
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suspended sediments. Some “‘unrecoverable” metals may remain as sus-
pended mineral sediments or strongly sorbed to sediments and not be ana-
lyzed.

* Total: Sample is “digested”” in an acidic solution until essentially all the
metals present are extracted into soluble forms for analysis.

4.3 CASE STUDY 1
4.3.1 TReATMENT OF TRACE METALS IN URBAN STORMWATER RUNOFF

Stormwater runoff carries solid and dissolved forms of metals as well as other
chemical pollutants, including soil sediments and various kinds of debris, such as
paper, plastic, garbage, leaf, and plant litter. Because a major constraint on storm-
water treatment systems is that they provide passive or near-passive treatment, the
biggest challenge for stormwater treatment is the removal of dissolved pollutants by
means that require minimal or no operator control or external power sources. The
general methods available for water treatment are control of the redox potential and
pH, addition of chemical reactants to aid precipitation, and length of detention time
in vaults or basins. In a passive or near-passive treatment system.

* The redox potential is regulated by the DO level. Dissolved oxygen is
depleted mainly by biodegradation processes that decompose organic
matter. Two methods for increasing DO are (passively) by encouraging
oxygen diffusion from the atmosphere by inducing turbul