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PREFACE

The predecessor to this book originated in the 1970s as notes to a
junior/senior level course in “Chemistry of the Environment” that the authors
developed at Rensselaer Polytechnic Institute in response to the interest in
environmental concerns developing at that time. The present volume is an
updated and expanded version of the original book published in 1978 and
used ever since.

Major changes in environmental problems have occurred in the years since
the publication of the first edition, including the ozone and global warming
concerns, the nuclear power plant meltdown at Chernobyl in 1986, and the
world’s worst oil spills in Kuwait and the Persian Gulf in 1991. Although this
second edition of the book refers to these and other disasters, and was written
with current environmental topics in mind, it retains an emphasis on the
principles of environmental chemistry, not on specific catastrophes. Significant
alterations in coverage have been made in a number of topics to reflect these
dynamics. For example, there is less discussion of the atmospheric chemical
reactions of hydrocarbons in Chapter 6 because hydrocarbons have become a
less serious environmental problem in the United States as a result of the
mandated use of the catalytic converter on the exhaust systems of automobiles.
The chapters on polymers and surfactants were combined into one chapter and
follow the chapter on petroleum because the major pathways for the environ-
mental degradation of these three classes of organics is by microorganisms and
the reaction steps are similar in many instances. The separate chapter on
pheromones was removed and an abridged version of this material has been
added to the chapter dealing with pesticides because pheromones have not
achieved the potential for insect control forecast for them in the 1970s. New
material on environmental hormones has been included, and a new chapter on
recycling has been added. The material dealing with the chemistry of particular
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PREFACE

elements of environmental concern has been expanded, and the material on
nuclear chemistry redone. The latter we feel is particularly important in view
of the possible resurgence of nuclear energy and the general (low) level of
understanding of it. We have tried to avoid an excessive focus on U.S. con-
cerns.

This book is intended as a text, but also as a reference book to provide a
background to those who need an understanding of the chemical basis of many
environmentally important processes. As a text, it is probably too extensive to
be covered completely in a single course, but in our own use we have found
that particular chapters and sections can be selected according to the topics
desired. We have attempted to group chapters in a way that is suitable for this.
In some cases, this has resulted in different aspects of some topics being
covered in different chapters. We do not believe that this has led to either
excessive fragmentation or redundancy. As either a text or reference, the reader
will need some chemistry background; we have not attempted to write this
book at a beginning level. Besides a good grounding in general chemistry, some
knowledge of organic chemistry is needed for the sections dealing with organic
compounds.

The objective of the book is to deal with the chemical principles and
reactions that govern the behavior of both natural environmental systems
and anthropogenic compounds important in the environment, although obvi-
ously it is a general coverage and does not pretend to go deeply into specialty
areas such as marine chemistry or geochemistry. From time to time we may
have stretched the scope of chemistry a bit—for example, we deal with atmos-
pheric circulation because this is important to understanding some of the
consequences of atmospheric chemistry—and we mention some nonchemical
energy sources for completeness.

The book starts with a discussion of the atmosphere, leading into chapters
on photochemistry and other atmospheric chemical reactions. Three chapters
deal with the environmental chemistry of organic compounds of important
types, including petroleum, detergents, pesticides, and plastics. Following
sections deal mainly with water and the inorganic chemistry in natural water
systems, including the environmental chemistry of selected elements, followed
by a brief chapter on the lithosphere. Two chapters deal with nuclear chemistry
in some detail. Other chapters deal with energy and recycling. Where appro-
priate, we have made reference to recent scientific publications, mainly in
footnotes, and have suggested additional reading at the end of each chapter,
but we have made no effort to give extensive literature coverage. We have
included a few references to information on the Internet, which can be a
valuable source of data if care is taken to use reliable sources such as govern-
mental agencies and to remember that much material is not reviewed; some of
it is just plain wrong. Exercises have been provided that can be used for self-
study or for class assignments.
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As in the original version, we have used the units that are commonly
encountered in the literature dealing with particular fields, rather than ration-
alizing them to a standard such as SI units. We feel that this will better prepare
the reader for further reading. We have included SI equivalents in many
instances, and do provide a table of conversions and definitions that may
help to make sense out of the many different units found.

R. A. Bailey
H. M. Clark
J. P. Ferris
S. Krause
R. L. Strong
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INTRODUCTION

1.1 GENERAL

Humans evolved on earth, with its atmosphere, land and water systems, and
types of climate, in a way that permits us to cope reasonably well with this
particular environment. Being intelligent and inquisitive, humans have not
only investigated the environment extensively, but have done many things to
change it. Other living things also change their environment; the roots of trees
can crack rocks, and the herds of elephants in present-day African game parks
are uprooting the trees and turning forests into grasslands. We are beginning to
understand that microorganisms play a major role in determining the nature of
our environment, not only through their actions on organic material, but also
in systems traditionally regarded as strictly inorganic—and not just at the
earth’s surface, but also at considerable depths. However, no other living
things can change their environment in so many ways or as rapidly as humans.
The possibility exists that we can change our environment into one that we
cannot live in, just as the African elephant may be doing on a smaller scale. The
elephants cannot learn to stop uprooting the trees they need for survival, but
we should be capable of learning about our environment and about the
problems we ourselves create.
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One vital problem (among many) that we must solve is how to continue our
technologically based civilization without at the same time irreversibly dam-
aging the environment in which we evolved. This environment, which supports
our life, is complex; the interrelations of its component parts are subtle and
sometimes unexpected, and stress in one area may have far-reaching effects.
This environment is also finite (hence the expression “spaceship earth”). That
being so, there is necessarily a limit before significant environmental changes
take place. Our modern technological society, coupled with largely uncon-
trolled population growth, places extreme stress on the environment, and
many environmental problems come from prior failure to understand the
nature of these stresses and to identify the limits. Many problems also come
from refusal to accept that there are limits. Even for a component of our
environment that is so large that for all practical purposes it can be taken as
infinite, such as the water in the oceans, there are limits. We cannot destroy a
significant amount of ocean water, but we can contaminate it.

Many environmental problems and processes are chemical, and to under-
stand them, understanding the basic chemistry involved is necessary (but not
necessarily sufficient). This is certainly true for those who wish to solve environ-
mental problems, but also for those who need to make more general decisions
that may have environmental consequences. It is important as well for those
who would like to have some basis for understanding or evaluating the many,
often contradictory, claims made regarding environmental problems. While the
basic science underlying most environmental processes is well understood,
many details are not. Too often, this lack of knowledge of the details of complex
interactions is taken as an excuse to deny the validity of sound general conclu-
sions, particularly when they run counter to political or religious dogma.

In this book, we shall use the term “environment” to refer to the atmos-
phere-water—earth surroundings that make life possible; basically this is a
physicochemical system. Our total environment consists also of cultural and
aesthetic components, which we will not consider here. Neither shall we deal
extensively with ecology—that is, the interaction of living things with the
environment—although some effects of the physicochemical system on life,
and conversely, of living things on the physicochemical environment, will be
included. Indeed, organisms play a major role in both organic and inorganic
processes in the environment, and living things have made our environment
what it is. Most obviously, the biological process of photosynthesis created the
oxygen atmosphere in which we live.

1.2 POLLUTION AND ENVIRONMENTAL PROBLEMS

An immediate mental association with “environment” is “pollution.” Yet what
constitutes a pollutant is not easily stated. One tends to associate the term with
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materials produced by human activity that enter the environment with harmful
effects especially on living organisms—for example, SO, from combustion of
sulfur-containing fuels, or hydrocarbons that contribute to smog. However,
these and other “pollutants” would be present even in the absence of humans,
sometimes in considerable amounts. We will consider a “pollutant” to be any
substance not normally present, or present in larger concentrations than
normal. One type of source commonly associated with pollution consists of
industrial plants, especially chemical, but also factories using organic solvents,
heavy metals, and so on. Another source is mining, including waste rock
dumps and smelters. Waste disposal dumps are yet another source; materials
can be released from these dumps. Military bases, training, and testing facil-
ities may be sources of pollution from heavy metals as well as explosives
residues. Fuel storage facilities, airports, and on a smaller but more widespread
scale, gasoline stations may pollute through spills or leaking tanks. Power
plants and incinerators may emit pollutants to the atmosphere, while automo-
biles and other internal combustion engines provide a delocalized but abun-
dant source.

Although any discussion of the environment must consider pollution, this
will not be our primary aim. Rather, we will be concerned with some of the
more important chemical principles that govern the behavior of the physico-
chemical environment and the interactions of its various facets.

Among the controversial topics as this book is written are global warming
and ozone depletion. The chemistry of these phenomena is discussed in some
detail later in this book (Chapters 3 and 5), but an introduction to them at
this point may give a useful illustration of environmental problems. With
respect to global warming, some aspects are beyond scientific dispute, some
are highly probable, and some are still uncertain. There is no question that
introduction of carbon dioxide and some other gases into the atmosphere will
increase heat retention, and that the atmospheric concentration of carbon
dioxide has been increasing. It is also well established that introduction of
some (but not all) particulate material into the upper atmosphere will reflect
solar energy and lead to cooling. What is in question is how much of the
introduced materials will be removed by natural processes, what the relative
heating and cooling effects will be, and other details that need to be under-
stood before a quantitative prediction of the net result can be made. It is almost
certain that the average temperature of the earth’s surface has increased in the
last few years, and likely that at least part of this increase is due to human
activity, but natural variabilty makes the latter conclusions less certain.
Also uncertain are collateral changes in atmospheric circulation, rainfall, and
ocean currents that could accompany an increase in global average tempera-
ture. There are two primary responses to these uncertainties. One is the
attitude that if there is any doubt, one can ignore the potential problem and
continue business as usual. The other is to assume the worst and advocate
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massive changes at once, whatever the costs involved. An intermediate re-
sponse, “Make the changes that have moderate cost but move in the right
direction,” is often overlooked.

Ozone destruction in the stratosphere by chlorofluorocarbons, as discussed
in Chapter 5, was clearly shown to be inherent in the chemistry of the
atmosphere long before its observed decrease caused responsive action to be
taken. Even then, many people refused to accept that human activities could
have a deleterious effect and used uncertainties in the details of the destruction
mechanism to argue against the need for controls. Some still do.

Other responses to environmental problems are to focus on potential bene-
fits, which is a perfectly valid thing to do if all the implications are understood.
For example, it has been pointed out that global warming may have beneficial
effects by permitting agricultural activity in the Arctic regions, but do the soils
in these regions have the necessary characteristics to support domestic plant
growth? Will the possible increase in productivity in the Arctic balance pos-
sible losses elsewhere? What about changes in patterns of precipitation that
may accompany temperature changes? It is also pointed out that massive
environmental changes, including higher temperatures, have occurred natur-
ally, so that anthropogenic changes do not involve anything new. This ignores
the rate of change: changes that human activity can bring about may take place
much more rapidly than those arising from natural causes, although know-
ledge of details is generally inadequate to predict time scales. For example,
people could adjust to the conversion of, say, Wisconsin or Provence to a desert
over a thousand years, but the same change in a few decades would be
disastrous to the people involved.

Two human activities that are strongly connected with environmental
chemistry in general and pollution in particular are energy production and
waste disposal, as discussed in Chapters 15 and 16, respectively. Aspects of the
chemistry of these activities will be considered later, but some general com-
ments are given here.

1.3 WASTE DISPOSAL

Waste disposal is a growing problem. The environmental system consists of a
very large amount of material: about 5 x 10'%kg of air and about
1.5 x 10" m3 of water. In principle, comparatively large amounts of other
materials can be dispersed in these, and consequently both the atmosphere and
water bodies have long been used for disposal of wastes. This is sometimes
done directly, and sometimes after partial degradation such as by incineration.
In part, such disposal is based on the principle of dilution: when the waste
material is sufficiently dilute, it is not noticeable and perhaps not even detect-
able. A variety of chemical and biological reactions may also intervene to
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change such input into normal environmental constituents (e.g., the chemical
degradation of organic materials to CO, and H,O).

Such disposal-by-dilution methods are not necessarily harmful in principle,
but several factors must be considered in practice. The first is the problem of
mixing. While the eventual dilution of a given material may be acceptable,
local concentrations may be quite high because mixing is far from instantan-
eous. As the disposal of wastes from more sources becomes necessary because
of population or industrial growth in a particular area, it becomes more
difficult to avoid undesirable local excess either continuously or as natural
mixing conditions go through inefficient periods. A second factor of long-term
importance is the rate of degradation of waste material. It is obvious that if the
rate of removal of any substance from a given sector of the environment
remains slower than its rate of input, then the concentration of that material
will eventually build up to an undesirable level. This is the case with many
modern chemical products, including some pesticides and plastics that are only
very slowly broken down into normal environmental components or rendered
inaccessible by being trapped in sediments. Global contamination by such
materials results from the dilution and mixing processes, and concentration
levels increase while input continues. The examples of DDT and PCBs, dis-
cussed in Chapter 8, are well known. Other examples, such as the occurrence
of pellets of plastics in significant amounts even in the open ocean, may
ultimately be of equal concern. There is also the problem of natural concen-
tration. It is well known that some toxic materials (e.g., DDT and mercury) are
concentrated in the food chain as they are absorbed from one organism to
another without being excreted. Some plants can concentrate toxic materials
from the soil.

A third problem in disposal by dilution is the question of what concen-
tration must be reached before harmful effects are produced. This is often
difficult to answer, both because deleterious effects may be slow to develop and
noticeable only statistically on large samples, and because often concentrations
less than the parts-per-million range have to be considered. This is very low
indeed, and often methods of detection and measurement become limiting in
establishing the role of a particular substance. Finally, synergistic effects may
come into play—that is, two or more substances existing at concentrations that
separately are below the limits that are harmful may have highly deleterious
effects when present together.

Disposal by burying is a process that does not depend on dilution. In general,
however, it ultimately depends either on degradation to harmless materials, or
alternatively on the hope that the material stays put. Such considerations are
particularly important with highly toxic or radioactive waste materials. Leach-
ing of harmful components from such disposal sites and consequent contamin-
ation of groundwater or extraction from soils and concentration in plants are
obvious concerns associated with such disposal methods.
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Disposal of insoluble materials in the oceans also depends upon the
principle of isolation of the waste. Solid materials may be attacked by sea-
water, and harmful components leached out into the water, ultimately to enter
the food chain. Barrels or other containers for liquid wastes may corrode and
leak. Contamination of the biological environment is a possible result. Ocean
currents may play a role in distributing such wastes in unforeseen ways, as
with New York City sewage sludge dumped in the Atlantic Ocean that mi-
grated a long way from its dump site into adjacent waters. An extreme
example of this occurred in 1995, when 4500 incendiary bombs washed up
on Scottish beaches, injuring a child.' These devices were believed to have
come from the disturbance of an ocean dump of surplus munitions from World
War II, dumped 10 km offshore in 1945, although the site had been used for
munitions disposal from the 1920s up to the 1970s. Seven hundred antitank
grenades and other weapons have washed up on beaches on the Isle of Man
and Ireland from similar disposal sites.

Clearly, understanding of a disposal problem involves knowledge of phys-
ical processes such as mixing, chemical processes involved in degradation
reactions, chemical reactions of the waste and its products with various aspects
of the environment, and biological processes, meteorological processes, geol-
ogy, oceanography, and so on.

The question of what constitutes a hazardous level of something—for
example, radiation or a chemical that is carcinogenic or mutagenic—is not
easily answered. In part this is because years may pass before the consequences
become identifiable. Even for materials with a more immediate effect, estab-
lishment of toxic levels may be problematic if the effects are not highly specific.
Moreover, individuals vary in response, and the same responses may be due to
alternate causes. Data on hazardous exposure levels could be obtained from
epidemiological studies on large groups of people, but this would require the
exposure of people to conditions known to be harmful. Experimental studies
must use other species than humans, with the accompanying problems of
species specificity because of differing metabolisms, for example. (With our
current knowledge, computer modeling or extrapolation from tests on simple
organisms is not sufficient, although such exercises may be helpful.) To make
the scale of such experiments reasonable, usually small numbers of individuals
are tested at high levels of dose, and results extrapolated to lower levels to get
an estimate of risk for low levels of exposure. Past practice has generally been
to use a linear extrapolation, implicitly assuming that there is zero effect only

'R. Edwards, New Sci., pp. 16-17, Nov. 18, 1995.
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at zero concentration or exposure. Hence we had in the United States
the Delaney clause prohibiting any detectable level of a carcinogenic additive
in any food. There is abundant evidence, however, that organisms are often
able to avoid or repair damage from substances up to a limit; that is, a
threshold exists for many harmful effects, though that limit may be difficult
to establish.

Even when hazardous levels can be identified, these are statistical; not all
members of the exposed population will react the same way. Regulations
designed to protect the public from exposure to harmful levels of substances
involve some level of balance between cost and risk, although this practice may
not be acknowledged explicitly at the time. Intelligent decisions about what
this level should be involve many considerations, are often controversial, and
are beyond the scope of this book.

1.5 ENERGY

Energy production is a major activity of modern society that causes many
environmental problems. Some of these problems are associated with the
acquisition of the energy source itself (e.g., acid drainage from coal mines as
discussed in Chapter 10, oil spills as discussed in Chapter 6), others with the
energy production step (e.g., combustion by-products such as CO, SO,, par-
tially burned hydrocarbons, and nitrogen oxides considered in Chapters 5 and
10), while still others arise from disposal of wastes (e.g., nuclear fission
products, as will be seen in Chapter 14). In any device depending on conver-
sion of heat to mechanical energy, (e.g., a turbine) the fraction of the heat that
can be so converted depends on the difference between the temperature at
which the heat enters, and that at which it leaves the device, as will be seen in
Chapter 15. Practical restrictions on these temperatures limit efficiency and
result in waste heat that must be dissipated, because making the exhaust
temperature equal to ambient temperatures is not practical. This leads to the
problem of thermal pollution. Such efficiency considerations also lead to
the desire for ever higher input temperatures (i.e., the temperature in the
combustion chamber). This in itself can produce secondary pollution prob-
lems, such as enhanced generation of nitrogen oxides.

1.6 POPULATION

Basic to many environmental problems is the problem of human population—
its growth and the capacity of the earth to support it. Figure 1-1 shows the
estimated human population from prehistoric times. Human population has
increased by a factor of 4 from 1860 to 1961, while use of energy (other than
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FIGURE 1-1 Human population trends from prehistoric times. Redrawn from World Popula-
tion: Toward the Next Century, Copyright © 1994. Used by permission of the Population
Reference Bureau.

human or animal power) increased more than 90-fold. This increase was
accompanied by major increases in other resource needs as the technological
base of society underwent drastic changes. Changes in resource use have not
been uniform; a small fraction of the world’s people, those in the developed
nations, use most of the resources, although often these are obtained from
lesser developed regions where the impact from mining, logging, and so on can
be severe on local residents with little economic or political power to mitigate
it. At the current rate of increase, 1.6% annually, the population will have
doubled by the middle of the 21st century.” Many factors make predictions of
the actual increase unreliable (a prediction from the U.S. Bureau of the Census
is shown in Figure 1-2), but certainly the numbers are such that one must
consider what the effective carrying capacity of the earth is. This also is hard
to evaluate’; it depends upon the lifestyle assumed, and on technological

ZPopulation increase is not uniform worldwide. Many industrialized nations have birthrates
near or even below the replacement value, whereas population growth is largest in many of the
least developed nations. The environment is deteriorating most severely in these less developed
areas not from technological and industrial wastes and by-products, although these are increasing
rapidly, but through environmental destruction driven by the needs of survival (e,g., deforestation
in an effort to get firewood for cooking or to get land for growing food) or economic development.

3]. E. Cohen, Science, 269, 341 (1995).
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FIGURE 1-2 World population from 1950, projected to 2050. From U.S. Bureau of the Census,
International Data Base.

solutions that may be developed for supplying food and other resources.
Reliance on technological solutions yet to be developed to compensate for
excessive population growth—which is the only alternative to population
control if we are to maintain any reasonable standard of living—seems to be
a dangerous act of faith in view of the consequences of the failure of workable
solutions to materialize. Optimists point to increased crop yields per acre and
to the increase in total food production without an increase in the land area
harvested in arguing that technology will be able to keep pace with population
growth. Even so, the food so produced is often not available to people who
need it. It is also pointed out that most processes, including food and energy
production, are not carried out, on average, close to the efficiency already
demonstrated in the best operations, and far from the efficiency that is possible
in principle. Thus, it can be argued that even with current technology, an
increased population, and increased productivity to support it, are possible
without increasing our impact on the environment. On the other hand, con-
sidering the uneven distributions of resources and population, and normal
human tendencies for short-term self-interest, one can have little confidence
that local disasters will be avoided.
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1.7 THE SCOPE OF CHEMISTRY OF THE ENVIRONMENT

All predictions of the effects of continued population growth and related
activities based on extrapolation of existing conditions are rendered question-
able because of the complicated interrelationships among environmental
factors, and also by the increasing recognition that there is not always a
linear relationship between the factors that influence a phenomenon and
the level of the phenomenon itself. It has been proposed that many things,
ranging from the spread of epidemics to the crime rate, exhibit a point
of criticality: under a certain range of conditions, changes in the parameters
that affect the phenomenon in question cause relatively proportional
changes in it, but as these parameters approach some limiting values, small
parameter changes begin to have very large effects. Is there such a critical
point in the population—environment relationship? No one knows. Failure
to account for nonlinear response to system perturbations is a major diffi-
culty in understanding or predicting environmental consequences in many
areas.

1.7 THE SCOPE OF CHEMISTRY OF THE ENVIRONMENT

Almost everything that happens in the world around us could come under the
general heading “chemistry of the environment.” Chemical reactions of all
kinds occur continuously in the atmosphere, in oceans, lakes, and rivers, in
all living things, and even underneath the earth’s crust. These reactions take
place quite independently of human activities. The latter serve to complicate
an already complex subject.

To understand environmental problems, we must have knowledge not only
of what materials are being deliberately or inadvertently released into the
environment, but also of the processes they then undergo. More than this,
we need to understand the general principles underlying these processes so that
reasonable predictions can be made about the effects to be expected from new
but related substances. We must also understand the principles that underlie
natural environmental processes to anticipate human interferences. This
chemistry-oriented book emphasizes the chemical principles underlying envir-
onmental processes and the chemistry of the anthropogenic components—the
materials and changes that humans have introduced. But to put these into
context, some topics that are rather distant from reactions and equations need
to be discussed—as has been done in this chapter. In addition, knowledge in
biological, meteorological, oceanographic, and other fields is equally import-
ant to the overall understanding of the environment. Indeed, although it is
convenient to segment topics for study purposes, Barry Commoner’s first law
of the environment should always be kept in mind: “Everything is related to
everything else.”
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ATMOSPHERIC COMPOSITION
AND BEHAVIOR

2.1 INTRODUCTION

There has been much discussion, both nationally and internationally, about the
effects of various atmospheric pollutants on the earth’s climate and on the
earth’s atmosphere. The United Nations Intergovernmental Panel on Climate
Change (IPCC) report, data from the Goddard Space Science center of
NASA, for example, shows that average global air temperatures have risen
0.6 to 0.7°C over the last century (Figure 2-1). The 1997 Kyoto Protocol
is an agreement among more than 150 countries to attempt to limit global
warming by putting limits on their emission of carbon dioxide and some other
greenhouse gases (see Section 3.3.3) to limit global warming. Furthermore,
other international treaties including the Montreal Protocol of 1988 and its
amendments limit and even ban the use of chlorofluorocarbons and and the
so-called halons in the United States and other countries at different times
in order to stop the spread of the “ozone holes” in the stratosphere over the
Arctic and Antarctic regions of the globe (see Section 5.2.3.5: Control of
Ozone-Depleting Substances). Newspaper and magazine articles often make

13
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FIGURE 2-1 Near-global annual mean surface air temperature from 1880 to 1998 relative to the
mean surface air temperature between 1951 and 1980 (~ 14°C). Data from the NASA Goddard
Institute for Space Studies web site: http://www.giss.nasa.gov.

these problems seem relatively simple but, in fact, they raise a number of
questions:

1. What criteria are used to tell us that the earth’s climate is becoming
warmer? How do we take account of the normal year-to-year variability of the
climate in any one area on the earth’s surface?

2. Assuming that the criteria for defining the stated changes in the earth’s
climate are sound, how do these twentieth-century climate changes compare
with other variations in climate noted in historic and prehistoric times? In other
words, is there a possibility that the climate changes noticed during the latter
half of the twentieth century are due, at least partially, to natural causes?
Computer models (see Section 3.3.5) detailing the influences of different factors
on the earth’s climate are being developed and may help answer this question.

3. Why should an increase in the carbon dioxide content of the atmosphere
lead to a warming trend in the earth’s climate? What other factors regulate the
earth’s climate?
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4. What do we know about the general circulation of the atmosphere? After
all, carbon dioxide and chlorofluorocarbons are released into the atmosphere
at particular locations on the earth’s surface. How far do they spread through
the atmosphere?

5. Although the carbon dioxide released into the atmosphere is said to
affect the total climate, the macroclimate, of the earth, we humans actually
live in small areas where we worry about microclimate. What do we know, for
example, about the special climates of cities as opposed to their surrounding
countrysides? How do the pollutants produced by human activities in cities
become trapped in the atmosphere above these cities, to become hazards to
people’s health?

We shall attempt to answer these questions in this and the following chapter,
though not necessarily in the order in which they have been presented. The
answers to most of these questions are complex and, in many cases, incom-
plete. It will thus be seen that questions and answers concerning the atmos-
phere and human effects on the atmosphere and climate are not simple and
need a great deal of further study. This does not mean that action should not be
taken, but it demonstrates the reason for the controversy surrounding these
topics.

2.2 GASEOUS CONSTITUENTS OF THE ATMOSPHERE

Table 2-1 shows the constituents of clean, dry air near sea level. Usually, the
atmosphere also contains water vapor and dust, but these occur in amounts
that vary widely from place to place and from time to time. Carbon dioxide,
the fourth constituent on the list, has, as we shall see, been increasing in
concentration during this century, mostly through the burning of fossil fuels
such as coal and petroleum products. The concentrations given in Table 2-1 are
estimated global averages for 1989; some of the trace constituents, like me-
thane, have also been increasing in concentration, as noted later (see Section
3.3.3 and Figure 3-14).

Trace constituents may vary in concentration in different parts of the
atmosphere and in different parts of the globe. This is because many of these
trace constituents are produced by different human and natural sources in
different locations and are then removed from the atmosphere in different
ways and by different means. For example, nitrogen oxides may be produced
not only from human activities such as combustion in air but also from natural
occurrences such as lightning discharges through the nitrogen and oxygen of
the atmosphere and some photochemical reactions in the upper atmosphere
(see Chapter 5, Section 5.2.1). Sulfur compounds arise not only from the
combustion of sulfur-containing fuels but also from volcanic action. Methane
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TABLE 2-1

Some Constituents of Particulate-Free Dry Air
near Sea Level

Component Volume (%)

N, 78.084
O, 20.948
Ar 0.934
CO, 0.0350
Ne 0.00182
CH4 0.00017
Kr 0.00011
H, 0.00005
N,O 0.00003
H, 0.00005
CO 0.00001
Xe 9 x10°¢
O3 1-10 x10°°
NO, 2x10°¢
NH; 6x 1077
SO, 2x1077
CH;Cl 5x10°8
CF,Cl, 4%x10°8
CFCl;3 2x1078
C,Hy4 2 x 1078
H,S 1x10°8
CCly 1x10°8
CH3CC13 1x10°8

generally comes from decaying organic matter while ammonia, H,S, and some
of the N,O arise from decomposition of proteins by bacteria. The concen-
tration of ozone, given in Table 2-1 at sea level, varies a great deal with altitude
and somewhat with latitude. Section 2.5 discusses ozone concentration in
greater detail.

Although oxygen is a very reactive gas, its concentration is presently con-
stant in our atmosphere; this implies a dynamic equilibrium involving atmos-
pheric oxygen. It is well known that photosynthesis in green plants adds large
amounts of oxygen to the atmosphere during daylight hours. Although oxygen
may also be produced in other ways, the amounts are much smaller than
those produced by photosynthesis. It seems reasonable to suppose that the
oxygen produced by photosynthesis makes up for the equally vast amounts of
oxygen used up by the respiration of plants and animals, by weathering of
rocks, by burning of fossil fuels, and by other oxidative processes that take
place in the atmosphere. This balance, however, requires green plants that were
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FIGURE 2-2 Historical variation of carbon dioxide in the atmosphere from 1744 through 1999.
Data from the U.S. National Oceanic and Atmospheric Administration (NOAA) Climate Monitor-
ing and Diagnosis Laboratory (CMDL), Carbon Cycle-Greenhouse Gases Branch; antarctic ice
core samples and atmospheric measurements. http://www.cmdl.noaa.gov.

not present in the very distant past. The various theories that describe the earth
as evolving from a primordial, lifeless state to its present condition, and the
physical evidence that supports these theories, suggest that little or no oxygen
was present on the primordial earth.

Carbon dioxide has been released into the atmosphere in significant
amounts since the beginning of the industrial age through the burning of fossil
fuels.! Furthermore, the destruction of forests in the tropics and temperate
regions of the earth has reduced the removal of CO; from the atmosphere by
green plants. Studies of carbon dioxide in ice cores from both Greenland and
Antarctica have shown a large variability in the concentration of CO; in the
atmosphere over the past 160,000 years (see Figure 3-13), but in more recent
times it was about 280 ppm from 500 B.c. to about A.D. 1790. Figure 2-2
shows the average CO; concentration in the atmosphere from 1744 to 2000 as
estimated from measurements made on Antarctic ice cores and in the atmos-
phere. Measurements made in the atmosphere at Mauna Loa, Hawaii, indicate
that the average concentration of CO, was 315 ppm by 1958 and about
370 ppm by 2000. Figure 2-3 shows the data obtained at Mauna Loa between

"The carbon cycle, which includes carbon dioxide, is discussed in greater detail in Section 10.2.
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FIGURE 2-3 Monthly variation of atmospheric concentrations of carbon dioxide at Mauna Loa
Observatory. Data prior to May 1974 are from the Scripps Institution of Oceanography; data since
May 1974 are from the National Oceanic and Atmospheric Administration, Climate Monitoring
and Diagnosis Laboratory Carbon Cycle-Greenhouse Gases Branch. http://www.cmdl.noaa.gov.

1958 and 2000. Mauna Loa is situated at a latitude of approximately 19°N.
Note that there are seasonal variations in the carbon dioxide content of the
atmosphere over Mauna Loa: less CO; is found in the summer, the growing
season in the Northern Hemisphere. Hawaii may seem rather far south to feel
the effects of this; more northerly areas like Scandinavia and northern Alaska
show seasonal variations that have twice the amplitude of those over Mauna
Loa. Seasonal variations in CO; concentration in the Southern hemisphere are
much smaller.

At present, about 1.9 x 10'° metric tons of “new” CO, are released into
the atmosphere every year, mostly from the burning of fossil fuels; this is
estimated to be about 10% of the amount used by green plants in the
same time. About 47% of this new CO; is absorbed by the oceans rather
quickly; given enough time, it is possible that the oceans would absorb much
more. More details on the distribution of CO, in nature and on the carbon
cycle in general are given in Section 10.2. At this time, the atmospheric
concentration of CO; appears to be increasing at the rate of 1.3 ppm per
year. The possible effects of this increase on the earth’s climate are discussed
in Chapter 3.
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Carbon monoxide as well as CO, is released to the atmosphere by
the burning of fossil fuels, and also by volcanic and biological activity. It is
possible that carbon monoxide is accumulating in the atmosphere above the
Northern Hemisphere at this time, but the data are too variable for definitive
conclusions. It is known, however, that carbon monoxide cannot be accumu-
lating as rapidly as it is emitted into the atmosphere, and thus there has
been much interest in the origin and fate of atmospheric CO. It appears that
about 50% of the carbon monoxide entering the atmosphere each year comes
from natural processes. Estimates of carbon monoxide entering the atmos-
phere each year made since 1990 are as follows: over 10° metric tons from
natural causes such as the oxidation of methane arising from the decay of
organic matter, the biosynthesis and degradation of chlorophyll, and release
from the oceans, and over 10° metric tons from human activities. These figures
indicate that removal of CO from the atmosphere must be occurring with great
efficiency. Carbon monoxide reacts with hydroxyl radicals in the lower atmos-
phere (see Section 5.3.2), and there is evidence that fungi and some bacteria in
the soil can utilize CO, converting it to CO,. However, because of its toxicity,
CO can be a major problem in areas in which its concentration is elevated. For
example, although the worldwide concentration of CO varies between 0.1
and 0.5 ppm, its concentration in the air over large cities can be 50-100
times as great, up to S0 ppm. It has been difficult to quantify the toxic
effects on humans due to the CO in the atmosphere above large cities because
the CO concentration in automobiles in heavy traffic can be much higher and
because smokers inhale large quantities of CO. However, in one study” it was
shown that 20.2 ppm of CO above Los Angeles County in 1962-1965 resulted
in 11 more deaths per day than occurred when the CO concentration was
7.3 ppm.

Sulfur and nitrogen compounds in the atmosphere are discussed at greater
length in Chapter 10. At this point, we shall simply say that the sulfur
compounds (mostly SO;) that arise from the burning of fossil fuels come
back to earth in the form of sulfuric acid dissolved in rainwater after undergo-
ing further oxidation in the atmosphere (see Chapter §). Some of the nitrogen
oxides also dissolve in rainwater to form acids. Normal rainwater, which
always contains CO;, as well as some naturally occurring acids, may have
a pH as low as 5.0 (see Section 11.4). In the last 50 years, however, rain and
snow of much lower pH, that is, higher acidity, has been reported from
many parts of the world. Rainfall in the northeastern United States now
usually has a pH between 4.0 and 4.2, but individual rainstorms may have a
pH as low as 2.1. Major industrial sources of atmospheric sulfur compounds
are generally situated upwind of areas that have acid rain, and individual
storms that have rain with very low pH have usually passed over large sources

2A. C. Hexter and J. R. Goldsmith, Science, 172, 265 (1971).
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of these compounds. Tracer experiments, in which a marker gas such as sulfur
hexafluoride has been injected into a waste gas stream from a chimney and
followed by an aircraft containing appropriate instrumentation, have shown
that such gases do not disperse where they first appear but move with the
prevailing winds. For example, gases released from the east coast of England
have been followed to Scandinavia. The Scandinavian countries, which are
downwind not only from England but also from Germany’s heavily industrial-
ized Ruhr Valley, have had rain with pH as low as 2.8. Even in South America’s
Amazon Basin, with very little nearby industrial activity, pH values as low as 4
have been recorded. Acid rains in Europe and elsewhere have led to rapid
weathering of ancient structures and sculptures during the latter half of this
century; some of these structures, such as the Parthenon in Athens, had stood
virtually unchanged for hundreds and, in some cases thousands of years. Some
of the chemistry involved is discussed in Section 9.2.2. In Germany and
elsewhere, ancient forests are dying, presumably because of acid rain. The
effects of acid rain on lakes, running waters, and fish are described in Section
11.4.

Methane is a trace gas that has received considerable attention in recent
years. Studies of Antarctic ice cores indicate that the atmospheric methane
concentration was as variable as the carbon dioxide concentration over the
past 160,000 years (see Figure 3-13). However, from 25,000 B.C. to A.D.
1580, the methane content of the atmosphere was approximately constant; it
began increasing at that time up to the present value of about 1.75 ppm. This
increase was as large as 0.016 ppm/year in 1991; with some large oscillations,
this rate of increase has dropped between 1991 and 1999. Natural sources of
methane include anaerobic bacterial fermentation in wetlands and intestinal
fermentation in mammals and insects such as termites, and these account
for most of the methane entering the atmosphere. The “sinks” for atmospheric
methane are not well understood, and the impact of human activities
on methane formation and destruction has not been ascertained. The increase
in methane content of the atmosphere can have important consequences for
the earth’s climate (see Section 3.3.3).

2.3 HISTORY OF THE ATMOSPHERE

2.3.1 Evidence and General Theory

Unfortunately, there is no agreement in the literature either on the composition
or on the time of origin of the earth’s original atmosphere. Evidence for
the composition of the atmosphere at earlier times comes from a study of
objects that were formed in contact with the atmosphere at those times. These
objects may have changed since, but they still provide us with clues about
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the conditions existing when they were formed. The earliest such objects in
existence are sedimentary rocks about 3 x 10° years old. It is believed
that these rocks could not have been formed without prior atmospheric
weathering, or without large amounts of liquid water. Therefore, water was
probably present in the primitive atmosphere. On the other hand, the compos-
itions of these and later rocks indicate that the atmosphere could not
have contained much oxygen before 1.8 x 10° years ago. Also, the relative
rarity of carbonate rocks such as limestone and dolomite among the oldest
sedimentary rocks seems to indicate that bases such as ammonia cannot
have been abundant in the primitive atmosphere. The presence of ammonia
would have increased the pH of the primitive ocean and thus favored an
abundance of carbonate rocks (see Chapter 9). Furthermore, in the absence
of atmospheric oxygen and ozone, methane and ammonia would be rapidly
dissociated after absorbing high-energy ultraviolet radiation. In this chapter,
therefore, we shall assume the absence of large amounts of CH4 and NHj3 from
the primitive atmosphere. According to another school of thought, however,
CH4 and NHj; must have been present in the primitive atmosphere, and
evidence presented thus for for their absence has been insufficient. Moreover,
experiments have been performed to show that an atmosphere dominated by
CH4 and NH; would be suitable for the evolution of complex organic mol-
ecules. Discussion of these conflicting viewpoints is beyond the scope of this
book.

A combination of the geologic record and the present composition of the
atmosphere, along with some reasonable conjectures, leads to the conclusion
that the primitive atmosphere probably contained N, H,O, and CO; in
approximately their present amounts plus a small percentage of H, and a
trace of oxygen. Volcanic gases contain H;O, CO,, SO,, N,, H,, CO, S,,
H,S, Cl,, and other components. Of these, H,O is the most abundant,
followed by CO, and SO, or H,S, depending on the volcano. Presumably, in
the distant past, there was more volcanic action and thus the earth degassed
somewhat faster than at present. The rate of “degassing” of the earth has
varied throughout its history.

The earth at present is emitting mostly water vapor and carbon dioxide,
some nitrogen and other gases, and no oxygen. These data must be reconciled
with the composition of the atmosphere as given in Table 2-1. Calculations®
indicate that the total quantity of water vapor released by the earth over all
time is about 3 x 10° g/cm” averaged over all the earth’s surface. Most of this
water vapor has condensed and is presently in lakes and oceans. The oxygen
now present in the atmosphere has probably arisen from photosynthesis after
the evolution of green plants.

3E.S. Johnson in S. E, Singer, ed., Global Effects of Environmental Pollution. Springer-Verlag,
New York, 1970.
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2.3.2 Carbon Dioxide

Carbon dioxide has been emitted to the extent of about 5 x 10*g/cm? of the
earth’s surface over all time. Most of this CO; has dissolved in the oceans and
much has precipitated from the oceans as calcium carbonate. Only about
0.45g/cm” CO, remains in the atmosphere, while about 27 g/cm?” averaged
over all the earth’s surface is dissolved in the oceans. There is 60 times as much
CO; dissolved in the oceans as there is free in the atmosphere, but most of the
carbon dioxide released by the degassing of the earth is now tied up in geologic
deposits (i.e., carbonate rocks).

There are complex equilibria, discussed in Chapter 9, between the atmos-
pheric CO; and that dissolved in the oceans. Recent experiments have
shown that it takes about 470 days to dissolve half the CO; placed in contact
with turbulent seawater. Complete equilibrium takes much longer, with esti-
mates ranging from 5 to 500 years, but, given sufficient time, the oceans and
rocks act as an enormous sink for any CO, that is added to the atmosphere.
That is, most of the CO, added to the atmosphere eventually ends up in the
oceans and in geologic deposits. However, we are now adding CO, to the
atmosphere by burning fossil fuels in the amount of about 1.9 x 10'° metric
tons per year (see Section 2.2); this adds to the 2.6 x 10'? metric tons of CO,
already present in the atmosphere. Some of the added CO, will remain in the
atmosphere even when atmosphere-ocean equilibrium has been achieved. The
World Energy Council estimated that the amount of all recoverable fossil fuels
was about 4.6 x 10'2 metric tons* in 1993. This would allow 1.9 x 10'°
metric tons to be burned each year for over 300 years. However, the provisions
of the Kyoto Protocol may limit the amount of fossil fuels burned in the
future so that the earth’s supplies could last much longer than 300 years. The
concentration of carbon dioxide in the atmosphere in the nineteenth century
was about 290 ppm, while in 2000, as mentioned in Section 2.2, it was
about 370 ppm. The increased concentration in this century is well docu-
mented and will be discussed later, together with its possible effects on climate.
Much carbon dioxide is used by green plants in photosynthesis, but this
carbon dioxide is returned to the atmosphere by decay and oxidation in living
things.

Production of CO; from fossil fuels uses atmospheric oxygen, but this has
little effect on the oxygen content of the atmosphere. For example, if all easily
recoverable fossil fuels were burned at once, calculations indicate that only
10% of the atmospheric oxygen (a total of § x 10'* metric tons) would be
used up.

“This is given in terms of the equivalent mass of petroleum, since fossil fuels include soft and
hard coals as well as petroleum.
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2.3.3 Nitrogen

Compared with CO,, relatively small amounts of nitrogen have been released
by degassing of the earth, only about 103 g/cm” of the earth’s surface. But
nitrogen is chemically inert, and at least 90% of this amount is still present in
the atmosphere. The nitrogen no longer present in the atmosphere is mostly
present in geologic deposits; the tiny fraction (107%) of the available atmos-
pheric nitrogen that is “fixed” each year is soon returned to the atmosphere

when plants and animals decay. The nitrogen cycle is discussed more fully in
Section 10.3.

2.3.4 Oxygen

We have seen that atmospheric oxygen does not arise directly out of degassing
of the earth but comes from photosynthesis in green plants and, possibly, from
the photodissociation of water vapor in the upper atmosphere as shown in
Equation 2-1.

H,0 (g)2H, (g) + (1/2)0; (g) (2-1)

Thus, during the photodissociation of water vapor, hydrogen gas is pro-
duced as well as oxygen gas. Hydrogen molecules, being much less massive
than other atmospheric gas molecules, have a higher speed than these mol-
ecules at any temperature anywhere in the atmosphere, and many have a
velocity greater than the escape velocity from earth’s gravitational field. It
has been calculated that hydrogen gas escapes at the rate of approximately
10® atoms/s per square centimeter of earth’s surface. Over all time, about
107 s, then, 10 atoms/cm?, about 17 g/cm?, has escaped, which accounts
for up to about 150 g/cm? of dissociated water vapor. This number corres-
ponds to about 0.05% of the total water vapor released during the degassing of
the earth; however, some of the escaped hydrogen was probably of volcanic
origin. Furthermore, there is controversy over whether enough water vapor is
transported to the upper layers of the atmosphere to allow photodissociation
to take place.

The relative importance of photodissociation of water vapor versus photo-
synthesis is in dispute, with past estimates ranging from 100% photodisso-
ciation to 100% photosynthesis. In recent years, photosynthesis has been
assumed to play the major role. In the present discussion, it is immaterial
where all the oxygen now present in the atmosphere, in living things, and in
oxidized rocks and minerals originated.

At what rate did oxygen accumulate in the atmosphere? There is some fossil
evidence that the first anaerobic forms of life originated about 3.5 x 107 years
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ago. These life-forms may have released some oxygen into the atmosphere,
adding to that produced by the photodissociation of water vapor. About 1% of
the present amount of oxygen had accumulated in the atmosphere 6 x 108
years ago. At this point, respiration could begin in living things, as well as,
ozone formation in the upper atmosphere, as will be discussed in Section 2.5.
The atmospheric ozone screens certain ultraviolet wavelengths completely
from the surface of the earth at present. When the oxygen level had reached
1% of its present value, screening of these harmful wavelengths was sufficient
to permit the development of a variety of new life-forms in the oceans. By the
start of the Silurian era, 4.2 x 108 years ago, the earth’s oxygen level had
reached about 10% of its present level, and sufficient ozone was present in
the upper atmosphere to allow life to evolve on land. Most of the oxygen that
has been produced in all this time has been used up in the oxidation of rocks
and other surface materials on earth. However, more oxygen is still being
produced, both by photodissociation and by photosynthesis.

2.4 PARTICULATE CONSTITUENTS OF THE ATMOSPHERE

Table 2-1 does not include the “particulate matter,” dust, or, in general, the
nongaseous matter that is usually present in the atmosphere. These are par-
ticles, which are 107 —1072 cm in radius, that is, from approximately molecu-
lar dimensions to sizes that settle fairly rapidly. Particulate matter in the
atmosphere can be natural or man-made. Table 2-2 gives some estimates of
the tonnage of particles with radii less than 2 x 1073 cm (20 wm) emitted to the
atmosphere each year.

Table 2-2 indicates that particles of human origin constitute between 5 and
45% of the total appearing in the atmosphere annually at the present time.
Other estimates are as high as 60% These estimates cover a large range
because some occurrences, like volcanic action, are inherently variable and
because some of the other sources of particulate matter are very difficult to
estimate.

Large particles can settle out of the atmosphere by sedimentation in the
earth’s gravitational field. Furthermore, it is estimated that approximately
70% of the particulate matter that enters the atmosphere is eventually rained
back out, probably because the particles act as condensation nuclei for the
water droplets that form rain clouds. The particles are accelerated by the
gravitational force but retarded by friction with the gas molecules of the air,
thus reaching a terminal sedimentation velocity which is related to the radius
of each particle as shown in Table 2-3, which, by the way, refers to water
droplets as well as particles. Water droplets with radii from 1 to 50 wm may be
present in clouds, while droplets with radii of 100 wm generally fall as a
drizzle. Larger droplets fall as rain.
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TABLE 2-2
Estimate of Particles Emitted into or Formed in the Atmosphere
Each Year
Particle sources Quantity (megatons/year)
Natural
Soil and rock debris 100-500
Forest fires and slash burning 3-150
Sea salt 300
Volcanic action 25-150
Gaseous emissions
Sulfate from H,S 130-200
NHj salts from NH; 80-270
Nitrate from NO, 60-430
Hydrocarbons from vegetation 75-200
Natural particle subtotal 773-2200
Human origin
Direct emissions, smoke, etc. 10-90
Gaseous emissions:
Sulfate from SO, 130-200
Nitrate from NO, 30-35
Hydrocarbons 15-90
Human origin particle subtotal 185-415
Grand total 958-2615

Source: Reprinted, with some modification, from Inadvertent
Climate Modification, Report on the Study of Man’s Impact on
Climate (SMIC), MIT Press, Cambridge, MA, 1971.

The smallest solid particles, many with radii of only 0.1-1.0 um, have a
maximum concentration about 18 km above the earth’s surface. Some of these
arise from volcanic eruptions, while others are particles of ammonium sulfate
formed when H,S and SO, in the atmosphere are oxidized and the resulting

TABLE 2-3

Sedimentation Velocity of Particles with Density 1g/cm® in Still
Air at 0°C and 1 atm Pressure

Radius of particle Sedimentation velocity
(hm) (cm/s)
< 0.1 Negligible
0.1 (107° cm) 8 x10~°
1.0 4x1073
10.0 0.3

100.0 (1072 cm) 25
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H,SO4 neutralized another atmospheric constituent, ammonia. The mean
residence time of particulate matter in the lower atmosphere is between 3
and 22 days. In the stratosphere it is 6 months to 5 years, in the mesosphere
from 5 to 10 years. (The meaning of “stratosphere” and “mesosphere” will be
explained in the next section.) At any rate, the higher in the atmosphere—that
is, the farther above the surface of the earth the particles have reached—the
longer it takes them to come down.

Particles with radii from 0.02 to 10 wm may contribute to the turbidity of
the atmosphere. We shall see later that the turbidity of the atmosphere is an
important determinant of the earth’s climate. The atmosphere has become
more turbid over the past half-century, as shown by monitoring both in
urban locations such as Washington, D.C., and in the mountains, such as
Davos, Switzerland.

2.5 EXTENT OF THE ATMOSPHERE AND ITS TEMPERATURE AND
PRESSURE PROFILE

Roughly 5.1 x 10! kg of atmosphere is distributed over the 5.1 x 10 m? of
the earth’s surface. This means that atmospheric pressure at sea level is about
10*kg/m?, or 103 g/cm?. This is approximately equivalent to one standard
atmosphere of pressure (1013 mbar). Most of the atmosphere is fairly close to
the surface of the earth. Fifty percent of the atmosphere is within 5 km (3 mi) of
sea level, that is, at a height of somewhat more than 5km above sea level,
atmospheric pressure is 0.5 atm. There are quite a few mountains that are
higher than this. One such mountain is Kilimanjaro in Tanzania, which rises
nearly 6 km above sea level; Mount Whitney and the Matterhorn are just
under 5 km in altitude.

Ninety percent of the atmosphere is within 12 km of sea level. By comparing
12km with the radius of the earth, 6370km, it is seen that 90% of the
atmosphere exists in an extremely thin layer covering the earth’s surface. The
total extent of the atmosphere is much harder to specify, since there is no
definite upper boundary. For most purposes, one can say that the atmosphere
ends between 200 and 400 km above the earth’s surface, but on occasion it is
necessary to consider a few hundred or a thousand additional kilometers.

Nitrogen, oxygen, and carbon dioxide are reasonably well distributed at all
altitudes in the atmosphere. Most of the water vapor and water droplets occur
at altitudes below about 14 km, while most of the ozone is localized in the
vicinity of 25km above the earth’s surface. There is, however, some water
vapor at altitudes above 14 km, about 3 ppm in the stratosphere.

The exact manner in which temperature and pressure change with altitude
in the atmosphere depends both on latitude and on the season of the year. Very
close to the surface of the earth, temperature and pressure are extremely
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variable, even beyond the latitude and seasonal variations. For this reason,
various national and international groups have proposed “standard atmos-
pheres” at various times. For illustrative purposes (see Table 2-4), we shall use
the U.S. Standard Atmosphere, 1962, which depicts idealized year-round mean
conditions for middle latitudes such as 45°N, for a range of solar activity that
falls between sunspot minimum and sunspot maximum. Standard information
for other latitudes and for various times of year can be found in the Additional
Reading at the end of this chapter. Table 2-4 shows that the pressure drops off
continuously with increasing altitude, but the temperature goes through some
strange gyrations. The temperature of the atmosphere decreases from sea level

TABLE 24

Temperature and Pressure of the Standard Atmosphere

Altitude (km) P (mbar) T (K)
0 1013 288 (15°C)
1 899 282
2 795 275 (2°C)
5 540 256
10 265 223 (=50°C)
12 194 217
15 121 217 (=56°C)
20 55 217
25 25 222
30 12 227
40 3 250
50 0.8 271 (-2°C)
60 0.2 256
70 0.06 220
80 0.01 180
90 0.002 180 (=93°C)
100 0.0003 210
110 7 %1073 257
120 3x10°° 350 (77°C)
130 1x107° 534
140 7 x107¢ 714
150 5x10°¢ 893 (620°C)
175 2x10°° 1130
200 1x10°¢ 1236
300 2x 1077 1432
400 4%x10°8 1487
500 1x10°8 1500 (1227°C)

Source: Adapted from U.S. Standard Atmosphere, U.S.
Government Printing Office.
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FIGURE 2-4 Temperature and pressure profile of the U.S. Standard Atmosphere.

up to 12km, remains constant up to 20km (at least in the U.S. Standard
Atmosphere, 1962), increases from 20 to 50 km, decreases again from 50 to
80 km, remains constant to 90 km, and then increases asymptotically to about
1500 K above 300 km. These variations are probably less confusing as depicted
in Figure 2-4, which also shows the change in pressure with altitude. Note that
the temperature scale in Figure 2-4 is logarithmic, to make it easier to see the
temperature variations in the first 100 km of the atmosphere.

Starting at the earth’s surface, at sea level, the temperature of the standard
atmosphere decreases steadily in the troposphere (sometimes referred to as the
lower atmosphere) up to the tropopause. We shall see in Chapter 3 how tem-
perature inversions, (i.e., regions where the temperature increases with increas-
ing altitude) can sometimes occur in the troposphere. The troposphere contains
most of the mass of the atmosphere, it is the only continuously turbulent part of
the atmosphere, and it contains most of our weather systems. Atmospheric
pressure drops off logarithmically with altitude near the earth’s surface, but
more slowly at higher elevations, and there are no pressure inversions.’

>The thermodynamic concept of an equilibrium temperature may not be valid at elevations
above 350 km where the pressure is less than 10~7 mbar. The very few molecules present, seldom
collide, and thus they probably are not at equilibrium. Thus, the temperature at altitudes above
300km should be considered to be a mean kinetic temperature, having to do with the average
kinetic energy of the molecules present.
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Wherever the temperature rises with an increase in altitude in the atmos-
phere, there must be one or more exothermic (i.e., solar-energy-absorbing)
chemical reactions involved. Without such processes, the temperature of the
atmosphere would vary smoothly from warm at the earth’s surface to very
cold, close to absolute zero, at very high altitudes. Radiant energy from the sun
is absorbed in various photochemical processes both in the stratosphere and in
the thermosphere, thus increasing the temperature with increasing altitude as
shown in Figure 2-4.

The photochemical processes of the thermosphere will be fully discussed in
Chapter 5. At this point, let us simply note that atmospheric oxygen and
nitrogen in the thermosphere above 100 km absorb virtually all the ultraviolet
radiation having wavelengths below 180 nm (1800 A). This circumstance is
very fortunate for two reasons. First, this high-energy radiation would initiate
chemical reactions in all complex molecules, with the result that life as we
know it would be impossible if this radiation reached the earth’s surface.
Second, the large variations in the intensity of the sun’s radiation at these
short wavelengths have very little effect on the troposphere where our weather
originates, since all these wavelengths are removed at much higher altitudes.

Radiation with wavelengths between 180 and 290 nm would also be de-
structive to life, but these wavelengths are absorbed in the stratosphere by
oxygen and ozone. The maximum absorption of ozone is at 255nm (see
Section 5.2.3.1). The major reactions in the stratosphere, much simplified
from the more complete discussion to be found in Section 5.2.3.1, are as

follows:
0, 0+0 (2-2)
0,4 04+M— O3+ M (2-3)
0; 2% 0,+0 (2-4)
O + O3 — 20; + kinetic energy (2-5)

Reaction (2-2) also occurs at higher altitudes, but does not lead to reaction
(2-3) because the pressure is too low to allow termolecular collisions to occur
with any reasonable frequency. A third atom or molecule M is needed for
reaction (2-3), so that both energy and momentum can be conserved in the
reaction. The symbol M* refers to the increase in the energy of M while O, is
combining with O to form O3.

Ozone is formed down to about 35 km altitude, below which the ultraviolet
radiation necessary for its formation (A < 240nm) has been fully absorbed.
Most of the ozone in the atmosphere, however, exists at altitudes between 15
and 35 km, so that mixing processes must occur in the stratosphere as well as
in the troposphere. Also, ozone concentrations are low over the equator,
where, on the average, most of the sun’s radiation impinges, and high near
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the poles, at latitudes greater than 50°, where less radiation comes in from the
sun. Consequently, it is obvious that there are mechanisms for the transport of
ozone from the equator to the poles. Furthermore, there are transitory losses
of ozone over the Antarctic and (sometimes) Arctic regions during their early
springtimes (see Sections 5.2.3.3 and 5.2.3.4, respectively). This ozone appears
to be replenished during the Antarctic summer by transport from the strato-
sphere over the temperate regions of the southern hemisphere. Transport of
gases through the tropopause and from one region of the stratosphere to
another occurs readily; this transport has seasonal aspects and the mechanism
is quite complicated and is still being studied. .

Solar radiation with wavelengths greater than 290 nm (2900 A) is transmit-
ted to the lower stratosphere, the troposphere, and the earth’s surface. We shall
see that this remaining radiation, including UV with wavelengths exceeding
290 nm, visible and infrared, comprises more than 97% of the total energy
from the sun.

2.6 GENERAL CIRCULATION OF THE ATMOSPHERE

Only very general patterns of atmospheric movement are within the scope of
this chapter, where they are pertinent because we are interested in discussing
general movements of pollutants and other constituents of the atmosphere.
Atmospheric circulation will thus be considered in an extremely simplified
manner. Books on meteorology, such as the ones given in the Additional
Reading at the end of this chapter, may be consulted for further details.

There are two major reasons for the existence of a general circulation of the
atmosphere. First of all, the equatorial regions on earth receive much more
solar energy all year round than the polar regions. Hot air therefore tends to
move from the equator to the poles, while cold air tends to move from the
poles toward the equator. As we shall see, the surface of the earth absorbs a
much larger proportion of the solar radiation than the atmosphere above it.
Thus, in the troposphere, the air is heated by conduction, convection, and
radiation from the ground. There is also some heating of the atmosphere when
water vapor, recently evaporated from the earth’s surface, condenses to form
clouds.

If we recall that hot air is less dense than cold air and tends to rise above it
(this will be discussed in Chapter 3 in connection with temperature inversions,
Section 3.5), we shall expect hot air to rise near the equator and flow toward
the poles at some elevation above the surface of the earth. The colder air from
the polar regions is then expected to flow toward the equator nearer to the
surface of the earth, as shown in Figure 2-5. This idea was first formulated by
G. Hadley in 1735. Hadley’s picture of atmospheric circulation also took
account of the earth’s rotation, but for the moment we should note the
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2\
-

FIGURE 2-5 General circulation of the atmosphere as proposed by Hadley, 1735. These were the
simplest forms of “Hadley cells,” with hot air rising near the equator and moving toward the poles
in the upper troposphere. Cold air, in this model, moves from the poles toward the equator near the
surface of the earth.

following major oversimplifications in his model. First, this model showed a
lot of air accumulating over the polar regions; second, no account was taken of
unequal heating of land and sea; and, third, no account was taken of variations
in solar radiation at various latitudes at different times of the year.

What happens when the rotation of the earth from west to east is taken into
account? If we think of the earth as rotating around an axis that goes through
the North and South Poles, we note that the surface of the earth at the poles
does not rotate, while the surface of the earth at the equator rotates very
quickly. The equatorial circumference of the earth is about 40,000 km, and
one rotation occurs every 24 h, so that every point on the earth’s equator is
constantly moving at a velocity of 28 km/min in contrast to the stationary
points at the poles. In the same way, the air above the poles does not rotate
while the air above the equator rotates with the earth, and at the same velocity.
Between the equator and the poles, points on the earth’s surface and in the
atmosphere above these points rotate at intermediate speeds, between zero and
28 km/min.

When air moves between latitudes in which the speed of rotation is differ-
ent, it is subject to the Coriolis effect, which gives the wind speed an unex-
pected component with respect to an observer on earth. For example, when a
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parcel of air moves from one of the poles toward the equator, it is moving from
an area where little or no rotation is taking place to an area where the earth is
rotating quickly beneath it. This parcel of air tends to lag behind the rotating
earth, that is, the earth is rotating away from this parcel of air, moving faster
than the parcel of air from west to east. From the perspective of an observer
who is rotating with the earth, this parcel of air seems to be moving backward
(i.e., from east to west). In the Northern Hemisphere, where the parcel of cold
air near the surface of the earth is moving north to south because of unequal
heating, the overall result is to give this parcel of air a northeast-to-southwest
motion with respect to someone on the earth’s surface. We should therefore
expect surface winds in the Northern Hemisphere to blow generally from the
northeast. Similar reasoning would lead us to expect surface winds in the
Southern Hemisphere to blow from the southeast.

A simplified version of the actual prevailing wind patterns on the earth’s
surface is shown in Figure 2-6. These prevailing surface wind patterns are most
noticeable over the oceans and were of great practical importance in the days
of large sailing ships, when the major wind systems received their names. The
doldrums near the equator and the horse latitudes were much feared by sailors,
because a ship could remain becalmed there for weeks at a time. The various
wind belts have a tendency to shift north and south at times, and the winds
sometimes reverse because of topographical features, weather patterns, or
simply the greater variability of some of these wind systems. The trade
winds and the prevailing westerlies are fairly reliable, at least over the larger
oceans, but the polar easterlies barely exist. The prevailing westerlies in both

N

Polar easterlies

Prevailing westerlies
30°N Horse latitudes

Northeast trade winds

Doldrums

Equator

Southeast trade winds

30°S Horse latitudes

Prevailing westerlies

Polar easterlies

FIGURE 2-6 An extremely simplified version of prevailing wind patterns on the earth’s surface.
Polar easterlies, especially, are relatively insignificant.
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hemispheres seem to be blowing in the wrong direction, at least according to
Hadley’s original ideas, moving from the southwest instead of the northeast in
the Northern Hemisphere and from the northwest instead of the southeast in
the Southern Hemisphere. Air is therefore flowing from the equator to the
poles along the surface of the earth in these midlatitude regions, and is moving
from a more rapidly rotating region of the earth’s surface to a more slowly
rotating region. Thus, these portions of the atmosphere are moving west to east
faster than their destination, and the winds, which are a manifestation of this
moving air, have a westerly component.

In summary, therefore, near the equator and near the poles, cold air is
moving toward the equator near the surface of the earth with an apparent
easterly (east-to-west) component, while, in the midlatitudes, warm air is
moving from the equator toward the poles along the surface of the earth
with a westerly (west-to-east) component. As stated earlier, these easterly
and westerly components of winds moving between portions of the earth
that rotate at different speeds are manifestations of the Coriolis effect.

The three main prevailing wind directions in each hemisphere have been
explained in terms of a three-cell model (Figure 2-7) as distinguished from
Hadley’s original one-cell model (Figure 2-5). The current model has warm air
rising at the equator and sinking near the poles just like the original Hadley
model. The air circulation systems closest to the equator and to the poles move
in the expected directions, with cold air traveling toward the equator near the
surface of the earth, resulting in easterly winds. At latitudes 30°N and 30°S,
these cells have downward moving air, while at 60°N and 60°S, they have
upward moving air. To preserve these wind directions, the midlatitude cells
have warm air moving from the equator toward the poles near the earth’s
surface, resulting in westerlies. The three-cell model, designed by Rossby in

60°N

30°N

Equator

FIGURE 2-7 Three-cell model of general atmospheric circulation in the Northern Hemisphere.
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1941, is also quite oversimplified because it gives the appearance that the cells
are fixed in place and that there is almost no air circulation between cells.
In fact, the boundaries of the cells move, and the mixing of parcels of air
coming from different parts of the globe varies quite a bit with the seasons (see
Section 5.2.3.3). Nevertheless, the three-cell model is a great improvement
over the one-cell model because any model that has only easterly winds all over
the globe is impossible. Such unidirectional winds would tend to slow down
the earth’s west-to-east rotation. In fact, easterly and westerly winds must
balance on the average, since the atmosphere as a whole rotates with the
earth. This fact was ignored in the single-cell model.

The simple scheme shown in Figures 2-6 and 2-7, although it explains the
major prevailing wind systems on the earth’s surface reasonably well, cannot
adequately explain numerous other atmospheric phenomena. These include
the so-called jet stream in the upper troposphere, which flows west to east, the
systems of low and high pressure with circulating winds that constitute our
weather systems, and the general west-to-east movement of these weather
systems. It turns out that a good deal of energy is transmitted from the
equatorial regions to the polar regions by these so-called cyclone and anticyc-
lone weather systems. Further explanations are outside the scope of this
chapter. Let us just note here the results of experiments with model liquid
systems (i.e., suspensions of metal powders in liquids under conditions that
simulate conditions in the earth’s atmosphere) have shown, under certain
conditions, flow patterns that correspond to the type of air circulation in
cyclones and anticyclones and the slow drift of these flow patterns in the
direction of motion of the fastest moving portion of liquid. The circulation
experiments are carried out as follows. A liquid suspension is placed between
two cylinders; the inner cylinder is cooled and stationary, while the outer
cylinder is heated and rotating. The metal particles in the suspension can be
seen in motion back and forth between the stationary cold cylinder wall and
the rotating warm cylinder wall. Eddies sometimes form, and these can be seen
moving in the direction of rotation of the outer cylinder, but much more
slowly. Figure 2-8, taken from a report of one of these experiments, permits
us to visualize the patterns that are observed. Both the steady waves and the
irregular patterns in Figure 2-8 look somewhat like diagrams of the upper
atmosphere jet stream seen with the North Pole at the center. The jet stream,
observed in this way, has lobes going alternately north and south in which air
travels generally west to east, in the direction of earth’s rotation. The jet stream
moves in the middle latitudes of the hemisphere.

In the continental United States, which is in the northern midlatitude zone,
everything contributes toward a general west-to-east movement of the atmos-
phere. This is the region of prevailing westerlies, the jet stream moves west to
east, and all major weather systems move west to east. This is why so many
sulfur and nitrogen compounds from industrially polluted air seem to end up in
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(I) symmetric (IT) steady waves (I) irregular
(Q=0.341 rad s71) (Q=1.19 rad s1) (Q =5.02 rad s1)

FIGURE 2-8 Drawings made from photographs illustrating three typical top-surface flow pat-
terns of free thermal convection in a wall-heated rotating fluid annulus; inner wall at 16.3°C; outer
wall at 25.8°C; working fluid, water. From R. Hide, “Some laboratory experiments on free thermal
convection in a rotating fluid subject to a horizontal temperature gradient and their relation to the
theory of global atmospheric circulation,” In The Global Circulation of the Atmosphere (G. A.
Corby, ed.). Royal Meteorological Society, London. Copyright © 1969. Used by permission of the
Royal Meteorological Society.

rainfall over New England (northeastern sector), as mentioned earlier. Both the
jet stream (in the upper troposphere) and our general weather systems contrib-
ute to the west—east motion of polluted air over the continental United States.
There is also some north—-south and south-north movement of polluted air at
different times, especially between our industrial Midwest and south-central
Canada. Furthermore, in Europe, polluted air seems to move generally south-
west to northeast, causing problems for the Scandinavian countries which are
thus in the path of pollutants transported from the United Kingdom and from
central Europe.

At one time, people believed that virtually all the heat transfer from the
equator to the poles occurred via the earth’s atmosphere. It is now surmised
that ocean currents like the Gulf stream perform about 50% of all heat
transport between the equator and the poles; only half the heat is transported
by the atmosphere.

2.7 CONCLUSION

In this chapter, we have examined the constituents of the earth’s atmosphere
and briefly discussed their origins. We have learned about the general tempera-
ture and pressure profile of the atmosphere and how and why, in general,
it circulates around the earth. Up to this point, then, we have enough
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information to think about the answers to question 4 in Section 2.1. Winds,
including the jet stream, occur mostly in the troposphere, but there must also
be circulation patterns in the stratosphere to help distribute the ozone, which is
produced mostly in the stratosphere above the tropics, to the regions above the
poles.

Additional Reading (see also Chapter 3)
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2.1. It is well known that the minimum altitude of the ionosphere is higher at
night than during the day. Why might this be true?

2.2. Explain why the temperature of the earth’s atmosphere increases
(a) from about 15 to 50 km above the earth’s surface, and
(b) from about 85 km to the outer limits of the earth’s atmosphere.

2.3. What are the three major influences that control earth’s atmospheric
circulation? Explain the effect of each of these.

2.4. The South Pole, during its midsummer, receives more solar energy during
24 h than any other place on earth, yet it remains extremely cold. Why
might this be true?

2.5. A few air pollution experts have accumulated a small amount of evidence
indicating that some of the smog particles from Los Angeles eventually
come to earth in the vicinity of Albany, New York.



2. ATMOSPHERIC COMPOSITION AND BEHAVIOR 37

2.6.

2.7.

2.8.

(a) Is this possible? Why or why not?

(b) Is this probable? Why or why not?

What compounds in the earth’s atmosphere are considered to be respon-
sible for acid rain? Why is rain with pH 5.5 not considered to be acid
rain?

Make a sketch of the temperature profile of the earth’s atmosphere
without looking at Figure 2-4. The ordinate is altitude and the abscissa
is temperature. Label the main parts of the atmosphere. Put in approxi-
mate temperatures in appropriate places.

There are several portions of the atmosphere in which the temperature
change with altitude indicates that chemical reactions must be taking
place. Name each of these parts of the atmosphere, and briefly describe
the types of reaction taking place. Indicate why the reactions are different
in different portions of the atmosphere.



ENERGY AND CLIMATE

3.1 ENERGY BALANCE OF THE EARTH
3.1.1 Incoming Radiation from the Sun

The discussion on the general circulation of the atmosphere in Chapter 2
presupposed that most of the heating of the earth’s surface comes from solar
radiation. The total solar energy reaching the surface of the earth each year is
about 2 x 102! kJ (5 x 10%° kcal). Heat generated by radioactive processes
in the earth and conduction from the core contribute 8 x 10! kJ (2 x 107
kcal), and human activities contribute about 4 x 10'7 kJ (107 kcal) per year.
This means that less than 0.1% of the total energy reaching the earth’s surface
each year comes from processes other than direct solar radiation. For the
purposes of this chapter, therefore, we may treat the energy input to the
earth as if it all came from the sun.

The sun is almost a blackbody radiator (with superimposed line spectra); a
perfect blackbody is one that absorbs all radiation impinging on it; it also emits
the maximum possible energy at any given temperature. The energy emitted
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from unit area of the blackbody per unit wavelength per unit solid angle in unit
time, By (T), is given by Planck’s blackbody equation:
2hc?dn

Bk =3 lexp(hc/NET) — 1] 3-1)

where k= 1.38 x 10723 ] molecule ! K™! is Boltzmann’s constant (the gas
constant per molecule), / is Planck’s constant, 6.63 x 10734 s, ¢ is the speed
of light in vacuum, 3.00 x 10%m/s, \ is the wavelength of interest in meters,
and T is the absolute temperature in kelvin.

Since the sun is emitting radiation mostly from its surface, and since we
shall also wish to consider blackbody radiation from the surface of the earth,
we shall rewrite equation (3-1) in the form

— Cl
~ Mlexp(Cy/AT) — 1]

where I(\) is the radiation intensity emitted by each square meter of surface
of the blackbody at wavelength N, T is the absolute temperature,
Ci =3.74 x 10716 W-m?, and C, = 1.438 x 102 m-K (the symbol W refers
to watts). The total intensity of radiation emitted by a blackbody at any
temperature is given by the Stefan—Boltzmann law,

I=oT* (3-3)

where 0 = 5.672 x 1078 Wm 2 K™* =8.22 x 10! cal cm™2 min'K™*.

The relative distribution of energy, proportional to equation (3-2), is plotted
in Figure 3-1 as a function of wavelength for two temperatures. One may see
that there is a wavelength of maximum emission Ap.y that shifts to lower
wavelengths as the temperature is increased. Most commonly, the wavelength
of maximum blackbody emission is encountered in the infrared (e.g, the
3300K curve in Figure 3-1 corresponds approximately to the output of a
200-W tungsten filament lamp). However, at 6000 K (roughly the blackbody
temperature of the sun), Anax is in the visible region (480 nm). Ninety percent
of the solar radiation is in the visible and infrared, from 0.4 to 4.0 wm, with
almost constant intensity (but see Section 3.3.1). The other 10% of the solar
radiation intensity varies somewhat with time in the ultraviolet region and
becomes extremely variable in the x-ray region of the spectrum. The wave-
length at which maximum emission of radiation occurs at any temperature is
given by Wien’s displacement law,

AT = 2897.8 (pm-K) (3-4)

I (3-2)

Solar radiation is emitted in all directions from the sun, and very little of this
reaches earth. In fact, earth is so far away from the sun that it picks up only
about 2 x 107 of the total solar energy output. At a distance from the sun
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FIGURE 3-1 Distribution of energy from a blackbody radiator at 3300K (curve A) and 6000 K
(curve B).

equal to the average radius of the earth’s orbit, the solar energy passing any
surface perpendicular to the solar radiation beam is 1.367 +4kW/m?
(1.95 cal em™2 min~"'); this is called the solar constant for the earth. Since
the earth does not consist of a plane surface perpendicular to the path of the
solar radiation but presents a hemispherical surface toward the sun, a recalcu-
lation of the solar constant must be made for radiation falling on this hemi-
spherical surface. Actually, since we wish to use an average radiation intensity
averaged over the total surface of the earth, we must compare the surface area
of the whole earth, 4mr?, where 7 is the radius of the earth, with the area that
the earth projects perpendicular to the sun’s rays, mr* (see Figure 3-2). Thus,
the earth’s surface has four times the area of the circle it projects on a plane
perpendicular to the sun’s rays, if these rays are assumed parallel at such
large distances from the sun. Therefore, the solar radiation that comes
in toward the earth’s surface is one-fourth of the solar constant, or approxi-
mately 343 W/m?, averaged over the whole surface. These numbers indicate
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FIGURE 3-2 Comparison of earth’s surface area with the area of earth’s projection on a plane
perpendicular to the sun’s rays.

the total amount of solar radiation coming in to the top of the earth’s atmos-
phere; some of this radiation is absorbed in the atmosphere and some is
reflected.

The solar radiation that actually penetrates to the surface of the earth below
the atmosphere no longer has the spectral distribution of black body radiation
from a body at 6000K (Figure 3-1). Figure 3-3 shows that no solar
radiation with wavelength below 0.28 wm (280nm) reaches the surface of
the earth. We already knew this, from the discussion of absorption by oxygen
in the thermosphere and by ozone and oxygen in the stratosphere (Section 2.5).
The absorption of solar infrared radiation has not been discussed yet, but a
large portion of the sun’s infrared radiation is absorbed by water vapor, carbon
dioxide, and trace gases in the atmosphere. Figure 3-4 specifically shows the
absorption of solar radiation by water and carbon dioxide in the atmosphere;
one can see that this absorption is complete at some wavelengths.

The absorption of solar infrared radiation by various constituents of the
atmosphere is not very important because comparatively little of the solar
radiation is in the infrared (Figures 3-1 and 3-3). These absorptions become
much more important when we consider radiation emitted by the earth. It
should be fairly obvious that the earth is emitting radiation because, on the
average, the earth is in thermal equilibrium. It is in the path of 2 x 10?! k] of
solar radiation each year, and it is necessary that 2 x 10%! k] per year leave the
earth. If less energy than that leaves the earth, it will become hotter. Some of
the solar energy, as we shall see, is immediately reflected, but some is absorbed
and must be reemitted.
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FIGURE 3-3 The transmission spectrum of the upper atmosphere: low transmission means high
absorption. Redrawn from J. E. Harries, Earthwatch, The Climate from Space. Horwood, New
York, Copyright © 1990.
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FIGURE 3-4 Spectral distribution of solar irradiation at the top of the atmosphere and at sea
level for average atmospheric conditions for the sun at zenith. Shaded areas represent absorption
by various atmospheric gases. Unshaded area between the two curves represents the portion of the
solar energy backscattered by the air, water vapor, dust, and aerosols and reflected by clouds.
Redrawn from J. P. Peinuto and A. H. Oort, Physics of Climate. American Institute of Physics, New
York. Copyright © 1992 by Springer-Verlag GmbH & Co. Used by permission of the publisher.
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3.1.2 The Greenhouse Effect

The present average temperature T of the earth’s surface, taken at any one time
over the whole surface of the earth, is close to 15°C (288 K). Thus, even though
the temperature varies with time and place, the earth’s surface must therefore
radiate much like a blackbody at 15°C. Figure 3-5 shows the intensity of
emission I(\) for blackbodies at 255 and 288 K. The wavelength for maximum
radiation intensity is about 10 wm in this temperature range, that is, in the
infrared region of the spectrum.

We should be able to find the average value of the earth’s radiation tem-
perature by calculation—by balancing incoming and outgoing radiation at the
earth’s surface. We shall call this mean radiation temperature T;. Let us assume
that energy in = energy out, ignoring radioactivity and human activities.
We know from satellite measurements that the earth reflects about 30% of
the total incoming solar radiation, so that only 70% is absorbed. Therefore,
Ly = Loy = 0.70 x 343 W/m?. Using the Stefan-Boltzmann law, equation
(3-3), we have

I(\) (arbitrary units)

Wavelength (um)

FIGURE 3-5 Radiation intensity (in arbitrary units) versus wavelength for black bodies at 255K
(dashed curve) and 288K (solid curve).
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07X343W/m =255K = —-18°C (3'5)

T 567x108Wm 2K *

Therefore, to satisfy the law of conservation of energy, the earth-atmosphere
system must be radiating energy into space at an average of —18°C. Therefore,
the earth cannot be radiating energy out into space directly from its surface, at
least on the average. Average temperatures in the neighborhood of —18°C are
found in only two places from which radiation could logically occur: near the
tropopause and in the region of the mesopause in the upper atmosphere. Since
radiation cannot occur in the atmosphere unless many molecules are present to
radiate, it is probable that most of the earth’s radiation into space occurs from
the atmosphere near the tropopause, probably the upper regions of the tropo-
sphere. This leaves us with two related questions: Why does the earth radiate
to space mostly from the atmosphere and not from the surface, and why is the
surface of the earth hotter than it should be, considering the energy balance
calculations? That is, what traps heat between the surface of the earth and the
tropopause?

Both these questions have to do with the absorption of infrared radiation by
atmospheric water vapor, carbon dioxide, methane, and small amounts of
other gases. Figure 3-5 shows that the earth’s radiation is almost all in the
infrared, whether we consider radiation from the surface (blackbody at
15°C = 288 K) or from the atmosphere (blackbody at —18°C = 255K). The
absorption bands from 1.0 to 15.0 um of CO, CH4, H,O, CO,, and some of the
other gases present in the earth’s atmosphere are shown in Figure 3-6. The
fraction of the earth’s radiation absorbed at each wavelength depends on the
amount of each gas present in the atmosphere and on the “strength” of each
absorption band. Looking at Figure 3-6, one may observe that the gases nor-
mally in the atmosphere absorb in different regions of the infrared. In fact, the
earth’s infrared radiation is absorbed almost completely in many wavelength
regions; this is true except in those wavelength regions that are called “atmos-
pheric windows.” These can be seen in Figures 3-3 and 3-6 as the regions in
which the atmospheric transmission is close to 1.0 (Figure 3-3) or 100% (Figure
3-6). As we expect, Figure 3-3 shows that the atmosphere is almost completely
transparent in the visible region of the spectrum, and that there are numerous
complete and partial “windows” in the infrared. Both figures show that the
region above 14 pm is almost completely opaque to infrared radiation, but the
atmosphere is mostly transparent to the longer wavelength microwave radi-
ation, especially the region that Figure 3-3 shows as radar bands.

Water vapor, which has more absorption bands than any of the other gases at
almost all wavelengths shown in Figure 3-6, is the most important absorber of
infrared radiation in the earth’s atmosphere. After water vapor, CO; and O3 are
second and third in importance, respectively. The main atmospheric “window”
(see Figures 3-5 and 3-6) is between about 8 and 12 pm except for a region

r
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FIGURE 3-6 Absorption of some atmospheric gases in the infrared spectral region. Redrawn
from M. L. Salby, Fundamentals of Atmospheric Physics. Copyright © 1996. Used by permission
of Academic Press.

around 9.5 pm, in which Oj is a strong absorber. We may note from Figure 3-6
that there are absorption bands of CO; in the atmospheric “windows” just
below 5um and near 10 and 13 wm. CH4 absorbs in the atmospheric
“window” near 8 wm. This means that changes in the atmospheric concen-
tration of these gases, and of others, including the chlorofluorocarbons dis-
cussed in Section 5.2.3.2, which can absorb more radiation in the infrared
“windows,” will be important in the discussion of global climate changes in
Section 3.3.3.

When the sky is clear, terrestrial radiation in the wavelength region of
the “windows” escapes directly to space. Clouds, when present, reflect this
radiation back to the earth’s surface and the radiation does not escape.
However, on clear nights, especially in the winter, we have the phenomenon
of “radiation cooling” of the earth’s surface through the atmospheric
“windows.”
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The infrared radiation that is absorbed in the troposphere and in the
stratosphere would warm these regions of the atmosphere substantially if
energy were not also radiated from these regions. This is the energy radiated
at an average temperature of —18°C (this average includes the higher tempera-
tures at which radiation from the earth’s surface escapes through the atmos-
pheric windows) that leaves the earth. Thus, the atmosphere intercepts infrared
radiation from the earth’s surface and then reradiates the energy both back
toward the earth’s surface, thus warming it, and upward to space, thus cooling
the earth so that the constant solar radiation does not slowly increase the
earth’s temperature. The earth’s surface can therefore be much warmer than
the average radiation temperature of the earth. This phenomenon is usually
called the “greenhouse effect” because a related phenomenon is observed in a
closed greenhouse. The glass or plastic windows of the greenhouse allow the
visible solar radiation to enter the inside, but the upward-directed infrared
radiation from the floor is absorbed or reflected by the same windows. In
contrast to the “greenhouse effect” in the atmosphere, however, energy reten-
tion in the greenhouse is caused mostly by lack of convection (i.e., lack of
mixing of the interior air with the surrounding atmosphere). The same effect
occurs in a closed automobile that is left out in the sun. Both the greenhouse
and the car interiors may thus become considerably warmer than the tempera-
ture of the surrounding atmosphere.

A greenhouse coefficient may be defined as the ratio of the surface tempera-
ture to the absolute radiation temperature of the whole system. For the earth,
this coefficient is 288 K/255 K = 1.13, while for the planet Venus it appears to
be 743K/233 K = 3.2! Venus thus has a much larger greenhouse effect than
earth; this is presently believed to be caused by carbon dioxide, sulfur dioxide,
and possibly chlorine gas in the Venusian atmosphere. The Martian atmos-
phere contains mostly carbon dioxide but is so thin that the greenhouse
coefficient is only 218 K/212K = 1.03. For quantitative discussions of the
greenhouse effect on earth, it is convenient to define the greenhouse effect
somewhat differently, as discussed and calculated in Section 3.3.1. Further
discussions of the greenhouse effect on earth, and how this effect may vary
with changes in the content of carbon dioxide and other trace gases in the
atmosphere, are in Section 3.3.3.

3.1.3 Other Factors

The mean temperature of the earth’s surface is certainly affected by the
magnitude of the greenhouse effect, but it is also affected by the percentage
of incoming solar radiation that is reflected back out to space, that is, by
the earth’s albedo. It has already been stated that approximately 30% of
the incoming radiation is immediately reflected. This is an average value;
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Table 3-1 shows the albedo of various major features on earth. Major changes
in cloud cover, snow and ice, field and forest, and so on would change the
average albedo of the earth. For example, a decrease in snow and ice cover
would decrease the earth’s albedo, thus leading to absorption of more solar
radiation and, in the absence of other effects, a higher surface temperature for
the earth. As it turns out, however, clouds also contribute to the greenhouse
effect—they reflect some of the earth’s infrared radiation back to earth instead
of reradiating it like the atmospheric greenhouse gases. In the simplest picture,
however, like the one considered in this book, clouds are considered only with
respect to their reflectivity.

These and other factors in the energy balance of the earth are also important
as shown schematically in Figure 3-7. The left-hand side of Figure 3-7 shows
that 30% of the 343 W/m? that comes toward the earth from the sun is
immediately reflected with no change, that water vapor and clouds in the
troposphere and ozone and other ultraviolet absorbers remove an additional
20% of the total, and that the remaining 50% of the incoming radiation, about
172 W /m?, is absorbed by the earth’s surface. The central portion of Figure 3-7
shows the fate of the radiation from the earth’s surface (at 15°C), about
390 W/m?, which is 114% of the solar energy that enters the atmosphere (a
result of the greenhouse effect, Section 3.1.2). Most of this energy is absorbed
and reemitted (or reflected) by clouds and gases in the atmosphere. Other types
of energy transfer also occur, as shown on the right-hand side of Figure 3-7.
Latent heat transport refers to the heat of vaporization of water; water evap-
orates from the surface of the earth, thus cooling the surface, and then
condenses in the atmosphere, thus heating the atmosphere. Sensible heat
transfer refers to heat transfer by convection as heated air near the ground
rises while cooler air higher in the troposphere sinks.

TABLE 3-1
Albedo of Various Atmospheric and Surface Features of the Earth

Albedo (% reflected) Reflected from
30 Total (earth and atmosphere)
50-80 Clouds
40-95 Snow and ice
16-20 Grass
20-25 Dry, plowed fields
15-25 Green crops
5-20 Forests
18-28 Sand
14-18 Cities
7-20 Bare ground

7-23 Oceans
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FIGURE 3-7 Energy-flux diagram showing radiative and nonradiative exchanges between
the earth’s surface, the atmosphere, and space. Units are percentages of global-average insolation
(100% = 343 W/m). The flux at the surface exceeds 100% of the solar energy flux reaching
the earth because of the absorption—emission cycle between the surface and the atmosphere.
Redrawn from G. J. MacDonald and L. Sertorio, eds., Global Climate and Ecosystem Change.
Plenum Press, New York. Copyright © 1990. Used by permission of Kluwer Academic/Plenum
Publishers.

3.2 CLIMATE HISTORY OF THE EARTH

Before trying to decide whether humans are actually succeeding in changing
the earth’s climate at present, we must consider what sorts of climate change
occurred before humans evolved, and what climate changes occurred before
the major industrialization of the twentieth century. It is, unfortunately,
beyond the scope of this chapter to discuss the various methods of calculating
average temperatures at different times in the past; these methods are discussed
in some of the references at the end of the chapter.

The variation of the mean surface temperature of the earth between the
latitudes 40°N and 90°N as a nonlinear function of time from 500,000,000
B.C. to A.D. 1950 is shown in Figure 3-8. The time scale is arranged to
emphasize recent years, for which more reliable data are available. More
recent times are shown in more detail in Figure 3-9. Glacial periods occurred
at intervals between 10,000 and 1,000,000 B.c. It looks, from Figure 3-8, as
though there have also been major glacial episodes around 200,000,000 B.c.
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FIGURE 3-8 Temperature variations in the Northern Hemisphere (40°N - 90°N) as a function of
time. Redrawn, by permission of the publisher, from J. E. Oliver, Climate and Man’s Environment.
Copyright © 1973, John Wiley & Sons, Inc.

and 500,000,000 B.c. In general, the average temperatures before 1,000,000
B.C. were warmer than those that have occurred since that time. Since
1,000,000 B.C., the interglacial periods, although warmer than either the
glacial periods or the present, were much cooler than the eras before that
time. Notice that the difference in average temperatures between glacial and
interglacial periods was only about 5°C; that is, comparatively small differ-
ences in average temperature have large effects on the total climate. Notice also
that variations up to 2°C have occurred since A.D. 1000. This means that
average temperatures in the Northern Hemisphere have varied appreciably
before human activities could have had any effect.

Figures 3-8 and 3-9 deal with very long-term variations in average tempera-
ture. If we are interested in climate changes possibly attributable to human
intervention, we shall have to focus on much shorter term fluctuations. Let us,
however, start with the period from 4000 to 3000 B.c. (6000-5000 years
before the present), where Figures 3-8 and 3-9 show a temperature maximum,
the “Holocene maximum.” During this time many glaciers had melted, and sea
level was much higher than it is today, and major civilizations existed in Egypt.
Between 3000 and 750 B.c. the world generally become somewhat cooler,
glaciers advanced, and sea level dropped. Canals were constructed in Egypt to
take care of problems associated with the general drop in water levels. Another
warming trend culminated in about A.D. 1200, the “medieval warm period,”
the warmest climate in several thousand years in the Northern Hemisphere.
Glaciers retreated so far that the Vikings were able to travel to and settle in
Greenland and Iceland. Southern Greenland had average temperatures 2-4°C
above present temperatures while Europe had about 1°C higher average tem-
peratures than at present.
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FIGURE 3-9 Schematic diagrams of global temperature variations since the Pleistocene on three
time scales: (a) the last million years, (b) the last ten thousand years, and (c) the last thousand years.
Dotted line nominally represents conditions near the beginning of the twentieth century. Redrawn
from J. T. Houghton, G. J. Jenkins, and J. J. Ephraums, eds., Climate Change. The IPCC Scientific
Assessment. Cambridge University Press, New York. Copyright © 1990. Used by permission of the

Intergovernmental Panel on Climate Change.
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Between A.D. 1300 and 1450, there was a cooling trend that made it harder
for ships to travel between Greenland and Iceland and made Greenland cool
enough to cause the Vikings to abandon their settlements. A warming trend
between 1450 and 1500 was followed by the “Little Ice Age,” which did not
end in some areas until 1850. Glaciers advanced and winters were very cold in
this period. Since 1850, there has been a distinct warming trend, with precipit-
ous retreats of glaciers that ended temporarily around 1940 (see Figures 2-1 and
3-10). Figures 2-1 and 3-10 are very similar, but they refer to somewhat
different time intervals and the temperature averages were obtained from
somewhat different sources. Both figures show that the warming trend re-
sumed about 1975. The retreat of the glaciers is easy enough to document,
but these very short-term recent temperature trends are very hard to evaluate.
First of all, while glaciers are retreating in one part of the world, they often are
advancing elsewhere. What is the average trend? Furthermore, climate and
temperatures are variable in any one place from year to year, and it is not easy
to find a general trend among fluctuations. The problem in the evaluation of
short-term trends lies in variability in climate that occurs both from place to
place and from year to year. The place-to-place variability can be taken care of
by averaging temperatures over a large enough area; that is why we see a
global mean land temperature in Figure 2-1 and a combined land and sea
surface temperature in Figure 3-10. The year-to-year variability can be seen
very clearly in both figures. The averages, however, still do not tell the whole
story; in this period, they represent mostly an increase in the number of warm
months during each year, not an overall increase in actual temperature. Fur-
thermore, although the overall temperature changes have been similar in the
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FIGURE 3-10 Global-mean combined land-air and sea-surface temperatures, 1861-1989,
relative to the average for 1951-1980. Redrawn from ]. Jiger and H. L. Ferguson, eds., Climate
Change: Science, Impacts and Policy. Cambridge University Press, New York. Copyrlght © 1991.
Used by permission of the Intergovernmental Panel on Climate Change.
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Northern and Southern Hemispheres, the magnitudes have not been the same,
and the warming and cooling trends did not necessarily occur in the same year,
or, in some cases, in the same decade.

Note that the variations shown in Figure 3-10 are generally less than 1°C,
but, as we have seen, it takes only about 5°C to change from a glacial to an
interglacial period. The greatest variability in average temperature appears
generally to be near the poles, not near the equator.

3.3 CAUSES OF GLOBAL CLIMATE CHANGES
3.3.1 General Comments

Climate is mainly effected by wind patterns over the earth’s surface, and these
changes in wind patterns are generally caused by changes in the earth’s energy
balance, as mediated, among other things, by changes in ocean currents and
ocean temperatures. A well-known example is the El Nifio/Southern Oscilla-
tion (ENSO), the eastward (toward South America) expansion of a pool of
warm water usually found in the western Pacific Ocean; global temperatures
generally rise during an ENSO.

The average surface temperature of the earth can be calculated in principle
by employing the concepts discussed in Section 3.1. The starting point, as in
Section 3.1, is Iy = Iou, where Iin = (S/4)(1 — &) and Iy = Ip — Al In these
expressions S is the solar constant, « is the earth’s albedo, Iy is the intensity of
radiation emitted at the earth’s surface, Iy = ¢T%, T is the mean surface
temperature of the earth; and Al is a term involving the greenhouse effect.
Substituting for Iy and solving for T, we have

S(1—a)/4+ A1

(o2

T = (3-6)
The variables in equation (3-6), S, «, and AI, are called “climate forcing
agents” because changes in these variables “force” changes in climate.

If we take T, the average surface temperature of the earth, as an indicator of
climate, then equation (3-6) allows us to determine the main factors that affect
climate and even the magnitudes of possible effects. It can be seen that the solar
constant, the earth’s albedo, and the greenhouse effect all help to determine T.

It has always been tempting to attribute major climatic variations, like those
between glacial and interglacial periods, to variations in the solar constant,
that is, to variations in solar irradiation. There is considerable evidence for this
hypothesis, more because of variations in the earth’s orbit and in the inclin-
ation of different latitudes toward the sun during different seasons (see Section
3.3.2) than because of major changes in the emission of radiation from the sun.
The sun is quite variable in its emission of x-rays and even some ultraviolet
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radiation, but the emission of visible and infrared radiation seems to be quite
steady, increasing, however, about 0.12% from the minimum to the maximum
number of sunspots in the (usually) 11-year sunspot cycle (see Figure 3-11).
Small climate changes have been associated with the sunspot cycle during this
century, but 11 years is a short time and there are many other influences on
climate. Some extreme variations in sunspot activity have, however, been
correlated with major peculiarities of climate. The coldest part of the “little
ice age” appears to be concurrent with a 70-year minimum in sunspot activity
during the late seventeenth and early eighteenth centuries, the “Maunder
minimum.” There is some evidence that the solar constant decreased by
about 0.14% during the Maunder minimum.

We can use equation (3-6) to show that an 8% change in the solar constant
could change the average surface temperature of the earth by 3°C. The values
of S, a, and o have been given in this chapter, and the present value of Al can
be calculated from o, the measured mean surface temperature of the earth T,
and the mean radiation temperature of the earth T, as found in Section 3.1:

Al =o|T* - T? =150 W/m? (3-7)

The solar constant is presently being monitored by satellite measurements,
and thus proper evaluations of its effect on climate will be possible in the
future.

1367.5
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FIGURE 3-11 Reconstructed solar irradiance from 1874 to 1988. Redrawn from J. T.
Houghton, G. J. Jenkins, and J. J. Ephraums, eds., Climate Change, Science, Impacts, and Policy.
Cambridge University Press. New York. Copyright © 1990. Used by permission of the Intergov-
ernmental Panel on Climate Change.
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3.3.2 The Milankovitch Theory of Earth’s Orbital Variations

The Milankovitch theory attempts to account for the existence of Ice Ages at
various intervals (see Figure 3-9). This theory makes use of the dependence of
the insolation, the total solar radiation impinging on the earth in different
latitudes, on a number of factors involving the earth’s revolution around the
sun. There is quite a bit of controversy about the particular latitudes at which
such variations in insolation are most important, but most workers feel that
changes in insolation at high latitudes, closer to the poles than 60°N or 60°S,
are the most important.

The first orbital variation, which affects all latitudes in a similar fashion,
involves the change in the earth’s orbit from almost circular to somewhat
elliptical and back, with a somewhat variable period of 90,000-100,000
years. When the earth’s orbit is at its highest ellipticity, the solar radiation
intensity reaching the earth may vary up to 30% in the course of a year. Right
now, the earth’s orbit is not very elliptical and indeed is becoming more
circular.

The second orbital influence on solar irradiation, which affects different
latitudes differently, is the 21,000-year cycle in the precession of the earth’s
axis around the normal to the earth’s orbit; this changes the season at which
the Northern (or Southern) Hemisphere is closer to the sun. This influence is
most important when the earth’s orbit is even a little bit elliptical, as it is now.
At present, for example, the earth is about 3 x 10° miles closer to the sun
during winter in the Northern Hemisphere than during winter in the Southern
Hemisphere. This means that there is about 7% less solar irradiation during
summer in the Northern Hemisphere than during summer in the Southern
Hemisphere.'

The third orbital influence on solar irradiation at different latitudes is the
40,000-year cycle in the tilt of the earth’s axis with respect to the normal to the
plane of the earth’s orbit. This angle varies between 21.8 and 24.4 degrees; at
present, it is 23.4 degrees.

These three types of orbital variation, with three different cycle lengths,
have been used in various climate models to calculate average global tempera-
tures in the absence of true solar constant variations and in the absence of
changes in the greenhouse effect or earth’s albedo for at least one million years
before the present. Figure 3-12 is one of many comparisons between the
calculations from the Milankovitch theory and actual measurements. (The
“measurements” are actually reasonable guesses from various geological
data.) The calculations were based on the assumption that the variation in
insolation at latitude 50°N could be used if one further assumed that whenever

This cycle is also connected with the change in the polestar, presently Polaris (almost); in 2600
B.C. the polestar was Alpha Draconis, about 25 celestial degrees away from Polaris.
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FIGURE 3-12 Comparison of warm and cold periods in the earth’s climate as measured from
geological data and as predicted from the Milankovitch theory. Redrawn from N. Calder, The
Weather Machine. Viking Press, New York. London: BBC. Copyright © 1974. Used by permission
of the author.

the summer sunshine at that latitude was at least 2% stronger than at present,
glaciers tended to disappear, and that ice began to accumulate when the
summer sunshine was less. Figure 3-12 shows reasonable agreement between
the measured and calculated results. More complex assumptions have recently
led to even better agreement between measured and calculated results. There-
fore, we have a reasonable explanation for the existence of Ice Ages and
interglacial periods. These orbital cycles exist and must interact with the
other influences on the earth’s climate.

3.3.3 Greenhouse Effect Changes

Small changes in the greenhouse effect AI can have appreciable effects on
climate. These changes can occur when variations occur in the concentration
of carbon dioxide, methane, and trace gases, especially those that can absorb
radiation in the atmospheric “windows” as mentioned in Section 3.1.2. Figure
3-13 shows the close parallel between mean global temperature and the
atmospheric carbon dioxide and methane concentrations as obtained from
air trapped in Antarctic ice cores over the past 160,000 years. Although
increased burning of fossil fuels is held responsible for the global increase in
carbon dioxide concentration in the atmosphere during historic times, it
appears that a major increase in carbon dioxide in the atmosphere started
almost 20,000 years ago. Although this could be attributed to human activ-
ities, many of the other variations in carbon dioxide, and, for that matter,
methane concentration, must have another cause. Figure 3-14 shows the recent
(i.e., since 1840) increase in methane concentration in the atmosphere. In
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preindustrial times, the atmospheric concentration of methane was about
0.8 ppm by volume, increasing to 1.75ppm in 1999 and still increasing,
although the rate of increase appears to have decreased during the past two
decades. The recent changes in CO, concentration in the atmosphere were
shown in Figures 2-2 and 2-3. At any rate, there is definitely a positive
correlation between the concentration of these gases and climate.

Because of the known correlation between the concentrations of carbon
dioxide and methane and climate, even though the actual connection is quite
complicated, the concept of relative global warming potentials (GWPs) has
been developed for all the so-called greenhouse gases, those that absorb
infrared radiation in the “atmospheric windows.” This concept takes into
account (1) the effect of an increase in concentration of the gas in the present
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FIGURE 3-13 Analysis of air trapped in Antarctic ice cores shows that methane and carbon
dioxide concentrations were closely correlated with the local temperature over the last 160,000
years. The concentration of carbon dioxide is indicated on the left ordinate. Redrawn from J. Jager
and H. L. Ferguson, eds., Climate Change: Science, Impacts and Policy. Cambridge University
Press, New York. Copyright © 1991. Used by permission of the Intergovernmental Panel on
Climate Change.
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FIGURE 3-14 Change in methane concentration in the earth’s atmosphere since 1840.

atmosphere both in absolute terms and relative to carbon dioxide, (2) the effect
of the different times that the various gases remain in the atmosphere, and (3)
some of the reactions that these gases undergo in the atmosphere (see Chapter 5)
over long periods. The results of factor 3 are called “indirect effects” and are not
always included in the calculations of the GWP. At any rate, the GWP is thus the
time-integrated warming effect expected from the instantaneous release of 1 kg
of a given gas in today’s atmosphere, relative to that expected from an equal
mass of carbon dioxide. Table 3-2 shows the total GWPs, based on both direct
and indirect effects, calculated over 20, 100, and 500 years for some gases with
respect to the earth’s atmospheric composition in 1990 along with the atmos-
pheric lifetimes of these gases as used in the calculations. Carbon dioxide has the
lowest GWP in the table, but its contribution to the greenhouse effect, and thus
potential global warming, is very large because this contribution depends on the
product of the GWP and the number of kilograms of the gas actually emitted.
The CFC’s in Table 3-2 are discussed at greater length in Section 5.2.3.2 because
of their ability to destroy the ozone in the stratosphere. It is important, by the
way, not to consider the greenhouse effect and the GWP in isolation from the
other possible effects on climate, because both positive and negative feedback
influences are possible, as mentioned in Section 3.3.5.
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TABLE 3-2

Atmospheric Lifetimes and Total Global Warming Potentials of Some
Greenhouse Gases (Based on the Atmospheric Composition in 1990)

Time horizon (years)

Atmospheric lifetime

Gas (years) 20 100 500
CO; 1 1 1
CH4 10.5 63 21 9
N,O 132 270 290 190
CFC-117 55 4500 3500 1500
CFC-127 116 7100 7300 4500
HCFC-22¢ 16 4100 1500 510

?CFCs are chlorofluorocarbons while HCFC’s are

hydrochlorofluorocarbons. The composition of each one can be
determined by using the Rule of 90 as follows: add 90 to the number in the
name of the gas. A number larger than 100 will be obtained, for example,
101 for CFC-11. The first digit is the number of C atoms, the second is the
number of H atoms, the third is the number of F atoms, and the number of
Cl atoms is obtained by assuming that the molecule contains no double or
triple bonds or rings. Thus, CFC-11 is CFCls, CFC-12 is CF,Cl,, and

HCFC-22 is CHF,CL

Source: ]J. T. Houghton, G. J. Jenkins, and J. J. Ephraums, eds.,

Climate Change: The IPCC Scientific Assessment. Cambridge University

Press, Cambridge, U.K., 1990.

Let us note that not all the carbon dioxide emitted into the atmosphere
remains there. For example, it has been calculated that in the period 1958-
1968, enough fossil fuels were burned to increase the carbon dioxide content
of the atmosphere by 1.24 ppm per year. The actual increase in CO, content
was 0.64 ppm/year. This is an indication of the enormous buffering effect of
the earth’s oceans on the CO; concentration in the atmosphere. This buffering
effect was discussed in Chapter 2 and is considered further in Sections 9.2.2

and 11.2.

3.3.4 Albedo Changes

Changes in the earth’s albedo have also been implicated in climate changes.
Although large-scale cultivation, irrigation, damming of rivers to form lakes,
and cutting down of forests all result in changes in the earth’s albedo, these
causes have heretofore been considered minor. The possible results of volcanic
and other dusts in the atmosphere have, however, been investigated fairly

extensively.
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Figure 3-15 shows an index of volcanic activity on earth between the years
1500 and 1970. Some of this volcanic activity was followed by worldwide
cooling. For example, the “Little Ice Age” (1550-1850) occurred during a
period of fairly high volcanic activity as well as low sunspot activity. Some
of the highest peaks on Figure 3-15 are actually tremendous single volcanic
explosions that were followed by noticeably cool years. The eruption of Asama
in 1783 in Japan (the largest activity peak between 1700 and 1800 in Figure
3-15) was followed by three cool years, 1783-1785. The year 1816, called “the
year without summer” (in New England, snow fell in June and there was frost
in July), followed the eruption of Tambora, Sumbawa, in the Dutch East Indies
in 1815. This eruption killed 5600 people and darkened the sky for days as far
as 300 miles away. The large peak just before the year 1900 on Figure 3-15 is
probably connected with the eruption of Krakatao in Indonesia in 1883. The
eruption of Mount Agung in Bali in 1963, although not as spectacular as that
of Tambora, occurred after accurate measurements of tropospheric tempera-
ture and aerosol measurements were being obtained, and is known to have
resulted in a drop of 0.4 °C in the troposphere between latitudes 30°S and
30°N about one year later and lasting for about two years. It turns out that it is
not the volcanic dust that contributes to tropospheric cooling, but aerosols
consisting of submicrometer droplets of sulfuric acid derived from sulfur-
containing volcanic gases. Thus, the eruption of Mount St. Helens in the
northwestern part of the continental United States in 1980 did not cause
noticeable cooling because the gases released by this volcano contained only
a small amount of sulfur. Volcanic ash falls out of the atmosphere within a few
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FIGURE 3-15 Index of volcanic activity, in arbitrary units, that is proportional to the relative
amount of material injected into the stratosphere in various 10-year periods. Redrawn from
Inadvertent Climate Modification Report of the Study of Man’s Impact on Climate (SMIC).
Copyright © 1971. Used by permission of MIT Press.
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weeks or months, but the sulfuric acid aerosol droplets can remain in the
stratosphere for years. The 1982 eruption of El Chichén in Mexico apparently
cooled the surface of the earth for several years because of the large amount of
sulfuric acid aerosol formed afterward from sulfur-containing gases. The aero-
sols from the eruption of Mount Pinatubo in the Philippines and of Mount
Hudson in Chile in 1991 apparently also caused global cooling for close to a
year.

It has been postulated that a large amount of dust and soot would be
released into the stratosphere during a major nuclear war. For various reasons,
this dust and soot would probably remain aloft for about one year. This would
then increase the earth’s albedo to the extent that considerable cooling of the
earth would occur over several years. Calculations indicate that the earth could
cool up to 1°C for several years (recall that the difference between an ice age
and an interglacial period is about 5°C). This scenario has been called “nuclear
winter,” and it includes major changes in precipitation and a probable deple-
tion of the ozone in the stratosphere. Thus, this scenario includes a major
disturbance of agriculture all over the earth in addition to depletion of the
ozone layer that protects the surface of the earth from high-energy ultraviolet
radiation.

3.3.5 Computer Models

We have seen in Table 2-2 that humans are presently contributing a large
amount of particulate matter, and, certainly, aerosols, to the atmosphere. If
this material, like that emitted by volcanoes, can contribute to a cooling of the
earth, presumably by increasing the earth’s albedo, then this may partially
mitigate the effects from the simultaneous CO, emissions by humans. We have
definitely been increasing both the carbon dioxide and the particle and aerosol
content of the atmosphere, and these changes must have some influence on the
greenhouse effect and the albedo, which have a further effect on climate.
Human efforts are superimposed on natural trends such as the orbital vari-
ations considered in the Milankovitch theory, but it is not clear at present
whether human changes or natural effects have the greater magnitude. Fur-
thermore, the earth’s climate is determined by a complex set of positive and
negative feedback systems that no one, at present, understands completely. As
an example of a negative feedback (or self-limiting) possibility, suppose that an
increase in CO; content of the atmosphere caused an increase in temperature
because of an increased greenhouse effect, which then caused an increase in
evaporation of water from the oceans to form more cloud cover, which then
reflected more of the sun’s radiation to lower the temperature back toward its
original value. It is an interesting exercise to dream up these self-limiting
processes. The earth-atmosphere—ocean system is so complex that it is easy
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to imagine such self-limiting or even oscillating processes, but very difficult to
develop models that produce results in which one has confidence. A positive
feedback possibility involves the idea of a slightly colder than usual winter
with extra snow cover at high latitudes as postulated in the calculations made
for Figure 3-12. This would increase the earth’s albedo, allowing less of the
solar radiation to heat the earth and its atmosphere than before; the extra snow
would not melt completely. This would cause an even colder winter (because of
the extra snow cover in the fall) in the following year, and so on. Good climate
models need to invoke both negative and positive feedback systems.

As we have seen, the earth’s climate system is extremely complicated, so that
computer models that can explore the consequences of any changes in the
system must be quite simplified. Figure 3-16 shows schematically the compon-
ents of the earth’s climate system that may or may not be considered in the
various computer models of climate. Some computer models involve only
energy balance for the earth as a whole, some involve the vertical distribution
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FIGURE 3-16 Schematic illustration of the components of the earth’s climate system, together
with some physical processes responsible for climate change. Redrawn from M. C. MacCracken,
A. D. Hecht, M. 1. Budyko, and Y. A. Izrael. eds., Prospects for Future Climate. Lewis Publishers,
Chelsea, MI. Copyright © 1990. Used with permission.
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of temperature for the earth’s surface and atmosphere (again, as a whole), and
some involve the general circulation of the atmosphere and the oceans,
allowing for the calculation of the geographical distribution of temperature,
precipitation, and other climate quantities. These models are constantly being
refined and checked against each other and against past climates of the earth.
For example, a model developed at the National Center for Atmospheric
Research (NCAR) in Boulder, Clorado, has given an excellent simulation of
the present climate by incorporating the effects of ocean eddies hundreds of
kilometers in diameter. This model has been used to predict a global warming
from the increasing CO, concentration in the atmosphere that is smaller than
the amount anticipated by earlier models. Further comments are beyond the
scope of this book.

3.4 SMALL-SCALE CLIMATE

As we have seen, it is very difficult to ascertain what effects human activities
may have had or will have on large-scale climate. However, human effects on
small-scale climate are well known and worth discussing for that reason. Every
town, every reservoir, every plowed field changes the local climate to some
extent. In this brief discussion of local climate, we shall confine ourselves to a
consideration of urban climates, as distinguished from the surrounding coun-
tryside.

On the average, urban climates are warmer and have more precipitation
than the surrounding countryside. Table 3-3 compares an average city with the
surrounding countryside for a number of climate elements. Note that a city is
dirtier, cloudier, foggier, has more drizzly rain (precipitation days < 5mm
total), more snow, less sunshine, less wind, and higher temperatures than the
surrounding countryside. Wind speed is lowered in the city, except near very
tall buildings, where appreciably higher wind speeds have been found in
specific cases.

The differences in temperature between a city and its surroundings can be
much more variable than the Table 3-3 averages might imply. In London on May
14, 1959, for example, the minimum temperature was 52°F (11°C) in the city’s
center and 40°F (4°C) at its edges. In the period 1931-1960, however, mean
annual temperatures for London were 11.0°C (51.8°F) at the city’s center,
10.3°C (50.5°F) in the suburbs, and 9.6°C (49.2°F) in the adjacent countryside.

Urban heat is generally assumed to arise from three causes. The most
obvious source is the heat from combustion and general energy use in the
city. A major cause of the warmer city nights is the release of heat stored in
structures, sidewalks, streets, and so on in the daytime. A minor contributor to
the warmth of cities is the back-reflection and reradiation of heat from pollu-
tants in the atmosphere above the city.
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TABLE 3-3

Microclimate of Urban Areas Compared with Surrounding Countryside

Climate element Comparison with countryside
Particulate matter 10 times more
Emitted gases 5-25 times more
Cloud cover 5-10% more
Fog, winter 2 times more
Fog, summer 30% more
Total precipitation 5-10% more
Days with less than § mm 10% more
Snowfall 5% more
Relative humidity, winter 2% less
Relative humidity, summer 8% less
UV radiation, winter 30% less
UV radiation, summer 5% less
Sunshine duration 5-15% less
Annual mean temperature 0.5-1.0°C higher
Winter minimum temperature (average) 1-2°C higher
Annual mean wind speed 20-30% less

Source: Reprinted from Inadvertent Climate Modification, A Report of the
Study of Man’s Impact on Climate (SMIC). MIT Press, Cambridge, MA, 1971.

In the absence of winds, the pollutants in the atmosphere above a city often
occupy a so-called urban dome (Figure 3-17), a sheath of air around the city
that may be situated under a temperature inversion. The pollutants in an urban
dome are reasonably well mixed, and the dome itself can often be distinguished
from airplanes or from mountains near the city. Looking down on the urban
dome of Los Angeles is something like observing a large pot of yellow pea
soup! Urban domes have varying heights depending on conditions; an urban
dome above a subarctic city in the winter may be only 100 m thick, while the
dome over an oasis in the subtropics may be several kilometers thick. As we
have noted, the urban dome tends to be warm; heat from combustion may
supply up to 200 W/m?, as in Moscow in the winter. When the wind blows,
the urban dome becomes an urban plume, moving heat and pollutants down-
wind (Figure 3-18).

FIGURE 3-17 The urban dome.
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Wind direction ——

FIGURE 3-18 The urban plume.

The existence of a visible urban dome implies different atmospheric compos-
ition over the city and in the surrounding country. The air over a city contains
smoke, dust, SO,, and so on, in much higher concentrations than country air.
The particles in the air above the city increase the albedo above the city, thus
reducing the intensity of the incoming solar radiation. In some cities, on bad
days, the intensity of the incoming solar radiation may be reduced up to 50%.
This means that cities tend to have cooler days than the surrounding country;
these cooler days do not, however, make up for the warmer nights. The added
particulate matter over cities also increases the frequency of fogs, since the
particles can act as condensation nuclei for water vapor.

The lower wind velocity in cities probably is caused by many obstacles
(buildings) that are in the path of any wind in a city. The lack of standing
water and the fast drainage of precipitation into storm drains result in a
decrease of local evaporation and thus in the observed decrease of humidity
in cities. However, when a city contains many cooling towers and there is
generally a high water vapor output from burning of fossil fuels and industry,
these factors, together with the extra condensation nuclei produced by the city,
may cause an increased frequency of showers and thunderstorms downwind
from the city and a weak drizzle within the city.

3.5 TEMPERATURE INVERSIONS

When pollutants are trapped for a long time over a city, it is usually because of
a temperature inversion above the city. This may result in accumulations
that can reach lethal proportions, at least for the sick and elderly. Temperature
inversions occur when air at some elevation in the troposphere ceases
to decrease smoothly in temperature with increasing altitude as is normal
near the surface of the earth (see later: Figure 3-20). At a temperature inver-
sion, the air temperature increases with increasing altitude for a distance;
at higher altitudes, the normal decrease in air temperature with increasing
altitude begins again and continues up to the tropopause. The ways in which
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such temperature inversions can occur will be discussed at the end of this
section.

To see why a temperature inversion traps pollutants, it is necessary to know
what happens in the absence of such an inversion. In the daytime, the ground is
heated by solar radiation, and the air near the ground is heated by conduction
from the ground. The air, if we assume that it is an ideal gas, obeys the
equation of state for ideal gases:

PV = nRT (3-8)

where P is the pressure, Vis the volume of 7 moles of gas, R is the gas constant,
and T is the absolute temperature. For our heated air, the pressure P of the
atmosphere above it remains constant, but T increases. If we consider a
“packet” of # moles of this air, and rewrite equation (3-8) as V =#»nRT/P,
then we see that upon heating, V must increase, and the density, #/V, decrease.
Consequently, this packet of air will rise until it reaches a place in the tropo-
sphere where the surrounding air has the same density; that is, the same
temperature and pressure. Both the temperature and the pressure of the rising
air packet change continuously as it moves to regions of lower pressure and
therefore expands. The expansion can be assumed to be adiabatic; no heat
flows into or out of the packet during the process. Derivations of the equations
for temperature and pressure changes in reversible adiabatic expansion of an
ideal gas are given in most physical chemistry and many general chemistry
textbooks. The result is

Py /Py = [T1/To) /% (3-9)

where Cp is the heat capacity at constant pressure of the gas, and subscripts
1 and 2 refer to properties of the gas before and after expansion, respectively.
Qualitatively, this expression shows that if the gas is expanding, that is, if
P < Py, then T, < T7 and the temperature of the gas will drop. This equation,
together with the known decrease of pressure with height, allows calculation
of the adiabatic lapse rate of dry air. This rate is a decrease of 1°C for each
100 m, or 5.5°F for each 1000 ft of altitude. The rising air cools faster than the
temperature lapse rate of the environment, which involves a decrease of only
0.65°C for each 100m or 3.5°F for each 1000 ft of elevation. Dry air will
eventually rise to a height where temperature and, therefore, the density
matches that of the surrounding air. If the rising air contains a lot of moisture
that condenses as the air rises and becomes cooler, then heat is given off during
this condensation and the air cools more slowly with height; that is, its
temperature lapse rate is less than that of dry air. This moist air will therefore
rise higher than dry air and will probably form clouds as it rises.

These conclusions are illustrated in Figure 3-19 which shows what happens
to heated dry air when the environment (the troposphere) is normal. The solid
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line shows the temperature of the lower atmosphere when the temperature of
the surface of the earth is 24°C and there are no temperature inversions in the
atmosphere. If the sun is shining, the surface of the earth absorbs heat and
becomes warmer, heating the air just above it by conduction. The two broken
lines in Figure 3-19 refer to two different “parcels” of air heated by the surface
of the earth, to 25 and 26°C, respectively. Both parcels of air will begin to rise
as just discussed; they rise with the temperature lapse rate of rising dry air.
Since the temperatures of these two parcels of air are decreasing faster, 1°C per
100, than the temperature of the air through which they are rising, 0.65°C per
100 m, each parcel will eventually reach a height at which its temperature
equals that of the air already present. Its pressure and density are then also
equal to that of the surrounding atmosphere, and the parcel will stop rising.
Figure 3-19 shows that the parcel that was heated to 25°C will rise to a height
just below 300 m, while the parcel that was heated to 26°C by the surface of
the earth will rise to a height just below 600 m. Hotter air rises to a higher
altitude.

If a temperature inversion exists in the atmosphere at an altitude below that
to which the heated air would normally rise, then the heated air may be
trapped below the inversion, along with any pollutants that were present in
the heated air. In Figure 3-20, which shows how heated air may be trapped
when there is a temperature inversion in the troposphere, the solid line that
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FIGURE 3-19 The fate of dry air heated by the earth’s surface when the temperature lapse rate of
the environment is normal: height vs temperature of the environment (solid line) and of rising,
heated dry air (broken lines).
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FIGURE 3-20 How a temperature inversion traps heated air and its associated pollutants: height
vs temperature of the environment (solid line) and of rising, heated dry air (broken lines).

shows the variation of atmospheric temperature with altitude is not linear; it
has a region in which temperature increases with increasing altitude between
approximately 400 and 600 m altitude. This region of increasing temperature
is a temperature inversion; above and below this region the air exhibits its
normal lapse rate of 0.65°C per 100 m elevation. If the sun shines and the
earth’s surface is heated, the resulting ground-level heated air rises as shown by
the broken lines in Figure 3-20. Three parcels of air are shown, one heated to
25°C, the second to 26°C, and the third to 27°C. The parcel of air heated
to 25°C rises to the same altitude, just below 300 m, like the similar parcel in
Figure 3-19; this happens because the temperature inversion occurs above this
altitude and can affect only air that is attempting to rise through the inversion.
Both the 26°C and the 27°C parcels of air are trapped by the inversion; each
reaches an altitude at which its temperature equals that of the air already
present within the temperature inversion zone. The 26°C parcel of air rises to
less than 500 m, considerably lower than the 600 m it would ordinarily reach
(Figure 3-19).

These temperature inversions that trap rising air are naturally occurring
phenomena that may have two different causes. That is, they are of two
different types, radiation inversions and subsidence inversions, explained in
the following paragraphs. London tends to have radiation inversions in the
winter; one of these trapped a highly polluted fog in 1952, producing the
notorious London killer fog, which was considered responsible for over 3000
deaths. Los Angeles tends to have subsidence inversions that trap pollutants in
the summer and fall.
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FIGURE 3-21 Mechanism by which a subsidence inversion occurs.

A radiation inversion generally occurs at night, when air near the ground is
cooled by conduction from the cooled surface, especially on a clear night when
radiation cooling occurs. Higher up in the troposphere, the air is not cooled
appreciably, so, in the absence of winds, there is colder air underneath warmer
air, an inversion by definition.

A subsidence inversion occurs in a region where high altitude air is pushed
down nearer the ground because of topographical features in the path of
prevailing winds or weather systems. This air is being pushed to regions of
higher pressure and therefore is being compressed adiabatically. The same
equation that held for rising air also holds for this descending air, but now
P, > Py and T, > Ty; that is, the air warms up as it nears the ground. Figure
3-21 shows how this subsiding air creates an inversion; again horizontal winds
must be absent for the inversion to be reasonably stable. The two mechanisms
for forming an inversion have exactly the same results, trapping of heated air
and any pollutants that may be present.

3.6 CONCLUSIONS

In this chapter, we have considered the climate history of the earth, the
Milankovitch theory of the ice ages, the other factors that affect the earth’s
climate, the peculiarities of urban climate, and the formation and conse-
quences of temperature inversions. It should now be possible to consider all
the questions asked at the beginning of Chapter 2.
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The information presented in Chapters 2 and 3 shows how complicated the
earth’s atmosphere and climate are. Many of the discussion questions asked at
the end of this chapter have no easy answers. In spite of this, newspapers and
magazines often contain articles that present the problems of the possible
control of the earth’s climate by humans as if they were amenable to simple
solutions. These chapters should make it possible to consider these articles and
problems with consideration of their inherent complexity.
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3.1. How does the Greenhouse effect work (a) in a greenhouse and (b) in the
earth’s atmosphere?
3.2. The CO; and CHj4 content of the earth’s atmosphere have been increasing
steadily through this century.
(a) What effect do most people think this will have on the earth’s climate?
Why?
(b) Explain why your answer to part a might be wrong.
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3.3.

3.4.

3.5.

3.6.

3.7.

3.8.

3.9

What are the three major factors that control earth’s climate? Which of
these factors may be affected by human activities? How?
What is an inversion? Explain how either a subsidence inversion or a
radiation inversion occurs in the troposphere.
In 1997 some researchers made satellite measurements that indicated that
the earth’s polar regions are 0.55°C warmer during a full moon than
during a new moon. The same article mentioned that another researcher
cautions that the effect may be an artifact caused by reflection of lunar
light off a piece of the spacecraft (the satellite doing the measurement).
From what you have learned about earth’s climate, explain why you feel
either (a) that the measurements are probably correct or (b) that they are
probably an artifact and cannot be relied on.
(a) Which items usually considered in the heat balance of the earth would
change appreciably if the earth were dry (no water present in any form):
snow, ice, liquid, or vapor? Explain the increase or decrease in the items
that change.
(b) Would you expect a change in the mean temperature of the earth?
Explain.
If all the earth’s deserts were irrigated to produce crops of various kinds,
what would be the effect, if any, on the earth’s heat balance? Explain, and
indicate whether you think the earth’s mean temperature would increase,
decrease, or remain the same.
Considering the increasing need for living space by the earth’s ever
increasing population, there have been proposals to try to make the
northern latitudes more habitable by spreading many tons of soot or
black dust on the Arctic ice sheet by cargo aircraft. This approach is
expected to have the following results. Since the average thickness of this
pack is about 3m and it now shrinks by about 1 m during the summer
melting season, the additional heat absorbed by a sooty surface might
complete the melting of the ice in one or two seasons. The resulting open
ocean would warm the lands on its border and also create more rainfall in
an area that is now quite arid.
(a) Is this proposal feasible? Why or why not?
(b) Assuming that this proposal is feasible, what additional short-term
results will it have?
(c) What are some possible additional long-term results of this procedure,
if it works?

The temperature lapse rate of the troposphere is 0.65°C/100 m and the
adiabatic lapse rate of dry air is 1°C/100 m. Explain, with a diagram,
the consequences if the temperature lapse rate of the troposphere were
1.1°C/100 m.



PRINCIPLES OF PHOTOCHEMISTRY

4.1 INTRODUCTION

Visible and ultraviolet solar radiation is essential for virtually all life on earth
as we know it, and photochemical reactions are some of the most important
processes taking place in the human environment. Several examples of photo-
chemical influences on our environment have already been given in Chapters 2
and 3. Direct utilization of solar energy as a possible alternative to fossil fuel
combustion is discussed in Chapter 15, and its efficient usage is certain to be an
increasingly important goal of research and development over the next few
decades as we seek solutions for the worldwide energy problem. In Section
2.3.4 it is pointed out that atmospheric oxygen comes from photodissociation
of water vapor in the upper atmosphere and from photosynthesis in the
biosphere. Photosynthesis is a very important photochemical process that
also leads to food production and storage of solar energy (Chapter 15). We
discuss photochemical decomposition of petroleum, polymers, and PCBs and
pesticides in Chapters 6, 7, and 8, respectively.

Photochemical processes occurring at high altitudes in the mesosphere
and stratosphere are essential for the maintenance of the thermal and radiation
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balance at the surface of the earth (see Chapter 3), and they also provide
phenomena such as night glow. The reactions following light absorption in the
lower atmosphere that generate photochemical smog from atmospheric pollu-
tants are less desirable! In association with living matter, light-induced reactions
lead to such phenomena as vision, cyclic activities of plants and animals, and
both cellular damage and repair. In a more prehistoric context, it has been
suggested that the origin of life may have occurred via the photochemical
synthesis of purines, essential building blocks of nucleic acids.

As we shall show later, absorption of light by a molecule results in excita-
tion of the molecule to a higher electronic energy level. This is followed in
many cases by reactions such as dissociation or interaction with other mol-
ecules, leading to the overall photochemical process. We shall see that the
specific electronic state reached often determines the types of reaction that
follow, so that the study of the absorption process is important to our under-
standing of photochemistry. In this chapter, we shall develop the basic prin-
ciples of light absorption, electronic excitation, and subsequent photochemical
and photophysical processes. As these principles are being developed they will
be applied to specific examples of photochemical processes occurring in our
environment.

Photochemistry is the study of the interaction of a “photon” or “light
quantum” of electromagnetic energy with an atom or molecule, and of the
resulting chemical and related physical changes that occur. The energy neces-
sary for the reaction (or at least for it to be initiated) is thus gained from the
photon. This is in contrast to thermal reactions, in which the energy needed for
the reaction is distributed among the molecules and among the internal vibra-
tional and rotational motions of the molecule according to the Boltzmann
distribution law (Figure 4-1).

As an example, consider the possible thermal dissociation reaction of mo-
lecular oxygen,

0, — 20 (4-1)

The fraction of molecules with thermal kinetic energy equal to or greater
than a “threshold” energy E. is approximately equal to the Boltzmann factor

N,

Re_ -t (4-2)
where N_ is the number of molecules with energies equal to or greater than E., N
is the total number of molecules, R is the gas constant, 8.314 ] K1 mol !, and T
is the temperature in kelvin. The energy required to break an oxygen bond is 5.1
eV, which is equivalent to 492 kJ/mol.! Equation 4-2 gives the fraction of O,

The electron-volt (eV) is the energy required to move an electron through a potential difference
of one volt; it is equal to 1.602 x 10~'° J, or 96.49 kJ/mol.
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FIGURE 4-1 Distribution of kinetic energy for O, at 1500 K, expressed as the fraction of O,
molecules having energies between E and (E 4 1) kJ/mol.

molecules with energies E. equal to or greater than 5.1 eV at 1500 K to be
approximately 7 x 107!8, which is too small to lead to even the most efficient
thermal reactions involving oxygen atoms. Many reactions such as this one
that are not feasible thermally can, however, be initiated by light, as will be
shown.

4.2 ELECTROMAGNETIC RADIATION
4.2.1. Properties of Light

Monochromatic light is an electromagnetic wave of wavelength \ traveling
at speed ¢ (= 3.0 x 10® m/s in a vacuum) and having a frequency v equal to
¢/\. One of the important characteristics or properties of an electromagnetic
wave for photochemical purposes is that it can transport energy, as it does
for example from the sun to the earth or from a lightbulb to an object. In add-
ition, an electromagnetic wave can transport momentum, hence is capable
of exerting a radiation pressure. Although so small that we do not ordinarily
feel it, this radiation pressure has been measured under very carefully



76

4.2 ELECTROMAGNETIC RADIATION

controlled conditions and is in complete agreement with classical theories of
electromagnetic radiation.

Most of the experimental techniques used in photochemistry—polarization,
prisms and gratings to produce monochromatic light, and so on—are based on
the wave properties of light. It turns out, however, that many aspects of
radiation, particularly its absorption and emission, are not adequately ex-
plained in this manner. Examples are the photoelectric effect and blackbody
radiation, described in Section 3.1.1. The development of the Planck quantum
hypothesis (1901), which was necessary to resolve these failures of the classical
wave theory, led to the concept of the dual nature of matter and radiation and
the theory of quantum mechanics.

In essence, quantum theory says that energy interacts with molecules only in
discrete amounts rather than continuously, so that a light beam may be
considered to be made up of a stream of discrete units (photons or quanta).
Each photon has zero rest mass and possesses—and thus transports—a packet,
or quantum, of energy € given by the Einstein relationship

ke

=h
€ v b\

(4-3)

and momentum p

P=x (4-4)

where \ is the wavelength of the corresponding electromagnetic wave and h
is Planck’s constant, a universal natural constant equal to 6.63 x 10734
J-s. Referring back now to the energetics of the oxygen dissociation
reaction [equation (4-1)], it is easily shown from equation (4-3) that the
bond dissociation energy of 492 kJ/mol corresponds to a wavelength of
243 nm:

hc
e
(6.63 x 1073 J - 5)(3 x 108 m/s)(6.02 x 102> mol )(10° nm/m)
(492 kJ /mol)(1000 J/kJ)
=243 nm (4-5)

A

Thus when one photon of light having a wavelength of 243 nm is absorbed by
an oxygen molecule, it will have sufficient energy to break apart or dissociate.
Table 4-1 gives the energy € of a photon and of an einstein of photons for
several wavelengths and energy units.>

2An einstein is one mole (6.022 x 10%%) of photons.
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TABLE 4-1

Photon Energies at Various Wavelengths

Photon energy, €

Wavelength J/photon kJ/einstein eV
1m 2.0x 1072 1.2x107* 1.24 x 10°¢
1cm (1072 m) 2.0 x 10723 0.012 1.24 x 107*
1 um(1076 m) 2.0 x 107 120 1.24
1nm (10~ m 2.0 x 10716 1.2 x 10° 1.24 x 103 (1.24 keV)
1A (10710 m) 2.0x 1071 1.2 x 10° 1.24 x 10* (12.4 keV)
1pm (1072 m) 2.0x10°1 1.2 x 108 1.24 x 10° (1.24 MeV)

4.2.2 Absorption of Light

The rather simple example just presented can be used to point out one
of the basic principles of photochemistry (the Grotthus—Draper law, first
formulated early in the nineteenth century): for light to be effective in produ-
cing photochemical transformations, not only must the photon possess suffi-
cient energy to initiate the reaction, it must also be absorbed. Thus, even
though we see from equation (4-5) that a 243-nm photon possesses enough
energy to break the oxygen bond, in fact oxygen is not dissociated to any
measurable extent when exposed to light of this wavelength because it is not
absorbed.

A second important principle of photochemistry, which follows directly from
quantum theory, is that absorption of radiation is a one-photon process: ab-
sorption of one photon excites one atom or molecule in the primary or initiating
step, and all subsequent physical and chemical reactions follow from this ex-
cited species.> This principle is not strictly obeyed with the extremely high
intensities possible from high-energy artificial light sources such as flash lamps
or pulsed lasers. When such high-intensity radiation is used, the simultaneous
absorption of two photons is possible. However, only single-photon absorption
occurs in all environmental situations involving solar radiation.

In principle, electromagnetic radiation can extend essentially over an almost
infinite range of wavelengths, from the very long wavelengths of thousands of
miles and low energies [the relationship between the two given by equation
(4-3)] to the very short wavelengths of 10~'> m, which is on the order of mag-
nitude of nuclear dimensions. It is convenient to divide this electromagnetic
spectrum into regions, as given in Table 4-2.

3As shown later, however, the overall effect from secondary reactions may be much greater than
simply one molecule reacting per photon absorbed (see Section 4.4).
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TABLE 4-2

The Electromagnetic Spectrum

Spectral region Wavelength range Energy range
Radio waves > 10 cm < 1.2 J/einstein
Microwave 10 cm-1 cm 1.2-12 J/einstein
Far infrared (IR) 1 cm-0.01 cm 12-1200 J (1.2 kJ)/einstein
Near IR 0.01 cm-700 nm 1.2-170 kJ/einstein
Visible 700 nm—400 nm 170-300 k] /einstein
Near ultraviolet (UV) 400 nm-200 nm 300-600 kJ/einstein
Far (vacuum) UV 200 nm-100 nm 600-1200 kJ/einstein
X-rays and ~y-rays < 100 nm > 1200 k] /einstein

Photochemistry is generally limited to absorption in the visible,
near-ultraviolet, and far-ultraviolet spectral regions, corresponding primarily
to electronic excitation and (at sufficiently high energies) atomic or molecular
ionization. Absorption in different spectral regions may lead to different
electronic states of the absorbing molecule and electronically different inter-
mediate species, as well as to different products of the photochemical reaction.
It is therefore important to understand the designations of electronic states of
atoms and molecules insofar as they relate to or indicate possible electronic
transitions and transition probabilities. A summary of the recipes used in
arriving at atomic and molecular state descriptions is given in Appendix A;
the mathematical formulations of these principles are given in standard text-
books of quantum mechanics and spectroscopy, some of which are given in the
Additional Reading for Appendix A.

Absorption in the low-energy radio, microwave, or infrared spectral regions
results in no direct photochemistry unless very high-intensity laser radiation is
used, the excitation for the most part only increasing the rotational and
vibrational energies of the molecule and eventually being dissipated as heat.
Some deleterious physiological effects do result from overexposure to micro-
wave and infrared radiation (e.g., at radar installations or with improperly
controlled microwave ovens), but these presumably are due to excessive local-
ized heating. The chemical effects following illumination with very high-
energy radiation (x-rays and y-rays) are considered in Chapters 13 and 14.

It is worth noting that there is concern about the health effects of electric
and magnetic fields (EMFs), primarily in two categories: ELF-EMFs, or ex-
tremely low frequencies (mainly 60 Hz) from power lines, household appli-
ances, electric blankets, etc., and RF-EMFs, or radio frequencies transmitted
by cellular phone antennas (800-1900 MHz, the frequency range between
UHF radio/TV and microwave ovens). Although ELF-EMFs can have bio-
logical effects at very high intensities, electric fields are so greatly reduced by
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the human body that they are negligible compared with the normal body
background electric fields; even the largest magnetic field normally encoun-
tered (~3000 milligauss) will not induce an electric current density comparable
to that normally in the human body. Nevertheless, over the years several
epidemiological studies have suggested fairly weak associations between ex-
posures to ELF-EMFs, at levels found in typical residential areas, and some
types of human cancers, particularly childhood leukemia.* On the other hand,
there are other recent epidemiological studies that find no definitive link
between typical ELF-EMF dosages and childhood leukemia.® Reviews in
recent years have also arrived at conflicting conclusions. For example, one
review strongly states that “there is no conclusive and consistent evidence that
ordinary exposure to ELF-EMFs causes cancer, neurobehavioral problems or
reproductive and developmental disorders.”® However, an advisory panel to
the National Institutes of Health concluded that although there is a “lack of
positive findings in animals or in mechanistic studies,” ELF-EMF is a “possible
human carcinogen” and should be classified as such, and further strongly
recommended that more research is needed.”

Many laboratory and epidemiological studies have also been carried out
directed towards a possible link between RF-EMFs and brain cancer from
handheld cellular phones where the antenna is placed near the head, even
though they are operated at power levels (< 1W) well below which no
known biological damage occurs. Most of these studies are controversial and
inconclusive. However, the most recent (at the time of writing) reports—two
case-control studies® and one cohort study of almost half a million cell tele-
phone subscribers’—clearly find no association between cell phone usage and
cancers of the brain. All agree, however, that risks associated with long-term
exposures and/or potentially long induction periods cannot be ruled out. It is

“*For example, a highly cited reference is M. Feychting and A. Ahlbom, Magnetic fields and
cancer in children residing near Swedish high-voltage power lines, Am. J. Epidemiol., 138,
467-481 (1993).

Such as M. S. Linet et al., Residential exposure to magnetic fields and acute lymphoblastic
leukemia in children, N. Engl. J. Med., 337, 1-7 (1997); M. L. McBride et al., Power frequency
electric and magnetic fields and risk of childhood leukemia in Canada, Am. J. Epidemiol., 149,
831-842 (1999), and correction, 150, 223 (1999).

®National Research Council Committee on the Possible Effects of Electromagnetic Fields on
Biologic Systems, Possible Health Effects of Exposure to Residential Electric and Magnetic Fields.
National Academy Press, Washington, DC, 1997.

7NIEHS Report on Health Effects from Exposure to Power-Line Frequency Electric and
Magnetic Fields, NIH Publication No. 99-4493. National Institutes of Health, Bethesda, MD,
1999.

8]. E. Muscat et al., Handheld cellular telephone use and risk of brain cancer, JAMA, 284,
3001-3007 (2000); P. D. Inskip et al., Cellular-telephone use and brain tumors, N. Engl. ]. Med.,
344, 79-86 (2001).

°C. Johansen, J. D. Boice, Jr., J. K. McLaughlin, and J. H. Olsen, Cellular telephones and
cancer—A nationwide cohort study in Denmark, J. Natl. Cancer Inst., 93, 203-207 (2001).
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evident that continued long-term research is called for on the biological and
biophysical effects from low-dosage exposure to ELF-EMFs and to RF-EMFs.

Direct physiological and biochemical responses occur from exposure to
ultraviolet light. Because of the characteristics of atmospheric ozone absorp-
tion (see Section 5.2.3) and the degrees of deleterious biological effects
resulting from absorption in this spectral region, the near-ultraviolet region
(400-200 nm) is often divided into three bands: UV-A (400-320 nm), UV-B
(320-290 nm), and UV-C (290-200 nm). Generally speaking, the UV-C band is
virtually totally absorbed by atmospheric ozone and the UV-A band, although
transmitted by ozone, is not carcinogenic at reasonable exposure levels,'® so
the UV-B band—partially transmitted by atmospheric ozone (see later: Figure
5-4) and directly absorbed by specific molecules, such as DNA or proteins—is
for the most part the biologically active one.

The absorption of monochromatic electromagnetic radiation is given by the
Beer—Lambert law, which says that the probability of light being absorbed by a
single absorbing species is directly proportional to the number of molecules in
the light path, which in turn is proportional to the concentration ¢ (Beer’s law)
and the incremental thickness of the absorbing sample dx (Lambert’s law)

# = probability of light of intensity I being absorbed in thickness dx

= fraction that the intensity I is reduced in thickness dx
= —acdx (4-6)

where « is the proportionality constant. The negative sign is included to
account for the fact that the intensity is reduced by absorption, and thus dI
is negative. Assuming that ¢ and « are constant, integration of —ac dx from the
incident light intensity Iy at x =0 to [ at x

1 1 x
/ﬂ: dlnl:—/ ac dx (4-7)
n 1 0

0 Io

leads to

In (110) ~ ex (4-8)

or

= X (4_9)

9Radiation in the UV-A and visible regions has been implicated in malignant melanoma,
possibly through energy or free-radical transfer from the broadly absorbing melanin. See R. B.
Setlow, E. Grist, K. Thompson, and A. D. Woodhead, Wavelengths effective in induction of
malignant melanoma, Proc. Nat. Acad. Sci. USA, 90, 6666—6670 (1993).
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The absorbance A is
A= log(ITO) = gcx (4-10)

where & (= «/2.303) is the extinction coefficient.!' The fraction of light
absorbed is given by

I I

—=1-—=1-10"% 4-11

I T (4-11)
which holds for all concentrations. For small fractions of light absorbed—for
example, at low concentrations of absorbers in the atmosphere—the fraction is
directly proportional to the concentration of the absorbing species since
e ¥ =1 —y when y is much less than unity:

%: 1—1075% =1 — ¢ 2393%% =~ 2 303gcx (4-12)
0
This relationship cannot hold at high concentrations as is shown by going to
the extreme in the opposite direction, where 2.303gcx is very large, so that
essentially all the light is absorbed:
I, _
Lol (4-13)
Iy

The light intensity I is normally expressed as the rate at which energy is
transmitted through the cell or column of material, so that Ij is then the light
energy incident at the cell face per unit time—that is, it is the rate at which
photons pass through the cell face. For reasons that will be apparent later, it is
often convenient in photochemical systems to express the light absorbed, Ia, as
the concentration of photons absorbed per unit time (photons volume™!
time ') or alternatively of einsteins absorbed per unit time (einsteins volume ™!
time™!). In these cases, Iy is then the concentration of photons or einsteins
passing through the cell face per unit time.

The units of « and € are (concentration™! length_1 ), but obviously a variety
of units may be used for concentration and length, leading to different values
for a and . If ¢ is given in molarity M (mol/dm?) and x in centimeters, then «
and ¢ have the units M~'cm™! and ¢ is called the molar extinction coefficient,
em (sometimes referred to as the molar absorption coefficient or the absorp-
tivity). Frequently, however, in gaseous systems such as the atmosphere it is
convenient to express the concentration in pressure units. These are generally
related to concentration units at low pressures by the ideal gas equation

"The constant  is also sometimes called the extinction coefficient. In usage here, however, we
shall always refer to the extinction coefficient as the constant ¢ in the Beer-Lambert law in the
decadic (base 10) form, equation (4.10), and to « as the proportionality constant in equation (4-6).
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P = (n/V)RT = cRT, and therefore the temperature must be specified. If the
pressure is to be expressed in atmospheres, R = 0.08206 dm®atm - K 'mol .

If x is expressed in centimeters and the concentration of the absorbing
species in molecules per cubic centimeter, as commonly used by atmospheric
scientists, then the proportionality constant « in the base e form of the Beer—
Lambert law, equation (4-8), has the units cm?/molecule. This is called the
absorption cross section and given the symbol o. For very strongly absorbing
species, at maximum absorption o is roughly the order of magnitude of
physical cross sections of molecules. In most cases we will use this absorption
cross section and the symbol ¢ for expressing the absorption curves.

Table 4-3 summarizes and compares several of these Beer—-Lambert law
quantities for expressing the absorption of light by a single absorbing species.

As a comparison of these various ways of expressing the proportionality
constants, consider a hypothetical gaseous species at a pressure of 1 matm
(1073 atm) and 25°C (298.15 K) that absorbs 40% of the incident light in 1 cm
(i.e., is strongly absorbing). It follows from equations (4-9) and (4-12) that

em=35.43x10°M 'em™! =222 atm 'em™!
a=125%x10*M'em ! = 511 atm 'cm™*
and

o =2.1 x 10"Ycm? /molecule

Strictly speaking, the Beer—-Lambert law applies only to monochromatic
radiation, since ¢ is a function of wavelength. The extent to which use of
nonmonochromatic light leads to significant error in the determination of
concentration depends on the spectral characteristics of the absorbing and
illuminating system. If the extinction coefficient and incident intensity are
known as functions of wavelength, however, the total amount of light
absorbed may be obtained by integrating over all wavelengths. Also, if there
are i absorbing species or components present, the Beer—-Lambert equation in
base 10 form [equation (4-10)] becomes

TABLE 4-3

Beer—Lambert Law Quantities

Quantity Name Definition Units
A Absorbance log,o (Io/I) Unitless
a Proportionality constant [In.(Io/I)]/cx Concentration™! length~!

€
EM

Extinction coefficient
Molar extinction coefficient
Absorption cross section

llogo (Io/I)V/ex
[log,q (In/I)/c(mol/dm?)x(cm)
[In,(Ip/1)]/c(molecules/cm®)x(cm)

Concentration™! length™!
dm’mol 'em™!
cm? /molecule
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I — EiCiX

I_ 0% (4-14)
Iy

where the exponential part of the equation represents the sum of the gcx terms

for all the i absorbing species.

4.3 KINETICS OF THERMAL PROCESSES

Most chemical reactions are kinetically complex. That is, they take place by
means of a series of two or more consecutive steps rather than by means of a
single encounter of the reacting species. Nevertheless, the overall reaction
between, say, two reactants A and B can be represented by the generalized
equation

aA+bB — cC+dD+--- (4-15)

where the stoichiometry of the reaction is given by the coefficients a, b, ¢, d, . ..
The rate, v, is then given by the differential equation

_Ldna _ Ldmy _Ldng  1dno _
adt  bdt cdt ddt
where 7, is the number of moles of A, np is the number of moles of B, and so
on, and dny /dt is the change in the number of moles of A per unit time. For
reactions in which the volume of the system (V) is independent of time, the
molar concentration of A is [A] =#,/V and d[A] = Vdn,. Similarly, d[B] =
Vdng, d|C] = Vdnc,and d|D] = Vdnp. It follows that the rate of the reaction
per unit volume, 7, usually referred to simply as the rate of the reaction, is

v 1d[A] 1dB] 1d[C] 1d[D] _

TV ad - bdt cd dde )

In certain cases it is convenient to express the rate with respect to the rate of
change in concentration of a single reactant or product:

d[A] d[C]

ra = rate of change of A = ———, rc = rate of change of C = —— etc.

dt dt
(4-18)

(4-16)

However, it is important to remember that in general 75 # r¢, although the
two rates are related by the proportionality factor ¢/a.

The expression for the experimentally determined rate of reaction in terms
of the composition of the system can be quite involved. However, in many
cases at constant temperature it is of the form

7= KIAI"[BIICT D+ [X]" -+ (+19)
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where k is the temperature-dependent rate constant and X is neither a reactant
nor a product—that is, it is a catalyst. The overall order of the reaction is the
sum of the exponents « + B +y+8 + -+ + x + - - -, and the order with respect
to A is a, etc. For kinetically complex reactions there is in general no relation-
ship between the exponents a, B, v, andd in equation (4-19) and the coefficients
a, b, ¢, and d in the stoichiometric equation (4-135).

A special situation for equation (4-19) is the kinetically simple reaction that
involves only the single step of reactants coming together. In this case the rate
of the reaction at a given temperature is proportional only to the concen-
trations of the reacting species—that is, it does not depend on the nature or
concentrations of the products of the reaction. The overall order of the reac-
tion is then the number of reactant molecules (called the molecularity of the
reaction) that must come together in a single encounter for the reaction to
occur. Such reactions are called unimolecular, bimolecular, or trimolecular,
depending on the number of reactant molecules; this number can be one,
two, or three, respectively.'” Table 4-4 gives the rate expressions for the
various possibilities of kinetically simple reactions.

The integrated solutions of the corresponding differential equations [defined
by equation (4-17)] for the rates of these kinetically simple reactions, leading
to reactant concentrations as a function of reaction time #, can be obtained by
standard integration techniques.'® These integrated forms are used to obtain
reaction rate constants from experimental time-dependent concentration data.

A chemically complex reaction is the combination of two or more kinetic-
ally simple steps, giving the mechanism of the reaction. We will encounter
complex reaction mechanisms in Chapter 5 in connection with many physical
and chemical interactions occurring in the troposphere and stratosphere.
Simple differential equations can be written for each kinetically simple step
in a mechanism; however, integration of the new combined differential equa-
tion becomes difficult and in most cases impossible by the usual analytical
techniques, since products of one kinetically simple step generally become
reactants in one or more other steps in the mechanism.'* Numerical methods

12The probability that more than three molecules may come together in a single collision is so
small that such events are not considered in kinetic treatments.

13See C. Capellos and B. H. J. Bielski, Kinetic Systems. Wiley-Interscience, New York, 1972.
Two examples: For the unimolecular (first-order) reaction A — product, we have

_ 1 [A]
k=g (4-20)
and for the bimolecular (second-order) reaction A + B LN product, we write

1 [Alo[B]
k= In
t([Blo — [Alp)  [A][B],
MExamples of some solutions of complex reactions are given by Capellos and Bielski (see
note 13).

(4-21)



4. PRINCIPLES OF PHOTOCHEMISTRY 85

TABLE 4-4
Kinetically Simple Rates of Reaction

I. Unimolecular (first-order)

A —— products 7= k[A]

II. Bimolecular (second-order)
24 1, products r = k[A?
A+B~. products 7 = k[A][B]

III. Trimolecular (third-order)
345 products r = k[A]?
24+ B products 7= k[AJ*[B]
A+B+ C—— products  r = k[A][B][C]

of integration are now possible for very complex mechanisms utilizing the
tremendous computing power of present-day digital computers. Of course,
justification of a mechanism (or model) by computer simulation of this type
requires good rate constants and spatial and temporal (space and time) behav-
ior of all pertinent species.

Two time quantities are sometimes used to describe the extent of a chemical
reaction. One is the half-life, t,,, which is the time required for the reaction to
be half-way completed; the other is the mean-life, T, which is the average of the
lifetimes of all the reacting molecules. In general ¢/, and 7 depend on the
concentrations of the species involved in the reaction. A unique case (and one
for which #;/, and 7 are frequently used) is that of a first-order reaction A —
products (such as radioactive decay; see Chapter 13), where it can be shown
that 1, and 7 are independent of concentration:

In2  0.693

tl/z = T k (4'22)

and

=7 (4-23)
The mean-life 7 for a first-order reaction is the time required for the concen-
tration of the reactant to decrease to 1/e(1/2.718) of its initial value, in
contrast to ¢ 5, which is the time required for the concentration of the reactant
to decrease to half of its initial value.
The dependence of the rate on temperature is embodied in the rate constant
k. The most useful relationship expressing this dependence is the empirical
Arrhenius equation

k= Ae H/RT (4-24)
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or

Eq
RT

In this treatment the preexponential factor A and the activation energy E, are
assumed to be temperature independent, so that from equation (4-25) a plot of
In k vs 1/T should be linear, with a slope equal to —E,/R. This behavior is
found to be the case for many reactions, and this method involving the plot of
In & vs 1/T is the most common one for experimentally determining E,.
However, Arrhenius behavior will not necessarily be followed for kinetically
complex reactions, and indeed reactions with very marked deviations from
that predicted by equation (4-25) are encountered.

The simple collision theory of chemical kinetics, applicable to kinetically
simple bimolecular gas-phase reactions between two unlike hard-sphere
species 1 and 2, considers the rate of reaction 7 ( = kcyc;) to be proportional
to the frequency of bimolecular collisions Z1,. The proportionality constant
equating » and Z1, includes the Boltzmann factor [equation (4-2)], which in
this case is the fraction of molecules in two dimensions defined by the trajector-
ies of motion of two colliding particles with energies equal to or greater than a
potential energy barrier E.. Note that this is the same form of exponential term
found in the Arrhenius equation (4-24); the difference between the two is that E,
is the experimentally determined empirical activation energy, whereas E. is
associated with a specific potential energy barrier that must be overcome for
the kinetically simple reaction to occur. The rate is also proportional to a
temperature-independent steric factor p, which allows for the possibility that
not all colliding particles with sufficient energy to overcome the potential
barrier do actually react. (For example, the molecules might not react unless
they are in a particular orientation.) Thus,

Ink=InA —

(4-25)

r= pZue’EC/RT =kcicy (4—26)
so that
Z
k=p(Z2)e BT = pZie PR (4-27)
c1C

where Z', is the specific collision frequency and is proportional to T'/2. The
preexponential term in the Arrhenius equation (4-24) is therefore slightly
temperature dependent, and this is in fact observed for reactions with low or
zero activation energies, although any small temperature effect in this term is
completely masked by the exponential term for reactions with large activation
energies. For small species such as atoms and diatomic molecules,
Z1» ~2 x 10710 cm?® molecule 's~!. If the reaction goes at every collision
(i.e., E. = 0,p = 1), then k = Z, and is called the collisional rate constant.
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A kinetically simple trimolecular gas-phase reaction requires the simultan-
eous encounter of three molecules. Collisions of this type (triple collisions) are
very rare in comparison to binary collisions and are usually encountered only
in two-body gas-phase combination reactions where simultaneous conserva-
tion of energy and momentum requires the presence of a third body. Trimole-
cular atom or small-radical combination processes in the presence of inert
third-body molecules typicallgl have triple-collision rate constants of the
order of 10732 cm® molecule™ s~'. We will see several reactions of this type
in Chapter 5.

4.4 KINETICS OF PHOTOCHEMICAL PROCESSES

The second principle of photochemistry, that absorption is a one-photon
process, taken together with quantum theory, requires that each quantum
that is absorbed bring about a change (excitation) in that one molecule. In
essence, this may be considered to be a “bimolecular” process involving
interaction of one photon and one molecule. What happens to the excitation
energy, however, depends on the amount of energy absorbed and the nature of
the excited molecule. For example, the excited molecule can “lose” all or part
of its excitation energy by transferring energy to another species via a non-
reactive collision (collisional quenching), or it can emit energy in the form of a
photon of light (fluorescence or phosphorescence). Or, the excited molecule
may undergo chemical processes (isomerize, dissociate, ionize, etc.), undergo
chemical reactions with other species, or transfer its energy by collision to
another molecule that ultimately results in a chemical transformation (sesnsi-
tization). Thus, the overall number of molecules reacting chemically as a result
of this absorption of a single photon may be virtually any value ranging from
zero to a very large number (> 10°). This latter is interpreted as arising from
subsequent thermal chain reactions. We will encounter various reactions rep-
resenting these physical and chemical processes in subsequent chapters.

The efficiency of a photochemical reaction is the quantum yield. The overall
quantum yield ®; of a substance J, which may be a specific reactant or a stable
product, is simply the total number of the specific reactant molecules lost or
stable product molecules formed for each photon absorbed. Thus, for the
generalized reaction (4-15):

number of A molecules reacted
Dy =

number of photons absorbed

_ number of moles of A reacted (4-28)
"~ number of einsteins absorbed

and
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number of C molecules produced

bc = number of photons absorbed

_ number of moles of C produced (4-29)
~ number of einsteins absorbed
Since 74 is the rate that A reacts, r¢ is the rate that C is produced, and I, by

definition is the rate of light absorption, it follows that

Dy =2 D ="C etc. (4-30)
I, I,

This overall quantum yield ®; represents the overall efficiency of the reac-
tion initiated by the absorption of light, which does not have to be absorbed
explicitly by a reactant molecule. As already pointed out, however, the initial
excitation act of absorption of a photon of light by a molecule X,

X X (4-31)
may be followed by a variety of physical and chemical primary processes
(fluorescence, deactivation, sensitization, etc.) involving the excited molecule
X*. (Subsequent thermal chemical and physical reactions are considered sec-
ondary processes.) We can define a primary quantum yield &; as the fraction of
X* molecules undergoing a specific (ith) primary process. Thus, for fluores-
cence, f, in which light is emitted by an excited molecule,

number of X* molecules emitting light

= 4-32
& number of photons absorbed by X ( )
_ fluorfzscence rate. e (4-33)
rate of light absorption I,
Thus, in general, for the ith primary process the rate 7; is
1= ¢l (4-34)

The symbol hv above the arrow in reaction (4-31) indicates that this is the
light-absorbing reaction. Although this symbol should be used only for the
kinetically simple light-absorbing step, it is often used even in the overall
stoichiometric equation to signify a light-initiated reaction in which the overall
mechanism consists of a complete set of primary and secondary processes.
Since the energy of an absorbed photon has to go somewhere, to the extent that
light absorption is a “one-for-one” event (the second principle of photochem-
istry), the maximum value for a single individual primary quantum yield is
unity and the sum of all of the primary quantum yields for both physical and
chemical processes must be unity:

Zd”' =1 (4-35)
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where the summation includes all i modes of disappearance of the photoex-
cited species, including direct chemical reaction.
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4.1. Ozone, O3, is a weak absorber of electromagnetic radiation in the UV
spectral region; its maximum absorption in the near ultraviolet region is
at 255 nm. .
(a) Calculate the energy of a 255-nm photon in angstrom units (A).
(b) Calculate the energy of a 255-nm photon in joules per photon, in
kilojoules per einstein, and in electron-volts.
(c) Calculate the frequency of a 255-nm photon in reciprocal seconds and
in reciprocal centimeters.
(d) Calculate the momentum of a 255-nm photon in: kilogram-meters
per second and in gram-centimeters per second.
(e) How does the momentum of a 255-nm photon compare with the
momentum of an ozone molecule at 25°C moving at a velocity of
400 m/s—that is, what is Pphoton/Pozone?
4.2. Give the spectral region in which each of the following photons might
absorb: .
(a) a 5000-A-wavelength photon
(b) an 8-eV-energy photon
(c) a 200-mile-wavelength photon
(d) a 10'3-s~!-frequency photon
(e) a S-cm-wavelength photon
4.3. Nitrogen dioxide (NO;) is a major participant in photochemical smog

(Chapter 5). It absorbs visible and ultraviolet light, with maximum
absorption at 400 nm, where its absorption cross section ¢ is 6 x 10~1°
cm? /molecule.

(a) Calculate its molar extinction coefficient gy at 400 nm and its extinc-

tion coefficient at 400 nm and 20°C in units of atmtcm™!.
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EXERCISES

4.4.

4.5.

(b) Assume that the concentration of NO; in a polluted atmosphere
above a city is constant at 2 x 10'?> molecules/cm? to an altitude of
1000 ft and that the temperature is also constant at 20°C. Calculate
the percent of sunlight absorbed by the NO, at 400 nm.

EDTA (ethylenediaminetetraacetic acid, MW 292.2) is an important

industrial complexing agent (Section 9.5.6). It is poorly degraded in

municipal sewage treatment plants and therefore is found in many surface
waters. However, it forms a complex with the ferric ion (Fe*"), Fe(IIl)-

EDTA, which can be photochemically degraded [F. G. Kari, S. Hilger, and

S. Canonica, Environ. Sci. Technol., 29, 1008-1017 (1995)]. At 366 nm,

the molar extinction coefficient of Fe(Il)-EDTA is 785 dm’mol 'cm~!

and the quantum yield of degradation is 0.034. In a sample of river water,
the concentration of EDTA was found to be 280 pg/dm’.

(a) Calculate the fraction of light absorbed in 1-cm thickness (light path)
of the river water sample at 366 nm if sufficient ferric ion is added to
complex all the EDTA.

(b) The intensity of 366-nm sunlight is approximately 10'* photons
cm3s71. Calculate the time required to degrade all the Fe(III)-
EDTA in one cubic centimeter of the sample in a cell 1 cm thick,
assuming that the rate of the reaction does not change as the
absorbing material is used up (a very poor assumption!).

We will see in Chapter 5 that the abstraction reaction of a hydrogen atom
from an alkane molecule by an hydroxyl radical is an important initiating
step in many atmospheric decomposition processes. This is a kinetically
simple bimolecular reaction:

RH + -OH —~ R + H,O

At 298 K (25°C), the rate constant oz = 6.9 x 10~ cm3molecule 's~!

for RH = CHy4. Assume that you could have a closed flask containing

initially methane and the hydroxyl radical at their estimated daytime
concentrations in a  typical polluted urban  atmosphere:

[CH4) = 4.2 x 10" molecules/cm? and [{OH] = 2.5 x 10¢radicals/cm’.

(a) Calculate the initial rate of the reaction 7,

(b) Calculate the time required for half the -OH radicals in the flask to
be used up. (Hint: The initial concentration of methane is much greater
than that of the hydroxyl radical, so the methane concentration can be
assumed to be constant, giving an apparent first-order reaction.)

(c) Assume now that all sources of methane in the troposphere were
suddenly stopped, but that the hydroxyl radical concentration
remained constant. Calculate how long it would take for half the
methane molecules to be used up, assuming that the foregoing reac-
tion is the only one leading to the disappearance of methane.



ATMOSPHERIC PHOTOCHEMISTRY

5.1 INTRODUCTION

We have already noted some of the important photochemical reactions occur-
ring in the atmosphere that are important to the nature of our environment. In
Section 2.3.4 we saw that photodissociation of water vapor in the upper
atmosphere may be an important source of atmospheric oxygen. Molecular
oxygen is photodissociated into oxygen atoms in the thermosphere, meso-
sphere, and upper stratosphere, and in so doing it absorbs most of the high-
energy radiation below 180 nm. Ozone is produced in the stratosphere by the
combination of an oxygen atom and an oxygen molecule. We saw in Section
2.5 that O3 extends the earth’s shield against lethal ultraviolet radiation from
180 nm to about 290 nm. The troposphere connects the biosphere (i.e., the
earth’s surface) to the stratosphere and therefore is closely involved in the
chemistry of both. For example, anthropogenic emissions of oxides of nitrogen
and hydrocarbons, from internal combustion automobile engines and station-
ary furnaces, are major contributors to photochemical reactions in the tropo-
sphere that drastically affect the quality of our environment. Strong vertical
mixing occurs in the troposphere, allowing species like methane and water that

91
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are produced naturally, as well as anthropogenic substances such as oxides of
nitrogen and chlorofluorocarbons, to be transported upward to contribute to
photochemical processes occurring in the stratosphere.

It is pointed out in Chapter 4 that while direct photochemistry is primarily
limited to initiation by electronic excitation of the absorbing molecule, differ-
ent electronic states can result from absorption in different spectral regions,
which in turn may lead to different intermediate electronic species and chem-
ical products. A summary of the methods for generating the designations (or
term symbols) for atoms and simple molecules is given in Appendix A. The
following is a brief summary of these state designations.

The term symbol for an atom can be written in terms of atomic quantum
numbers S, L, and | as

(ZS+1)L]

where S represents the net (i.e., the resultant or vector sum) spin angular
momentum (or simply the spin) of all the electrons of the atom; it can be
zero or an integral number for an even number of electrons in the atom, or
a half-integral number for an odd number of electrons. The quantity (25 + 1)
is called the multiplicity. The quantum number L describes the net electronic
orbital angular momentum, and is given the symbols S, P, D, E, ..., for the
allowed values of L =0,1,2,3, ..., respectively. | is a quantum number
designating the total angular momentum of the atom—that is, the vector
sum of the spin (S) and orbital (L) angular momenta. For example, for
an oxygen atom (eight electrons) in its lowest (ground) electronic state,
S=1, L=1, and ] =2, so the term symbol for the ground-state O atom
is 3P2.
For a diatomic molecule, the total term symbol is often given as

(25+1)A(+ or —)
(g or u)

where S and (25 + 1) are the same as for atoms, A represents the total
orbital angular momentum along the internuclear axis (analogous to L, A
is given the symbols 2, I, A, ®, ..., for A =0,1,2,3, ..., respectively), and
(g or u) and (+ or —) are associated with two types of symmetry operation
that the diatomic molecule can undergo. States in which § =0, 1/2, and
1 (multiplicity = 1, 2, and 3) are called singlet, doublet, and triplet states,
respectively.

For polyatomic molecules, in many cases it is sufficient to designate an
excited state in terms of the type of molecular orbital from which an electron
is excited (the initial state) and the molecular orbital to which it is excited (the
final state). In addition, the multiplicity (28 + 1) of the molecule is included in
the designation. Specific examples are given in Appendix A.
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Radiative absorption leading to transitions between electronic states (in
contrast to collisional energy transfer) are limited by selection rules. The
following rules give the allowed transitions:'

1. For atoms:
(a) AS =0 [A(multiplicity) = 0]; transitions where AS # 0 are called spin-
forbidden
(b) AL =0, + 1
(c) AJ=0, £1,but ] =0 — J = 0 is not allowed
2. For diatomic and light-nuclei polyatomic molecules:

(a) AS=0
(b) AA=0, +1
(c) ue—g;

Sometimes we will use the complete designations to provide specific in-
formation about the states. In other situations, where a specific state is not
key to our understanding of the system or the process being given, involve-
ment of an electronically excited state generally is represented simply by an
asterisk (*). If no designation is used, the species is in its ground electronic
state.

5.2 REACTIONS IN THE UPPER ATMOSPHERE
5.2.1 Nitrogen

We have seen that molecular nitrogen is the most prevalent species in the
atmosphere. The reason that nitrogen is not so important photochemically is
its large bond energy (7.373 €V, corresponding to a photon of wavelength A =
169 nm), which limits its photodissociation chemistry to areas above the ozone
layer. Molecular nitrogen absorbs only weakly between 169 and 200 nm,
absorption in this region leading to a spin-forbidden excitation from ground-
state N, to the (3;) excited state

N, 2 N, (35H) (5-1)

"The selection rules are given here without proof or justification, which can be found in
standard quantum mechanics and spectra reference books, such as M. D. Harmony, Introduction
to Molecular Energies and Spectra, Holt, Reinhart, & Winston, New York, 1972, pp. 450-455.
Strictly speaking, these selection rules are valid (“allowed” transitions) only for small molecules
made up of light atoms; “forbidden” transitions can occur in larger molecules, particularly those
containing heavy atoms, but they are generally of very low intensity.
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that is a source of highly excited oxygen atoms by transfer of energy through
collisions with ground-state O:

N, (330) +0 — N, +0(1S) (5-2)

With photons of wavelengths below 100nm, photodissociation occurs,
possibly through photoionization and dissociative recombination involving
ground-state O, and producing nitric oxide (NO)*:

N, hv (< 100 nm) N; ‘e (5_3)
Nj +0; — NO"™ +NO (5-4)
NO" +e¢” - N"+0O (5-5)

An energetically excited nitrogen atom can be collisionally deactivated to the
ground state by O, producing singlet oxygen (discussed in the following
section),

N*+ 0, — N+ 0,('4,) (5-6)
or it can react with O, to produce NO:
N*+0, = NO+O0O (5-7)

Nitric oxide might also be expected to form by direct combination of
ground-state nitrogen and oxygen atoms,

N+0 -2 _.NO (5-8)

where M can be any other atomic or molecular species such as N, O, N3, or
O;. This is a kinetically simple trimolecular reaction that occurs at essentially
every triple collision between an N, an O, and an M species with a rate
constant of the order of 10732 cm® molecule *s~! (see Section 4.3). However,
since photodissociation of N, only occurs at high altitudes above the ozone
layer where the total concentration of M is very small, this recombination
reaction is not a significant source of atmospheric NO.

As we will see in Sections 5.2.3, 5.3.2, and 5.3.3, NO plays a significant role
in stratospheric photochemistry and it is also an important constituent in
photochemical smog in the troposphere. At stratospheric heights it comes

2NO has an odd number of electrons (15), and therefore one of them must be unpaired. This
unpaired electron occupies an antibonding 7 orbital and is spread over the whole molecule.
Nitrogen dioxide (NO,) also has an odd number of electrons (23) and thus also an unpaired
electron, but in this case the electron is mostly localized on the N atom. Although NO and NO, are
technically free radicals and are involved in many free-radical reactions, in this book we will not
indicate the lone (unpaired) electron on each of them as a dot; this will also be the case for atoms
with odd numbers of electrons, such as hydrogen or the halogens. The dot will be used on other
free radicals in this book.
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mainly from nitrous oxide, N>O, by reaction with excited O('D,) oxygen
atoms:

N,O +O('D;y) — 2NO (5-9)

It is generally accepted that the N,O is not produced directly in the atmos-
phere, but rather in the biosphere, primarily by microorganism reactions in
soils and oceans (roughly two-thirds natural, one-third anthropogenic). Ni-
trous oxide is a strong greenhouse gas (Table 3-2). It does not react with the
hydroxyl radical (-OH, the major initiator of removal of most trace gases in
the atmosphere—see Section 5.3.2), nor does it absorb light above 260 nm, and
therefore it is very stable in the troposphere. It is transported to the strato-
sphere primarily by large-scale movements of air masses within the tropo-
sphere. The concentration of N, O in the atmosphere is now increasing above
the preindustrial level at a rate of approximately 0.25% /year, due in large part
to anthropogenic biomass burning and bacterial oxidation of fertilizer nitro-
gen (NHI).3 In addition to reaction (5-9), N, O is destroyed in the stratosphere
by photolysis. It absorbs light in a broad continuum starting at 260 nm, with a
maximum at about 182 nm. The major photodissociation reaction is

N,O hv (< 260 nm)

N, +O('D,) (5-10)

providing one stratospheric source of excited !D; oxygen atoms. Other sources
are discussed in the following section.

5.2.2 Oxygen

By far the most abundant photochemical reaction in the upper atmosphere is the
photolysis of molecular oxygen. Figure 5-1 shows the potential energy curves
for the various electronic states of O, of importance to us; Figure 5-2 is the
absorption spectrum in the far-ultraviolet and vacuum ultraviolet regions (note
logarithmic absorption cross section vertical axis). It was shown in Section 4.2.1
that the bond dissociation energy of oxygen (5.1 eV, or 492 kJ /mol) corresponds
to a photon of wavelength 243 nm. Oxygen actually begins to absorb just below
this wavelength, at 242.2 nm, in a spectral region known as the Herzberg
continuum. Absorption is very weak (o 2 10723 cm?/molecule at 202 nm),
but the spectrum is a continuum in this region, indicating that dissociation
occurs with ¢ = 1. Actually, excitation is to the weakly bound 33 state (Figure
5-1, curve A) which rapidly dissociates into two ground-state atoms:

0(°5;) 2 0,(5)) - 20 (5-11)

3See Figure 10-6.
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FIGURE 5-1 Potential energy curves for molecular oxygen. X = 32;, a=1!A,, b= 12;,

A =3%",B=3%_. Drawn from data of F. R. Gilmore, J. Quant. Spectroscopy Radiat. Transfer,
5, 369-390 (1965).
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FIGURE 5-2 Absorption spectrum of molecular oxygen (note logarithmic vertical axis). The
dotted line is the Schumann-Runge banded region. Drawn from data of M. Ackerman, in Meso-
spheric Models and Related Experiments, G. Fiocco, ed., D. Reidel, Dordrecht, 1971, pp. 149-159.
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The very weak absorption shown in this case is a good example of the conse-
quence of selection rule violation, the specific one in this case being that
excitation from a negative (superscript —) to a positive (superscript +) state
is a forbidden transition. The other selection rules given in Section 5.1 for
diatomic molecules are obeyed, however.

Below 205 nm the absorption spectrum becomes much stronger and banded
(the Schumann—Runge bands). The appearance of the banded spectrum rather
than a continuum shows that absorption is now to a different potential
energy curve from which dissociation no longer occurs at these energies. The
Schumann-Runge bands get closer together as the wavelength decreases,
and at 175nm the bands blend together into a continuum known as the
Schumann—Runge continuum which reaches maximum absorption at approx-
imately 147 nm. Excitation in this Schumann-Runge region is to the bound
33, state, curve B of Figure 5-1:

0, (P, ) L 0, (5y) (5-12)

This is an allowed transition, hence has a large absorption cross section
(Omax = 1.5 x 1077 cm? /molecule). The 33 state dissociates at wavelengths
shorter than 175 nm into one ground-state and one excited ('D;) oxygen atom:

0’5, ) S 04 0('Dy) (5-13)

The difference between the bond dissociation energy of O, into two ground-
state oxygen atoms (492 kJ/mol) and the start of the Schumann-Runge con-
tinuum (175 nm, corresponding to a photon energy of 682k]J/einstein) is
190k]J/mol, which is the energy needed to excite an oxygen atom from its
ground (3P,) state to the excited (!D;) state. This is a large excitation energy,
making the 'D, atom a very reactive and important species in stratospheric
and tropospheric photochemistry.

Below 130 nm there is sufficient energy to produce oxygen atoms in even
higher electronic states, and some dissociation to the S state also takes place,

0, EBM 64 0(1sy) (5-14)

and below 92.3 nm two excited atoms are produced

hv .3nm
0, =223 H6(18,) (5-15)
However, the ionization potential of O,, 12.15 eV, corresponds to a photon of
wavelength A = 102 nm, and therefore a more likely reaction below 102 nm is
photoionization

hv (< 102 nm)
0,

05 +e (5-16)
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followed by dissociative recombination. Reactions (5-17) and (5-18) are two
possible examples of this type of process:

03 +e — O('Sy) + O + 269 k] /mol (5-17)
O3 +e — O('So) + O('D2) + 80k]/mol (5-18)

with (5-17) found to be the favored reaction.

Two other excited electronic states of O, are important in atmospheric
photochemistry because of specific reactions to be discussed later with refer-
ence to their possible roles in the photochemical smog cycle, ozone photolysis,
and photooxidation reactions with olefins. These are the 'A, (“singlet
oxygen”) and 12; states, with energies 94.1 and 157k]J/mol, respectively,
above the ground state (Figure 5-1). Direct excitation from the triplet ground
state to either of these states is spin forbidden, and therefore oxygen absorbs
only very weakly around 760nm (157 kJ/mol), giving a banded spectrum
called the atmospheric bands. The reverse radiative process is of course also
spin forbidden and these states, when produced, are therefore relatively stable
in the atmosphere, a factor contributing to their importance; the radiative
lifetime of 'S is 12's, while that of YA, is 60 min. Furthermore, nonreactive
deactivation by collision with other species, called collisional quenching, is
also inefficient, the rate constants of deactivation by collision with ground-
state O, being 5 x 1016 and 2 x 108 cm® molecule ' s~! for the 12; and
1A, states, respectively.” In the absence of collisional quenching, the emissions
from the normally “forbidden” radiative transitions

0, (12;) — Oy + hv(762 nm) (5-19)
and
0, ('Ag) — O + hv(1270 nm) (5-20)

turn out to be two of the most intense bands in the atmospheric airglow and in
auroral displays.> The 12; state also relaxes to the 'A, state by collisional
deactivation.

Ground-state oxygen atoms can combine to form ground-state O, by the
three-body recombination reaction

200 .0, (5-21)

*If deactivation occurred at every collision, the quenching rates would be approximately
4 % 10° and 108 times faster, respectively. See Section 4.3.

3 Airglow is the faint glow of the sky produced by solar photochemical processes; it occurs at all
latitudes. The aurora is produced by impact of high-energy solar particles; it is more intense than
the airglow, but it is irregular and occurs near the poles.
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where M can be another oxygen atom or any other atomic or molecular
species. If reaction (5-21) is kinetically simple and therefore trimolecular,
then

r = k[O]*[M] (5-22)

The rate constant k for this reaction is very nearly temperature independent.
In fact it has a slightly inverse temperature behavior, the rate decreasing with
increasing temperature, implying a negative activation energy, which of course
is physically impossible if activation energy is considered to be the height of a
potential barrier.® The rate constant is also of the order of magnitude of the
collisional frequency for triple collisions, indicating that the three-body recom-
bination (5-21) occurs essentially at every encounter. Even so, at the very low
pressures encountered in the upper atmosphere—for example, 3 x 10~ bar at
100 km (see Table 2-4)—the rate of reaction (5-21) is small compared to the
rate of O, photodissociation, and therefore above 100 km the primary oxygen
species present is atomic oxygen.’

It has been seen that excited singlet (D, and 'Sy) atoms are formed from
the photodissociation of molecular oxygen below 175 nm. These species also
relax to lower electronic states with emission of light:

O('Sy) — O('Dy) + hv(557.7nm) (5-25)
O('D;) — O(*P2) + hv(630 nm) (5-26)

Again, both are “forbidden” transitions and therefore show only weak
emission contributing to the airglow and aurora. Below 140km, however,
collisional deactivation to the triplet ground state with any atomic or molecu-
lar species M may become the dominant reaction, particularly with O ('D,). If

°The reason for the negative activation energy is that oxygen atoms form an unstable intermedi-
ate complex with M, O-M, which then reacts with another O atom to produce O;. As the
temperature is raised, O-M becomes more unstable so that its concentration is decreased, thereby
decreasing the rate at which O*M reacts with O, hence decreasing the overall rate of O, formation
represented by reaction (5-21). Since reaction (5-21) is now kinetically complex, as pointed out in
Section 4.3.1, the interpretation of the experimental activation energy as the height of a potential
energy barrier is not valid. Assuming equilibrium between O, M, and O*M leads, however, to the
same rate law as that for the trimolecular reaction (5-22). At extremely high pressures, well beyond
those in any part of the atmosphere, the order of the reaction would decrease from third order to
second order.

“It should be noted that radiative recombination processes are possible:

20(°P) = 05 ('3 ) + b (5-23)
O(P2) +0('D2) = 0 (°%, ) + b’ (5-24)

However, these reactions are also governed by spin conservation and atomic radiative selection
rules, and they also are negligible in comparison to O, photodissociation.
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M is ground-state O,, electronic energy is transferred and O, is excited to its
12; state

O('D2) + 0, — 0+ 0,('3}) (5-27)
which decays collisionally to the 'A, state:
0,(13)) —— 05(1a,) (5-28)

An important aspect of this energy transfer or sensitization is that spin is
conserved. That is, the oxygen atom undergoes a singlet—triplet transition
while the reverse triplet—singlet reaction occurs with molecular oxygen, so
that total reactant and product spins are the same. This is a very efficient
process under exothermic conditions, probably occurring within an order of
magnitude of collisional frequency, and therefore reaction (5-28) is one of the
major sources of “singlet oxygen” O,('A,) in the atmosphere.

5.2.3 Ozone

5.2.83.1 Ozone in a “Clean” Stratosphere

Below 100 km into the midmesosphere region, the three-body recombination
of O atoms, reaction (5-21), becomes potentially important because of the
increasing total third-body pressure. However, the O, concentration is also
increasing as we go to lower altitudes, increasingly leading to absorption of the
solar radiation below 243 nm. Photodissociation of O3 is decreased, lowering
the O atom concentration. Since the rate of reaction (5-21) varies as the square
of the O atom concentration (5-22), this three-body recombination becomes
insignificant below the stratopause at approximately 50 km. However, another
three-body recombination between a ground-state oxygen atom and a ground-
state oxygen molecule to produce ozone

0+ 0, —2— 035 r = k[0][02][M] (5-29)

does occur in this region [even though the trimolecular rate constant of (5-29)
is less than that of reaction (5-21)] since it depends only linearly on the O atom
concentration and the much higher O, concentration.®

Reaction (5-29) is the exclusive source of ozone in the stratosphere and
mesosphere (as well as being the only source of ozone in the troposphere,
although the source of O atoms is different: see Sections 5.3.2 and 5.3.3), and

80 and Oj are often referred to as “odd oxygen,” O,.
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is a major source of destruction of O atoms.” Despite its small concentration (it
does not exceed 10 ppm anywhere in the atmosphere), ozone is one of the
atmosphere’s most important and remarkable minor constituents. It is found
throughout the atmosphere, but particularly in the stratosphere in a well-
defined layer between 15 and 30 km altitude. Since its production depends
on the photodissociation of molecular oxygen by the sun, it is produced
primarily in the stratosphere near the equator and transported toward the
Arctic and Antarctic poles.'® As pointed out in Chapters 2 and 3, not only
does it provide the shield for the earth against damaging ultraviolet radiation,
but also, through absorption of this radiation, it becomes the main energy
reservoir in the upper atmosphere, hence a factor in climatic regulation. On the
other hand, ozone is one of the most toxic inorganic chemicals known, and its
presence at relatively high concentrations in lower atmosphere polluted air
makes it a potentially dangerous substance for humans and other organisms.

The bond dissociation energy of ozone is only 101 k] /mol, corresponding to
a photon of wavelength of 1180 nm, and the primary quantum yield of dissoci-
ation is unity throughout the visible and UV regions. However, ozone absorbs
only weakly in the visible region (Chappuis bands), leading to ground-state
species

0, M9 5 10 (5-30)
The wavelength of maximum absorption in the visible is 600 nm,
Omax = 5.6 x 10721 cm? /molecule.

The major absorption of ozone, known as the Hartley continuum (shown in
Figures 5-3 and 5-4), is in the ultraviolet commencing at 334nm with
Amax = 255.5nm, Omax = 1.17 x 1077 cm? /molecule. This ultraviolet pho-
tolysis is quite complex, involving extensive secondary reactions. At wave-
lengths exceeding 310 nm, the predominant dissociative reaction is

03 hv (> 310 nm) O+ 02 (1Ag or 12;) (5_31)
but below 310 nm it is primarily
hv (< 310 nm
05 30 6 (1D,) + 0, (1A,) (5-32)

°It has been proposed that the reaction between a highly vibrationally excited ground-state
oxygen molecule and another ground-state O, molecule, and/or the reaction of a vibrationally and
electronically excited 33" oxygen molecule with a ground- state oxygen molecule, may also lead to
the production of atmospheric ozone. See T. G. Slanger, Energetic molecular oxygen in the
atmosphere, Science, 265, 1817-1818 (1994).
OHowever, the ozone concentrations are about twice as large at the poles as at the equator
because, until recently—see Section 5.2.3.2—there were very few ozone-destroying reactions
occurring at the poles.
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FIGURE 5-3 UV-C absorption spectrum of ozone at 298 K. Drawn from data of L. T. Molina
and M. J. Molina, J. Geophys. Res., 91, 14,501-14,508 (1986).
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FIGURE 5-4 UV-B absorption spectrum of ozone at 298 K. Drawn from data of L. T. Molina and
M. J. Molina, J. Geophys. Res., 91, 14,501-14,508 (1986).
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and this is another primary source of singlet oxygen in the atmosphere.'!

The several O, and O3 photodissociation reactions just given may produce
excited states of O and/or O, as dissociation products, depending on the
absorbed wavelengths. However, collisional deactivation of the excited states
in general is so rapid even at stratospheric pressures that only the ground-state
allotropic forms of oxygen (O, O,, and O3) need to be considered in a natural
or “clean” stratosphere.'* In the following we will therefore write the photo-
dissociation reactions for O, and O3 simply as

0, 2% 50 (5-36)
and
0, "% 0410, (5-37)

Total stratospheric formation of ozone is given by combination of reactions
(5-29) and (5-36):

v (0,),M

30, 204 (5-38)

This represents direct conversion of solar energy to thermal energy and leads
to stratospheric heating. A tremendous amount of solar energy is involved:
the average rate of energy conversion for the whole earth is greater than
2 x 10'9k]J /s (kW), which is over three times the total human rate of energy use.

Ozone is destroyed by photolysis (5-37) and by reaction with ground-state
O atoms

MRecent studies [A. R. Ravishankara et al., Science, 280, 60 (1998) and included references]
indicate that O('D,) atoms can be formed at wavelengths at least as great as 330nm by the
photolysis of internally excited (IE) ozone molecules, O3(IE),

hv (> 310nm)
_

05(IE) O('Dy) + 02 ('4y) (5-33)

and, to a much lesser extent, by the “spin-forbidden” (see Section 5.1) reaction

hv (> 310nm)
O3

1 39—
o('D) + 0, ) (5-34)
However, in a “dirty” atmosphere that includes species other than just the oxygen allotropes
(e.g., water), singlet O('D;) atoms initiate many of the important free-radical reactions in the
atmosphere, such as formation of the hydroxyl (-OH) radical:

O('Dy) + H,0 — 2:0H;  kysg = 4.3 x 107> cm® molecule ' s~ (5-35)

The importance of the O('D;)—producing reactions above 310nm given in footnote 11—is
emphasized by the roughly threefold increase in solar intensity at sea level between 310 and
330nm (Figure 3-4). Atmospheric reactions involving O('D,) atoms and the hydroxyl radical
are covered in following sections.
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FIGURE 5-5 Atmospheric temperature and ozone concentration profiles. Note that the ozone
concentration axis is logarithmic.

0;+0 — 20, (5-39)
so that the total destruction in a “clean” stratospheric atmosphere—combin-
ation of reactions (5-37) and (5-39)—is

20; M%) 30, (5-40)

Combination of the four reactions (5-29), (5-36), (5-37), and (5-39) is
known as the Chapman cycle, proposed in 1930 as a theoretical explanation
of the stratospheric ozone layer:

hv(02),M

30, 205 (5-41)

1711(03)

This leads to a photostationary state'® in the stratosphere and at least
qualitatively justifies the temperature inversion at the stratopause, the tem-
perature maximum at approximately 50km, and the ozone concentration
maximum at approximately 22 km (Figure 5-5). It should be emphasized,
however, that stratospheric ozone concentrations also depend to a large extent
on many physical factors, such as the latitudinal and zenith angle variations of
the solar intensity and vertical and horizontal global air transport. It turns out

3That is, a “quasi-equilibrium,” where the ratio of component concentrations is maintained
constant as long as the light intensity is constant, giving the appearance of an equilibrium.
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that stratospheric ozone is also affected by reactions involving species other
than the three oxygen allotropes, even though these other species are present
only in trace amounts, whereas huge quantities of ozone are produced and
destroyed daily by the four reactions constituting the Chapman cycle. These
reactions are discussed next.

5.2.3.2 Catalytic Destruction of Ozone in the Stratosphere

It has been pointed out before that the ozone layer is involved in stratospheric
heating and control of the earth’s climate, and in shielding the biosphere (the
surface of the earth) from potentially dangerous near-ultraviolet radiation. In
general, the lower the wavelength, and thus the higher the photon energy, the
greater the direct biological damage. Exposure to solar radiation greater than
320 nm (the UV-A spectral region: see Section 4.2.2) at the earth’s surface is
not considered to be dangerous because DNA does not absorb above 320 nm.
Radiation in the UV-C (200-290 nm) region is very damaging, but as we can
see in Figure 5-3, ozone is a strong absorber in this region, and its concen-
tration in the stratosphere is so high that virtually no UV-C radiation reaches
the earth’s surface. The critical region, then, is between 290 and 320 nm, the
UV-B region, where the ozone absorption cross section is so low (Figure 5-4)
that radiation is partially transmitted to the biosphere, and therefore the
amount transmitted will vary with the ozone concentration. A general estimate
is that a 1% decrease in the ozone concentration would lead to a 1.3 % increase
in UV-B radiation, although this is sensitive to the fraction of light transmitted,
hence to the wavelength of the radiation. For example, at 290nm a 1%
decrease in ozone concentration would lead to a 10% increase in radiation
at that wavelength, whereas at 320 nm the same decrease in ozone concen-
tration would lead to only a 0.24% increase in radiation. It is important to
note that the lower the wavelength, the more damaging is the radiation to
DNA.

Stratospheric ozone is maintained in a “clean” atmosphere by the “quasi-
equilibrium” reaction (5-41), by transport between the troposphere and the
stratosphere, and by variable stratospheric winds. The amount of ozone con-
tinuously produced and destroyed daily in the stratosphere is so large that
any significant “nonnatural” overall destruction would require either an un-
realistically large amount of ozone-destroying material or extremely efficient
ozone-destroying reactions. In this section we consider several radical chain
mechanisms or cycles in which the latter condition is met, thus suggesting that
human activities could contribute (or have already contributed) to detectable
modifications of the stratospheric ozone layer.

Consider first of all the reaction of nitric oxide with ozone. It was shown in
Section 5.2.1 [reaction (5-9)] that NO is produced in trace amounts in the
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stratosphere from N,O. Nitric oxide destroys ozone in a direct reaction,
producing nitrogen dioxide and an excited oxygen molecule:

NO + 03 — NO, + 0} (5-42)

The rate constant for this reaction is very large. However, one molecule of
NO is destroyed each time the reaction occurs, and its concentration in the
stratosphere is very low relative to that of ozone, so that the fraction of O3
destroyed would be insignificant if this were the only process taking place. But
the NO, produced in reaction (5-42), reacts very rapidly with ground-state O
to regenerate NO:

NO; + 0O — NO + 0O, (5-43)

The combination of reactions (5-42) and (5-43) is a chain mechanism, or
cycle,

NO + O3 - NO;,; + 0,
NO; + O — NO + O,

net: 0;+0-2%.20, (5-44)

in which the NO, called the chain carrier, leads to the destruction of O;
without being destroyed itself—that is, it is a catalyst. Therefore, one NO
molecule can lead to the destruction of a very large number of O3 molecules
before it is eventually destroyed itself by a chain-terminating step.'* The
possibility that this NO-catalyzed destruction could possibly lead to a signifi-
cant loss in stratospheric O3 was proposed in 1970."% It is well known that
jet aircraft, since they are air breathing, produce copious amounts of oxides
of nitrogen, and it was projected at that time that a fleet of 500 transatlantic
Concorde-type supersonic stratospheric transport (SST) aircraft flying rou-
tinely at an elevation of 28 km could reduce the ozone layer by the order
of 5%. For a variety of reasons (economic, political, and the 1970s oil crises)
by 2000 the anticipated number of SSTs had not materialized (although
second-generation supersonic planes called high-speed civil transports,
HSCTs, are being considered for the twenty-first century), and as of now

stratospheric NO comes predominantly from tropospheric N,O (Section
5.2.1).

“Note that reaction (5-44) is the same as the uncatalyzed ozone-destroying reaction in a
“clean” atmosphere, reaction (5-39).

5P, J. Crutzen, The influence of nitrogen oxides on the atmospheric ozone content, Q. J. R.
Meteorol. Soc., 96, 320 (1970).
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Mechanism (5-44) is a typical catalyzed chain mechanism that can be
generalized as follows:

X 4+ 03 = XO+ 0,
X0 + 0—=X+0,

net: 0;+0—>.20, (5-45)

Or, if the photolysis of ozone—reaction (5-37)—is included, the overall cata-
lyzed destruction of ozone becomes

205 =, 30, (5-46)

where X is a reactive odd-electron (see footnote 2) species.'® For mechanism
(5-45) to compete with the corresponding uncatalyzed reaction (5-39), and
therefore to significantly lead to a reduction in stratospheric ozone, the two
chain-propagating steps in the cycle must be very efficient. We see, for
example, that the rate constants for these two steps in (5-44) at 298K are
1.8 x 107 (5-42) and 9.5 x 10~!2 (5-43) cm? molecule ' s™!, respectively,
both larger than the value of 8.4 x 10~5 cm? molecule ' s~! for the uncata-
lyzed reaction (5-39). The rates of the individual reactions will of course
depend on the concentrations of the several reacting species, in this case NO,
NO,, O3, and O, which are dependent in a complex manner on many atmos-
pheric chemical and physical parameters. For example, since mechanism
(5-45) involves O atoms, it would be expected to decrease in importance at
lower altitudes where the three-body reaction (5-29) that consumes O atoms is
significant. In general, mechanism (5-45) is considered to be significant only
above approximately 30 km, even though the maximum ozone concentration
in the atmosphere, depending on latitude, is between 15 and 25 km.

The radical that is considered to be the most significant catalyst X in (5-45)
in stratospheric ozone destruction is the chlorine atom, Cl. The primary
sources of Cl atoms in the stratosphere, first recognized in 1974,' are the
anthropogenic chlorofluorocarbons, CFCs (Section 8.6). They are also potent
greenhouse gases (see Section 3.3.3). CFCs are halogenated hydrocarbon
gases. Chemically they are very inert and are relatively insoluble in water.
Because of this inertness and their high volatility, they have found several
key industrial usages, such as aerosol propellants, formation of plastic

1For example, besides NO, X could be H, -OH, Cl, Br, and so on.

M. J. Molina and E. S. Rowland, Stratospheric sink for chlorofluoromethanes: Chlorine
atomic-catalyzed destruction of ozone, Nature, 249, 810-812 (1974); E. S. Rowland and M. ].
Molina, Chlorofluoromethanes in the environment, Rev. Geophys. Space Phys., 13, 1-35 (1975).
Rowland and Molina, along with Crutzen (see footnote 15), shared the 1995 Nobel Prize in
chemistry.
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FIGURE 5-6 Absorption spectrum of CFC-12 (CF,Cl,). Drawn from data of C. Hubrich, C.
Zetzsch, and F. Stuhl, Ber. Bunsenges. Phys. Chem., 81, 437-442 (1977).

foams, refrigerants, and electronic equipment cleansers. Their extreme inert-
ness and insolubility in water also prevent them from being washed out of the
atmosphere by rain, and for this reason as well, CFCs are very important in
stratospheric ozone depletion. Long-term atmospheric monitoring of several
CFCs, including the two most used ones, CFC-11 and CFC-12,'® at a variety of
“clean” sites around the earth, has shown that their rates of systematic increase
have been consistent with their anthropogenic worldwide production rates.
This indicates that no major sinks—that is, physical or chemical methods of
destruction or removal from the atmosphere—exist for the CFCs within the
troposphere. Thus, once released into the troposphere their only major loss is
transport into the stratosphere by vertical movement of large air masses, which
for the most part is independent of molecular weight. Once there, they may
react with excited stratospheric oxygen atoms to produce reactive products
such as Cl atoms and CIO-. More important, however, is that the CFCs absorb
far-ultraviolet radiation, photodissociating with a quantum yield of unity into
a chlorofluorinated radical and a chlorine atom. For CFC-12,

CF,Cl, —, CE,Cl + CI (5-47)

The ultraviolet absorption spectrum of CFC-12 is shown in Figure 5-6.
Although radiation in this spectral region is completely prevented from reach-
ing the troposphere by atmospheric oxygen and the ozone layer, it does
partially penetrate into the stratosphere through the UV “window” between

18See Table 3-2, note 4, for a way of determining the formula of each gas from its number.
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FIGURE 5-7 Solar UV window between oxygen and ozone absorption bands. Data for oxygen:
140-175 nm: M. Ackerman, in Mesospheric Models and Related Experiments, G. Fiocco, ed., D.
Reidel, Dordrecht, 1971, pp. 149-159. 175-195 nm: K. Watanabe, E. C. Y. Inn, and M. Zelikoff, J.
Chem. Phys., 21, 1026-1030 (1953). Data for ozone: A < 185 nm: M. Ackerman, in Mesospheric
Models and Related Experiments, G. Fiocco, ed., D. Reidel, Dordecht, 1971, pp. 149-159.
A > 185nm: L. T. Molina and M. J. Molina, J. Geophys. Res., 91, 14,501-14,508 (1986).

approximately 180 and 220 nm formed by ozone and oxygen (Figure 5-7).
Production of Cl atoms is then followed by the chain mechanism (5-45), with
X =Cl:

Cl + O3 = ClO"+ 0,
ClO"+ O—=Cl+ 0y

net: 0;+0—-2.20, (5-48)

If :OH or NO is also present, additional catalyzed chain mechanisms involving
atomic chlorine are possible. For example, with -OH,

Cl+ 03 — ClO" + O,
"OH + O3 — HOy" 4+ Oy
ClO* + HO,* — HOCI + O,

HOCI —, -OH + Cl

Cl,*OH, v
_

net: 204 30, (5-49)
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and with NO,
Cl + O3 — ClO" + 0,
ClO + NO — CI + NO,
NO; + O — NO + O,

CI,NO

net: O; + 0O 20, (5-50)
or

Cl4+ 03 — ClO" + 0O,
NO+03—>N02+02

ClO" +NO, —™ ., CIONO,
CIONO, —” . Cl + NO;-

NO; —™ . NO + 0,

CIL,NO, hv
net: 203 :

30, (5-51)
Note that mechanisms (5-49) and (5-51) do not involve atomic oxygen and
therefore can occur at lower altitudes than (5-48) and (5-50). This is important
in the massive destruction of stratospheric ozone over the earth’s poles, dis-
cussed in Sections 5.2.3.3 and 5.2.3.4, as well as the important fact that HOCI
and CIONO; serve as “reservoir” molecules in mechanisms (5-49) and (5-51),
respectively, for the reactive Cl and ClO- species.

For the anthropogenic chlorofluorocarbons to be major contributors to
stratospheric ozone depletion, they must of course be the primary source of
stratospheric chlorine atoms. Several “natural” sources, such as sea salt, burn-
ing biomass, and volcanoes, have been cited as depositing many times more
chlorine into the atmosphere than the CFCs, suggesting that “natural” chlorine
atoms have been continuously contributing to the ozone photostationary state
existing in the stratosphere to a much greater extent than could possibly be
attributable to perturbation by anthropogenic chlorine atoms. Several obser-
vations contradict this proposal. For one thing, natural chlorine-containing
species are for the most part water soluble (unlike the CFCs), and therefore if
they are emitted into the troposphere they will be rained out before they are
transported into the stratosphere. Sodium is not detected in the stratosphere,
also ruling out sea salt. Biomass burning produces methyl chloride,"” but

9Gee Section 10.6.13.
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recent estimates put the contribution of methyl chloride from biomass burning
to the total amount of stratospheric chlorine at about 5§%. Active volcanoes
can discharge HCI (and, to a lesser extent, HF) into the lower atmosphere.
However, in the troposphere volcanic HCI rapidly dissolves in water (which is
in large excess) after it has condensed to a supercooled liquid, so that for the
most part the HCl is washed out by rain with only about 0.01% of that emitted
possibly getting to the stratosphere. Furthermore, the concentrations of HCI
and HF would be expected to decrease with increasing height in the strato-
sphere if from volcanic sources; in fact, it is found that they actually increase at
stratospheric altitudes®® where concentrations of CFCs simultaneously de-
crease because they are in the process of photodecomposition. Of course,
volcanoes undergoing very violent reactions do have the potential to deposit
large quantities of HCI directly into the stratosphere, which bypasses washing
out by rain. A very significant factor indicating that such large volcanic activity
is not a major contributor to stratospheric chlorine is the series of global
measurements that have been made since 1978 on the accumulation of HCI
in the stratosphere. During that time there have been two major volcanic
eruptions: El Chichén in Mexico in April 1982, and Mount Pinatubo the
Philippines in June, 1991, with the former releasing about 1.8 megatons
(1 megaton = 10'? g) and the latter 4.5 megatons of HCl into the atmosphere.
In spite of these, stratospheric HCI has increased regularly with only a small
(<10%) increase after the eruption in Mexico and even smaller after the
eruption in the Philippines.

It should be pointed out, however, that volcanoes can influence the
ozone layer in ways other than supplying chlorine.*! Volcanic eruptions eject
copious amounts of debris, including sulfur dioxide (SO, )—approximately 20
megatons from Mount Pinatubo and 6 megatons from El Chichén, for
example (although not all of this directly into the stratosphere).”? Sulfur
dioxide is oxidized to sulfur trioxide, SO3, in the stratosphere by the -OH
radical and Os:

SO, +-OH — ., HOSO," (5-52)
HOSO;, + 0O, — SO3 +HO;: (5—53)

SOj3 reacts with gaseous H,O (although not in a simple combination reac-
tion) to form sulfuric acid, H,SO4, producing a stratospheric sulfate layer of
concentrated sulfuric acid aerosol droplets small enough to remain in the

2%For example, at the equator the concentration of HF increases from zero at 16km to
> 1.0 ppb above 50 km.

21Volcanic eruptions can also temporarily affect the earth’s climate; see Section 3.3.4.

22Even in the absence of volcanic activity, SO, is present in the stratosphere from oxidation of
reduced compounds of sulfur from natural and/or anthropogenic sources (such as carbonyl sulfide,
COS, which is sufficiently stable in the troposphere to reach the stratosphere).
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stratosphere for years. Enhanced heterogeneous chlorine-catalyzed, ozone-
depleting reactions can take place on these aerosols, as discussed in the next
section in conjunction with the Antarctic ozone hole. It has been found, in fact,
that stratospheric ozone depletion is enhanced after large volcanic activity,
such as Mount Pinatubo, by these surface reactions, but not by ejected HCI.
The volcanic debris also absorbs sunlight (e.g., the sunlight was attenuated
between 15 and 20% at several Northern Hemisphere measuring sites at the
peak of the effect following the Mount Pinatubo eruption), increasing the
temperature of parts of the stratosphere and possibly altering the high-altitude
winds that circulate tropical ozone around the globe.
Bromine atoms can also participate in the catalyzed mechanism (5-45):

Br + O3 — BrO' + O,
BrO- + O — Br+ O,

net: 0;+0 220, (5-54)

Stratospheric bromine atoms come primarily from photolyses of methyl
bromide (CH;3Br) and brominated CFCs (halons).>®> Methyl bromide (Section
8.6.2.3) occurs naturally in the atmosphere, mostly from oceanic marine
biological activity and from forest and grass (biomass) fires.>* It is also synthe-
sized for agricultural uses as a soil fumigant, and it is emitted into the atmos-
phere from automobile exhausts. The anthropogenic halons, mainly H-1301
and H-1211, are used extensively for extinguishing or suppressing fires.
Methyl bromide is rapidly degraded by soil bacteria; most of it released into
the atmosphere is taken up by the oceans or is oxidized or photolyzed in the
troposphere, but an appreciable amount does reach the stratosphere. The total
concentration of bromine in the lower stratosphere is approximately 19 parts
per trillion by volume (pptv). There are no known effective stratospheric
reservoirs for Br or BrO-, unlike Cl and ClO* which have HOCI [mechanism
(5-49)] and CIONO; [mechanism (5-51)], respectively. As a result, Br atoms
are about 50 times more destructive of ozone than Cl atoms on a per-atom
basis, although overall Cl atoms are more destructive because of the much
greater concentration of Cl-containing compounds in the stratosphere than Br-
containing compounds. In addition, ozone depletion by chlorine atoms is
enhanced by bromine atoms through a synergistic interaction involving
coupling of the BrO- and CIO- cycles:

ZHalons are designated as H-wxyz, where w, x, y, and z are the number of carbon,
fluorine, chlorine, and bromine atoms, respectively. Thus, CF;Br is H-1301, and CF,BrCl is H-
1211.

2*However most of these are deliberately set and thus are anthropogenic in origin.
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BrO* + ClO* — Br + ClOy®

Clo, — ™ . Cl+ 0,
Br 4+ O3 — BrO* + O,
Cl4+ 03 — ClO"+ 0,

net: 205 -2 30, (5-55)

It is estimated that at the time of writing approximately 25% of the global
stratospheric ozone destruction is caused by bromine.

The depletion of ozone by a halogen-containing hydrocarbon depends on
several factors, including the rate at which the hydrocarbon enters the atmos-
phere and its lifetime in the atmosphere (i.e., the time required for a given
amount of a substance emitted “instantaneously” into the atmosphere to decay
to 1/e of its initial value). The atmospheric lifetimes of fully fluorinated (per-
fluoro) gaseous compounds are very long (many centuries), since their loss
results primarily from photolysis in the mesosphere, where pressures are very
low and mixing with lower-altitude gases is extremely slow. Partial chlorination
(CFCs) or bromination (halons) shortens the lifetime because of absorption and
photolysis in the 180- to 220-nm UV window (Figure 5-7), as well as destruction
by excited O ('D,) atom reactions, both processes occurring in the stratosphere.
Replacing some of the halogens with hydrogen or incorporating unsaturation in
the molecule further greatly shortens the atmospheric lifetime because of reac-
tions, such as with the -OH radical, in the troposphere. Atmospheric lifetimes of
several halogenated gases are given in Table 5-1.

A factor that quantifies the ability of a gas to deplete stratospheric ozone is
the ozone depletion potential (ODP), which is the steady-state depletion of
ozone calculated for a unit mass of a gas continuously emitted into the
atmosphere relative to that for a unit mass of CFC-11. Examples of ODPs
are also given in Table 5-1. One-dimensional (1-D) and two-dimensional (2-D)
models are used in the calculations of ODPs. (The ODPs in Table 5-1 are based
on 2-D models.) Both types of model include modes of transport of atmos-
pheric species, absorption and scattering of solar radiation, and approximately
200 chemical reactions involving about 50 reactive species; the difference
between the two models is that the 1-D models consider only vertical distribu-
tion of species, assuming constant horizontal averages, whereas the 2-D
models consider vertical and north-south (latitudinal) changes, but not east—
west (longitudinal) effects. Major contributions to the uncertainties in the
ODPs are the steady-state assumption and the lack of inclusion of the processes
that produce the Antarctic ozone hole. Therefore the ODPs should be con-
sidered only as estimates to give a general picture of the effects of various
constituents in halogenated gases. Table 5-1 lists the lifetimes and ODPs for
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TABLE 5-1

Range of Lifetimes and Ozone Depletion Potentials (ODPs) of
Selected Halogenated Gases

Compound Lifetime (years) ODP
CFC-11 50 1.0
CFC-12 102 0.82
CFC-113 85 0.90
HCFC-141b 9.4 0.10
HCFC-142b 19.5 0.05
HCFC-22 13.3 0.04
HFC-134a 14 <1.5%x107°
HFC-152a 1.5 0
H-1301 65 12
H-1211 20 51
CF4 >50,000 0
CH;3Br ~1.3 ~ 0.6
CF;1 < 2 days 0
HFE-7100 4.1 0

Source: Scientific Assessment of Ozone Depletion: 1994,
World Meteorological Organization Global Ozone and
Monitoring Project, Report No. 37, U. S. Department of
Commerce (1995). Data for the hydrofluoroether HFE-7100
(C4F9OCH3—see Section 5.2.3.5) is from J. G. Owens, “Low
GWP Alternatives to HFCs and PFCs,” presented at the Joint
IPCC/TEAP Expert Meeting on Options for the Limitations of
Emissions of HFCs and PFCs, Energieonderzoek Centrum
Nederland, Petten, The Netherlands, 1999.

selected CFCs, HCFCs, HFCs, and halons that together account for more than
95% of the organic chlorine and more than 85% of the organic bromine in the
atmosphere in 1995.%° The very large ODPs for the halons are due primarily to
the synergistic coupled BrO* and ClO- cycle, mechanism (5-55).

CFCs were first developed in 1930, and as pointed out earlier, until recently
they (and the later developed halons) were used extensively in applications that
could benefit from their inertness, volatility, and safety. It is estimated that
approximately 90% of all the CFC-11 and CFC-12 produced to date has now
been released into the troposphere.

But has the release of CFCs and halons into the atmosphere already depleted
the stratospheric ozone layer to a measurable extent?

255, A. Montzka et al., Decline in the tropospheric abundance of halogen from halocarbons:
Implications for stratospheric ozone depletion, Science, 272, 1318-1322 (1996).
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To try to answer this question, we first consider how atmospheric ozone
concentrations are experimentally measured. The Dobson spectrophotometer,
in use since 1926, determines the total ozone contained in a vertical column
passing through the earth’s atmosphere. It does this by measuring the amount of
radiation from the sun (or reflected from the moon) that is absorbed by the
ozone at a pair of wavelengths near 300 nm. Currently there are more than 140
Dobson spectrophotometer operating stations positioned around the globe,
forming the Global Ozone Observing System (GO30S). A similar ground-
based instrument is the M-124 filter ozonometer; instead of a spectrophotom-
eter, however, it uses two wideband optical filters, with maximum spectral
sensitivities at 314 and 369 nm. Located at more than 40 sites (primarily in
the former Soviet Union), these instruments also contribute to the GO3;0S
network. Another ground-based or airborne system used to determine atmos-
pheric ozone concentrations is differential absorption lidar (DIAL), which
transmits light at two wavelengths, one that is at an ozone absorption line and
is backscattered by ozone, and the other that is not at an ozone absorption (to
correct for natural backscatter).?

In addition, ozone concentrations from the earth’s surface to heights as high
as about 30km have been measured by electrochemical concentration cell
ozonesondes, carried aloft by balloons. Total global coverage of ozone has
also been measured since 1978 from above the atmosphere by a variety of
instruments aboard polar- and precess-orbiting satellites. For example, the
total ozone mapping spectrometer (TOMS) measures the ozone attenuation
of six UV emissions from the earth between 312 and 380 nm. A similar UV-
scanning satellite instrument is the solar backscattered ultraviolet (SBUV or
SBUV/2) spectrometer. The microwave limb sounder (MLS), aboard the
Upper Atmospheric Research Satellite (UARS) launched in 1991, determines
stratospheric ozone concentrations from its microwave thermal emission lines
at frequencies 183 and 205 GHz (1 GHz = 10%s™!). Satellites have also been
used to determine the vertical atmospheric ozone concentration in the Strato-
spheric Aerosol and Gas Experiments (SAGE I, II, and III), and (since 1998)
total ozone in the Global Ozone Monitoring Experiment (GOME).

First of all, measurements from these sources from as long ago as the 1950s to
1980 gave an average total “column” ozone concentration of about 312 Dobson
units (DU) in the Northern Hemisphere and 300 DU in the Southern Hemi-
sphere, with an overall global average of approximately 306 DU over this time
period.?” Superimposed on these averages, though, are periodic fluctuations

26Lidar is essentially radar that uses lasers as sources of pulsed electromagnetic radiation.

27The Dobson unit is a measure of the total integrated concentration of ozone in a vertical
column extending through the atmosphere. It is the pressure in milliatmospheres (matm: 1 matm
= 1073 atm) that all the ozone in this column would have if it were compressed to one centimeter
height. Thus, for 300DU, the pressure of ozone in the hypothetical 1-cm column would be
300 matm. Assume now that the height of the column is increased to 30 km (3 x 10° cm) altitude
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greater than 5%; these are due to seasonal variations (as much as 4% difference
between a May-September maximum and a December minimum) and natural
meteorological phenomena that include the tropical Quasi-biennial Oscillation
(an approximately 26- to 27-month oscillation or cycle between easterly and
westerly winds in the lower equatorial stratosphere), 11-year solar sunspot
cycles and fluctuations, and the El Niio-Southern Oscillation of about 4
years (Section 3.3.1). Nevertheless, when the measurements over the 30-year
period from 1964 to 1994 are treated and smoothed with a statistical model to
filter out these natural components, they still show an overall global decline of
approximately 4% in total ozone during the 13 years between 1978 and 1992,
with however the change near the equator close to zero (Figure 5-8). About 64%
of this total global change appears in the Southern Hemisphere.

In 1992, beginning in May, the global total ozone concentration dropped
about 1.5% lower than expected from a linear extrapolation of the rate just
given. In December 1992, the ozone levels in the northern midlatitudes over
the United States were about 9% below normal, dropping to about 13% below
normal in January and continuing well below normal into July, 1993, getting
to as low as 18% lower at some sites. Similar record low stratospheric ozone
levels were also observed over Canada and eastern and southern Europe,
extending through August, 1993. Smaller unexpected midlatitude decreases
appeared in the Southern Hemisphere. These extraordinary and unprecedented
effects are believed to have resulted from the June 1991 eruption of Mount
Pinatubo, which increased the stratospheric sulfate aerosol layer. However,
volcanic aerosols had essentially disappeared by mid-1993, and in fact the
annual decrease in total ozone had returned in 1994 to the pre-1991 values.
This is as predicted, as the stratosphere recovered from volcanic debris.

at a constant temperature. (Over 90% of the ozone in the atmosphere is contained below 30 km.)
Assuming ideal gas behavior, the average pressure of ozone within the column will now be 10~*
matm, since pressure is inversely proportional to volume (hence also inversely proportional to the
height for a column of constant cross section) under these isothermal and ideal gas conditions.
Note that the product Px, where P is the pressure and x the height of the cylindrical column of
ozone, is independent of x. Thus, in this example,

Px = (10~*matm) (3 x 10° cm) = (300 matm)(1 cm) = 300 matm cm = 300 DU
so that
1DU = 1 matm - cm = 1073 atm - cm.

This is useful if the concentration ¢ in the Beer-Lambert law (Section 4.2.2) is expressed in terms
of pressure P. For example, the absorption cross section (o) of ozone at 305 nm—midway in the
UV-B band—is 2 x 107! cm?/molecule, which converts to the base-10 extinction coefficient
g=214atm 'em™! at 298K. The fraction of light transmitted through the atmosphere at
305 nm is then given by Equation 4.11 as

Ii: 10¢Px — 10~ (214am'em")(300DU)(10- atmeem/DU) _ 798 — 27 8%,
0
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FIGURE 5-8 Percent change in total ozone relative to the 1964-1970 annual average for the
Northern Hemisphere (35°N-90°N), the Tropics (35°N-35°S), and the Southern Hemisphere
(35°5-90°S). The Mount Pinatubo eruption occurred in June, 1991. Drawn from data of
K. Tourpali, X. X. Tie, C. S. Zerofos, and G. Brasseur, J. Geophys. Res., 102, 23,955-23,962
(1997).

5.2.3.3 The Antarctic Ozone Hole

The foregoing trends in global stratospheric ozone, although statistically
significant, are admittedly small and obscured to a large extent by the
seasonal variations that have been fairly regular for over 30 years. In striking
contrast to this global behavior is the large depletion in total ozone above the
Antarctic pole, first reported in 1985.%% This depletion, called the Antarctic
ozone hole, occurs in the Antarctic spring beginning in September and reach-
ing a maximum (i.e., minimum total ozone) generally in early October. It
disappears in November and early December as shifting springtime winds
transport ozone-rich air from the middle and lower southern latitudes into
the hole.

The depletion of ozone since 1975 has been very dramatic: the average
ozone concentration above the Antarctic in October declined from approxi-
mately 310DU in 1975 to 170 DU in 1987, and a record low concentration of
91 DU was measured on October 12, 1993, followed by lows of 102 DU and

28, C. Farman, B. G. Gardner, and J. D. Shanklin, Large losses of total ozone in Antarctica
reveal seasonal ClO,/NO, interaction, Nature, 315, 207-210 (1985).



118

5.2 REACTIONS IN THE UPPER ATMIOSPHERE

98 DU during October of the 1994 and 1995 Antarctic winters, respectively; a
low of 95DU was observed for the 2000 Antarctic winter, occurring on
October 1, 2000. Most of the change occurs in the lower stratosphere between
about 10 and 24 km, a zone in which the ozone concentration has reached
essentially zero during the October minimum since the record low year of
1993. The area covered by the hole has also continued to increase since first
observed in 1985; in 2000 it covered an area greater than 28 x 106 km?, about
the size of the North American continent and twice the size of Europe,
extending to the tip of South America. Furthermore, after the hole breaks
up, ozone-poor air drifts northward, resulting in increased ultraviolet radi-
ation beyond Antarctica.

It is now accepted that the polar vortex, which is the strong cyclonic
“whirlpool” with winds upwards of 100 m/s circling the pole, virtually isolat-
ing the gases within it from the middle latitudes, and the extremely cold
Antarctic night are the distinguishing factors that lead to the formation of
the large zone of temporary ozone depletion. Temperatures in the swirling
vortex can reach lower than —86°C (187 K), which is the temperature at which
ice particles can form, producing clouds even in very dry stratospheric air
(probably on sulfate aerosols) at altitudes between 10 and 25 km. These clouds
of ice crystals are called type II polar stratospheric clouds, or type II PSCs. In
addition to these type II PSCs, however, clouds also form at higher tempera-
tures—as high as —80°C (193K). These are called type I PSCs.>’ Various
possibilities have been suggested for the composition and phase or phases
making up the type I clouds. These include crystals of nitric acid and water
(particularly NAT, the nitric acid trihydrate HNO3-3H,O) nucleated by frozen
sulfate aerosols (sulfuric acid tetrahydrate, or SAT); ternary supercooled liquid
solution droplets of water, nitric acid, and sulfuric acid; binary solutions of
nitric acid and water; and a metastable water-rich nitric acid solid phase, as
well as various combinations of these. The specific composition of type I PSCs
may in fact be quite sensitive to the temperature and to the occurrence of
freezing—thawing cycles during cloud formation.

Most of the Antarctic ozone depletion occurs below 20km. In this
region there are virtually no oxygen atoms present for two reasons. First,
the relatively high third-body pressure maximizes the pressure-dependent
O + O, recombination, reaction (5-29); and second, the lack of sunlight
during the Antarctic night minimizes the O-atom-producing photodissociation
of O3, reaction (5-30). As a result, neither mechanism (5-45) nor (5-46) can
be occurring to any significant extent. Nevertheless, observations clearly
show that stratospheric chlorine species are involved in this dramatic
ozone loss. The PSCs thus appear to be essential in formation of the Antarctic

hole.

2Type 1 PSCs are sometimes further broken down into types Ia and Ib.
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It is now known that one of the key roles played by PSCs is to provide a
surface on which “active” chlorine, such as ClO-, is converted to “inactive”
chlorine by reactions such as

surface

ClO" + NO, CIONO, (5-56)

Chlorine nitrate, CIONO,, is called a “reservoir” species because it traps
“active” chlorine in an “inactive” form. Another reservoir species is HCI,
which can be formed by “active” chlorine atoms reacting with methane:

Cl + CH4 — *CH; + HCl (5-57)

Neither of these reservoir molecules reacts with ozone, but the two do react
together on PSC surfaces (a second key role for PSCs) by heterogeneous
reactions such as

surface

HCl + CIONO, —*™< . Cl, + HNO; (5-58)

This reaction does not occur in the gas phase but is very fast on the ice
surfaces and solutions making up the PSCs. Presumably an HCI molecule is
adsorbed on the surface first, followed by collision of a CIONO; molecule and
subsequent reactions represented by the overall reaction (5-58). Molecular
chlorine, a “storage” molecule, accumulates and remains stored during the
dark Antarctic night. When sunlight appears at the start of the Antarctic spring
in September (beginning at the outer edge of the vortex and moving inward),
molecular chlorine photodissociates into chlorine atoms

cl, — . 2cl (5-59)

and initiates the following cycle that leads to the destruction of ozone—at rates
sometimes greater that 1% per day:

2(Cl+ 03 — CIO" + 0,)
2clo- — M, cloocl (rate-determining step)
Cloocl —2— clo," +Cl
ClO, —2— Cl+ 0,

hv,M

net: 205 30, (5-60)

This mechanism can also be bromine-enhanced by mechanism (5-55).
Other “storage” molecules are HOCI and CINO,; they are produced by hetero-
geneous reactions like (5-58) and are also photolyzed in the Antarctic spring
into Cl atoms, thereby further contributing to ozone destruction via (5-60).
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For the observed large change in ozone concentration—that is, essentially
its complete destruction between 10 and 24 km above the Antarctic pole—to
occur by mechanism (5-60), the active ClO- concentration must remain rela-
tively large for a month or so after the appearance of sunlight. Since ClO- is
destroyed by (5-56), the concentration of NO, needs to be kept low. This
occurs through the heterogeneous formation of HNOj3, reaction (5-58), on the
PSCs. On the other hand, evaporation of the PSCs in the sunlight and with
rising temperatures will liberate HNOj3;, which photodissociates at wave-
lengths less than 320 nm, freeing NO,:

HNO; hv (< 320 nm)

*OH + NO, (5-61)

We see, then, that PSCs not only lead to the containment of “storage”
molecules and the eventual release (in early spring) of “active” molecules
that catalytically destroy ozone; they also can lead to release of species, such
as NO,, that destroy “active” molecules and thus prevent extensive ozone
destruction. It turns out that when the temperatures remain low enough (i.e.,
below the condensation temperatures of the PSC phases present) long enough,
the particles making up the PSCs grow and sedimentation occurs. This leads to
permanent removal of HNOj by transport to lower elevations, so that con-
tinued destruction of ozone occurs as a result of sustained high ClO* concen-
tration. This process is called denitrification; it commences in the Antarctic
during June and continues through the Antarctic winter and early spring.

In addition to the PSCs, the sulfate droplets in the stratospheric aerosol
layer (see Section 5.2.3.2) also provide surfaces for heterogeneous reactions
that contribute to ozone depletion. For example, dinitrogen pentoxide, N, Os,
reacts readily with water on sulfate aerosols to form nitric acid:

sulfate aerosol

H,0 4 N, 05 —faeaerosel HN0, (5-62)
Since N, Os is formed from NO;, and NO3,

NO, + NO; — ™ . N, 05 (5-63)

the effect of reaction (5-62) is to tie up NO; so that less of the “inactive”
chlorine nitrate is formed by reaction (5-56), leaving more “active” ClO-
available for the ozone-destroying cycles. The stratospheric sulfate aerosol
layer during the Antarctic spring is below 20 km and has a broad maximum
between 10 and 16 km. It is now believed that this sulfate layer was responsible
for the 1993 record low Antarctic ozone hole. The slight moderations in the
minimum depletions of 1994 and 1995 may be due to disappearance of aerosol
from the Mount Pinatubo eruption after 1993, although the 1996 hole
appeared earlier than usual (maximum ozone depletion on October 5) and
was as intense as during the preceding several years.
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Direct observations of stratospheric ClO* by aircraft flying within the polar
vortex conclusively show the involvement of CFCs and halons in the Antarctic
ozone depletion process. For example, before the onset of the Antarctic spring
and the development of the hole, the concentration of ClO* within the vortex
from about 65°S has been more than 100 times greater than outside the vortex at
lower latitudes. When the hole has fully developed in late September and early
October, there is complete correlation between the ozone depletion and
ClO- enhancement as a function of latitude and altitude within the vortex.

5.2.3.4 Depletion of Ozone above the Arctic

For several reasons, the formation of an Arctic ozone hole is much less likely to
occur than the Antarctic ozone hole (which we saw in the preceding section has
been increasing in strength since 1985):

The Arctic winters are generally warmer and rarely are cold enough for type
II PSCs to form (~ —86°C):

Warming toward the end of winter often occurs in February (equivalent to
August in Antarctica) before there is enough sunlight to release active Cl
and CIO-.

The polar vortex usually is more distorted and breaks up by the end of
March.

In addition, during late winter and spring, ozone-rich air from the low lati-
tudes above the equator is regularly transported northward at high altitudes to
the North Pole region.?® This “physical” ozone increase will tend to obscure
any chemically induced depletion of ozone.

Nevertheless, as shown in Figure 5-8, total stratospheric ozone concentra-
tions have in fact been significantly decreasing in the Northern Hemisphere
since 1988, and it is possible that an unusually cold and prolonged Arctic
winter could lead to ozone depletion effects and to the development of an
Arctic hole similar to that in the Antarctic. During the mid-1990s the Arctic
winters had below average stratospheric temperatures. For example, the
Arctic winter of 1995-1996 was the coldest ever observed up to that time,
reaching a low of —88°C on March 3 and producing a vortex roughly equiva-
lent in size to that of the Antarctic in a typical winter. However, final warming
and breakup of the vortex began in early March, which was a month or two
earlier than the usual Antarctic winter breakup. The Arctic winter of 1996—
1997 was also extremely cold, but it was unique in that the polar vortex did
not form until late December. Nevertheless, the vortex developed fast after that
and remained very strong and symmetrical, generally centered near the North

3%For example, this led, prior to 1988, to total late-spring ozone column concentrations greater
than 450 DU above 70°N latitude—much above the year-round global average of about 306 DU.
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Pole, into late April, isolating the polar region from the inward flow of ozone-
rich air. Anomalous low temperatures—below that needed for type I PSC
formation—continued through most of March. Concurrent high stratospheric
concentrations of ClO- (as high as those in the Antarctic spring) in February
indicated chemical ozone loss consistent with the halogen-catalyzed ozone
depletion mechanism (5-60). The average Arctic ozone column concentration
for the month of March (354 DU) was approximately 21% lower than pre-
1988 values and reached a record low of 219 DU on March 26, 1997.

The Arctic winters of 1997-1998 and 1998-1999 were relatively warm,
with low loss of ozone. However, the 1999-2000 Arctic winter was one of the
coldest on record, with a low of —89°C on January 10 and temperatures below
that needed for type I PSC formation (—80°C) continuing over a longer period
(from about November 20 to March 10) and a larger area than in any
previously observed winter. Atmospheric measurements made from November,
1999 to April, 2000 showed greater ozone depletion in early February (ap-
proximately 1% a day) than in the cold 1995-1996 winter, leading to a clear
ozone minimum over the Arctic pole that extended during February and
March over an area comparable to a typical Antarctic hole. About 70% of
the ozone near 19 km above the Arctic was depleted by the end of March. In
addition, studies of oxides of nitrogen loss in the polar vortex from mid-
January to mid-March, 2000 (well after the breakup of the PSCs), showed
the most severe Arctic denitrification ever observed.

In contrast, during the 2000-2001 Arctic winter a strong polar vortex
formed in October and November, but mild stratospheric warming occurred
after that with temperatures rising above the PSC-forming threshold by mid-
February. This resulted in a heavy disturbance of the vortex and only a
moderate total ozone loss for the season of approximately 20%.

5.2.3.5 Control of Ozone-Depleting Substances

Almost from the very beginning of the concern over potential stratospheric
ozone depletion by nitrogen oxide or atomic chlorine from chlorofluorocar-
bons there have been repeated calls—mainly by the scientific community—for
reduction and eventual elimination of the industrial uses of CFCs. In 1978,
almost all uses of CFCs for aerosols (primarily CFC-11) were banned in the
United States. However, it was not until it was unequivocally shown by the
Antarctic ozone hole that ozone could actually be destroyed in the stratosphere
by human releases of chemicals into the troposphere that very strong action
was officially taken by governments: the Montreal Protocol on Substances
That Deplete the Ozone Layer, signed in 1988 and amended several times
since then. By January 1, 2001, 175 countries had signed this agreement,
which banned production of all halons (the major fire-suppressant chemicals)
as of January 1, 1994, and all CFCs, methyl chloroform (CH3CCls), and
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carbon tetrachloride by January 1, 1996, for developed countries. The proto-
col has a 14-year grace period for developing countries (including production
of small amounts by industrialized countries for use by developing countries),
and also contains provisions allowing countries to petition for some exemp-
tions based on lack of feasible chemical replacements, but it appears that
relatively few such exemptions will be allowed. By 1993, the electronics indus-
try in the United States had already almost completely stopped using CFCs
(CFC-113) and methyl chloroform for precision cleaning, opting either for
completely eliminating cleaning, or for cleaning with aqueous solutions. The
United States capped consumption of methyl bromide (which accounts for
about 10% of the ozone destruction) at 1991 levels in 1995, and a gradual
phaseout started in 1999 with total consumption ban scheduled for 2005, in
line with the 1997 amendments to the Montreal Protocol. The Japanese
electronics industry phased out CFC use by 1995. There is some concern,
however, about the possibilities for noncompliance with the provisions of the
amended Montreal Protocol and with illegal trade of CFCs among developed
and developing countries.

Many of the compounds being developed and used for replacement of the
CFCs are the hydrochlorofluorocarbons, HCFCs, in which some of the CFC
chlorine atoms have been replaced with hydrogen atoms that are readily
abstracted by *OH radicals in the troposphere.>’ As we saw Table 5-1, this
greatly reduces their ozone depletion potentials, or ODPs.>> For example,
HCFC-141b (CH3CFCl,—see Table 3-2, note a, for determining compositions
of CFCs, HCFCs, and HFCs from their names) has almost completely replaced
CFC-11 as a blowing agent in the manufacture of polyisocyanurate foam
insulation, and HCFC-124 (CHCIFCF3) is an alternative for medical applica-
tions. However, since the HCFCs still contain one or more chlorine atoms, they
still possess finite ODPs (see Table 5-1). As a result, the HCFCs also had
production caps imposed by 1996 and phaseout of HCFC-141b in the United
States and Europe by 2003 has been mandated.

Replacement of all chlorine atoms with hydrogen atoms gives hydrofluor-
ocarbons, HFCs, that have zero ODP. The hydrofluorocarbon HFC-134a
(CH,FCF;) is a replacement for CFC-12 in automobile air conditioners, and
by the end of 1993 all new automobile air conditioners produced in the United
States and Canada were using it. A planned replacement for CFC-11 as a
polyurethane foam blowing agent is HFC-245fa (CF;CH,CHF,). HCFC-22

317.S. Francisco and M. M. Maricq, Atmospheric photochemistry of alternative hydrocarbons,
in Advances in Photochemistry, vol. 20, D. C. Neckers, D. H. Volman, and G. von Biinau, eds., pp.
79-163. Wiley, New York, 1995.

32The - CF; radical, a fragment of HCFC-destroying reactions, is itself very stable and therefore
potentially could also be involved in ozone-depleting catalytic cycles via CF30- and/or CF;00-
radicals. However, laboratory studies and atmospheric models have shown that this is not the
case—see Section 8.6.2.2.
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(CHCIF,), also a substitute for CFC-12, was widely used as a stationary
air conditioner refrigerant, but it is being replaced by mixtures of various
HFCs.

Other compounds without chlorine that are being developed for CFC
replacements are the fluorinated ethers, HFEs. For example, HFE-7100
(C4F9OCH3)** and HFE-7200 (C4FsOC,H;)** are now being used commer-
cially for applications employing liquids such as cleaning electronic equip-
ment, secondary refrigerants, and carrier fluids for lubricants. HFE-7100
and HFE-7200 are trade names for isomeric mixtures of the materials; for
example, HFE-7100 is a mixture of 40% of the normal isomer n-C4F9yOCH3,
CF;CF,CF,CF,OCH;, and 60% of the iso isomer i-C4F9OCHs3;,
(CF3),CFCF,0OCHj3;. They are readily oxidized in the troposphere by -OH
radicals, giving short atmospheric lifetimes. The lifetime of 4.1 years given in
Table 5-1 for HFE-7100 is a weighted average of 4.7 years for the normal
isomer and 3.7 years for the iso isomer. Similarly, HFE-7200 has a lifetime of
0.8 years. Like the HFCs, they have zero ODPs.

The ideal replacement chemicals might seem to be the fully fluorinated
perfluorocarbons (PFCs), since they are nontoxic and nonflammable, and
have zero ODPs. Since, however, they are very unreactive, with no known
atmospheric sinks below the mesosphere, they have extremely long atmos-
pheric lifetimes—greater than 50,000 years for CF4 (Table 5-1) and 10,000
years for C,Fs. Since in general they absorb radiation in the near-infrared
“window,” they are very powerful greenhouse gases (see Sections 3.1.2 and
3.3.3). It is estimated, for example, that the impact of the PFCs on global
warming may be greater than 5000 times than that of carbon dioxide 100
years after their release into the atmosphere. CFCs and HCFCs are also
powerful greenhouse gases (i.e., large global warming potentials: see Table
3-2), although their atmospheric lifetimes (Table 5-1) are much less than those
of the PFCs. Some HFCs such as HFC-23, a by-product in the production of
HCFC-22, are also greenhouse gases. On the other hand, iodofluorocarbon
compounds absorb strongly in the near-UV spectral region, leading to photo-
dissociation (the C—I bond is weaker than the C—Br or C—CIl bond). Thus
they have atmospheric lifetimes of only a few days and therefore have essen-
tially zero ODPs and are not greenhouse gases. Trifluoromethyl iodide (CF;I),
which has an atmospheric lifetime of less than 2 days, is a promising replace-
ment for H-1301 (CF3Br) for controlling fires, but its toxicity makes it unsuit-
able for use in enclosed spaces.

33T. J. Wallington et al., Atmospheric chemistry of HFE-7100 (C4FsOCHj3): Reaction with
*OH radicals, UV spectra and kinetic data for C4F9OCH,* and C4F9OCH,O;" radicals, and the
atmospheric fate of C4FsOCH,O" radicals, J. Phys. Chem. A, 101, 8264-8274 (1997).

34L. K. Christensen e al., Atmospheric chemistry of HFE-7200 (C4F9OC,Hs): Reaction with
*OH radicals and fate of C4F9OCH,O(+) and C4F9OCHO(-)CH3 radicals, J. Phys. Chem. A, 102,
4839-4845 (1998).
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For several decades prior to the discovery of the Antarctic ozone hole, the
worldwide release of CFCs into the atmosphere exceeded a million tons per
year. By 1993 this release of CFCs had dropped by 50%, and it is expected to
dramatically decrease as the provisions of the revised and amended Montreal
Protocol continue to be put into effect. As a result, the net chlorine and
bromine concentrations in the troposphere peaked in 1994 and started to
decline in 1995. Although tropospheric bromine continued to increase because
of continuing release of halons, reactive stratospheric chlorine and bromine
reached a maximum in 1999 or 2000. It is now calculated that if the provisions
of the amended Montreal Protocol are adhered to, global stratospheric ozone
should start to increase and the Antarctic ozone hole should start to shrink
within 10 years, returning to 1979 levels by around the middle of the twenty-
first century.

5.2.4 Water in the Atmosphere

We saw in Chapter 2 (Section 2.3.4) that the photolysis of water vapor is one
of the two major sources of oxygen in our atmosphere. Reaction (2-1) repre-
sents the overall reaction leading to the formation of molecular oxygen and
hydrogen. However, the precise mechanism of this reaction is not clear. The
most likely path appears to be the photodissociation of water into H atoms, O
atoms, and/or OH radicals (depending on wavelength of light absorbed),
followed by

H+OH—-H, +0 (5-64)

and the three-body atom recombination reaction (5-21). Combination of two
*OH radicals

2°0H — H, + O, (5-65)

has also been proposed, however.

Water absorbs radiation below 186 nm. The absorption spectrum consists
of a continuum region (Apax = 167.5nm,o = 5.2 x 107" cm? /molecule), a
banded region between about 122 and 143 nm superimposed on a second
continuum (Amax = 167.5nm, 0 = 9 x 1078 cm? /molecule), and a strongly
banded region to below 100 nm corresponding to transitions of H,O". The
presence of two continua indicates that two different excited states of H,O are
involved in the photochemistry of water.

The major (99%) primary process between 186 and 140.5nm is dissoci-
ation into ground-state hydrogen atoms and hydroxyl radicals,

hv (186—140.5 nm)
H,O

H+OH (5-66)
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providing a source of radicals for reactions (5-64) and (5-65). Dissociation of
water into Hy and O may also be contributing in a minor way to absorption in
this spectral region:

H,0 — H, + O (ground state or excited 'D, at A < 178 nm) (5-67)

Between 140.5 and 124.5 nm the major reaction is still (5-66), but dissoci-
ations to excited OH" radicals

hv (140.5—124.5 nm)

H,0 H + -OH" (5-68)
and to ground-state O atoms
H,0 by (140.5-124.50m) Lo (5-69)

also occur. Below 124.5 nm (to 500 nm), minor products are excited H atoms
and OH" ions in addition to the products from reactions (5-66), (5-67), (5-68),
and (5-69).

Since water does not absorb dissociating radiation above 186 nm, it will not
be photodissociated in the troposphere, which is protected from the high-
energy photons by oxygen and the stratospheric ozone layer. Photodissociation
does occur in the mesosphere and in the upper stratosphere as a result of
partial transmission through the UV window (Figure 5-7). Absorption of
nondissociating infrared radiation by water in the troposphere is of course
an important contributor to the greenhouse effect (Section 3.1.2).

5.3 PHOTOPROCESSES IN THE TROPOSPHERE: PHOTOCHEMICAL SMOG

5.3.1 The General Nature of Smog

In polluted lower regions of the troposphere, particularly in urban environ-
ments (see Section 3.4), copious quantities of chemical compounds are released
into the atmosphere, leading to a number of complex photochemical reactions
producing a variety of eye and throat irritants, aerosols and reduced visibility,
and other irritating or destructive species manifesting themselves in the general
category of photochemical smog.

Unlike the notorious smogs (smoke plus fog) that were a part of London life
as well as that of many other highly industrial urban areas from the transition
to coal in the thirteenth century until massive cleanup efforts were undertaken
in the past few decades, photochemical smog is of fairly recent origin. It was
first detected through vegetation damage in Los Angeles in 1944 and is some-
times referred to as Los Angeles smog. However, it has now spread to virtually
all major metropolitan areas and must be considered to be one of the most
pressing actual or potential worldwide problems, with global aspects tran-
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scending national boundaries. Also in contrast to the poisonous so-called
London killer smogs,* to date there do not appear to be major human
disasters associated with photochemical smog. However, detailed epidemi-
ological studies have shown that the concentrations of pollutants—particularly
of ozone but also materials such as particulate matter, the oxides of nitrogen,
and volatile organic compounds (VOCs)—are sufficiently high in photochem-
ical smog to pose significant threats to human health, particularly among the
very young, the elderly, those suffering from chronic respiratory illnesses, and
cigarette smokers. Common symptoms are sore throat, mild cough, headache,
chest discomfort, decreased lung function, and eye irritation. Ozone also
injures vegetation, leading to reduction of agricultural yield and biomass
production. Potentially, photochemical smog can have serious long-range
global effects on the earth’s radiation balance through submicrometer aerosol
formation, and global distribution that may cause unfavorable changes in
weather patterns in addition to its influence locally.

Photochemical smog requires rather specific meteorological and geograph-
ical conditions to be produced in large quantities. For example, the photo-
chemical reactions must occur in a stable air mass that traps the pollutants,
which can result when there is a temperature inversion (Section 3.5). The Los
Angeles Basin is particularly suited for this to occur, and in fact temperature
inversions occur there about 80% of the time in hot summer months. Even
though California has the strictest pollution control programs in the United
States, this basin is still one of the worst in the country with respect to
photochemical smog air pollutants.>®

There are other significant differences between “London” and “Los
Angeles” smogs that suggest different remedial actions that might (or should)
be taken in each case. London-type smogs occur mainly in the early morning
hours in winter, where humidity is relatively high and virtually no solar
photochemistry is taking place. Along with particulate matter, sulfur dioxide
is the major contaminant, and this creates a chemically reducing atmosphere
because of the ease of sulfur dioxide oxidation. On the other hand, photo-
chemical smogs usually occur on warm sunny days (summer and winter) with
initially clear skies and low humidity. Primary contaminants—those that are
emitted directly into the atmosphere—are nitric oxide (NO), hydrocarbons,
and carbon monoxide. Secondary contaminants, largely ozone and nitrogen
dioxide, are produced by reactions of the primary contaminants in the atmos-
phere. They begin to build up during morning traffic hours and reach peak

350ver 3000 deaths were attributed to the four-day smog in London in December 1952; see
Section 3.5.

3¢ Apparently Houston, Texas has joined Los Angeles as having the worst air quality in the
United States (Houston air is focus of $20 million study, Chem. Eng. News, Nov. 6, 2000, pp.
32-33).
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intensity in midday, although hourly variations occur depending on automo-
bile traffic/time distributions and even time variations for different constitu-
ents (Figure 5-9).

Natural and nonnatural sources of volatile organic compounds (VOCs) and
oxides of nitrogen are covered in detail in Section 6.7. Naturally released
methane and carbon monoxide can lead to photochemically induced ozone
generation and formation of a variety of oxygen- and nitrogen-containing
compounds if the nitrogen oxides concentration is sufficiently high. These
reactions will be covered in the next section. The importance of the anthropo-
genic sources is that in an urban environment, with the appropriate climatic,
geographic, and solar radiation conditions, they generate sufficiently high
concentrations of the pollutants to undergo drastically more complex photo-
chemical and secondary reactions, leading to photochemical smog. Hundreds
of individual species are continuously discharged—at rates and light intensities
that vary depending on the time of day and so on—into a complex moving air
mass of variable size in which thousands of simultaneous and consecutive
reactions take place. Complete quantitative mathematical modeling of photo-
chemical smog requires reliable primary emission rates over a period of
time and ambient concentrations of VOCs, physical three-dimensional
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FIGURE 5-9 Photochemical smog buildup in Los Angeles, California, on July 10, 1965. Redrawn
from K. J. Demerjian, J. A. Kerr, and J. G. Calvert, Adv. Environ. Sci. Technol., 4,1 (1974).
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gas-phase (plume) transport behavior that includes topography, and ac-
curate reaction rate data for the many hundreds of individual chemical
processes taking place. Reasonable computer simulations generally lump
the hundreds of individual VOC contaminants into a manageable smaller
number of groups or classes of chemical species with similar structure and
reactivity, such as alkenes or aldehydes. Each group is then represented by
“surrogate” species.>” In Section 5.3.3 we consider several reactions that
are well established as primary steps in photochemical smog initiation in the
presence of VOCs and associated generation of the accompanying obnoxious
products.

5.3.2 Nitrogen Oxides (NO,) in the Absence of Volatile Organic Compounds (VOCs)

As pointed out in Section 6.7, the main anthropogenic sources of nitrogen
oxides in a polluted atmosphere are mobile and stationary petroleum and coal
combustion chambers, where inside temperatures and pressures are high
enough for the fixation of nitrogen to occur,

N, + x0; — 2NO, (5-70)

(NO, represents a mixture of oxides of nitrogen—mainly NO and NO,) and
where quenching to low temperatures outside the chambers is rapid enough to
prevent the thermodynamically favored back-reaction (dissociation) from oc-
curring. The major oxide of nitrogen produced is nitric oxide, NO, a relatively
nontoxic gas, along with some nitrogen dioxide, NO;. The concentration of
NO in a polluted atmosphere is quite sensitive to automobile traffic patterns,
in general being a maximum during the peak morning traffic hours (Figure
5-9). However, NO does not absorb radiation above 230 nm, and therefore it
cannot be the primary initiator of photochemical reactions in a polluted lower
atmosphere. On the other hand, NO; is a brown gas with a broad, intense
absorption band absorbing over most of the visible and ultraviolet regions with
a maximum at 400 nm (0yay = 6 x 107" cm? /molecule) as shown in Figure
5-10, and this gas is a major atmospheric absorber leading to photochemical
smog. As we shall see later, there are other light-absorbing species present at
very low concentrations in a polluted atmosphere that can also initiate the
complex photochemical reactions.

37A mathematical modeling [R. A. Harley, A. G. Russell, and G. R. Cass, Mathematical
modeling of the concentrations of volatile organic compounds: Model performance using a lumped
chemical mechanism, Environ. Sci. Technol., 27, 1638-1649 (1993)] based on the Southern
California Air Quality Study of the Los Angeles Basin on August 27-29, 1987 involved 35 species
and 106 chemical reactions, with the atmospheric diffusion equation solved for each of the
chemical species.
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FIGURE 5-10 Absorption spectrum of NO; at room temperature averaged over 5-nm intervals.
Drawn from data of M. H. Harwood and R. L. Jones, J. Geophys. Res., 99, 22,955-22,964
(1994).

The dissociation energy of NO; is 3.12 eV, which corresponds to a photon
having a wavelength of 397.5 nm, and absorption below this wavelength leads
to almost complete photodissociation (¢ =~ 1)*%:

hv (< 397.5 nm)

NO, NO + O (5-71)

In the absence of other species, molecular oxygen may be formed by a
reaction of an O atom with NO,, reaction (5-43), and indeed the quantum
yield of O, formation approaches unity below 380 nm. In the presence of
ground-state molecular oxygen, however, ozone is produced by the three-body
reaction (5-29) between O, and O(3P2). Combination of reactions (5-71),
(5-29), and (5-42) leads to the photostationary state

NOZ n Oz hv (NO2),M

0; + NO (5-72)

and hence to a steady-state ozone concentration, [O3]. Since NO and
NO; appear on different sides of reaction (5-72), the ozone concentration
will depend on the ratio of nitrogen oxide concentrations: that is, [O3] is

38Some dissociation even occurs at wavelengths greater than 397.5 nm—for example, the O
quantum yield is 0.36 at 404.7 nm—and thus energetically below the dissociation energy. But this
dissociation is strongly temperature dependent and presumably is due to the contributions of
internal rotational and vibrational energies.
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proportional to [NO,]/[NO]. However, since we have assumed a photosta-
tionary state, (O3], will be a function of the light intensity.

Thus, NO, is the primary light-absorbing species in the atmosphere
leading to photochemical smog and the ozone concentration is enhanced by
increasing NO,, but NO is the major oxide of nitrogen produced in high-
temperature combustion chambers. Since the small amount of NO, pro-
duced directly would be completely depleted in a very short time in direct
sunlight, at least one additional process leading to the oxidation of NO to
NO; is required to produce the quantities of O3 and other products genera-
ted in a polluted atmosphere. It is now agreed that the hydroxyl (-OH)
and hydroperoxyl (HO;") radicals play key roles in the rapid oxidation
of NO to NO, in the absence of VOCs.?” The HO, radical is directly
involved:

NO + HO,* — NO, + -OH (5-73)

However, we will see shortly that HO;* radicals are formed in free-radical
chain mechanisms in which *OH radicals serve as chain carriers, so that *OH
and HO;" are interconverted provided sufficient NO is present for reaction
(5-73) to be dominant.

The major primary source of ‘OH in the troposphere is the reaction
of excited O('D;) atoms with water, reaction (5-35), following photolysis of
ozone below 310nm [see reaction (5-32)]. The global-averaged noon-
time concentration of the hydroxyl radical in the lower troposphere is very
low—of the order of 10° molecules/cm3—with a lifetime of approximately
one second. It does not react with the major tropospheric constituents
(N2, Oz, CO,, H,0), but it is the major initiator of oxidation in photo-
chemical smog generation and in the removal of most trace gases in the
atmosphere. The HO," radical can react with ozone, regenerating the -OH
radical

HO,; + 03 — -OH + 20, (5-74)
It can also self-combine to form hydrogen peroxide
2HO,' — H,0, + O, (5-75)

which dissolves in fog and clouds and is washed out of the troposphere by
rain.

In the absence of VOCs, two species with major natural and anthropo-
genic sources that lead to HO; (hence to oxidation of NO to NO;) are carbon

3*Thermal oxidation of NO to NO, by O, is thermodynamically feasible but is not significant
at normal NO pressures in the atmosphere. Similarly, the oxidation of NO by ground-state O
atoms is unimportant at the low O-atom concentrations in the lower troposphere.



132

5.3 PHOTOPROCESSES IN THE TROPOSPHERE: PHOTOCHEMICAL SMOG

monoxide, CO, and methane, CHy4 (see Section 2.2). Carbon monoxide reacts
rapidly (with very low activation energy) with the hydroxyl radical

CO +'OH — CO;, +H; kaog ~ 2 x 10713 cm® molecule !s™! (5-76)

followed by the very fast three-body (essentially triple-collision frequency—see
Section 4.3) combination reaction

H+ 0, —%— HOy' (5-77)

Coupling these two reactions with reaction (5-73) gives the CO chain
mechanism, with *‘OH the primary chain carrier and HO, the secondary
chain carrier:

CO+'OH - CO,+H

H+ 0O, L HO;*
NO + HO;* — NO; +'OH

net: CO +NO + 0, —2M ., c0o, + NO, (5-78)

However, this CO chain does not contribute to the overall NO oxidation to the
extent that methane does in a similar chain. The *OH radical is the major
tropospheric “sink” for methane via the reaction

“OH + CH,; — *CH; + H,0 (5-79)

Reaction (5-79) results in a tropospheric lifetime for methane of about 12
years. The major fate of the methyl (-CHj3) radical in the troposphere is the
very fast (also of the order of a triple collision) three-body combination
reaction with O, to form CH;O,*°;

“CH; + 0, — ¥, CH;0, (5-80)

The methylperoxy radical, CH30;", can react in the troposphere with a variety
of species.

1. If the NO concentration is high enough, NO is oxidized to NO; in a
fast reaction analogous to reaction (5-73), producing the methoxy (CH;0-)
radical

CH30," + NO — CH30° + NO, (5-81)

4Actually, under tropospheric conditions the concentrations of *CHjz and O, and the lifetime
of CH30;" are such that the reaction order varies between 2 and 3 depending on the overall
pressure. That is, at very low pressures the reaction order approaches 3, whereas at high pressures
it approaches 2.
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followed by
CH;0" + O, — H,CO + HOy* (5-82)

The -OH radical is regenerated by reaction (5-73). Combination of these
reactions gives the ‘OH-initiated methane chain reaction for oxidation of
NO:

‘OH + CH4 — 'CH; + H,O
‘CH; + O L CH;0;"
CH3;0,° + NO — CH30* + NO,
CH30° + O, — H,CO +HOy-
HO;* + NO — NO; + ‘OH

net:  CHy + 20, + 2NO — M

H,CO + 2NO, + H,0 (5-83)

[Reaction (5-75) is a possible chain-terminating step in this mechanism.] This
gives an increase in ozone by the photostationary state (5-72).

2. On the other hand, if the tropospheric NO concentration is low (as
in some very clean, unpolluted areas), instead of reacting with NO, the
methylperoxy radical CH30;" reacts with HO,*, forming methyl hydroper-
oxide:

CH;0;," + HO,* — CH30,H + O, (5-84)

In effect reaction (5-84) serves as a “sink” for both *OH and HO,", since the
methane chain reaction (5-83) is now terminated and the interconversion of
‘OH and HO;" is restricted, and this leads to a net decrease in ozone. The
methylperoxy radical also rapidly combines with NO, in the three-body reac-
tion

CH;0," + NO, —2 . CH;0,NO, (5-85)

but this reaction is generally not important in the troposphere because of the
fast decomposition of methylperoxynitrate (CH;O,NO;) back to the react-
ants.

Formaldehyde, H,CO, is an overall product of the methane chain reaction
(5-83), formed in the chain by the reaction of the methoxy radical with
molecular oxygen (step 4).*' It absorbs weakly in the near-ultraviolet spectral

*IFormaldehyde is also a primary emission product of hydrocarbon combustion, and is pro-
duced in the photooxidation of a wide variety of higher hydrocarbons in VOC-containing
atmospheres (next section); its average concentration in urban areas is approximately 3—-16 parts
per billion by volume (ppbv).
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region. Its gas-phase absorption spectrum is strongly banded, with
Amax 22 305 nm (0305 ~7x 10720 cmz/molecule), and only very weak ab-
sorption near the visible region (e.g., 0370 ~ 2 x 1072! cm?/molecule). This
absorption forms an excited formaldehyde molecule, H,CO", which dissoci-
ates either to H and the formyl radical HCO,

H,CO* — H +HCO (5-86)
or to H, and CO:
H,CO* — . H, + CO (5-87)

Reaction (5-86) dominates below roughly 330nm, corresponding to the
dissociation energy of H,CO, while (5-87) is the major dissociation above
330 nm. Thus, H,CO is a source of HO," radicals by reaction (5-77) and by

HCO + 0, — HO," + CO (5-88)
Formaldehyde also reacts with *OH
“‘OH + H,CO — H,0 + HCO (5-89)
and combines with HO;" to form initially an alkoxy radical
HO," + H,CO — HO,CH,0 (5-90)
which rapidly isomerizes to a peroxy radical
HO,CH,0" — -0,CH,OH (5-91)

However, excitation and subsequent dissociation steps, reactions (5-86)
and (5-87), dominate in an atmosphere free from VOCs, leading to a
noonday overall atmospheric lifetime of approximately 3 hours for formalde-
hyde.

A reaction not yet considered is the reaction between NO; and Oj:
NO; + O3 — NO3* + O, (5-92)

The nitrate radical (NO3*) plays an important role in photochemical smog,
particularly in nighttime reactions involving aldehydes and simple olefins. It
reacts at close to collisional frequency with NO to produce NO;:

NO;* + NO — 2NO, (5-93)

It combines with NO; to form dinitrogen pentoxide, N, Os, by the reversible
reaction

NO;* + NO, &L N, 05 (5-94)
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with a formation constant Kyog = 4.5 x 10~!" cm?® /molecule. (Equilibrium is
reached in about one minute under tropospheric conditions.) N;Os also reacts
with water to form nitric acid,

N,Os5 + HoO — 2HNO3 (5-95)

thus providing a sink for both NOj3* and NO,. In the daytime NOj3- is rapidly
photolyzed to NO and O,

NO; — . NO + 0, (5-96)
or to NO; and O
NO; —” . NO, + O (5-97)

so that its daytime concentration is very low. However, at night it may be one
of the most important tropospheric oxidizing agents. Additional reactions of
NO3- in the presence of methane and VOCs are covered next.

5.3.3 Reactions in Urban Atmospheres Containing Volatile Organic Compounds

We have just seen that the ozone concentration can be enhanced even in a
VOC-free atmosphere containing oxides of nitrogen and methane—anthropo-
genic and/or natural—or, to a lesser extent, carbon monoxide. These ozone-
producing processes are generally well understood now, and they give reason-
able simulations in tropospheric computer modeling. In polluted urban areas,
however, chemical reactions of VOCs dominate over those involving methane,
leading to considerably more complexity because of the number (hundreds) of
VOCs and their diverse chemistry. An excellent review by Atkinson** covers
reactions under tropospheric conditions of several classes of organic com-
pounds, such as hydrocarbons (alkanes, alkenes, alkynes, and aromatics and
substituted aromatics) and oxygen- and nitrogen-containing compounds, and
their degradation products. Although complete coverage of the photochemical
smog mechanism is beyond the scope of this book, this section summarizes
some of the more important types of these reactions.

One of the major tools used in determining the individual chemical pro-
cesses taking place is the environmental chamber.*® Also called smog cham-

*2R. Atkinson, Gas-phase tropospheric chemistry of organic compounds, Monograph no. 2 of
The Journal of Physical and Chemical Reference Data, ]J. W. Gallagher, ed. American Chemical
Society and the American Institute of Physics for the National Institute of Standards and Technol-
ogy, Gaithersburg, MD, 1994.

*A coverage in depth of environmental chambers is given in B. J. Finlayson-Pitts and J. N. Pitts
Jr., Chemistry of the Upper and Lower Atmosphere: Theory, Experiments, and Applications,
Academic Press, San Diego, CA, 2000.
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bers, these vessels are often large (from tens to hundreds of cubic meters)
receptacles in which reactant mixtures close to actual atmospheric conditions
of concentration, pressure, relative humidity and temperature are illuminated
with solar spectral distribution light. A typical smog chamber experiment for
a mixture of NO, NO,, and hydrocarbon (propene, C3Hg) is shown in Figure
5-11. It is seen that the photostationary state projected for a VOC-free atmos-
phere [equation (5-72)] is destroyed by addition of the hydrocarbon. NO is
rapidly oxidized to NO,, O3 is produced after an induction period, and the
propene is oxidized to CO, CO,, and a variety of oxygen- and nitrogen-
containing organic compounds. This reaction mixture is of course an extreme
simplification, containing only one hydrocarbon instead of the hundreds of
VOC species emitted into a polluted urban environment. Note, however, that it
qualitatively agrees with the actual photochemical smog buildup shown in
Figure 5-9. That is, NO is rapidly oxidized to NO; in the presence of organic
compounds (the VOCs emitted along with NO into the atmosphere starting
around 6 A.M. from automobile exhausts) and the ozone builds up only after
an induction period, during which the concentration of NO is lowered until O3
is no longer destroyed by reaction (5-42).
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FIGURE 5-11 Typical photochemical smog chamber results for a mixture of hydrocarbon, NO,
and air. Drawn from data of A. P. Altshuller, S. L. Kopczynski, W. A. Lonneman, T. L. Baker, and
R. L. Slater, Environ. Sci. Technol., 1, 899 (1967); and K. J. Demergian, J. A. Kerr, and J. G.
Calvert, The Mechanism of Photochemical Smog Formation, in Advances in Environmental
Science and Technology, J. N. Pitts Jr., and R. L. Metcalf, eds., 4, p. 1. Wiley, New York, 1974.



5. ATMOSPHERIC PHOTOCHEMISTRY 137

As we will see in this section, the organic alkyl (R), alkoxy (RO-), and
alkylperoxy (RO;*) radicals (in addition to *OH and HO,*) are important
intermediates in the tropospheric degradation of VOCs and the formation of
photochemical smog. Each is involved in many chain-propagating steps in
which NO is converted to NO; before being terminated by reactions such as
(5-75) or (5-103), shown later. We have seen that the methyl (-CH3) radical is
produced in the chain-initiating H-atom abstraction by the *OH radical [reac-
tion (5-79)] in the methane chain; similarly, this is the major mode of forma-
tion of alkyl and substituted alkyl radicals from several classes of compounds:

“OH + RH — R* + H,0 (5-98)

With alkenes, however, the major reaction of OH is addition to the carbon—
carbon double bond to give B-hydroxyalkyl radicals,

RHC = CHR’ + -‘OH —™ . RHC — C(OH)HR'/ (5-99)

with only a small fraction of the OH radicals involved in H-atom abstraction.

Radicals are also produced by photolysis of some VOCs. In Section 5.3.2,
for example, we saw that the photolysis of formaldehyde below 330nm
generates H and HCO radicals [reaction (5-86)]. In a similar manner, higher
aldehydes such as acetaldehyde, propanal, or butanal, which are formed in the
tropospheric degradation of many VOCs, photodissociate into an R* radical
and the formyl radical:

RCHO —” . R + HCO (5-100)

Smog chamber studies of hydrocarbon-NO mixtures have shown that addition
of aldehydes does indeed enhance NO oxidation and production of secondary
pollutants.

Most of the alkyl and substituted alkyl radicals very rapidly combine with
O; to produce alkylperoxy radicals:

R + 0, 2, ROy (5-101)

For allyl, benzyl, substituted benzyl, or alkyls with more carbons than ethyl,
reaction (5-101) is second order under atmospheric conditions (see footnote
40). The B-hydroxyalkyl radicals formed by the addition of *OH to the alkene
double bond [reaction (5-99)] also rapidly add to O, forming B-hydroxy-
alkylperoxy radicals, RHC(O,)C(OH)HR'.

All the alkylperoxy (RO;") radicals react with NO with approximately the
same rate constant. Both CH30; and C;H;0;" primarily oxidize NO to NO,,
forming an alkoxy radical:

RO," + NO — RO" + NO, (5-102)
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However, for the larger alkylperoxy radicals, addition to form organic nitrates
also occurs,

RO, + NO — ™, RONO, (5-103)

with reaction (5-103) becoming more important with increasing number of
carbon atoms in R.

We thus see that the HO,' and RO;' radicals generated in an oxygen
environment by the *OH radical in the degradation of many VOCs are at
least qualitatively the major contributors to the enhanced NO-to-NO, oxida-
tion—and therefore to buildup of Osz—in photochemical smog via reactions
like (5-102) and chain reactions similar to the methane chain, (5-83).

Other radicals generated from VOCs react differently with O, other than by
the addition reaction (5-101). For example, we saw in reaction (5-88) that the
formyl (HCO) radical from the photolysis of formaldehyde reacts with O, to
give HO,* and CO. The a-hydroxy radicals also react with O, via H-atom
abstraction to give the HO;" radical, as for example the simplest a-hydroxy
radical, -CH,OH:

‘CH,OH + O, — HO;," + H,CO (5-104)

This is the only process leading to the loss of *CH,OH under atmospheric
conditions. The vinyl radical -C,Hj3 initially adds to O, across the double bond
to form a C;H30; adduct, which decomposes to H,CO and HCO giving the
overall reaction

HC=CH, + O, — H,CO + HCO (5-105)

The three major reactions of the alkoxy or substituted alkoxy (RO*) radical
from (5-102) in the troposphere are reaction with O,, unimolecular decom-
position, and (for four or more carbon atoms) unimolecular isomerization.
However, all these reactions eventually lead to formation of HO;* and/or the
oxidation of NO to NO, by reactions similar to (5-102).**

Aliphatic aldehydes and ketones are products of the atmospheric degrad-
ation of a wide variety of VOCs, primarily from reactions of alkoxy and
alkylperoxy radicals. The -OH radical reacts with carbonyl compounds via
H-atom abstraction; with the aldehydes, abstraction is mostly from the pri-
mary carbon to give the acyl radical and water:

*‘OH + RCHO — RCO + H,0 (5-106)

Acyl radicals are also produced by H-atom abstraction from aldehydes by the
NOj- radical, giving HNO3, and by other organic radicals, R'*:

*For example, with the smallest alkoxy radical, methoxy (H3;CO-), H3CO- + O,
— H,CO + HO;".
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R + RCHO — R'H + RCO (5-107)

Acyl radicals combine with O, to form peroxyacyl radicals RC(0)O;"

RCO + 0, —™ , RC(0)0, (5-108)

which further contributes to NO oxidation, hence to photochemical smog, by
the rapid reaction

RC(0)0," + NO — RC(0)O" + NO, (5-109)

followed by formation of another alkylperoxyl radical from the RC(O)O-
(acyloxy) radical:

The peroxyacyl radical also combines with NO; in a three-body reaction to
produce peroxyacyl nitrate, RC(O)OONO;:

RC(0)0, + NO, <L RC(0)OONO, (5-111)

The simplest and most abundant peroxyacyl nitrate is peroxyacetyl nitrate
(PAN), CH3C(O)OONO;. PAN is an important component of photochemical
smog. For example, it is highly phytotoxic: one of the most toxic compounds
known for vegetation. It is also a potent lachrymator, and is perhaps the major
eye irritant in photochemical smog. It is also a greenhouse gas in that it absorbs
radiation in the tropospheric IR “window.” It is unstable, decomposing ther-
mally by the reverse of reaction (5-111) to the peroxyacetyl radical and NO3;
yet it is sufficiently stable in the absence of NO to aid in the transport of
nitrogen oxides to initially unpolluted “downwind” areas. In fact, it has been
detected even in remote parts of the troposphere. The next most abundant
peroxyacyl nitrate is peroxypropionyl nitrate (PPN), C;HsC(O)OONO;; al-
though it may be more phytotoxic, its concentration is only about 10-20%
that of PAN.

In addition to its key role in the NO-to-NO; oxidation, the hydroxyl radical
is also the primary oxidant and remover of VOCs and other pollutants in the
atmosphere. Briefly, its major reactions with VOCs, in addition to those
already given are addition, across the carbon—carbon triple bond in alkynes
and to the aromatic ring in monocyclic aromatics and in naphthalene and
methyl- and dimethyl-substituted naphthalenes, and H-atom abstraction, from
ethers, a, B-unsaturated carbonyls, and alkyl nitrates, and from both the C—H
and O—H bonds in alcohols.

The hydroxyl radical can also initiate the oxidation of reduced forms of
sulfur such as hydrogen sulfide to -SH radicals:

“OH + H,S — H,0 + *SH (5-112)
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Further oxidation of ‘SH leads to sulfur dioxide, SO;. The hydroxyl radical is
also involved in the continuing oxidation of SO, by the addition reaction to form
the HOSO;" radical, reaction (5-52), followed by oxidation to sulfuric acid,
H,S0y4, and sulfate aerosol droplets in the presence of water.* Large amounts of
sulfur oxides are released into the troposphere over industrialized areas, and
they become the major acidic component of acid rain (see Section 11.4).

While ozone is the major contaminant product and its concentration is
taken as the measure of the intensity of photochemical smog, it also contrib-
utes to decomposition reaction of the VOCs. For example, the addition of O3
to the double bond in alkenes is a major pathway in their atmospheric decom-
position. An energy-rich ozonide is formed, which rapidly decomposes by
breaking the C—C single bond and either of the two O—O single bonds to
form a carbonyl and a biradical RR’COO-. This energy-rich biradical either
decomposes, forming a variety of products including the -OH radical, or reacts
with aldehydes, H,O, NO,, and so on.

We have seen that the nitrate radical is formed by the reaction of NO, with
ozone (5-92), that it is in equilibrium with NO; and N, Os (5-94), that it reacts
with NO to produce NO; (5-93), and that it is photolyzed to NO + O, (5-96)
or to NO; + O (5-97). It also reacts with alkanes via H-atom abstraction,
similar to -OH reactions:

NO;* + RH — R + HNO; (5-113)

However, although the NO;3- concentration is greater at night than during the
day because of its daytime photolysis, it is nevertheless much less important at
nighttime than the OH radical is during the daytime as a source of alkane
decomposition. NOj3- readily reacts with alkenes by addition to the carbon—
carbon double bond, followed by rapid addition to O,. The resulting B-
nitratoalkylperoxy radicals can react with HO,* and RO;" radicals, and can
also reversibly add NO, to give the unstable nitratoperoxynitrates, which may
serve as temporary “sinks” for the peroxy radicals.

5.3.4 Summary of Photochemical Smog

Only a very small portion of the hundreds of reactions possible in polluted
atmospheres have been presented, but these are representative of the types of
mechanism being considered to account for photoinitiation, oxidation of NO
and VOCs, and formation of noxious products associated with photochemical
smog. Figure 5-12 shows a computer integration of the differential kinetic rate

“SThe oxidation of HOSO," to H,SOy4 in the troposphere is not simply the addition of another
*OH radical. Rather, it is mostly by heterogeneous reactions taking place in cloud droplets,
probably involving hydrogen peroxide, H,O5.
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FIGURE 5-12 Computer simulation of a generalized mechanism representing photochemical
smog (see text). Redrawn from J. H. Seinfeld and S. N. Pandis, Atmospheric Chemistry and
Physics: From Air Pollution to Climate Change. Copyright © 1998. New York: John Wiley &
Sons, Inc. Used by permission of John Wiley & Sons, Inc.

equations representing a generalized mechanism involving 20 steps—including
many of the reactions and organic species given earlier—for a system initially
containing equal concentrations (0.10 ppmv) of NO, H,CO, and organic
species groups RH (alkanes) and RCHO (aldehydes), and a small amount
(0.01 ppmv) of NO,.*® Compare this computer simulation with the photo-
chemical smog chamber results (that however did not have initial amounts of
H,CO and RCHO), where RH = C3Hg, shown in Figure 5-11. Note the
qualitative similarities between the two: the rapid conversion of NO to NO,
and the subsequent loss of NO;; the slower loss of RH (C3Hg in Figure 5-11)
and buildup of ozone, after most of the NO has reacted; the buildup and
decay of RCHO (CH3CHO in Figure 5-11); and the induction period in the

46J. H. Seinfeld and S. N. Pandis, Atmospheric Chemistry and Physics: From Air Pollution to
Climate Change, pp. 292-298. Wiley, New York, 1998.
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production of PAN. Applicable trends are also evident on the measurements of
actual atmospheric conditions (Figure 5-9).

Although so far there have not been any large disasters directly attributable
to photochemical smog, the quality of the environment is seriously degraded
by its presence, and it is now widespread in the industrial world. Ambient
ozone is one of the most pervasive environmental problems facing urban and
regional areas. In the next chapter we review many of the remedies and
legislative actions being undertaken to reduce the emissions of particulates,
VOCs, carbon monoxide, and oxides of nitrogen (primarily from automo-
biles), and to suppress or limit secondary pollutants. There continues to be a
great need for reliable kinetic data for the many chemical processes occurring
in a polluted environment and for accurate models to simulate their physical
and chemical behaviors.
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5.1.

5.2.

5.3.

5.4.

(a) Give the values for the molecular quantum numbers A and S for each
of the five electronic states of molecular oxygen shown in Figure 5-1.

(b) For each of these five states, state whether (1) interchange through the
center of symmetry, and/or (2) interchange through the plane of
symmetry, leads to a change in sign of the electronic wave function.
(See Appendix A.)

(c) Based on the selection rules for radiative absorption given in Section
5.1, which of the four electronic transitions between the ground state
of molecular oxygen and the four excited states given in Figure 5-1 are
allowed transitions? Justify your answer.

From Figure 5-2, determine the absorption cross section o of O, at

160 nm. (Note that the vertical scale is logarithmic.)

Punta Arenas, Chile, is located at 53°S latitude, which is at the edge of the

Antarctic ozone hole (Section 5.2.3.3). On October 4, 1995, the column

ozone concentration was 325DU; on October 13, it had dropped to

200DU [V. W. J. Kirchkoff et al., J. Geophys. Res., 102, 16109-16120

(1997)].

(a) Calculate the fraction of solar radiation intensity I /Iy transmitted by
atmospheric ozone at 297 nm on October 4 and on October 13. The
spectrum of ozone is given in Figures 5-3 and 5-4.

(b) Calculate the percent increase in intensity at 297 nm from October 4
to October 13.

The thehl/rimodynamic equilibrium  constant for the reaction
O + O, «— O3 is given by the expression

12,786
=—7 - 15.32

InK (atm_l)

(a) Calculate the equilibrium constant at the temperature of the atmos-
phere at an altitude of 25 km (Figure 5-5).

(b) The pressure of O, is about 0.005 atm at 25km, and the concen-
tration of ozone is given in Figure 5-5. Calculate the ratio of the
equilibrium pressure of O atoms divided by the equilibrium pressure
of O, (PO/POZ), at 25 km.
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5.5.

5.6.

5.7.

5.8.

5.9.

5.10.

S.11.

5.12.
5.13.

5.14.

(c) Would you expect this ratio to increase or decrease in the presence of
sunlight? Why?

Using Figures 5-2, 5-3, and 5-5, calculate the percent of light transmitted

at 205 nm by:

(a) One meter thickness of molecular oxygen at an altitude of 25km
(where the pressure of O, is 0.005 atm) and (b) one meter thickness
of ozone at an altitude of 25 km.

(c) From the calculations in parts a and b, which of these two species
would you infer contributes more to absorption in the UV window of
Figure 5-7 at 205 nm? Make a rough estimate of the percent of solar
radiation transmitted by the stronger absorber at 205 nm from the
outer atmosphere to 25 km. (Hint: To calculate the column concen-
tration, assume that its concentration decreases linearly from the
value at 22km to 0 at 50 km; therefore the average concentration
from 22 km to 50 km is half the concentration at 22 km, and 0 above
50km.)

Show that the appropriate combination of reactions (5-29), (5-36),

(5-37), and (5-39) gives the Chapman cycle, equation (5-41).

Both mechanisms (5-48) and (5-49) lead to the catalytic destruction of

ozone. What is the significance of one mechanism relative to the other?

(a) Devise a chain mechanism in which hydrogen atoms catalyze the
destruction of ozone in the lower stratosphere.

(b) Is water a reasonable source of H atoms in your mechanism? If so,
why? If not, why not? (See Section 5.2.4.)

What is meant by the polar vortex? Why is it considered to be an

essential feature of the Antarctic ozone hole?

What is the role of polar stratospheric clouds (PSCs) in the formation of

the Antarctic ozone hole?

Explain in each case why the HCFCs and the PFCs have much lower

ODPs than the CFCs.

What is the role of temperature inversion in photochemical smog?

Although the results of a photochemical smog chamber experiment

shown in Figure 5-11 qualitatively agree in many ways with an actual

case of photochemical smog (Figure 5-9), there are some significant

differences between the two sets of data. In particular, note that the

ozone concentration increases to a constant amount in Figure 5-11,

whereas it decreases significantly after reaching a maximum in Figure

5-9. Discuss what might be the reason for this difference.

Calculate the percent of 397.5-nm light that would be absorbed by NO,

in a polluted atmosphere that is 1000 ft thick and contains the maximum

concentration of NO, given in Figure 5-9. Assume the pressure is

constant at 1 atm and the temperature is 85°F (29.4°C).
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5.15.

5.16.

5.17.

(a) What are VOCs?

(b) What is the role of VOCs in the production of photochemical smog?

It is stated that NO,, formed mainly from NO, is the main light ab-

sorber in the atmosphere leading to photochemical smog. Give several

examples of reactions involving the oxidation of NO to NO; in an

urban atmosphere.

We have seen that PAN, a component of photochemical smog, is

thermodynamically unstable, decomposing into NO, and the peroxy-

acetyl radical CH3C(O)O;" [the reverse of reaction (5-111)]. This reac-

tion is very sensitive to temperature changes; at 25°C the half-life of

PAN is 27.5 mins, while at 100°C it is 0.18s.

(a) Calculate the rate constants (in s—!) at 25°C and at 100°C.

(b) Assuming that the empirical Arrhenius equation (4-24) is followed,
calculate the activation energy E, for the decomposition reaction.



PETROLEUM, HYDROCARBONS,
AND COAL

6.1 INTRODUCTION

Organic compounds are abundant in the environment, both as the products of
natural, mainly biological, activity and as waste materials and pollutants from
industrial processes. Organic compounds generally may be considered to be
substituted hydrocarbons that are made up of straight or branched chains,
rings, or combinations of these structures. The hydrocarbon skeletons are
modified by the presence of multiple bonds and substituents (oxygen, nitrogen,
halogen, etc.) that markedly influence the reactivity of the molecules. Unsub-
stituted hydrocarbons are relatively inert, particularly toward the polar com-
pounds in the environment. All hydrocarbons are thermodynamically unstable
with respect to oxidation to CO, and H,O, but the rate of this process is very
slow except at elevated temperatures. However, the energy released by reaction
with oxygen (about 12 kcal/g or 4500 J/g for saturated hydrocarbons) is very
important for the generation of heat and electricity and for transportation in
our industrial society.

Organic compounds are the basis for life on earth. The synthesis of organic
compounds in living systems is catalyzed by other organic substances called

147
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enzymes. The degradation of organic compounds often follows a pathway
that is the reverse of the synthesis, and the reactions are catalyzed by the
same or similar enzymes. Many microorganisms utilize simple organic com-
pounds for their growth, and their enzymes are responsible for the degradation
of these substances. As a consequence, any compound that is synthesized by
a living system is readily degraded biologically and is said to be “biodegrad-
able.” However, many of the carbon compounds that have been formed
by geochemical reactions (crude oil, coal) or industrial chemical processes
(polyethylene, DDT) are not readily degraded and are frequently regarded as
pollutants. These compounds will accumulate in the environment unless their
degradation is catalyzed by a microbial enzyme or they are rendered more
susceptible to enzymatic degradation by some other environmental process
discussed in Section 8.2. These environmental processes are effective only
insofar as they render the pollutant more susceptible to biodegradation by
introducing appropriate functional groups that can serve as points of microbial
attack.

Since hydrocarbons are considered to be the parent compounds for organic
materials, we shall consider them in this chapter. Coal, a potential source of
hydrocarbons, is also discussed. Other organic compounds will be considered
in later chapters. No attempt is made to deal with the general chemistry of the
various classes of compounds and functional groups except as these reactions
are important environmentally. It is assumed that the reader has some famil-
iarity with the properties of hydrocarbons and their simple substituted deriva-
tives.

6.2 THE NATURE OF PETROLEUM

Crude oil is the predominant source of the hydrocarbon compounds used for
combustion and for industrial processes, although as the supply of crude oil
decreases, coal, oil shale, and tar sands may become more important sources of
liquid and gaseous hydrocarbons. Crude oil is also a major source of environ-
mental pollution. It is estimated that 2—-9 million metric tons (tonnes) of crude
oil and hydrocarbons enter the environment each year.

Crude petroleum is a complex mixture of hydrocarbons that is separated
into fractions of differing boiling ranges by the refining process shown sche-
matically in Figure 6-1. The various fractions either are used directly as energy
sources (“straight-run gasoline”) or are modified chemically to yield more
efficient energy sources such as high-octane gasoline. In addition, hydrocar-
bons may be converted to petrochemical compounds such as monomers,
polymers, and detergents that are derived from petroleum.
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FIGURE 6-1 Diagram of a crude oil distillation unit. The crude oil enters at the upper right-hand
corner of the diagram and the products are taken off below on the right. Redrawn with permission
of Scribner, a Division of Simon & Schuster, Inc., from The Chemistry of Organic Compounds,
Fourth Edition by James Bryant Conant and Albert Harold Blatt. Copyright © 1952 by Macmillan
Publishing Company. Copyright renewed © 1980 by Grace R. Conant.

Sulfur, oxygen, nitrogen, and metal derivatives are also present in petroleum,
and compounds containing these elements are emitted when petroleum is
burned. Sulfur is the most important minor constituent because it is emitted
into the air as sulfur oxides when petroleum is burned, and the sulfur com-
pounds released poison the catalytic converter on automobiles (Section 6.7.3).
The sulfur content of crude oil ranges from 0.1 wt% for low-sulfur to greater
than 3.7 wt% for high-sulfur petroleum. The sulfur is present mainly in the form
of thiophene or thiophene derivatives such as the following;:
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H;C N
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() > T e

Thiophene  2,3-Benzthiophene  2-Ethyl-4,5-dimethylthiazole

Nitrogen from nitrogen compounds constitute a much smaller percentage
(~ 1% by weight) of petroleum than do sulfur compounds. The nitrogen is also
present in the form of derivatives of the heterocyclic ring systems such as
thiazole or substituted quinolines.

&Y )
g~ N CH;
Thiazole 2,3,8-Trimethylquinoline

Metals are present in petroleum either as salts of carboxylic acids or as
porphyrin chelates (Chapter 9). Aluminum, calcium, copper, iron, chromium,
sodium, silicon, and vanadium are found in almost all samples of petroleum in
the range of 0.1-100 ppm. Lead, manganese, barium, boron, cobalt, and
molybdenum are observed occasionally. Chloride and fluoride also are com-
monly encountered. Some of these metallic components are probably intro-
duced into the petroleum when it is removed from the ground. The use of
emulsified brines and drilling muds (mixtures of iron-containing minerals and
aluminum silicate clays) may account for the presence of some of these trace
elements.

6.3 SOURCES OF CRUDE OIL AND HYDROCARBONIS IN
MARINE ENVIRONMENTS

6.3.1 Introduction

The major environmental effects of petroleum are due either to crude oil itself
or to the automobile hydrocarbon emissions from the gasoline fraction of the
crude oil. Oil spills are generally associated with the release of hydrocarbons to
the oceans or other water bodies, where much of the oil floats and spreads over
large areas of the water surface. Spills on land tend to be more easily contained
to small areas, but they may result in the contamination of soil and local water
supplies. This has been an important problem in cases of storage tanks that
leak petroleum into the underground environment over long period of time.
The primary environmental problems associated with spills in bodies of water
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Big spills . 37
Routine maintenance - 137
Down the drain _ 363
Up in smoke - 92

Offshore drilling I15

Natural seeps - 62

FIGURE 6-2 The annual input of petroleum hydrocarbons into marine environments annually
in millions of gallons: Big spills, major oil tanker and oil well accidents; Routine maintenance,
bilge cleaning and other discharges from oil tankers and other large ships; Down the drain, used
automobile engine oil, runoff from land of municipal and industrial waste; Up in smoke, hydrocar-
bons from vehicle exhaust and other sources that are rained out in the oceans; Offshore drilling,
Spill from offshore oil wells; Natural seeps, oil seeping into the oceans from natural, under-
ground sources. Redrawn from http://seawifs.gsfc.nasa.gov/OCEAN_PLANET/HTML/peril
oil_pollution/html.

are the effects of the slowly degraded petroleum residues on aquatic life.
Automobile emissions, on the other hand, cause atmospheric problems.
Much spilled oil also enters the atmosphere by evaporation, but the problems
associated with oil spills and automobile emissions are sufficiently different to
warrant separate discussion in this chapter. The additional environmental
problems of the surfactants, polymers, and pesticides synthesized from petrol-
eum are discussed in subsequent chapters.

It is estimated that the crude oil input into the sea is 7 x 108 gal/year
worldwide (Figure 6-2). The sources of the oil, with the exception of delivery
from the atmosphere, are discussed in the subsequent sections of this chapter.
The atmospheric input is too diverse and ill defined to permit a clear delinea-
tion of all the sources.

6.3.2 Natural Sources

Natural oil seeps led to the discovery of many of the major oil fields in the
world. The first oil well in the United States was drilled in Titusville, Pennsyl-
vania, because oil was observed seeping into the Oil River at that point. These
oil seeps may be responsible for local environmental problems, but often the
rate of seepage is so slow that the oil is effectively dispersed by environmental
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forces. A major oil seep, 3600 gal/day, is at Coal Oil Point near Santa Barbara
on the coast of southern California. This seep produces an extensive oil slick
on the ocean and often results in tar accumulation on the shore. The oil also
supports a community of marine microorganisms that metabolize these hydro-
carbons. Most seeps produce less than 40 gal/day and the environmental effect
appears to be quite limited. The contribution of natural sources to the oil in the
marine environment is 9% of all sources.

In 2000, earth-imaging satellites and radar discovered extensive natural
seepage of oil into the Gulf of Mexico. It is estimated that the annual amount
of oil released per year is twice that of the Exxon Valdez spill (2 x 11 million
gallons: Section 6.4.1). This is a gradual release of oil, which wildlife is used to,
and it forms a slick on the water 0.01 mm thick, which is of little danger to
wildlife and is readily metabolized by bacteria. Some of these seeps have been
occurring for thousands of years, and it has been proposed that there are food
chains nurtured by the oil released by the seeps.

6.3.3 Offshore Wells

Leakage from offshore oil wells is responsible for only about 2% of the oil in
the sea (Figure 6-2). Thus it is surprising that there is always major opposition
from local communities when it is proposed to drill for oil along the East or
West coasts of the United States. This mind-set is probably due to the images of
the well that “blew” off Santa Barbara, California, in January 1969. This
oil was pressurized by methane gas in the ground, and the pressure forced
out the oil when the well was drilled. The high pressure forced oil out of the
seafloor in the vicinity of the well and thus the flow could not be stopped by
capping the well. It was necessary to drill additional wells to dissipate the gas
pressure so that the oil flow could be controlled. Other examples include the
North Sea blowout in 1977 and the Ixtoc 1 well, which continued for almost a
year (from June 1979 to the spring of 1980) in the Gulf of Mexico off the coast
of Campeche, close to the Yucatan Peninsula. The latter well spewed out 140
million gallons of crude oil (Figure 6-3). Now, however, unless the oil is
pressurized, potential “blowout” sites can be identified by geologists, so the
danger of major leaks from offshore oil wells appears to be minimal. There are
6000 wells off the coasts of Texas and Louisiana with no reports of major
spills. One study has concluded that drilling offshore wells results in less
environmental risk than transporting the oil in large tankers from the Gulf of
Mexico or the Middle East because of the problems with tanker use discussed
in Section 6.3.5."

'W. B. Travers and P. R. Luney, Science 194, 791-796 (1976).
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FIGURE 6-3 The Ixtoc exploratory well, which blew out and caught fire June 3, 1979. It spilled
140 million gallons of oil into the Gulf of Mexico. From http://www.nwn.noaa.
gov/sites/hazmat/photos/ships/08.html. Also see color insert.

6.3.4 Industrial and Municipal Waste

It is estimated that 51% of the oil in the marine environment is a result of
industrial and municipal waste (Figure 6-2). About 1400 million gallons of
used oil is generated each year in the United States. Most of this oil was used as
a lubricant for automobile engines (crankcase oil) or as industrial lubricants. A
large portion of this used oil is collected by commercial recyclers for direct use
as fuel or for rerefining into new oil. It is estimated that 363 million gallons of
this used oil ends up in the environment (Figure 6-2).

Automobile lubricating oil, changed by the vehicle owner, is a major source
of the oil that is dumped or discarded in landfills. About 50% of the 190 million
gallons of oil that is changed by do-it-yourselfers is brought to collection centers
such as gasoline stations. The other 95 million gallons is either sent to landfills,
dumped on the ground, or poured down storm sewers. This oil migrates through
the soil and finally ends up in underground aquifers, rivers, lakes, and oceans.
Until recently, used oil was sprayed on dirt roads to control dust but this practice
was forbidden in 1992 because such oil contains toxic metals and toxic hydro-
carbons that had been rapidly leached into water supplies.

California has an aggressive program of collecting and recycling oil.
Of the 137 million gallons of used oil generated each year in the state,
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over half (83 million gallons) is collected. This program has resulted in
noticeable decreases in the levels of oil present in soil and water samples
in the state.

There have been major concerns raised concerning the burning of 800
million gallons of used oil each year to heat schools, hospitals, apartment
buildings, and factories in the United States. The combustion of this oil is
not regulated because it is not classified as hazardous. It is not labeled as
hazardous because this would stigmatize the oil, causing people to be less
willing to recycle it. Yet it contains lead, chromium, cadmium, and other
toxic constituents, and many of these are emitted into the atmosphere during
the combustion process. For example, in 1992 it was estimated that about
600,000 b of lead compounds was released during the combustion process, an
emission rate greater than any other industrial process. Oil cannot be legally
combusted if it contains more that 100 ppm lead, but this standard is 10 times
higher than the limit for other fuels imposed by the U.S. Environmental
Protection Agency (EPA). Used oil that is to be burned must be tested first to
determine that the levels of lead, chromium, cadmium, benzene, and other
constituents are within the EPA standards for these substances. If not, the
used oil is usually blended with other oil so that the mixture meets EPA
standards.

6.3.5 Transportation

The major source of oil in the marine environment is spills resulting from
crude oil transport. There are some 6000 oil tankers worldwide that transport
crude oil, and these vessels are designed to ride low in the water when carrying
a full load. After they unload their cargo they must take on seawater as
ballast for their return trip to the oil fields. This ballast is pumped into holding
ponds where the oil can be recovered. However, this ballast, along with
the residual crude oil in their tanks, is pumped into the ocean before the
next cargo of crude oil is loaded. It is estimated that 0.4% of the capacity
of a tanker sticks to the tanker wall after the crude oil is discharged. If
the tanker takes on ballast equivalent to one-third of its total capacity
then about 1.6 x 10* gal of crude oil will be pumped out with the ballast
of a tanker having a capacity of 12 x 10° gal. It is estimated that every
year 137 million gallons of oil is introduced into the sea from “routine
maintenance”: ejection of tanker ballast and the many small spills resulting
from crude oil transport (Figure 6-2). The sea lanes around the continent of
Africa and the subcontinent of India are the most heavily oiled in the world as
a result of the spills from the dense tanker traffic leaving the Persian Gulf
(Figure 6-4).
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FIGURE 6-4 Positions at which visible oil slicks were observed between 1975 and 1978 by the
Interglobal System Marine Pollution (Petroleum) Monitoring Project. Redrawn from E. M. Levy,
M. Ehrhardt, D. Koknke, E. Sobtchenko, T. Suzuoki, and A. Tokuhiro, Intergovernmental
Oceanographic Commission, UNESCO, 7 Place de Fontenoy 75700, Paris, France 1981. Used
by permission of the United Nations.

6.3.6 Catastrophic Oil Spills

Catastrophic oil spills can have dramatic local environmental effects, and
because of this they are well documented in the national press and television.
Major oil spills became a problem on the east coast of the United States in
World War II when German submarines sank over 60 oil tankers, releasing
6.5 x 10° metric tons of oil over a period of three years. Since the tankers were
traveling close to the shore in an attempt to avoid the submarines, much of this
oil eventually washed up on the beaches.

Today major oil spills occur each year as a result of oil tanker accidents
(Figure 6-2). The huge tankers (Figure 6-5) release vast amounts of oil when
accidents occur. These accidents are inevitable because of the steady stream of
tankers traveling from the oil-producing centers in the Middle East and Alaska
(Figure 6-4), just as automobile accidents are inevitable on busy highways.
Catastrophic spills contribute only about 5% to the total amount of oil
entering the marine environment as a result of transportation, but they have a
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FIGURE 6-5 The “midsize” oil tanker Ventiza, built in 1986. It is 247 m (811 ft, or 2.7 U.S.
football fields) long and 41.6 m (136 ft) wide. In 2000 the largest tanker in the world was the Jahre
Viking, which is 458 m (1504 ft, or 5 U.S. football fields) long and 69m (266 ft, or 0.89 U.S.
football field) wide. From http://www.rigos.com/ventiza.html. Also see color insert.

major impact on the local environment if the oil reaches the shore. Cata-
strophic spills will occur less frequently if more double-hulled tankers (vessels
having a 9- to 10-ft buffer area between the two hulls) are used. If an accident
perforates the outer hull, there is a reasonable probability that the inner hull
will not be breached and no oil will be released. Federal legislation passed in
1990 requires oil tankers proceeding between two destinations in the United
States to have double hulls and mandates the removal from service of single-
hull tankers over 25 years old. There has been an upsurge worldwide in the use
of double-hulled tankers. This increase is probably due more to the potential
for costly ligation resulting from an oil spill than to the laws passed by the U.S.
Congress. There has been a decrease in the amount of oil spilled since 1984
(Figure 6-6; see also Table 6-1).

Oil tankers and other big ships have been identified as a major source of air
pollution. These ships burn high-sulfur fuels that release large amounts of
sulfur dioxide (SO;) and nitrogen oxides (NO,) as well as particulates into
the air. The EPA plans to regulate these emissions, but international agree-
ments will be required to enforce any such regulations.

As noted earlier, oil spills on land are more readily contained and are usually
a less serious environmental problem than those at sea. One notable exception
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FIGURE 6-6 Oil spills over 10,000 gal (34 tonnes) since 1968. The major oil spills decreased in
the 1984-1998 period. The 240 million gallons deliberately released in Kuwait during the Gulf war
was the principal contributor to the total amount spilled in 1991. Redrawn from D. S. Etkin,
International Oil Spill Statistics: 1998. Cutter Information Corp., Arlington, MA. Copyright ©
1999. Used by permission of Cutter Information Corporation.

TABLE 6-1
Oil Spills In Order of Amount Spilled?

1. 26 January 1991: terminals, tankers; 8 sources total; sea island installations; Kuwait; off
coast in Persian Gulf and in Saudi Arabia during the Persian Gulf War (240.0)
. 03 June 1979: Ixtoc I well; Mexico; Gulf of Mexico, Bahia del Campeche (140.0)
. 02 March 1990: Uzbekistan, Fergana Valley (88)
. 04 February 1983: platform no. 3 well; Iran; Persian Gulf, Nowruz Field (80.0)
. 06 August 1983: tanker Castillo de Bellver; South Africa; Atlantic Ocean, 110 km
northwest of Cape Town (78.5)
. 16 March 1978: tanker Amoco Cadiz; France; Atlantic Ocean, off Portsall, Brittany (68.7)
7. 10 November 1988: tanker Odyssey; Canada; North Atlantic Ocean, 1175 km northeast of
St. Johns, Newfoundland (43.1)
8. 19 July 1979: tanker Atlantic Empress; Trinidad and Tobago; Caribbean Sea, 32 km
northeast of Trinidad-Tobago (42.7)
9. 11 April, 1991: tanker Haven; Genoa, Italy (42)
10. 01 August 1980: production well D-103 (concession well); 800 km southeast of Tripoli,
Libya (42.0)

“» AW

N

(continues)
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TABLE 6-1 (continued)

11. 02 August 1979: tanker Atlantic Empress; 450 km east of Barbados (41.5)

12. 18 March 1967: tanker Torrey Canyon; United Kingdom; Land’s End (38.2)

13. 19 December 1972: tanker Sea Star; Oman; Gulf of Oman (37.9)

14. 23 February 1980: tanker Irene’s Serenade; Greece; Mediterranean Sea, Pilos (36.6)

15. 07 December 1971: tanker Texaco Denmark; Belgium; North Sea (31.5)

16. 23 February 1977: tanker Hawaiian Patriot; United States; Pacific Ocean 593 km west of
Kauai Island, Hawaii (31.2)

17. 20 August 1981: storage tanks; Kuwait; Shuaybah (31.2)

18. 25 October 1994; pipeline: Russia; Usinsk (in area that was closed to foreigners before
collapse of Soviet Union) (30.7)

19. 15 November 1979: tanker Independeniza; Turkey; Bosporus Strait near Istanbul, 0.8 km
from Hydarpasa port (28.9)

20. 11 February 1969: tanker Julius Schindler; Portugal; Ponta Delgada, Azores Islands
(28.4)

21. 12 May 1976: tanker Urquiola; Spain; La Corufia Harbor (28.1)

22. 25 May 1978: pipeline no. 126 well and pipeline; Iran; Ahvazin (28.0)

23. 05 January 1993: tanker Braer; United Kingdom; Garth Ness, Shetland Islands (25.0)

24. 29 January 1975: tanker Jakob Maersk; Portugal; Porto de Leisoes, Oporto (24.3)

25. 06 July 1979: storage tank tank no. 6; Nigeria; Forcados (23.9)

“Number in parentheses refers to millions of gallons spilled.
Source: excerpted from D. S. Etkin, International Oil Spill Statistics: 1998. Cutter
Information Corp., Arlington, MA, 1999. http://www.cutter.com/oilspill

was the flooding caused by Hurricane Agnes in 1972, which resulted in the
release of 6-8 million gallons of sludge and oil from storage tanks in Pennsyl-
vania.

6.4 FATE OF AN OIL SPILL

The dispersal of an oil spill is illustrated in Figure 6-7. When oil is spilled, the
lower boiling fractions evaporate and dissolve rapidly, with the result that
25-50% of a crude oil spill is soon lost from the surface of the sea. The extent
to which these processes occur is determined by the temperature of water and
the intensity of wind and wave action. The residue of higher molecular weight
hydrocarbons is slowly degraded by microorganisms. This process may be slow
because the other nutrients needed for growth, especially nitrogen, are quite
limited in the ocean. In addition, the insoluble petroleum contains molecular
species that are too large to be assimilated through the cell walls of microorgan-
isms and will undergo biodegradation only after the petroleum has been
broken down into smaller molecules by a combination of photochemical
and oxidative processes. As a general rule, microorganisms cannot assimilate
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FIGURE B-7 Fate of spilled oil. Redrawn with permission from R. Burwood and G. C. Speers,
Estuarine and Coastal Marine Science, Vol. 2, pp. 117-135. Copyright © 1974. Used by permis-

sion of Academic Press.

organic molecules of molecular weight greater than 500 Da. Consequently the
remaining higher molecular weight material is whipped up into a “mousse” of
hydrocarbons and water by waves and winds, and this mousse slowly breaks
up into tar balls. These float unless mixed with enough sand to give them a
density that exceeds the density of seawater in which case they sink to the
bottom. Continued action of light, oxygen, and waves breaks the material up
into smaller and smaller particles and to molecules that can eventually be

degraded by microorganisms.
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6.4.1 Weathering of an Oil Spill

The polycyclic aromatic hydrocarbons in crude oil sensitize the photochemical
formation of singlet oxygen (Section 5.2.2), which oxidizes the olefins present
to cyclic dioxides and hydroperoxides:

O O

A0

g H

+ 0y (1) —> . o (6-1)

These compounds can either rearrange directly [equation 6-1] or be cleaved
photochemically to form hydroxyl radicals

that attack the other unsaturated molecules present:

00-
Oz RH
+ -OH — —

+ HzO

@ — ~ —~ —~ alcohols, phenols, carbonyl compounds, and acids

The net result of these radical processes is the solubilization of the polycyclic
aromatic hydrocarbons by conversion to phenols, alcohols, carbonyl com-
pounds, and acids.

The breakup of the spill is slowed if it is washed up on the shore. Dispersal
and degradation will continue if there is a strong wind and surf, but oil spills in
quiet bays or lagoons may take 5-10 years to disperse in the absence of wave

(62)

(6.4)
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and wind action. The toxic effects on marine life likewise persist for 5-10 years
in these environments.

The long-term effects of an oil spill are determined by the environment in
which it occurs. Spills that never reach the shore have the least effect because
most marine life tends to be near the land—sea interface, where food supplies
are more abundant and fish travel to lay eggs and birds and amphibians raise
their young. Thus a spill that remains at sea has less chance of damaging the
eggs and rapidly developing young marine life, which are the organisms most
susceptible to toxins of any sort.

6.4.2 Cleaning Up Qil Spills

One initial reaction to an oil tanker accident is to send another tanker or barge
to the leaking vessel and try to offload the crude oil. Most tanker accidents,
however, occur in stormy weather or as a result of hazardous conditions on the
tanker. If this is the case offloading the crude is not feasible, and the first action
is to put out a boom to contain the spill. Then skimmers, or boats with the
capability to collect surface oil, are sent out. Skimmers work with small
spills in calm water but have been less effective in large spills such as the
11-million-gallon spill by the tanker Exxon Valdez in Prince William Sound,
near Valdez, Alaska, in 1989. The skimmers used there had a very low capacity
and could not take on the oil as fast as it was coming out of the tanker. In
addition, when the skimmers had filled their tanks they were 3 hours from
shore, where the pumping facilities were, and the 6-hour round trip also
limited their usefulness. Later, when wave action in Prince William Sound
increased, the efficiency of the skimmers decreased markedly because they
passed over the oil without removing it. (Booms used to control the spread
of the oil are effective only in calm sea.) The fate of the oil from the Exxon
Valdez released into Prince William sound is shown in Figure 6-8.

If the spill cannot be contained or collected, the next approach is to drop or
spray dispersants on the oil to increase its miscibility with seawater. For
example, dispersants were used to keep the toxic oil released by Ixtoc 1 in
the Gulf of Mexico from reaching the shore. This treatment dispersed the oil in
micelles. The dilution of the oil diminished the concentrations of the toxic
hydrocarbons, and the dispersed oil underwent more rapid biodegradation
than it would have as a separate layer on the surface. Studies of the toxic
effects of this spill were limited, but there were no reported effects on the size
or quality of the shrimp catch in that part of the Gulf of Mexico. The one
danger with dispersants is their possible toxic effects on marine biota. For
example, the phenolic dispersants used on the oil spilled from the Torrey
Canyon in 1967 were more toxic than the crude oil. Recent studies have
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FIGURE 6-8 Fate of the oil from the Exxon Valdez spill of 1989 in Prince William Sound, near
Valdez, Alaska. Redrawn from http://www.oilspill.state.ak.us/beaches/beaches/htm. Also see
color insert.

identified detergents that are less toxic to marine life than crude oil but equally
effective in dispersing the spill.

One treatment that is seldom used today is the addition of agents like
chalk, which cause the oil to sink to the bottom. This approach has been
abandoned because the precipitated petroleum has a long lifetime in the
bottom sediments, where the dissolved oxygen content is low. There the
persistent hydrocarbons have a toxic effect on marine life for many years.
The hydrocarbons may also change an aerobic environment to an anaerobic
one, which inhibits the degradation of the petroleum by aerobic micro-
organisms.

Once the oil reaches the shore, a variety of techniques may be used to either
collect the oil or wash it off the beaches. A spray of hot seawater was used to
flush the oil from the Exxon Valdez off the rocks and beaches of Prince
William Sound, and the oil released was collected from the surface of the
water near the shore. This treatment may have been more detrimental than
helpful. The number of microorganisms in the treated areas was found to be
less than that present before treatment, suggesting that the treatment was more
toxic to marine microbes than the oil.

Bioremediation, a different approach to cleaning oil spills, was also investi-
gated for the removal of oil from the beaches in Prince William Sound.
Fertilizers were sprayed on the oily beaches to enhance the growth of the
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oil-eating bacteria that occur in the natural environment. The fertilizer
consisted of essential nutrients, such as nitrogen and phosphorus compounds
that are present in only small amounts in the sea, mixed with emulsifying
agents to solubilize the oil. These nutrients together with the carbon of
the petroleum provide an environment in which petroleum-consuming
bacteria can thrive. Inipol EAP 22, a mixture of oleic acid, lauryl phosphate,
2-butoxyethanol, urea, and water, appeared to be effective in enhancing the
rate of loss of oil from beaches. In some instances a two- to fivefold increase in
the rate of biodegradation of the oil was observed, and there was a marked
improvement in the appearance of the treated beaches in comparison to
control areas where no Inipol was used. However, in one case the visual
improvement was misleading, for analysis showed no difference in the
amounts of oil on the treated beach and in a control area that had not been
treated.

Some studies were performed in an attempt to determine which of
the components of the bioremediation mixture (Inipol EAP 22) were most
effective in promoting bacterial degradation of oiled beaches in Prince William
Sound. Nitrogen, which appears to be the limiting nutrient for hydrocarbon-
metabolizing bacteria in the presence of an oil spill, is believed to be essential
for bioremediation to be successful. The presence of oleic acid and lauryl
phosphate stimulates the growth of other bacteria, including some nitrogen-
fixing ones, which enhance the growth of the hydrocarbon-metabolizing bac-
teria. Oleic acid and lauryl phosphate are added only initially, since their
continued addition mainly supports the growth of bacteria that do not con-
sume oil. Large colonies of bacteria that do not metabolize oil will consume the
other essential nutrients (e.g., nitrogen) necessary for the oil eaters to grow.
Detergents that tend to disperse the oil also enhance the rate of bacterial
consumption of oil because it is easier for the bacteria to ingest the dispersed
hydrocarbons.

These factors have been evaluated qualitatively only because it is difficult
to monitor the degradation of an oil spill in the ocean. Somewhat better
data have been obtained for spills on beaches, but these data probably
are not directly applicable to an oil slick on the ocean. At present there
are no data showing that addition of known oil-metabolizing bacteria
accelerates the degradation of the spill. The current view is that there is a
bloom of oil-metabolizing bacteria as soon as the oil is spilled, and thus
there is no need to add more bacteria. Addition of nitrogen- and phos-
phorus-containing fertilizers enhances the growth of the bacteria, which
results in the rapid biodegradation of the oil. Too much fertilizer should
be avoided, since this results in the proliferation of microorganisms that do
not metabolize the oil but do deplete the molecular oxygen in the water.
The oil-eating bacteria are aerobic, so the depletion of oxygen will slow
their growth.
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6.5 EFFECTS OF CRUDE OIL ON MARINE LIFE

The population of marine microorganisms that can metabolize soluble hydro-
carbons increases dramatically in the vicinity of an oil spill. The growth of
these microorganisms in the ocean is limited by the hydrocarbon content of the
water, so they multiply at a much greater rate when there is a big increase in the
hydrocarbon content of the seawater. As noted earlier, nitrogen is the growth-
limiting nutrient in the presence of excess hydrocarbons.

Almost all forms of life absorb hydrocarbons and are affected by crude oil.
The acute toxicity (an imminent health hazard) of crude oil is proportional to
the percentage and structures of the aromatic compounds present. Soluble
aromatic hydrocarbons containing two or more condensed rings have the
highest acute toxicity. Ingestion of crude oil by birds and mammals inevitably
leads to their death. The bulk of the oil ingested is a result of an animal’s
attempts to remove the oil from feathers or fur. Ingestion is also a consequence
of eating oiled plants or animals. For example, seals can easily catch and eat
oiled birds that are unable to fly. Plants and coral reefs are also susceptible to
the toxic effects of crude oil. Sea grasses and mangrove forests have been killed
by crude oil.

Birds and mammals are weakened by oil that binds fur or feathers together.
This greatly decreases the insulating capacity of the fur or feathers, with the
result that the animals lose heat at a much more rapid rate than before.
Consequently they must eat much more food to maintain their body tempera-
ture. This is a serious problem for mammals like polar bears and sea otters,
which spend a lot of time in the sea and are unable to escape from the vicinity
of the spill. These animals also experience eye irritation as a consequence of
their surfacing in the oil and getting it in their eyes. Laboratory studies and
other studies have demonstrated that crude oil is more toxic to eggs and
developing young marine life than it is to adults. Such studies also indicate
that marine life does not instinctively avoid oil spills.

The toxic effects of the crude oil appear to be short-lived. Most marine
life repopulates a previously affected area within one to two years, and there
is little visible effect on the ecosystem. The rate of recovery is strongly depend-
ent on the activity of the ocean on the shoreline. In areas where there is active
surf, the ocean constantly scrubs the beach and the rocks, and the oil is
dispersed. Oil spilled in a protected area may persist for many years, so it
takes correspondingly longer for the environment to return to its prespill
condition.

The indirect effects of oil spills are not well known, but these are potentially
as important as the direct effects just noted. It is known that fish and
other forms of marine life are stimulated in their search for food, in their
escape from predators, and in their mating by the organic compounds in the
sea. The messages received by the fish may be masked by the presence of
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6.5.1 Fish

petroleum, or the compounds present in the crude oil may convey incorrect
messages.

We now turn to some of the numerous laboratory studies to determine the
effects of crude oil on various types of marine life as well as observations made
at the sites of oil spills.

Laboratory studies have shown that dissolved hydrocarbons destroy the mem-
branes in gills, which results in a diminished ability to absorb oxygen from the
water. This loss of gill efficiency results in an enlarged heart. There is also less
efficient utilization of food, an effect that may be related to diminished adsorp-
tion of food through the intestinal walls. The proposed decrease in food
adsorption may also be due to damage to the lipid layers in the intestines.
The diminished populations of bottom-feeding fish in the vicinity of some spills
suggests that these may be affected most. This may be due to ingestion of oil
adsorbed on the sediments.

6.5.2 Clams, Mussels, and Other Invertebrates

6.5.3 Birds

There is usually a sharp decrease in the populations of invertebrates in the
vicinity of oil spills because, unlike fish, they do not have sufficient mobility to
move away from the area of the spill and they live in sediments that contain
adsorbed oil. These mollusks absorb oil into their systems, where it inhibits the
production of eggs and sperm, causing an abrupt drop in their populations. Oil
is also toxic to the adults, as shown by the large quantities of dead mollusks,
crabs, and sea urchins that washed up on the shores of France after the Amoco
Cadiz spill. The populations of these invertebrates gradually build up again
over a period of several years.

The oiling of birds is usually one of the most dramatic visual effects of an oil
spill. The toxicity of the oil ingested during a bird’s attempts to remove the oil
from its feathers usually results in the death of the animal. Very few of the birds
recover, in spite of heroic efforts by rescue workers. There appear to be no
long-term effects on the bird population; their numbers rebound rapidly within
a year or so. For example 35,000 dead birds were retrieved as a consequence of
the Exxon Valdez spill, and the total death toll was much higher—close to
200,000 birds, including about 200 adult bald eagles. However in one year’s
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time it was observed that a significant number of birds occupied areas that had
been oiled and, more specifically, 51% of the bald eagle nests in the oiled
region were occupied and produced an average of 1.4 eaglets per nest, the
usual ratio for this area.

It was demonstrated that ingestion of sublethal amounts of crude oil by
herring gull chicks causes several sublethal effects that could impair the ability
to survive. In this study the chicks suffered liver effects and ceased to grow in
comparison to similar chicks that had not ingested oil. A similar study on
young herring gulls and puffins showed oxidative damage to the hemoglobin of
their red blood cells. Thus it appears unlikely that birds that have been
subjected to a large amount of oil will survive for long even if the oil covering
their feathers is removed. These birds will have ingested oil in their attempts to
remove it from their feathers and consequently will be subject to its sublethal
toxic effects.

6.5.4 Sea Otters and Other Marine Mammals:

Marine animals (like sea otters are very susceptible to the toxic effects of the oil
mainly because they spend most of their time in the sea, swimming and
surfacing through the oil. Exxon expended $8 million dollars for the helicopter
capture of 357 otters ($80,000 per otter!), of which 234 survived. Many of the
captured otters were not oiled or were only slightly oiled. Those that survived
were cleaned and released, 45 with surgically implanted radio monitors. Only
22 of those with radio monitors were detected the following spring, suggestive
of a high mortality rate. In addition, 878 dead otters were found, and it is
likely that many more dead otters were never recovered. A report published in
2000 noted that sea otters born after the 1989 Exxon Valdez oil spill in Prince
William Sound had a lower rate of survival than sea otters born before the
oil spill. This suggests that the young are still experiencing the toxicity of the oil
8-10 years later.

These findings show that, as in the case of birds, it does not make sense to
expend financial and human resources to try to rescue and resuscitate oiled
mammals. Given the toxic effects of the oil, coupled with the stress the animals
experience as a result of the capture, cleaning, and release process, there are
very few survivors. Necropsies revealed severe emphysema (probably from the
oil fumes) as well as liver, kidney, intestinal, and bone marrow abnor