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Preface

““Clinical Chemistry encompasses the study of the fundamental princi-
ples of chemistry as applied to an understanding of the functioning of
the human organism in health and disease.”?

From its very definition, clinical chemistry is an applied science.
Its scope includes the following:

1. Studies designed to elucidate the chemical mechanisms
whereby the human normally functions.

2. The application of this information to an understanding of the
disease process in the human.

3. The development of methodology and instrumentation in
order to facilitate data gathering so as to apply the above
principles to the diagnosis and treatment of disease in the
human.

This book is an attempt to organize the information gathered
relative to points 1 and 2 into a logical sequence so as to define the areas
of learning encompassed by the science of clinical chemistry. It is constructed
around the subject which is the target of this science, namely the human.
The material is presented from the point of view of the clinical chemist,
but since it is impossible to discuss a mechanism adequately without
visualizing its parts, some schematic anatomical drawings are included
to simplify the discussion of responses to chemical challenges.

The book is partly a curriculum which has been worked out by the
authors for the training of clinical chemists and clinical pathologists. It
should also be useful for the training of medical technologists.

1 Chaney, A. L., McDonald, H. J., Natelson, S., Osterberg, A. E., and Routh, J. L., Chem.
Eng. News 32: 4097 (1954).
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viii Preface

This book is also designed to enable the practicing physician to
utilize more fully the resources of the laboratory of clinical chemistry.
For this reason summaries and tables are placed at the end of the
various discussions correlating the chemical findings expected with
certain disease processes. This should also be useful to the technically
trained clinical chemist, as it will familiarize him with medical ter-
minology.

The organization of the book follows the natural lines of the
functioning human. It is assumed that the reader has an elementary
background in organic and biological chemistry. For this reason, such
standard headings as proteins, carbohydrates, enzymes, and vitamins
do not appear in this book. These subjects are discussed in connection
with the particular function at hand.

To cover so large a field in a small volume is obviously an insur-
mountable task. For this reason the literature citations have been
selected to give preference to monographs and to the more general
articles on the various subjects. In this way, this book stands supported
by selected texts and journal publications.

Procedures for performing the various types of analyses required in
a laboratory of clinical chemistry are not included in this book. The
reader is referred to a list of textbooks on analytical clinical chemistry
in the appendix.

Samuel Natelson, Ph.D.
Chicago Ethan Allen Natelson, M.D.
Houston

June, 1975

Development of this text was supported in part by the training grant program in clinical
chemistry of the National Institutes of Health, which support is gratefully acknowledged.
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Introduction

Origin of the Term “Clinical Chemistry”

From the beginning of man’s consciousness, he has centered his interests
around his own well being. Every early civilization and culture gave a
special position to the healer or medicine man. In turn, the healer has
always explored and theorized about the workings of the human
mechanism in health and disease. With the Renaissance and the spread
of chemical information gathered in the Near East, medieval alchemy
was adopted in the western world.

One of the main concerns of the alchemists was with finding the
““elixir of life.” Their studies on human and animal material laid the
foundation for the development of the chemical sciences. Paracelsus, the
son of a physician and a physician himself, proclaimed in 1526 that
alchemy should not concern itself with the transmutation of elements
but was the handmaiden of medicine. The alchemists were replaced by
iatrochemists, the word iatro meaning pertaining to medicine. Thus we
may say that Paracelsus is the Father of Clinical Chemistry.

Van Helmont, who was active during the middle of the first half of
the 17th century, was the last prominent chemist to call himself an
iatrochemist, because by this time those studying living organisms were
calling themselves organic chemists. Van Helmont prepared carbon
dioxide and studied the ferments (digestive enzymes) of the body. He
introduced the analytical balance into the study of chemistry. This is in
line with the fact that numerous analytical tools and techniques have
originated in the clinical chemistry laboratory and continue to do so.
For example, Pregl, who received the Nobel Prize in Microchemistry,

1



2 Introduction

was a physician and was motivated by clinical problems. Modern
instrumentation developed first by clinical chemists has subsequently
been used in other disciplines.

Toward the end of the 18th century, Priestley and Lavoisier studied
combustion and respiration, and Lavoisier, based on the work of Priestley,
correctly interpreted the facts of oxidation, which replaced the phlogis-
ton theory. It is of interest to note that Priestley went on to lecture at the
University of Pennsylvania between 1795 and 1804 and to this day the
University of Pennsylvania is an outstanding center for studies in
pulmonary physiology and chemistry.

Berzelius and Gmelin reflected the thinking of the organic chemists
of their time (1811) in proclaiming that a vital force was necessary to
form an organic compound. This theory was abandoned when Wéhler
and Liebig synthesized urea in 1828. It is of interest to note that Wéhler
had a degree in medicine. From this time, organic chemistry came to
mean the study of compounds of carbon. Those interested primarily in
the chemistry of the human began to call themselves physiological
chemasts, with the publication of Hoppe-Seyler’s Zeitschrift fiir Physiologische
Chemie. Since most of these chemists were trained physicians, it was
natural for these studies to stress physiology more than chemistry.

Feeling the need for a journal which was more closely related to
their studies, with an emphasis on the chemistry of the living organism,
the Biochemical Society was organized in England and the Biochemical
Journal was first published in 1906.

Six years later the Journal of Biological Chemistry and Biochemische
Zeitschrift were founded. These contained articles mainly on clinical
chemistry by such authors as Van Slyke, Folin, Schoenheimer, Bloor,
Somogyi, and Victor Meyer. The term biochemistry was almost
synonymous with what we now call clinical chemistry. Courses in the
medical schools in biochemistry were courses in clinical chemistry. The
Johns Hopkins University was the first of the medical schools to employ
a chemist to teach biochemistry early in the 20th century.

After the Second World War, stimulated by grants from the
National Institutes of Health which were originally designed to en-
courage investigation into the chemistry of the human, numerous
research projects were undertaken at universities in biochemistry. In
the absence of a hospital environment, these investigators turned to
detailed studies of the mechanisms of biochemical reactions. Soon these
publications crowded out the publications more closely related to the
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human. Clinical chemical studies necessarily had to be published in
medical journals.

To remedy this situation, the American Association of Clinical
Chemistry was organized in 1948 and publication of a journal, Clinical
Chemistry, followed in 1955. The word *clinical ** literally means bedside.
The term was probably chosen because of a book published on the
subject in 1932 by Peters and Van Slyke entitled Quantitative Clinical
Chemistry. Soon clinical chemistry journals appeared in many countries.
Clinica Chimica Acta appeared in 1956. Similar journals in Scandinavia,
Germany, and other countries followed.

The increasing utilization of the routine clinical chemistry labora-
tory by the physician resulted in the expansion of these laboratories and
the introduction of extensive systems of automation. Certain clinical
chemists then devoted their full time to the management of these
laboratories and to the development of improved methodology and
procedures and many of these chemists moved to commercial labora-
tories and companies devoted to supplying the analytical needs of the
laboratories. The name clinical chemist began to mean, to some, an
analytical clinical chemist. In England, a Society of Clinical Biochemists
was formed to distinguish those who concerned themselves with
activities designed to explore the chemistry of the human in health and
disease and not methodology. A Journal of Clinical Biochemisiry was
published in Canada. Whether this term clinical biochemist will be
generally accepted in other countries in this sense remains to be seen.

The clinical chemist has thus been called an alchemist, iatro-
chemist, organic chemist, physiological chemist, biochemist, and now
clinical chemist and clinical biochemist. Today many clinical chemists
still call themselves biochemists and hospital laboratories are still called
biochemical laboratories. As pointed out in the preface, if one is motivated in
seeking to improve our understanding of the chemical processes in the human in
health and disease, then today he is a clinical chemist.



Body Fluids and Electrolytes



Maintenance of the Steady State in
the Human"

The human body is a highly complex servomechanism. Like an airplane
on automatic pilot, it reacts to stimuli so as to maintain its balance.
Like the automatic oil burner, it reacts to stimuli from within by taking
more fuel (food). It adjusts its metabolic rate automatically to tem-
perature changes in its environment, and adjusts its rate of blood flow
automatically with changes in load. It maintains a constant tempera-
ture, pH, and salt concentration automatically in its components, which
in the human are called organs, such as the kidney and the lungs.

Figure 1.1 indicates the complexity of what takes place when a
simple stimulus is answered by a response. The stimulus arrives at the
central nervous system, where it triggers the hypothalamus to release
low molecular weight polypeptides. The hypothalamus simultaneously
adjusts the blood flow, the respiration rate, the blood pressure, and the
volume of blood passing through the kidneys and other organs. The pH
and electrolyte concentrations are kept in adjustment within narrow
limits.

The pituitary is then stimulated to secrete hormones which control
the function of the various glands. In addition, protein synthesis is
stimulated in order to carry out the innumerable functions necessary to
eventually result in the necessary muscular activity to respond to the
stimulus.

So sophisticated a machine requires a correspondingly sophisti-
cated computer, which in the human is called the central nervous system.
Just as certain servomechanisms made by man can learn by experience
in a limited way, this servomechanism or robot can learn most compli-

7
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Ficure 1.1 The human as a servomechanism.

cated tasks. While man has learned to build computers from minute
electrical current modulators called transistors, these are massive in size
compared to the relays in the brain. A computer constructed with

present technology would occupy many square miles if it were to begin
to simulate the function of the brain.

1.1 THE STEADY STATE

In order to discuss the various mechanisms for maintenance of an
orderly system of metabolism in the human, it is important that the
meaning of certain terms be clearly understood.



Maintenance of the Steady State in the Human 9

A system is said to be in equilibrium when it has reached a unique
condition where change ceases.® Equilibrium is a state of rest. For
example, if one half fills a bottle with water at room temperature, seals
it, and places it in a constant-temperature bath at 37°C, then some of
the water will evaporate. Now the pressure of water molecules leaving
the water is called its vapor tension. The pressure of the water molecules
condensing to form water is called the vapor pressure. Thus we have some
water molecules leaving the liquid and others returning. At equilibrium
these are equal. In other words, the vapor tension equals the vapor
pressure. Note that this is a dynamic equilibrium, that is, activity is going
on but a state of balance has been reached.

If one repeats the experiment by filling the bottle with hot water,
sealing it, and then putting it in the 37°C water bath, it would cool and
reach a point of equilibrium. If one now measures the partial pressure
of the water vapor in this bottle and compares it with that in the first
bottle, he will find them to be identical. We now see a characteristic of
systems in equilibrium. There is one and only one point of equilibrium at
constant temperature.

Another example which more closely resembles the problems at
hand is the hydrolysis of methyl acetate. One places a 0.25 m solution of
methyl acetate in one sealed container and equal volumes of 0.5 M
methanol and 0.5 M acetic acid in another container. Both containers
are placed in a constant-temperature bath. A few months later one
opens the containers and titrates the acetic acid. Titration will be the
same, volume for volume. In one case, the methyl acetate was hydro-
lyzed and in the second case, some methanol combined with acetic acid
to reach the same ratio of hydrolyzed to unhydrolyzed product. If one
then performs the same experiment adding an enzyme, esterase, again
the same ratio is obtained, but in a shorter period of time. This experi-
ment shows that in a chemical reaction that reaches equilibrium, there
is one and only one point of equilibrium. The catalyst brings the reac-
tion mixture to the equilibrium point more rapidly, but does not change
that point of equilibrium.

In a constant-temperature bath we have a state of balance, but not
equilibrium. We maintain a state of balance with a thermoregulator
which turns the heat on and off as the bath cools or reaches a preset
temperature. Adjusting the thermoregulator to another point would
give us a different temperature in the bath. Thus there are an infinite
number of points of balance and therefore we do not have a system in
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equilibrium. An automobile traveling at constant speed is in a state of
balance since we can change speeds by stepping on the accelerator.
Such systems are said to be in a steady state.**® The human body is such
a system. Body temperature is maintained at 37°C by temperature
controls located in the central nervous system which regulate metabolic
rate and oxygen consumption. Fuel (food) from the outside must be
added to this system to maintain the steady state.

With the human system, the word homeostasis™® is used to describe
the steady state. This, from the Greek, literally means ‘“staying in
the same place.” The use of this word is limited to organisms in
physiological balance maintained by coordinated functioning of the
brain and other organs of the body. It is generally not used outside
of biological circles. The human organism is in homeostasis; it is not in
equilibrium.

From the examples discussed above, one can see that all systems
tend to move in the direction of equilibrium. This is really a statement
of the second law of thermodynamics. All processes in the human tend
toward equilibrium and energy must be supplied to prevent this from being
achieved. It is interesting to note that this second law of thermodynamics
stems particularly from the work of Helmholtz, a physician who, in his
motivation, was a clinical chemist.

As one approaches equilibrium, the difference between the
opposing forces is progressively reduced. For example, if a glass capillary
tube is held vertically and touched to water, the liquid will enter the
capillary and rise rapidly at first. As it approaches equilibrium it moves
more and more slowly until its movement is barely perceptible.® It is
for ease of control that systems in the human are kept a reasonable
distance away from the equilibrium point.

In the past, some chemists have made the tacit assumption that the
system being measured in the human is at equilibrium. Thus equations
derived from equilibrium systems are erroneously applied directly to
biochemical problems in the living organism. A few simple examples
will illustrate the fallacy in this approach. The serum calcium level in
the rabbit is of the order of 14 mg %,, whereas it is 10 mg %, in the
human. The body temperature of women is somewhat higher than that
of men. Sodium and chloride levels are lower in newborn infants than
in adults. Obviously, these levels are maintained by servomechanisms
and are not points of equilibrium.
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1.2 SELECTED READING—EQUILIBRIUM,
STEADY STATE, HOMEOSTASIS

Adkins, C. J., Equilibrium Thermodynamics. McGraw-Hill, New York (1968).

Blackburn, T. R., Equilibrium: A Chemistry of Solutions. Holt, Rinehart & Winston,
New York (1969).

Hill, T. L., Thermodynamics for Chemists and Biologists. Addison-Wesley, Reading,
Mass. (1968).

Mcllwain, H. and Bachelard, H. S., Eds., Biochemistry of the Central Nervous System,
4th ed., Churchill-Livingstone, New York (1971).

1.3 THE NEED FOR CONSTANT pH IN BODY
FLUIDS

The chemical reactions which take place in the human are pH
dependent. If a plot is made of pH versus reaction velocity of any
enzyme- system, one finds that a pH exists at which this reaction pro-
ceeds most rapidly. This is called the optimum pH. Enzymes are
proteins, and their properties are strongly affected also by a salt con-
centration and the nature of the salts present. Figure 1.2 illustrates the
change in enzyme activity and optimum pH depending upon the nature
of the buffer used.®

In the liver, for example, over 100 enzymes have been identified, of
which approximately 30 have been isolated. These show different pH
optima. Since in the liver they all work at the same pH, it is apparent
that they are not all operating at maximum efficiency. This is necessary,
since products formed need to be processed in an orderly manner,
without pileup of intermediates at certain points. A change in pH could
cause one system to speed up if it brought the system closer to its
optimum pH, and another to slow down if it moved away from its
optimum pH. With the numerous enzymes involved, chaos would
result. It is therefore apparent why body pH must be maintained
constant over a narrow range. In order to understand the manner in
which this process proceeds, one must understand the significance of
the expressions base, acid, and buffer, and these are discussed in
Chapter 2.



12 Chapter 1

100 becmem oo —_ &85

- e e - o -

804

s

Relative Activity
8
4

20+

-

10

Ficure 1.2 Effect of pH and the nature of the buffer on enzyme (urease) activity,
illustrating the need for constant pH and salt concentration in the human.

1.4 REFERENCES

1. Walter, C., Steady State Applications in Enzyme Kinetics, Ronald Press, New York
(1965).

2. Lewis, G. N., Randall, M., Pitzer, K. S., and Brewer, L., Thermodynamics,
McGraw-Hill, New York (1961), p. 149.

3. Society for Experimental Biology, Homeostasis and Feedback Mechanism, Academic
Press, New York (1964).

4. Langley, L. L., Homeostasis, Reinhold, New York (1965).

5. Mouquin, H., and Natelson, S., Equilibrium forces, acting on free drops in
irregular capillaries, Mikrochemie 12:293-302 (1932-3).

6. Howell, S. F. and Sumner, J. B., The specific effects of buffers on urease
activity, J. Biol. Chem. 104:619-26 (1934).



Acids and Bases

2.1 INTRODUCTION

There are three methods generally used for representing acids and bases.
Arrhenius defined an acid as a substance that liberates hydrogen ions
when dissolved in water.? A base, in accordance with his concept, is a
substance that liberates hydroxyl ions. As examples, one can use HCI
and NaOH:

acid: HCl 2w2er, H+ 4+ CI-
base: NaQOH -2¥2er, Na+ 4+ OH-

It was soon found from the rate at which ions move in water under
the influence of an electrical current (transference number) that the
hydrogen ion exists in a hydrated form.® This is due to the fact that
oxygen shares two of the six electrons in its outer shell with the two
hydrogens in water. The other four are available for forming a bond
with the hydrogen ion. Thus we can write

HCl + H,0 = H,0* + Cl-

H;0- is called the hydronium ion, but further studies have shown that
more than one water is attached to the hydrogen ion and that this then
is not a true representation. In this book, we will write H* for the
hydrogen ion, keeping in mind that it is hydrated.

The Arrhenius system of acids and bases soon proved inadequate.
For example, in anhydrous solvents, sodium acetate and piperidine will
both catalyze the condensation of aldehydes with malonic acid. What
do they have in common?

13
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Bronsted then proposed his system of representing acids and bases
to explain the above and other phenomena.®:® In his system, an acid is
always associated with its conjugate base. The acid is the substance that
can dissociate to liberate a hydrogen ion or proton. The base is the
substance that can readily combine with the hydrogen ion or proton. A
few examples will suffice:

(acid) HAc=H* + Ac- (conjugate base)
(acid) NH,* =@ H* + NH; (conjugate base)
(acid) H,O =H* + OH- (conjugate base)

(acid) H,CO; = H* + HCO;~ (conjugate base)

Note that bicarbonate ion (HCO;~), NH;, OH~, and Ac~ are all
bases and if a particular reaction requires a base for catalysis, these
could substitute for each other. On the other hand, one must keep in
mind that all bases are not of equal strength. The OH~ ion is a much
stronger base than the bicarbonate ion.

The Bronsted system, although originally designed to explain
reactions in nonaqueous media, has been most widely applied in clinical
chemistry for aqueous solutions.

The most general way of representing acids and bases is the Lewis
System, which focuses on the electron exchange instead of the proton. A
base is defined as a substance which can donate a pair of electrons to com-
plete the stable configuration of another atom or radical.®® The acid is
the acceptor of the pair of electrons, or is two electrons short of having
a complete valence shell:

i -
H—NX + H* = |H-NXH
H B
H——-:Qti—+ H* = H—-§§H
T
H—NX + B—F & H—NXB—F
H O F H F

Note that in these examples the hydrogen ion is the acceptor of two
electrons and therefore is the acid, while NH; and OH~ are bases, or



Acids and Bases 15

donors of the two electrons. This system is useful in explaining reactions
between organic compounds in anhydrous solvents where hydrogen is
not even involved in the reaction. These are referred to as Lewis acids
or bases, depending upon whether they accept or donate the pair of
electrons in forming the addition compound (salt).

The Bronsted concept will be used in our discussions.

2.2 SELECTED READING—ACIDS AND BASES

Kolthoff, I. M. and Bruckenstein, S., Acid—Bases in Analytical Chemistry, Wiley,
New York (1959).

Davenport, H. C., The ABC of Acid—Base Chemistry, 5th rev. ed., University of
Chicago Press (1969).

Masoro, E. J. and Sigel, P. D., Acid—Base Regulation: Its Physiology and Patho-
physiology, Saunders, Philadelphia, Pennsylvania (1971).

Frisell, W. R., Acid-Base Chemistry in Medicine, Macmillan, New York (1968).

2.3 BUFFERS

A buffer is a solution in which changes in pH are small when acid
or alkali is added to the solution.®® The reason certain solutions have
this property derives from the very meaning of the symbol pH.™

The ionization of acetic acid can be represented as follows:

HAc=H* + Ac™

At equilibrium, the velocity of the forward reaction must equal the
velocity of the backward reaction. The rate of the forward reaction is
proportional to the concentration of acid. The velocity of the backward
reaction is proportional to the product of the concentration of hydrogen
and acetate ion. According to equilibrium laws®-11 (the law of mass
action) if the hydrogen ion concentration is tripled, the backward
reaction would go three times as fast. If at the same time the acetate
ion concentration is tripled, then the reaction rate backward would
again increase threefold, or nine times altogether. This can be shown
in symbols, using brackets to indicate concentrations:

velocity (forward) oc [HAc]
velocity (backward) oc [H*][Ac~]
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From elementary algebra, if a is proportional to &, then a is equal
to a constant times 5. Then

Ve = Ki[HAcl,  Vy = K[H*][Ac™]
As pointed out above, these reaction velocities are equal at equi-
librium. Then
K [HAc] = Ky[H*][Ac™]
and by transposing, we obtain
M JiAcT] _ K _ g
[HAc] K, ed
Carrying out the same derivation for water yields
[H*][OH"]
[H,O]

(2.1)

= Kqq

Water has a molecular weight of 18. In 1 liter of water there are
1000/18 = 55.6 mol of water (mol will be used as the abbreviation for
mole in this book). The amount of water ionized is ~10~7 mol/liter.
Thus the value of the denominator remains essentially unchanged after
ionization, or is a constant. Multiplying the equilibrium constant by
55.6, we obtain the ionization constant for water:

[H*][OH-] = 10-1% (2.2)

When the solution is neutral, we have a value of 10-7 for the
hydrogen and hydroxyl ion concentrations. This number being incon-
venient, Sérensen devised the symbol pH to represent the number in the
exponent.‘” At neutral pH, then, we say the pH is 7 and the pOH is
also 7. At pH 6 the pOH - must be 8, since the sum must always be 14.
Taking the logarithm of the hydrogen ion concentration at neutral pH,
we have

log [H*] = —7log 10
but the logarithm of 10 is 1, and changing signs, we see that
—log[H*] = 7 = pH (neutral)

Thus we say that the pH is the negative logarithm of the hydrogen ion concentra-
tion. For example, what would be the pH of a 0.01 N HCI solution
assuming 1007, ionization. Here the hydrogen ion concentration would
be 0.01 M or 1072 M. The pH is then 2.
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Referring back to equation (2.1), we noted that

[H*][Ac]

THAT

Solving for the hydrogen ion concentration, we obtain

Koo [HAc]

] = A

Taking the negative logarithm of both sides, remembering that
log ab = log a + log b and log (a/b) = —log (b/a), we obtain

[HAC]

H = —log [H*] = - -
P 0g [H"] = —log Keq — log T

Substituting pK for —log K, and inverting the fraction to change signs,
we obtain

pH = pK + log [[II-XIZ-C% (2.3)

If the concentration of the acetate ion is equal to the concentration
of acetic acid, then the value of the fraction is one. The logarithm of
one being equal to zero, at this point the pH is equal to pK. This per-
mits us to obtain the pKX for an acid by a simple procedure. All we need
do is titrate half the acid and measure the pH to obtain the pK. For
example, let us assume that we have an unknown solid acid. We need
only dissolve, say, 1 g in 100 ml of water. We take 50 ml and find that
26 ml of 0.1 m alkali neutralizes the solution. We then take the other
50 ml and add 13 ml of 0.1 M alkali and measure the pH to obtain
the pK. In this experiment we are assuming that the salt of the acid
is completely ionized. This is not true generally and a more exact
method will be shown below.

Let us assume that the pK of a particular acid is 5. We can now, in
our experiment, make the numerator of equation (2.3) ten times the
denominator. This means that 90%, of the acid has been neutralized.
The value of the fraction will be 10. The logarithm of 10is 1, and the
PH will move to 5 + 1 = 6. If now we titrate only 109, of the acid,
then the value of the fraction will be 1/10. The log of 1/10is — 1. Then
the pH will be 5 — 1 = 4. Thus a wide change in the amount of alkali
added produces a small change in pH. This is what is meant by a buffer.

Equation (2.3) can be plotted to observe the buffering action



18 Chapter 2

Il L I I I I 4 il
v

3 4 5 6 7 8 9 10
Milliliters 0.1 N Alkali Added

Ficure 2.1 Titration.curve of 10 ml of 0.1 N acetic acid and 10 ml of 0.1 N H;PO,

with 0.1 N NaOH.
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graphically (Figure 2.1). Equation (2.3) is valid only for weak acids with
strong bases, or strong acids reacted with weak bases. If any strong acid
like sulfuric or hydrochloric acid is titrated with NaOH, a plateau does
not occur as in Figure 2.1 except at pH values below 2.0.

From the titration curve in Figure 2.1, the pX is the midpoint of the
flat portion of the curve or the point of inflection. The experimental pX
values can be obtained from this point. These values are usually referred
to as pK', if determined in a particular system such as human serum, as
discussed above.

The buffering action of an acid—base system is best in the proximity
of its pK value.*? For acetic acid the pK value is 4.76. Phosphoric acid,
being tribasic, has three pK values, one for H;PO,, one for NaH,PO,,
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and one for Na,HPO,, although the latter is a poor buffer. Phosphoric
acid, having one pK value at 7.21, is often used as a 7.4 buffer to
simulate blood pH. The pK values for a few common acids are listed in
Table 2.1 for comparison. Extended tables of pK values are given in the
handbooks of chemistry and physics.

The data in Table 2.1 permit us to select a buffer for a particular
purpose. For example, if one wished to prepare a buffer at pH 5, then
acetic acid (pK 4.75) would be a good choice. At pH 7, phosphoric acid
would be satisfactory. At pH 9, boric acid would be chosen.

Bases are also useful as buffers and tables of their pK values are
listed in the handbooks. In this case, one must keep in mind that the
pK value given for bases is equal to —log pOH ™ at the half titration
point. Thus a pK value for NH,OH is given as 4.75. This means that at
half titration point the pOH is 4.75 and the pH is 14 — 4.75 = 9.25.
This is the pH range in which a buffer prepared from ammonia would
be used. The pK value for triethylamine is at 3.24. Buffers prepared
from this base would be useful in the vicinity of pH 10.8. Not all bases
are used on the alkaline side. For example, pyridine, with a pK value of
8.77, is useful near pH 5.23. A base commonly used as a buffer is T7is
(trishydroxymethyl aminomethane), because of its strong buffering

TasLe 2.1
Dissociation Constants of Acids in Water®

Acid pK’ Acid pK’
Acetic 4.75 Lactic 3.08
Barbituric 4.01 Malic (1) 3.4
Benzoic 4.19 (2) 5.11
Boric (1) 9.14 Methyl orange 3.80

(2) 12.74 Oxalic (1) 1.23

(3) 13.80 (2) 4.19
Butyric 4.81 Phenol 9.89
Carbonic (1) 6.37 Phenolphthalein 9.70
(2) 10.25 Phenol red (P.S.P.) 7.40

Citric (1) 3.08 Phosphoric (1) 2.12
(2) 4.74 (2) 7.21

(3) 5.40 (3) 12.67
Fumaric (1) 3.03 Picric (1) 0.38
(2) 4.44 Tartaric (2) 2.98

Glycine 9.87 (2) 4.34
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TABLE 2.2
Dissociation Constants of Bases in Water

Base pPKor- pKg+?® Base PKor- pKg+?
Ammonia 4.75 9.25 Piperazine 4.19 9.81
8.43 5.57

Amylamine 3.36 10.64 Piperidine 2.79 11.21
Aniline 9.42 4.58 Pyridine 8.77 5.23
Dimethyl aniline 8.94 5.04 Quinoline 9.20 4.80
Ethanolamine 4.56 9.44 Semicarbazide 10.57 3.43
Hydroxylamine 7.97 6.03 Triethanolamine 6.24 7.76
Hydrazine 5.77 8.23 Triethyl amine 3.24 10.76
a-Picoline 7.52 6.48 Trimethyl amine 4.26 9.74

@ pKy+ when titrated with a strong acid such as HCIL. pH of midpoint of buffer range.

action at pH 7.4. Table 2.2 lists the pKog- values for some common
bases used as buffers.

If a crystal of sodium chloride is examined by x-ray diffraction it
exhibits a cubic lattice with each sodium atom equidistant from six
chlorine atoms and each chlorine atom surrounded by six sodium
atoms.? Thus we cannot identify a chlorine atom with any particular
sodium atom. In solution, each sodium ion is surrounded by a cluster
of chloride ions and each chloride ion is surrounded by a cluster of
sodium ions. Thus we cannot say that a sodium chloride molecule exists
in solution and sodium chloride is completely ionized. When we
measure the colligative properties such as vapor pressure, freezing point
depression, and osmotic pressure of 0.1 N NaCl solution, we find that
the solution acts as though the NaCl were about 787, ionized. We say
then that the activity coeflicient is 0.78.

Colligative properties are those based on the number of particles
present. For example, for 0.1 M NaCl the solution would behave as
though we had 0.078 M Na*, 0.078 M Cl-, and 0.022 m NaCl, the solu-
tion acting as if it were 0.178 M in its colligative properties as com-
pared to an undissociated substance such as glucose. Thus the effective
concentration or actiwity of a 0.1 M NaCl solution is 0.078 M with respect
to Na* and 0.078 M with respect to Cl~ as far as its ionic behavior is
concerned. As the solution is diluted, the apparent degree of ionization
increases, so that at infinite dilution (by extrapolation) its activity co-
efficient would be 1. That is, the concentration and activity would be the
same for each ion.
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For salts like sodium acetate or sodium bicarbonate, the degree of
ionization is of the order of only 50%,. Thus equation (2.3) would seem
to be invalid. We correct this by substituting an experimentally obtained
pK value as from Figure 2.2 and call it pK’. A different pK’ would be
obtained at different concentrations of acid. For example, the pK’ for
carbonic acid in water (0.1 M) is 6.37, as can be seen in Table 2.1. At
the concentrations occurring in human blood, the value of 6.1 is
obtained experimentally. %

24 INDICATORS®®

Equations similar to equation (2.3) can be written for acids like the

ordinary acid-base indicators:
pH = pK + log -——[[:Inli d]

Suppose the indicator is yellow and its ionized form is blue. When the
numerator equals the denominator of the fraction, we will have a
combination of blue and yellow, or green. This indicator would go from
yellow in acid, through green, and finally to blue in base, when most of
it has been ionized. The pH span through which color changes take
place is called the pH range of the indicator. Indicators, like other
acids, have pK values as shown in Table 2.1. For example, when half of
an amount of phenolphthalein is titrated, the pH is 9.7. When 10%, has
been converted (pH 8.7), we can see the pink color easily. The color
change of methyl orange (pK 3.8), on the other hand, can be observed
at pH 2.9. A table of the range of pH change for indicators is available
in chemical handbooks.

2.5 TITRATION

In titrating an acid, we want to reach the pH of the fully titrated salt.
For example, NH,Cl solution has a pH of 4. In titrating HCI solutions
with ammonia, we therefore want a color change at pH 4 (methyl
orange). On the other hand, if we are titrating acetic acid, we want a pH
change at about 9 because that is the pH of sodium acetate solutions
(phenolphthalein).
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By using a mixture of indicators, we can titrate a weak acid and a
strong acid simultaneously. This is the situation when we titrate gastric
juice. We have organic acids like lactic acid and an inorganic acid,
hydrochloric acid. We use phenolphthalein for the organic acids whose
salt solutions are at a pH of approximately 8, and Topfer’s reagent
(dimethylaminoazobenzene) for the hydrochloric acid.

To see how this operates, the HCI concentration in gastric juice is
approximately 0.015 N. To6pfer’s reagent begins to change color at
pH 3—4. The concentration of HCI (assuming 100%, ionization) would
be 10~3 at pH 3 and 10~* at pH 4. Thus the HCI concentration when
Topfer’s reagent first shows a change would be between 0.001 and
0.0001 N, depending upon the color discrimination of the operator.
Assuming some point in between like pH 3.5, then the HCI remaining
would be 0.0005 N. This is 5/150, or about 3.3%, of the original acid
present. For the purposes of gastric analyses this may be ignored, since
approximately 97%, of the hydrochloric acid has been titrated.

One then goes on to titrate the weak acids with phenolphthalein to
a pH of approximately 8.5. If the weak acid is acetic acid with a pX
value at 4.75, then very little has been titrated at pH 3.5, and both
results are approximately correct. However, for lactic acid (pK 3.08),
a serious error has been introduced because at the color change of
Topfer’s reagent, half this acid would already have been neutralized.
Lactic acid and other organic acids are formed by the action of micro-
organisms on food remaining in the stomach. With food retention, the
lactic acid level rises significantly and half of this is interpreted as HCI.
For this reason the test should ideally be performed on a subject in a
fasting state with a previously emptied stomach. A chloride level in
gastric juice should be obtained for more accurate interpretation of the
results.

2.6 SELECTED READING—BUFFERS
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York (1973).

Christensen, H. N., pH and Dissociation, 2nd ed., Saunders, Philadelphia, Pennsyl-
vania (1964).

Ricci, J. E., Hydrogen Ion Concentration, Princeton University Press, Princeton, New
Jersey (1952).
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2.7 THE BICARBONATE BUFFER SYSTEM

Referring again to equation (2.3), we can write a similar equation
for the H;CO43:HCO;~ system, recalling that the pK value for this
system in blood is 6.1,15-17
[HCO;"-]
[HaCOs]
This is the well-known Henderson-Hasselbalch equation.%:1® Now
H;CO; decomposes to form CO, and water:

H,CO, = CO, + H,0

pH = 6.1 + log (2.4)

Writing the equilibrium equation for this system, we obtain

[CO,][H,0]
[HzCOq]
Since the amount of water reacting with CO, is negligible compared to

the 55.6 mol of water in a liter, we can divide the constant by 55.6 and
obtain a new constant

= Ko

[CO,]

{00, ~ &

or
[COq]atssorvea = Ki[HzCOs] (2.5)

The blood at the lungs is in equilibrium with the gases in the alveoli.
The escaping tendency of the CO, in this blood (CO, tension) is
normally of the order of 40 mmHg, The partial pressure of the CO, in
the alveolar gas is also 40 mmHg, since a steady state exists. Now accord-
ing to Henry’s law, the amount of a gas dissolving in water is proportional
to the partial pressure of that gas above the water and in equilibrium
with it.?® The symbol used for CO, partial pressure, and also (er-
roneously) for CO, tension, is pco,. Note that the symbol poo, has no re-
lationship to the symbol pH since it is not a logarithm.

We can then write

bco, € [COs]atssorvea
Therefore,

Pcog = Kz[coﬂ]dissolved (2'6)
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Combining equation (2.5) with equation (2.6), we see that

boo;, = Ka[COglasssorvea = K31[H2CO4]
and
tco, /K3 = [HyCO3] (2.7)

1/K; has been experimentally determined to be from 0.0301 to 0.0324
by different investigators.?5-17-21) This value can be estimated from
equations (2.4), (2.7), and the fact that the total CO, (which can be
measured readily) is equal to the sum of the numerator and denominator
of equation (2.4):

total CO, = [HyCOj] + [HCO,-] = (1/Ky)poo, + [HCO5~] (2.8)

Total CO,, poo,, and pH can all be measured directly. From
equations (2.4) and (2.8) we then have two equations and two un-
knowns [HCO; "] and 1/K,, from which 1/K; can be calculated.

An estimate of 1/K, can also be made as follows: In 1 ml of water,
0.545 ml of CO,, corrected to 0°C, will dissolve at 38°C when the pgo,
is 760 mmHg. The value of 0.545 has been corrected to indicate the
volume at 0°. This is called the solubility coefficient («) of CO, in water.

For serum the value of « has been determined to be 0.5108. By
introducing serum into a Van Slyke gasometer, evacuating it a few
times, and ejecting the supernatant gases, one has serum without CO,
except as NaHCOg. The pH of this serum would be approximately 8.5.
If anhydrous CO, is now added in a measured amount, this system is
shaken at 760 mmHg, and a measurement is taken, then the amount of
CO,, which dissolves per milliliter («) can now be determined. This is
0.5108 ml of CO,, corrected to 760 mmHg and 0°C. From Henry’s law,
the amount dissolved at a particular p¢o, would be proportioned to the
partial pressure and thus

Pco,
760

and multiplying by 1000 to convert to one liter, we have

Peo,

0.5108 x

= ml dissolved COz in 1 ml at p = pgo,

510.8 x

= ml dissolved/liter

Dividing by 22.2 to convert to mmol/liter, since 22.2 is the gram
molecular volume of CO,, we obtain

510.8 1 mmol dissolved CO,
——'760 X m X pco2 - 0.()3()28pco2 - liter




Acids and Bases 25

This is the amount of CO, dissolved other than the bicarbonate, and
to obtain the total GO, we must add this to the bicarbonate value:

total CO, = 0.03028p0, + [HCO;"] (2.8a)

But this is the same as equation (2.8). Therefore 1/K; is equal to
0.03028. Substituting in equation (2.4), we obtain the important
equation

[HCO,"]

(2.9)
In the routine laboratory we can measure the blood pH, total CO,, and
Pco,- The total CO, is equal to the sum of the numerator and denomina-
tor of the fraction in equation (2.9), as shown in equation (2.8a).

From equations (2.8a) and (2.9) it is apparent that we have two
equations and only one unknown, namely the bicarbonate ion concen-
tration. Thus we can measure any two of the variables and calculate the
third. Let us solve a problem to see how this operates. The laboratory
finds that the pH of a patient’s blood is 7.30, with a total CO, of
18 mmol/liter and a pgo, of 35 mmHg. Substituting the value of the pH
in equation (2.9), we have

HCO;7], [HCO;"]

[
7.3 = 6.1 + log =————; or log—m—"— =12
§ "0.03p00, 8 "0.03pco,
From an antilog table, we find that the antilog of 1.2 is 15.85. Then
[HCO;"]
00300, 15.85

But from equation (2.10) and the experimentally determined value of
the total CO,, obtained (18 mmol/liter), we also know that

[HCO;~] + 0.03pco, = 18
We have two equations and two unknowns,
xly = 15.85 and x+y=18
Solving for y we obtain,
y = 0.03pg0, = 1.068  poo, = 35.6

The measured value checks within experimental error and the
results are acceptable. If they did not check, we would repeat the
measurements to find the source of error.



Chapter 2

26

€8l ¥0z 8% 9SGz 98 616 9CE 868 ¥ 6% 1'sG €19 [4: ] 8'SL I'v8 2’86 €01 143! 14
Ll 961 6’13 CS¥ ¥LZ 905 TH T8 9TH 'Ly 6°CS 6'8¢ 6'¢9 L'eL L08 6’68 0'66 601 144
891 88l 012 ¢'6 €97 €65 82 99 80P S'Sy Los 14 L2 L'69 e'LL LS8 646 $01 14
I'ol 081 106 6% 1'6c 18 #IE€ 06 06€ R34 24 0°'%¢ 009 L'99 0% 08 8°06 001 [44
86l  TLI T6l G'IEZ 0% 89 665 PEE ELE S'1¥ 9 SIS e'LS 9'¢9 9°0L €'8L 998 8°66 17
9%l €91 €81 ¥0Z 8% Sz S8 8IE GG 9'6¢ I'+h I'6b . 9%S 909 €°L9 SHL G'Z8 c'16 0z
6'€l S¢Sl ¥Ll  ¥6l L1T TS  I'Llg  T0E  L'€E 9°LE 6°'1% 9'9% 8'1e 9°LS 6°€9 8°0L 8L 9'98 61
el L% #91 #81 90z 0€C L'SZ 985 61€ 9°G¢ L'68 (544 I'6¥% S'¥S ) 1.9 % 1 128 81
¥er 6¢l  S61 YL P61 LIT  THE 0L TOS 9'€g G'LE L'y k414 SIS LS ¥'69 1ol SLL L1
1 Tl 9% %91 €81 $02 8% 665 8% L'1g (444 '6¢ 9'¢h S'8¥ 8'¢S 9°6S 099 0°¢L 91
01T €31 L§1 €61 TILl I'61  #1¢ 66 9°9% L'6T 0'¢g 8°9¢ 6°0% 'R24 oS 6°6S 619 ¥'89 Sl
TOI  FIT 821 €% 091 6Ll 002 €% 8%C L'Le 8°0¢ 3 £ 2’88 L&44 'Ly (444 8'LS 8'¢9 14
6%°6 901 611 €6l 8% 991 G81 L03 1I'€Z L'ST 9'8¢% 6°1¢ G'ee 68 L'gy 'K 4 9°8S €'6S ¢l
9L'8 8'6 oIt €31 Lel €ST  I'Ll el €12 L'8T 92 60 L'ee ¥'9¢ oy L'vy G'6¥ Lys 41
€0°'8 06 ot TI1 9% 0% L6T  GLI  G6l 812 14 <4 0°L8 0°0¢ £'¢¢ 0°Lg (N84 i 414 08 4
08°L 8 I'e ¢or 11 8Tl €% 6'S1 Ll 861 0°2e [k ¢4 e°LT £°0¢ 9'¢g e'Lg R84 9'G¥ o1
LS9 YL [4:] 6 €0l STl 821 €¥%¥ 091 8°L1 8°61 1°2¢ S'¥C €°Le £°0¢ S'8E I'L8 (1484 6
£8°S 6’9 8L 8 1’6 ¢or ¥I1 Lel TEl 861 9Ll 9°61 812 1444 692 8'6% 0'sg G9¢ 8
1rs LS 9 L 08 68 oor  r1r el 8'¢l ¥6l oLl 1°61 [41¢4 [ 1°9¢ 682 618 L
8E'% 06% 8¥S EI'9 ¢S89 99 9'8 $'6 9°01 6°11 (418 L'y 91 [4:1¢ 0z L 444 8'%C ¥'Le 9
€96 OI'!  LS% TI°¢ 146 869 €I'L 96°L 888 68°6 0°1r €°C1 9'¢l 144 891 981 9'0¢ 8°%¢ 1
6T LTE 99C 60% LSF OI'C OLC 989 OI'L 16°L 088 08'6 6°01 el S8l (24 <91 [4:14 14
SL’L OL’L S9L 09L SS°L  0SL SPL  ObL S8 0g°L ST'L 0z'L S1L or’s G0°L 00°L G6°9 06'9 u8=>wEE
o]
ad

%00 1oL puv K fo uoyounyg v sv (Spyuu ur) “00d
€' TIAV.L



27

Acids and Bases

Ty YLY
9y 99%
6'0F LSy
1oy 6%
yee I'vh
L'8e  Tev
6°'LE G'Th
cLe L'y
S'9¢  8°0¥
L'se  0°0¥
0'6e 768
€% ¥'8¢
9¢¢  9'Lg
8'c¢ 896
126 6°6¢
¥ie  1°se
L'08  €%E
6'6c G'€¢
¢6c LTS
S'8C 618
Le o1g
0'Le  ToE
€'9% ¥'62
96 98¢
8vc 8LC
1'%¢  0°l¢
¥yecr  1'9¢
9% £'6¢
616 S¥%C
[ C AR A 14
0z 67C
L6l 10T
061 21T

€65 €99 0L
€8¢ 1'69 LTl
TS 09 GIL
o996 879 TOL
¢SS L'19 689
T¥s  S09  9°L9
1'eS  #'6¢  ¥99
rege €8¢ 1°99
'l 1L 8¢9
1'0s 096 629
ek 8% €19
08y L€S 009
oLy 97 L'8S
0% ¥IS  PLS
osy €05  T9S
6¢k 16k 6%
6cF 08 9'€S
61y 89 €79
60F LS OIS
666 S¥F 86F
8'8¢ ¥ey G8b
8'Le €T Ty
89¢ I'l¥ 6'¢¥
86e  00F L
Lye 888 ¥EP
L'ge  LLe 1Tk
Lte  S9¢  80¥
L1 ¥e¢ 968
L'0E €% €8¢
96z 166 0LE
98 0%¢ L6
9L 808 S¥E
99z L6 T'€S

L'T8
c’18
8'6L
¥'8L
0'LL
SGL
'L
9eL
TIL
8'69
¥'89
0'L9
9'69
I'¥9
L'29
€19
6769
8¢S
0'LS
9'¢S
(341
LTs
3 84
6'6%
114
oLy
96y
1344
8ty
g'1¥
6°6¢
S'8¢
'Le

' 24
0’y
iy

141
341
1t

601

144!

Lgl

sel
gel

831
scl
14

(74}

o1t

8S1

34
0s1
124
141
448
681
9¢1
¥€1
161
748
141
741
(114}
L1
148!
118§
601
901
601

2’86
6’66
L'26

¢'L8
9'%8
8’18
1’6l
¥'9L
9'¢L
6°0L

8¢l

31
oel
L31
4!
121

811
cu
144
601
901
€01

0°'L6
6'66
6°06
6'L8
8'%8
8’18
8'8L

s6l
261
881
<81
181
8Ll
SL1
Ul
891
<9l
191
861
ssl
161

8¥l1

44
L8l
¥el
161
24}
14
48
LIl
148!
1
Lot

01

S'L6
(44

L8

91¢
[4¢4
602
60T
102
861
61
061
981
€81
6L1
SL1
[4A
891
91
091
9¢1
est
6¥%1

114
144
LE1
¥e1
081
9¢l
141
611
Sl
11
801
$01
001
696

6€C
1114
162

244
144
612
14t4
012
902
203
861
61
061
981
281
LLl
gLl
691
<91

091
961
1444
514

Led!

9¢1
(44

124
114
611
SII
44}
Lot

S92

114
162

e
LT
1314
:144

1444
612
¥1e
012
S02

108

161
L81
[4:1)

LLT
gLl

¥91
651
44|
061
54
%1
9¢1
141
144
74§
811



28 Chapter 2

The pgo, and pH could have been used in a similar manner to
calculate the total CO,, or the total CO, and p¢, could have been used
to calculate the pH. These calculations have been made for a wide
range of values and are shown in Table 2.3. Tables A.3 and A.4 in the
appendix use this equation to relate the pgo, and pH to the bicarbonate
value in plasma. p¢o, and po, are usually given in mmHg at 0°C. For
mmHg many journals require the designation torr, or Torr, or Tors.
In this book we will use the more descriptive mmHg.

2.8 SELECTED READING—THE BICARBONATE
SYSTEM

Peters, J. P. and Van Slyke, D. D., Quantitative Clinical Chemistry, Williams &
Wilkins, Baltimore, Maryland (1931), pp. 868-1018.
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Partial Pressures (po, and poo,)

3.1 INTRODUCTION

The total pressure of a mixture of gases is equal to the sum of the
pressures of all the gases present as though each were there alone. For
example, if a gas in a sealed container is at 1 atm pressure and consists
of 20%, oxygen and 80%, nitrogen, then if the oxygen is removed at
constant volume, we have 0.8 atm of pressure. If we remove the nitro-
gen, keeping the volume constant, then we have 0.2 atm. We say, then,
that the partial pressures of oxygen po, and nitrogen py, are0.2and 0.8 atm,

respectively.

The composition of dry air is shown in Table 3.1 in mmHg,

TasLE 3.1

Composition of Dry Air at 0°C and 760 mmHg™

Partial
Component Content, 7, pressure, mmHg
Nitrogen 78.08 593.4
Oxygen 20.95 159.2
CO, 0.033 0.25
Argon 0.934 7.10
Neon 18 x 10-% 13.7 x 103
Helium 53 x 10-¢ 40 x 10-°
Krypton 1.2 x 10-¢ 09 x 10-3
Xenon 0.087 x 10—+ 0.07 x 10-3
Hydrogen 05 x 10-* 04 x 10-3
Methane 2 x 10-4 1.5 x 10-3
N;O 0.5 x 10-¢ 04 x 10-3

31
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TasLE 3.2
Vapor Pressure (vp) of Water at Various Temperatures®

Temp., vp, Temp., vp, Temp., vp, Temp., vp,
°C mmHg °C mmHg °C mmHg °C mmHg
16 13.6 23 21.1 30 31.8 37 47.1
17 14.5 24 22.4 31 33.7 38 49.7
18 15.5 25 23.8 32 35.7 39 52.4
19 16.5 26 25.2 33 37.7 40 55.3
20 17.5 27 26.7 34 39.9 41 58.3
21 18.7 28 28.3 35 42.2 42 61.5
22 19.8 29 30.0 36 44.6 43 64.8

@ Abridged from table in Ref. 2.

assuming a total pressure of 760 mmHg. In this table the partial
pressure of the gas is obtained by taking the percentage of the total
pressure P (760 mmHg). In air, water vapor is always present in variable
amounts. Neglecting the rare gases other than argon, we can represent
the total pressure p of air as?

P = pn, + po, + Pco, + Pa + Pry0

The vapor pressure of water is given by a hygrometer in relative
humidity, that is, in percentage saturation of air. Thus a value of 609,
at 25°C means 60%, of a pg,o of 23.8 mmHg (from Table 3.2), or
14.3 mmHg. Thus, if one reads the total air pressure from a manometer
as 759 mmHg at that temperature and humidity, then the dry air
pressure is 744.7 mmHg. Taking the corresponding percentages of 744.7
from Table 3.1, we find

P = 759 = 581.5 (py,) + 156.0 (po,) + 14.3 (pm,0)
+ 0.24 (poo,) + 7.0 (pa)

If air is inhaled by a normal individual, held for 1 min, and
partially expelled, and the residual gas is blown into a rubber balloon,
we find that the gas is saturated with water at 37°C: py o = 47 mmHg,
bco, = 40 mmHg and p,, is approximately 100 mmHg. These values,
then, are the partial pressures of the gases in the alveoli. But this gas,
when in the lungs, was in equilibrium with the arterial blood in the

1 A capital P symbolizes the total pressure. A lowercase p symbolizes a partial
pressure. Thus the symbol po, and not P, to symbolize the partial pressure of
oxygen is the convention accepted by chemists.
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lungs; therefore the corresponding tensions of the gas are the same as
the partial pressures of the gas. As explained above, the gas pressure is
the partial pressure of the gas phase of a particular component, while
the gas tension is the escaping tendency of the gas into the gas phase
from the solution. When pg,, is being measured in the Severinghaus
type of electrode, tensions are being measured and these symbols have
come to mean the tensions of the gases in blood. If the CO, and O,
tensions are measured for venous blood with these electrodes, then one
obtains, for the normal, values of the order of po, = 46 mmHg and
po, = 40 mmHg. For arterial blood, the values obtained are pgo, =
40 mmHg and po, = 100 mmHg. Table 3.3 lists po, and pgo, values
found in arterial blood, venous blood, and mixed alveolar gas.

If no chemical reaction takes place when a gas dissolves in water,
then the amount dissolved is proportional to the partial pressure of the
gas in contact with the water (Henry’s law). Thus, in water, at po, of
100 mmHg, twice as much is dissolved as at po, of 50 mmHg. This is not
true for either O or CO, in blood. From the equation

[HCO,"]

one can readily see that the amount of total CO, which would dissolve
in a buffered solution under various values for pgo, is not a linear
function of the partial pressure of the gas.

In the case of oxygen, Henry’s law is also not followed because of
the reaction between oxygen and hemoglobin to form oxyhemoglobin.
Since oxyhemoglobin is more acidic than hemoglobin, the amount of
oxygen dissolved will also vary somewhat with pH.

Figure 3.1 shows a plot of percentage HbO, in blood (oxygen

TasLe 3.3
Partial Pressures of Blood and Alveolar Gases at 37°C®

Alveolar Arterial Venous
gas blood blood
po, 104 100 40
bco, 40 40 46
brz0 47 47 47
by + Pa 569 573 573

P (total) 760 760 706
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100

Oxygen Saturation, %
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Ficure 3.1 Relationship between percentage oxygen saturation and po, at
different pH values.®® (The Bohr effect.)

saturation) versus change of p,,. If Henry’s law were followed, this
would be a straight line. Obviously, chemical reaction is taking place
between the hemoglobin and the oxygen. The hemoglobin molecule
contains four heme residues and combines with four oxygen molecules.
Since the nature of the molecule changes as each heme reacts, we have
four different equilibrium constants. For solutions of hemoglobin, the
following formula has been derived and seems to apply at low Hb
concentrations (less than 4%,) and up to 75%, saturation:

ZHbO,  Kyp + 2K, Kop? + 3K, KKop® + 4K, K KoK, p*
100 4(1 + Kip + KiKap + K, K K3p® + K, KK K, p*)

where K;, K;, K3, and K, are constants related to the equilibrium
constants of the four intermediate reactions involved and p represents
$0,-® From this equation we can average and factor out the constants
to yield a new constant, average out the exponents of p, and simplify the
equation to read

%HbO;  Kpm
100 1+ Kp*

This simplified equation seems to fit the curve (Figure 3.1) fairly
well. It was originally developed by Hill and has been used for many

(3.1)
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years.® It is in effect an empirical equation. The exponent of p is not
2.5 but varies from 1.5 to 3, the lower values being obtained at low salt
concentrations. Thus at pH 7.1 and in 0.1 M phosphate buffer, for whole
blood, n = 2.8.

From Figure 3.1, one can readily see that at p,, of 100 mmHg,
979, of the hemoglobin has reacted with oxygen. Even at a po, of
50 mmHg, 85%, of the hemoglobin has reacted. Thus the human can
survive at various altitudes, and if the p,, is as low as 60 mmHg, the
7, HbO, will be 90%,.

From the curve shown in Figure 3.1 one can see that the dissocia-
tion curve varies with pH. The p,, of the blood also increases with
temperature, as would be expected. This is considered in preparing the
nomogram of Figure 3.2. Figure 3.2 is based on the relationship
connecting po,, pH, and temperature developed by Astrup ez al.®® from
the data of Van Slyke and others:

log po, = 0.0244 AT — 0.05 ApH

Since pH and p,, are routine measurements in the clinical laboratory,
this relationship yields a convenient way of obtaining percentage
oxygen saturation, which is technically more difficult to measure. AT
represents the number of degrees away from 37 and ApH the units
different from 7.4.

To find the percentage of hemoglobin saturated with oxygen
(Og sat %,) given the temperature, the measured po, in mmHg, and the
pH, connect the point on the temperature scale (scale A) to the p,,
value on scale C. This intersects scale D giving a p,, value corrected for
the temperature. Now draw a straight line from the measured pH value
on scale B and the temperature-corrected p,, value, now read on scale C.
Scale D will yield a po, value now corrected for both temperature and
PH, corresponding to a percent oxygen saturation value on scale E.
For a sample with p,, measured at 60 mmHg and pH at 7.45, at 30°C,
bo, corrected for temperature is 89.4 and corrected for pH is 94.1. This
corresponds to an oxygen saturation value of 97.2%,. Oxygen saturation
means the amount of oxygen combined with hemoglobin as compared
to the maximum capacity of the blood.

Using a second example more closely related to measurements
taken in the routine laboratory, at 37°C, we find po, = 30 mmHg and
a blood pH of 7.25. The po, value needs no temperature correction
since we are at 37°C and the temperature-corrected po, is 30 mmHg.
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Ficure 3.2 Nomogram to obtain percentage oxygen saturation for whole blood

given the pH, temperature, and po,.""® (Radiometer Co.)
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For a pH of 7.25, corrected po, on the D scale is 24 mmHg. Connecting
these two values (pH = 7.25 and p,, = 24 mmHg) on scales B and C,
we read 52%, oxygen saturation on scale E.

3.2 MEASUREMENT OF pgo, AND p, ™

Plastics, including rubber, are porous to gases but not to liquids.
Evidence for this is the relatively r<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>