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INTRODUCTION

Purines and their related compounds are widely dis-
tributed in nature. Among the substances and biological
materials which contain purines as their components are
chromosomes, viruses, bacteriophages, sperm, cell nuclei,
leaf growth factors, coenzymes, tissue extracts and body
fluids. In vivo the purines are readily synthesized even
by the simplest organisms. The study of the energetic
relationship of these ocompounds to one another is of
interest in indiecating whether their synthesis may proceed
spontaneously or whether other energy yielding reactions
must also take part. The mechanism of synthesis of purines
in turn is of interest in its relation to the much wider
field of biology indicated by their distribution.

The standard free energies of formation of solid
erystalline adenine, hypoxanthine, guanine, xanthine, uric

cen
acid, allantoin and alloxan havebdetermined by Stiehler

~
and Huffman (1),(2). For the consideration of reacgtions
taking place in an aqueous medium it is necessary to know
the standard free energles of formation of the various
species involved. In order to be able to calculate the
free energies in solution other data are requir@d/the

determination of which constitutes the problem of this

thesis.
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These include the determination of solubilities,
dissociation constants, activities and vapor pressures.
In addition some data on leucine have been included
because the older values are inacourate due to the con-
tamination of leucine with methionine (3). A complete
redetermination of the above described physico-chemical
constants has been undertaken.

Utilizing the above descoribed data calcoulations
have been made of the standard free energy of formation
of each of the compounds in its aqueous solution. The
equilibrium relations of purines and their degradation

oroducts have also been computed.



EXPERIMENTAL METHODS

The experimental methods adopted will be con-
sidered first, Since these differ only in detail
from one compound to the next a general description
will be given here. The more particular details will
be desoribed in connection with the discussion of
the individual compounds. A brief consideration will
also be given to the fundamental concepts essential
for a clear understanding of the meaning of the various
physico-chemical constants determined.

SOLUBILITIES

Solubility is essentially the measure of an
equilibrium constant in a heterogeneous system in
which the solid phase is in equilibrium with the
dissolved phase. A general reaction may be written

as,

X ... ; -+ Solvent .
Solvent fixsoiidér— Xdissolved {(sat.s0l.)

the temperature of the reaction being defined. The

equilibrium constant is therefore,

K = (Faissolved) (soivent ooy co1).)

(¥sor1a) (Solvent iy, .y

But since Xsolid)is in its standard state its activity



is unity and in a dilute solution the activity of the
solvent in the solution is nearly equal to that of

the pure solvent, we may write

Ko = Xdissolved
where the subseript on K, indicates that this equi-
librium constant has the dimensions of concentration.
The equilibrium constant K, is usually called solu-
bility in dilute solutions.

It is to be noticed that the solubility eqgui-
librium does not imply that the solid phase is
anhydrous. It specifically refers to that phase
which is in eguilibrium with the dissolved phase.

This is of importance where the solid forms a hydrate
and will be referred to in that oconnection.

The apparatus which was used for the determination
of solubilities included solubility tubes, thermostatic-
ally controlled water-bath and a rocking device for
shaking the solubility tubes, together with weighing
bottles, a drying oven etc.

The solubility tubes are merely _L shaped tubes such
as may be seen in the diagram in Figure 1. When such
" golubility tube is rocked back and forth a thorough

agitation of its contents is obtained. These tubes were



generally about three quarters full or less to give
maximum agitation. Various sizes of solubility tubes
ranging from 15 to 250 ml. were used depending on the
solubllity of the compound and the amount of saturated
solution required for the solubility determination.

A constant temperature water bath served to maintain
the solubility tubes at 25 %t .03%and 50 + .05 the two
temperatures at whisch the solubility detesminations were
made). This water bath was equipped with a motor driven
rocking device which roucked back and forth the solu-
bility tubes. Ine solubility tubes were clamped to a
horizontal bar connected with the rocker. The arrange-
ment of the apparatus was such that the lower portion
of the solubility tube was lmmersed in water.

The solubilities were determined in the following
manner. An excess of a given solid was introduced into
a solubility tube which was then about three gquarters
filled with redistilled water. The tube was then
stoppered to prevent contamination with carbon dioxide,
ammonia ete. This was merely a precaution in order to
minimize the sources of error in the determinations.
The solubility tube was then placed in the thermostat
and agitated. Sufficient time was allewed for the

solubility equilibrium to be established.



In order to ascertain whether equilibrium had
been reached solubility determinations were made on
several successive days. Constant values were ob-
tained in most cases in one or two days. From
supersaturated solutions the equilibrium was in somse
cases more slowly attained than from the undersaturated
solutions, Further confirmation of the attainment of
equilibrium was obtained by approaching it from both
the undersaturated and the supersaturated side. To
approach the equilibrium from the undersaturated side
the solid was simply agitated with water in a solu-
bility tube as already described. To approach the
egquilibrium from the supersaturated side the solid in
presence of water was first equilibrated for one day
as described above, the solubility tube was removed
from the thermostat and heated in a water bath for
15 to 20 minutes at 35°¢ for the solubility determine-
tions at 25%, and at 65°% for the solubility at 50°.
The solubility tube was then replaced in the thermostat
and equilibrated for another one or two days before

samples were removed for determination.

For the solubility determinations portions of the
saturated solution were transferred directly into a

weighing bottle by means of a siphon and suction as
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shown in the illustration in Pigure 1. A cotton plug
was inserted into the end of the siphon to serve as a
filter. In some cases 1t was necessary to use good
grade Gooch crucible washed asbestos in order to obtain
a clear filtrate. The asbvestos was held in nlace by

a small cotton plug on either side,

During the transfer of the saturated solution
from the solubility tube to the weighing bottie in no
gase was there any tendency observed of the soiute to
grystallize out due to small temperature differences
between the solution and the siphon. During the
manipulations the weighing bottles were kept stoppered
in order to prevent loss of water by evaporation.

The weighing bottles used were carefully cleaned
in a chromic mcid beth washed and dried in an oven.
Under this treatment the Jena glass bottles changed in
weight very little from day to day. Quite often their
mass remained constant to within .1 mg although over a
longer period of time the change in mass was larger than
this., All the weighings were done on an analytical
balance to .1 mg. A slightly larger margin was allowed
in determining the mass of the soliution.

For the gravimetric procedures the mass of the

welghing bottles was determined beforehand then samples
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of the saturated solution were taken and the botties
with the solution were weighed. These were nlaced in
a drying oven at 100°C and evaporated t o dryness.
During the evaporation the lids were so kept on the
weighing bottles as to protect the solutions from
contamination with dugt particles. At all times the
oven was used only for gquantitative work. Under these
conditions the evaporation proceeded smoothly without
bumnping and consequently with no loss of solution and
with no contamination. The residue was dried %o
constant weight also a% 1000¢. Several preliminary
experiments drying the residue at 110°C and et 135°C
showed that there was no noticeable change in the
weight of the residue at the hisher temperature.
Drying the residue at 100°C was also used by Dalton
and Sehmidt in their solubility determinations of the
aminoc acids (4).

The mess of the residue of the solute was obtain-
ed as the difference between the mass of the welghing
bottle plus the residue and its mess empty. Similarly
the mass of the solvent is the difference between the
weighing bottle plus the residue.

Due to the fact that most of the compounds were

only slightly soluble the mass of the residue was small,
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of the order of magnitude of 10 mg. Since this was
determined as the difference between two large

numbers a high accuracy was reguired in the weighings.
Thus .1 mg difference in the mass represents a 1% error.
Such factors as the absorption of a thin film of moisture
on the relatively large surfsce of the welghing bottle
are significant in this type of work.

In order to minimize the errors due to the change
in the mass of the weighing bottles themselves parallel
experiments using distilled water were done with edch
determination. The second welghing bottle was then
used as a counterpoise or tare in welghing the weighing
bottle plus the residus. The masses of the empty
welghing bottles were also determined by the counterpoise
method.

For this purpose the weighing bottles were paired in
such a way that their masses were within .l gm.of each
other. In this way the weighings could be done using
only the chain of the chainomatic balance and were there-
fore independent of the brass weights. Furthermore since
each bottle was nearly of the same dimensions and mass
and had undergone the same treatment in drying any
ghanges in their masses would be nearly identical and

would thus tend to cancel out in the counterpoise weighing.



For the least soluble members of the purine group
nanely uric acid, xanthine and guanine the gravimetric
method was not suffleiently accurate so that solori-
metric methods were adopted,

The amounts of xanthine and guanine in solution
were determined using the Koessler and Hanke diazo
method (5). The diazotized sulifanilic acid in the
reagent couples with xanthine and guanine in an alka-
line medium to yield azo dyes. The color that is
developed can be measured gquantitatively in a color-
imeter.

The application of this method to a gquantitative
determination of purines was made by Hunter (8).

Since solutions of »ure compounds were used the usual
objections of the non specificity of the reaction were
ahsent. Turthermore suitable standards as will be
later described treated in the same way as the test
solutions were used for comparison. Care was taken to
make the two solutions to be compared of nearly the
same concentrations. In this way the several errors
of the method were minimized.

All the solubilities were done on at least two
different preparations of each compound where sufficient

material was available. The temperatures used were
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25 £ .03°C and 50 1+ .059%. ‘The solubilities were
expressed as grams of solute per Kilogram of water,

The results of the solubility determinations
for any one compound were conveniently tabulated,
the arrangement in the table being as follows.
Oné table was made to include the solubilities
obtained when the solubility equilibrium was approach-
ed from the undersaturated side. A second table
included the results when the equilibrium was approach-
ed from the supersaturated side. In the first column
of the table the determinations are numbered consecu-
4t1vely. The second column gives the length of time
during which the solubility tube was equilibrated
before the determination was made. The solubilities
are given in the third column., The fourth column
represents the deviations of the individual results
from the group mean. The group mean was obtained by
averaging the results of the solubllity determinations.
for any one preparation of the compound under considera-
tion and is given at the end of the group in the third
coiumn. The final column gives the deviations from the
general mean. The genéral mean was obtained by
averagzing all the results in the table. An analysis

of the results in this manner brings out more clearly
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the variations in the different preparations of the
same compound and also their relation to the final
result,

The precision errors were calculated according
to the method of Rossini (7) using the formula
IBVEZ??ET;:ET whereiidf is the sum of the squares
of the deviations from the mean and n is the number
of determinations. In order to obtain the final
values of the solubilities the resulis approached
from the undersaturated and the supersaturated side
of the equilibrium were averaged. 'The precision
errors were combined using the formulai'a2-+ bg ’
where a and b are the respective precision errors of
the two individual results.

DISSOCIATION CONSTANTS

In all cases except one the dissociation constants
were determined by elestrometric titration using a
glass electrode and a Beckman pH meter to follow the
H* concentration,

The pH meter was first adjusted using a phthalate
buffer of known pH of 3.97. Then a given solution of
known volume and concentration was titrated with a

standard acid or base. ‘The concentration of the solutions

titrated was determined by the solubility of the compound



in question as for example a solution of xanthine which
was .0001 molar was used on account of the sparing
solubility of xanthine in water. The concentration of
the standard acid or alkali used in the titrations was
in turn determined by the concentration of the solution
titrated. The use of a micro burette of 1 miscapacity
which could be easily read to .005 ml, made it possible
to use the standard reagent of higher concentrations
thus avoiding dilution of an already dilute solution.
In this manner maximum accuracy was obtained from the
titrations.

The titrations were done by adding known amounts
of the standard acid or base to & given volume of the
solution being titrated the pH of the solution being
recorded after each addition of the reagent. Care was
taken to have the solutions at 25° during the titra-
tion. The acscuracy of the pH determinations under the
usual working conditions was abouty.05 pH units. In
the higher alkaline range the glass electrode becomes
inagecurate. A correction was applied from a graph
supplied with the instrument for this purpose.

All the titrations were done in duplicate and the
results were averaged. The volume of the reagent added

was plotted against the pH of the solution to give a



titration curve, Simce the dissociation constant varies with
the dilution a correction is desirable, A titration of the
water blank was therefore done with each titratiom using

the same volume of the solution (water) and of the reagent;
The velumé of the reagent used for the water blank was sube-
tracted from the amount used in titrating the agueous acid

or base for each pH thus giving a corrected titration curve.
The corrected titration curve thus represents a graphic
method of obtaining a dissociation curve.

Such a corrected titration curve is sometimes used to
obtain the dissociation constant directly from the graph (8).
It is preferable,however, to caleculate the dissociation
constants from the titration data by means of appropriate
equations,

The dissociation constants were ocalculated from the

equations

Cy = Cya - Cg!
Cia*4- Cy

PKg = pH t log

and

Ca - CorsCyt
Cer—Cy+

PKy = pKy - pH 4 log



where

Gs 1s the concentration in moles per liter of all
forms of the substance titrated.
Oygtis the total concentration of Net in moles per

liter

Cg1” 1s the total concentration of CL~ in moles per

liter.

Cy+ls the concentration of At in moles per liter

pKy 1s 14.00 at 25°% (9).

Guanine was found to be too insoluble to be titrated
in the above manner hence the solubility method of
Hitcehcock (10) was used. Xanthine was done by both the
titrimetric and the solubility methods.

The relation between solubility and dissociation is

given by
SaEpCrt+
Ky
and
SoKg
S =8y +
cgt
where,

S is the solubility of all forms of the substance
in grams per liter at a given pH.

8y is the solubility of the undissociated substance



which is usually taken as the soliubility in water. It is

also expressed in grams per liter

Cgts Kﬁ " Kb 5 Ka have the same significance as before.

The results obtained from the titrations were averaged
to give a final value. Sometimes the first and last values
were not included in the mean, as the accuracy of the
dissociation oconstants is least when the ratio of the free
acid to the salt is far from unity. The solubility method
however can only be applied when the ratio of the free
acid or base to its salt is quite small. It has been found
to be fairly accurate under these conditions.
ACTIVITIES

At infinite dilution dissolved substances behave as
perfect solutes. At higher concentrations they deviate
from the laws of perfect soiutions and a correction factor
is required to make them conform to these laws. This
factor is known as the agtivity coefficient and the con-
centrations corrected in this manner are known as
activities. The relation between concentration and
activity mey be expressed by the equation

MY'== a

where M is the concentration in molality,(lis the activity

coefficient and a is the activity.



In practice the activity coefficients are determined
only for the more soluble substances. 4s already stated
above in dilute solutions the laws of perfect solutions
are more nearly obeyed hence it is common practice to
assume 28 a pretty good approximation that the activities
in dilute solutions are equal to concentrations. The
line of demarcation is usually made at .l molal concen-
tration where the activity correction is already small
and where the experimental methods begin to be inaccurate.

The molal solubilities of the purines were found to
be less than .0l and that for allantoin .037%. It is
therefore safe to assume their aoctivities equal to their
concentrations. The molal solubiliity of leucine was found
to be 187 just on the borderline where the activity
measurements become inaccurate. Alloxan alone was found
%0 be sufficiently soluble for an experimental determina-~
tion of its activity soefficients.

VAPOR PRESSURES OF HYDRATE SYSTHEMS

Just as in the case of solubilities the hydration of
substances can best be considered from the point of view
of heterogenous equilibria. Let us consider a substance
X vhich forms a hydrate X.HEQ. This hydrate will de-

compose to form water and the anhydrous substance X . If
such a system is put in a closed vessel an equilibrium



will finally te established

—> o
X Hy0 (5= H2Qg,p)*‘“anhydrous(s)

where p is the eguilibrium pressure of the hydrate-
anhydrous transformation.

The egquilibrium constant for this reaction is
given by

Haqg,pl o Xanhydrous(s)

X.H20 3
Now since X anhydrous and Y,Hg0 are in their standard
states their activities are unity. The activity or
fugacity of water is equal to its vapor pressure, hence
the equilibeium constant becomes

Kp = P
where p is azain the egquilibrium pressure of the aydrate-
anhydrous transformation. The subsoript of Kp indicates
that the equlilibrium constant has the dimensions of
pressure.

let us suppose a case where 1 forms a trihydrate but
no intermediste hydrates. The equilibrium involved is
then given by
X.3Ha0 (g T2 3HgO (5, & X anhydrous(s)
The eguilibrium constant is therefore
K ?% x Zannydrous (s)
R X.3Hp0 (s)




and
K@ = P

It will be seen that it is the equilibrium constant
that is of interest for the purpose of free energy con=-
siderations and not the vapor pressure although in the
case of a monohydrate these are identical.

It should also be pointed out that the vapor pressure
of the hydrate does not refer %o the hydrate alone but
to the equilibrium systenm.

Among the compounds studied alloxan,adenine and
xanthine are known to form hydrates. 1t was necessary
to determine whether these hydrates were formed at 285°C
and if stable at this temperature it was also necessary
to determine the vapor pressure of the hydrate-anhydrous
system. The other compounds studied did not form hydrates.

The general method employed will now be considered.
Where this was feasible the solid phase was completely
dissolved in water at elevated temperatures. It was then
allowed to come to equilibrium by agitating it for several
days in a solubility tube placed at 25°C in a thermostat.
A solubility determination was made in order %o ascertain
whether the equilibrium had been attained. The solid
phase was then removed by filtration on a Hirsch funnel

and superficially dried between fidter papers. This solid



was then placed on a tared watch glass and its weight
determineé&, It was then placed in a small vacuum chember
together with about 5 ml. of sulfuric acid solution
contained in a small glass vessel. The system was evacuated
on the water pump for one or two minutes and finally set
away in a 25°C incubator. After several days the sample

was removed and the loss in weight determined.

The rationale of the method is the‘following. The
sulfuric acid solution acts as a desiccant to remove any
water of wetting that still adheres to the cerystals after
guperficially drying the solid. If the vapor pressure of
the hydrate system i. less than that of the sulfuric acid
golution no further desiceation will take place after the
water of wetting hag been removed., If the solid is then
dried in an aven at 100°C the water present will be re-
moved, The water removed in this manner must then have
been bound as water of erystallizetion. On the other hand
if the wvapor pressure of the hydrate system is greater than
that of the sulfuric acid solution all of the water will
be lost to the desiccant.

By using a series of sulfurie acid solutiens of varying
concentrations the vapor pressure of the hydrate system can
be determined from the vapor pressure of that sulfurie acid
solution to whieh the hydrate neither loses nor gains any

water, Experimentally this is obtained as the average of two
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goncentrations near one another, to one of which the
hydrate system loses water vapor and notv to the other,

The vapor pressures of the suifuric acid solutions
of different concentrations were obtained from the
Interantional Critisal Tables (%+). The concentrations
were checked by specific gravity determinations. ‘These
were done by welghing Smlsof the solution on the balance.
MATERIALS

A brief account of the source and the method of
preparation and purification of the compounds used in
this investigation is given below. A number of these
were the preparations described by Stiehler and Huffman
(1) and they will be designated as combustion samples.
Adenine I - combustion sample, adenine a.
Adenine II ~ This was prepared by the hydrolysis of
veast nucleic scid by the method Qf Hunter and Hlynka
(;2). The adenine hydrochloride obtained was crystal-
i1ized three timés from dilute hydrochloric asid. I%
was then converted into the free base by dissolving
the hydrochloride in water and neutralizing the solution
with sodium carbonats. The free adenine which precipi-
tated out was crystallized four times from water.

Microscopiec bipyramid crystals were obtained. Attempts

to grow larger orystals were unsuccessful as adenine



deposited as a crusty preoipitate.on the walls of the
container. The needle crystal form as in Adenine I
above could not be obtained under any of the conditions
tried which included seeding adenine solutions with
thiese orystals and orystallizing at different tempera-
tures and varying dilutions.

Guanine I and CGuanine II were both combustion samples.
Hypcxanfhineli, II, and III were also combustion
smaples,

Xanthine I wes a combustion sanmple.

Zanthine IT and III were Hoffmenn 1a Roche prepara-
tione decolorized with charcoal and ecrystallized four
times from water.

Xanthine IV was 2 Hoffmann La Roche preparation treated
the seme wgy as II and IIT sbove. 4 specizl effort

was made to obtain large crystals by first heating
XLanthine in presence of a large amount of its saturated
solution to 6000 and then conling it at 8% over night
in a refrigerator. This procedure was repeated for a
period of one week.

Uric 4Acid I was a sombustion sample.

Uric Acid II was Pfanstishl C.P. urioc acid erystallized

three times from water. It crystallized readily to



yield well defined orystals.

Allantoin I was a Hoffmann La Roche preparation.
Allantoin II was a combustion sample.

Alloxan was a Hoffmann lLa Roche preparation orystal-
lized once from water and dried in vacuo over sul-
furic acid.

d- and 1l- Leucine were methionine free samples

prepared by Fox (19).
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ADENINE
THE SOLUBILITY OF ADENINE

The solubility of adenine was determined by the
gravimetric method. Approximately 10 grawm portions
of the saturated solution were used for each determina-
'tion and the weight of the residue obtained on evapora-
tion was determined as already described.

The results of the solubility determinations of
adenine at 25°C are given in tables I and II. Taking
the mean of the general means we obtain for the
solubility of adenine at this temperature 1.13 ¥ .04
grams ner 1000 grams of water.

The variation of the individual determinations
constitutes the largest error. The variation of the
results on the two different preparations 18 1O%
~significant. . - slso there is little
difference between the values obtained approaching
the equilibrium from the undersaturated or the super-
saturated side. It also appears that saturation is
obtained in a relatively short time from the under-
saturated side but that there is a tendency for the
solution to remain supersaturated when the ejuilibrium

is approacihed from the supersaturated side.
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The results of solubility determinations at 50°C are
gilven in tables III and IV. The results obtained give
for the solubiliity of adenine at.this temperature 3.4 Y .2
- grams per 1000 grams of water. It is at once apparent
that there is some disagreement between the individual
results on the two different preparations of adenine.
Adeuine I and Adenine II as will be recalled differ in
grystalline form and it is likely that their soliubilities
differ, this difference becoming more apparent at higher
temperatures. Unfortunately an insufficient amount of
Adenine I was available. As has been mentioned above no
success was had in attempting to prepare the needle
erystalline form of adenine. The discrepancy between the
individual determinations is not large and the agreement
between the values obtained when the equiliibrium was |
approached from the undersaturated and the supersaturated
side is also guite satisfactory.

According to Koesseld ( i4) .92 grams of adenine dissolve
in 1000 gréms of water at room temperature. Tafel and Ach
(49 found its soluabilivy ig boiling water to be 25 grams
per 1000 graus of water. These data are of limited
quantitative value oniy, but indicate the saﬁe order of

magnitude,
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It is convenient to have the solubilities expressed
in terms of molalities. At 259C the molality of a
saturated solution of adenine from our resulis was found
to be 00836 and at 50°C ,0&52

For the purpose of calculating the percentage dis-
gociation the pH of a saturated solution is required. It
was found to be 6.6 at 259C,



TABLE I
SOLUBILITY OF ADENINE at 25°C

Equilibrium Approached from the Undersaturated Side

Ex.No. Days Equi; Sol'y Dev.from Dev.from
librated Gm/Kg. Or. Mean Gen Mean
Water
ADENINE I
1 1 1.17 .03 .04
2w L 1.21 o7 .08
3w ] 1.12 -.02 -.01
4 3 1.10 ~.04 -.03
5 1 1.16 .02 .03
6 2 1.06 -.08 =07
7 @ 1.13 =.01 .00
8 4 1,13 .01 .00
9 1 1.15 01 .02
10 2 1.16 .02 <03
11 S 1.22 .08 .09
12 4 1.21 .07 .08
13 2 1.07 ~.07 -.06
14 S 1,09 =.05 - 04
15 4 1.14 - 00 .01
16 3 s ) | ~.03 - 02
17 4 1.15 01 .02
18 5 1.81 .07 .08

1.14 +.02



.

TABLE I (con)

Ex.No. Days Equi- Solty Dev.from Dev.from
librated 6m/Xg. GOr. Mean Gen.Mean
THater
ADENINE IX
18 2 1.11 04 -.02
20 3 1.10 .03 w05
21 4 1.05 -.02 -,08
28 2 1.04 -.03 -+09
23 4 1.08 -.02 -.08
24 5 1.09 .02 -.04
1.07 + .02
Mean of group means i1.10 T .C5
General mean  1l.13 +4 .02

W after the experiment number in the first column indicates
that water was added to the solute of the previous

determinatione.
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TABLE II
SOLUBILITY of ADEHINE at 25°0

Equilibrium Approached from the Supersaturated Side

Ex.HNo. Days Egqui- Sol'y Dev.from Dev.from
librated Cm/Xg. Gr.Mean gen.Mean

Rater

ADEVINE I
1 2 1.33 .19 .20
2w 2 1.18 .04 .05
3 5 1.17 .03 <04
4w 5 1.14 .00 .01
5 6 1.10 -.04 -.03
6 7 1.10 -.04 -.03
7 w 7 1.08 -.08 -.05
3 8 1,04 -.10 -.09
9 9 1.08 -.06 =.05
10 10 ; P -.05 -
11 w 6 %f%% .;%%% .04

ADENINE II “ -
12 3 1.14 .01 .01
13 3 1.18 05 .05
14 6 1.18 O L -.01
15 6 1.14 .01 .01
16 8 1.14 .5 .01



Ex/No.

17
18
19

B0~

TABLE II (con)

Days Bqui-
librated

ie
10

Mean of group means

General mean

Solty Dev.from
Gm/Kg. Gr. Mean
Water

1.34 -.08
loll "'002
1,10 -.03
1.13 + .02
1,13 + 05
1.1 + .03

Dev. From
Gen. lMean

"002
"002

"003



TABLE TII
SOLUBILITY of ADENINE at 50°¢

Equilibrium Approached from the Undersaturated Side

Ex.No. Days Equi- Solty Dev, from Dev.from
librated Gm/Kg Gr. Mean Gen.Mean

Water
ADENINE I
1 1 .18 .00 -.16
2 2 322 04 -.12
3 4 3014 -.04 =-+20
4 5 3,17 =01 -.17
3.10 103
ADEWINE IX
3 1 3,45 03 oid
6 3 S .47 .05 o 4d
7 2 3.41 -.01 .07
8 a2 S.44 02 « L0
9 3 5.56 ~.00 .02
10 3 S.42 ' .00 .08
k% 4 3638 ~.04 <04
12 4 B3.44 08 «10
3.42 + .03
Mean of group means 3.30 + .04

General mean 3054 X .08



TABLE IV
SOLUBILITY of ADEIINE at 50°C

Bguilibriun snproached from the Rupersaturated Side

Px.No. Days ZEgui- Jod'y Dev.from
iibrated  Gu/Kg. Gr. Mean
Hater
ADENINE 1
1 2 $.46 22
8 3 S 34 « 10
S 4 Ze9l -y 33
503’34 :t.ﬁﬁ

ADENINE II

4 i 3.68 *19
5 L1 Se77 « 20
6 2 3.39 =«10
? 3 Sed¥ -0
8 3 3e41 ~.UB
9 3 Sedd ~+C)
10 4 Sedid =006
11 4 3,40 =09

Sed T .U¥
Mean of group means J.56 Tes4

General mean 3.42 1.1

Dev.fron
Gen.ean

"-Q.l-
0L
Ol

"QGE
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HYDRATION OF ADENINE AT 25°C

Adenlne is knowa to form both a monohydrate and a
trinhydrate. In order to determine whether the solid
phase In equilibriws with a saturated solution of adenine
at 25°C is hydrated or not the following experiments were
done. Adenine was completely dissolved in hot water and
equilibrated in the same way as in the solubility ex-~
periments. After four days equilibrium was attained as
Judged by a soiubillty deternination. The solid phase
was then removed and superficially dried between filter
papers.,

It should be possibie to remove the water of wetting
by drying the samples of adenine, prepared as above, in
prescnce of a c¢€siccant the vapor pressure of which is
higher thnan that of the hydrate system but lower than

hat of the saturated solution of adenine. Xxperiments

of this type were done using suifuric acid soiutions of
known vapor pressures. In table V below,the vapor
pressures in mm. of Hg. of the suifuric secid soiution

used is given in the second colwan. In the third, fourth
and fifth columns are given the weights of the superficial-
ly dried sample, of the same sample dried for four days in
presence of a sulfuric acid soliution and the welght of the

sample dried in an oven at 100°¢., The last column
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indicates the number of molecules of water renaining

as water of hydration. All experiments were done at

.0
20 C.

This series of experiments indicates that adenine
does not form a hydrate under these conditions. The
last experizent in the series shows that water of wet-
ing 1is not removed when the superficially dried sample
of adenine is placed in presence of water aione. Al-
though some water appears to have been lost it was
shown to be due to a preliminary loss during the evacu-
ation 6f the vacuum chamber. Even if a hydrate were
formed having a vapor pressure af this order of magni-
tude it would contribule littlie to the free energy

change and could be neslected.

TABLE V
HYDRATION OF ADENINE AT 25%
No Vap.Press t of Super- Wt of Desicc. Wt of lioleo

of fic. Oven of
Hgso4 Soln. Dried Adenine Dried Adenine Dried Aiden, aq .

- 19.40 .229 .186 .186

0
2 21.40 091 0867 .087 0
3 22 .54 095 075 L075 0
4 23.25 .098 073 073 0
5 Water « 148 .18 - . 103 1.8



DISSOCIATION CONSTANTS OF ADENINE AT 2500

The dissociation constants of adenine were determined
by electrometric titration. Fifty ml. of 00222 molar
adenine solution was titrated with 1.2 ml., of .0989
N HCL and Na OQH respectively. F¥ach titration was done in
duplicate and the pH readings were averaged. The dis=-
sociation constants were calculated as described above,
A titration of a water blank was also done. The results
are given in tables VI and VII. Figure II shows the
titration curves of the adenine soiutions and the corres-
ponding water clanks. A corrected titration curve is also
given.

An average of the pX values included between aster-
isks was taken.

The value obtained for pK, is 9.80 which gives for
the acid dissociation constunt K, a vaiue of 1.26x10~10

The value of pKy was found to be 9.86 which gives
for the basic dissociation constant Xy & value of |
.58110-10 "

The Llimiting factor in the accuracy of the above
titrations is the high dilutions of the solutions which
it was necessary to employ. The constancy of the dis~

sociation constant in the middle range of the titration
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curve is an indicatlion that the values obtained are

gquite satisfactory.



HCI

Mi.

M1 NaOH

(7]

2k

ADENINE TITRATION CURVES
WATER BLANK x— X— x
CORRECTED CURVE - - - — —

Fieure 2
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TABLE VI
AGID DISSOCIATION CONSTANT OF ADENINE AT 25°%

NaQH pH of pH of

Adenine Sodution  Water Blank pKy
ml :

0.0 6.57 6450 cens
o di 8,76 10.08 P.77
o2 9.23 10.68 9.89%
«d 948 i1.00 .92
4 9.67 ceuse 9.92
9 9.83 11.37 9.93
6 9.99 caven 9.93
7 10.14 e 3 9,93
.83 10.28 ) 9.88
o9 10.41 seeun 9.80%

1.0 10.55 41.85 B62

ds & 10.71 evs e 8,98

-L.z .1.0.87 e 0 00 @ @ 0 @ @

Average pK, 9.90

} -10
K,  L.26x10
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TABLE VII

BASIC DISSOCIATION CONSTANT OF ADENINE AT 2500

HCL pH of pH of pr
Adenine Solution Water Blank

ml.

0.0 6.31 5.8% csee
od S5.22 $.08 g.81
. 4.85 3.%5 9.85%*
] 4,082 Y18 ¥.84
o4 4,44 5.04 9.84
el 4,89 2.96 9.85
.6 4,14 2,86 9.86
o7 4.00 2.82 9.86
3 $.86 Lel4 J.85
o9 5.78 2¢69 9.88

1.0 $.58 2 .64 9.89%

1.1 543 cooe 9.94

1.2 S50 cose “vas

Average pxK 9.86

b

, .. .~=10
Kp 1.38x10



HYPOXANTHINE
THE S8OLUBILITY OF HYPOXANTHINE

Hypoxanthine solubility determinastions were done
by the gravimetric method. Portions of about £0ml.
of the saturated solution were required to give a
residue of about 14 mg. Since the capacity of the
weighing bottles used was about 10 ml. two successive
samples were evaporated to dryness and the total
residue was determined. The results are given in
tables VIII to XI.

At 25°C the solubility was found to be .73 * .01
grams per 1000 grams of water. slthouzh ali the prepara-
tions were carefuldy purified combustion samples there
appears to be some variation in their soiubiiities. It
is more likely that this variastion is due to the low
precision of the method. In addition it aiso appears
that approaching the eguilibrium from the supersaturated
side the solutions tend to remain supersaturated for
several days.

At 50° the solubllity was found to be £.01 * .06
grams per 1000 grams of water. At higher temnperatures
hypoxanthine is more soluble and the gravimetric method
gives results of greater precision. The agreement among

the individual determinations as well as among the
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different preparations is muech better. The ugresument
between the resuits obtained from the undersaturated
solution and those from the supersaturated soiution
is also better at the hisher temperature.

The solubility of hypoxanthine in water has been
determined by several investigators. A summary of

their results is given for comparison.

Tempe rature Solubiiity in Investigator
6m/Xg Water
Room 1.03 Bruhns (16)

" .63 "

" 53 "

" .92 Seherer {17)
179 1.50 Stutzer (18
19%¢ 71 Fischer (49)
23°c .73 .

100°C 14.30 "

The results obtained by Fischer are in substantial
agreement with ours.

For convenience our results are given here in terms
of molalities. The solubility of hypoxanthine at 25°C
was found to be 00536 moles per 1000 grams of water and
at 50°C .0148 moles per liter.

The pH of a saturated soliution was found to be 6.4

at 25°C.
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TABLE VIII
SQLUBILITY OF HNMPOXANTHINE AT 2500

Equilibrium Approached from the Undersaturated Side

Ex.No. Days Zqui- Soil'y Dev. from Dev.from
librated Gn/Xg. Gr. lean Gen.lMean
Water

HYPQ-
XANTHINE I

X 2 .684 -.031 -.0%4
2 S 681 -.034 -.0&]
3 % 716 .001 -.0Ce
4 9 787 072 069
5w - .666 -.049 ~.052
6 - . 740 .025 022
7 5 710 -.005 ~.008
3 6 758 .045 -040
9 £ 776 06 .00
10 w S .702 -.013 -.0lo
11 4 .694 -.021 ~.0c4
12 S <710 -.005 -.008
13 & 769 .054 .05i
14 ¢ 704 -.011 -, 04
15 4 .695 ~.080 -.0c3
16 o 695 -.022 -.0e5
17 6 692 -.018 = o 024
13 7 691 -.024 -.027
14 8 2Toe -.009 P
715 A= 40
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TABLE VIII (con)

Ex.NO. Days Eqgui- Solty Dev. from Dev.from
librated Gm/Xg.  Gr. Mean Gen.lMean
ater

HYPD=-

XANTHINE I

20 2 . 682 -.085 - 036
21 3 <705 -.002 -.015%
22 4 729 028 .0l
25 5 . 703 -.004 -.015
24 6 701 -.0086 ~.01Y
25 w 3 .701 ~-.006 -.011
26 S 781 014 +009
27 6 743 036 085
28 w 3 .681 -.026 -.051
.707 4 074
HYPQO-
TANTHINE I1I1

29 2 « 730 -.,001 201
30 3 0 748 012 0H0
al 4 727 -,009 .0y
& 5 « 740 004 082
33 6 + 781 015 003
34y 2 «788 -.014 004
35 3 733 -.003 012

N - 013

Mean of group means 719 1.02¢

General mean .718 + 010



TABLE IX
SOLUBILITY OF HYPOLANTHINE a7 259

Byuiliibrium Approached from the Supersaturated Hide

Ex.%0. Deys Tgui- Sol'y Dev.from Dev.from
librated om/Xg ir., Mean  Gen.Mean
Hater

HY20-

N ————
TANTHIRE

1 2 «750 018 .000
2 3 $739 + 007 -.011
8 4 785 -.007 -.085
4 5 741 009 -.009
5 6 <705 -.087 -.045
8 7 .718 -.014 -.032
7 8 720 -.018 -.030
8 g 758 004 ~e01d
9 10 «711 -.021 - 039
10 1l 777 045 .087
<733 + 014
HYPO-
XANTHINE II
- i 3 . 748 - o3 -,002
12 4 740 -.010 -.010
13 5 . 759 .009 .009
14 8 745 -.005 -.008%
15 9 749 oy L -.001
16 10 =760 .010 .010

P

<750 + 006
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TABLE IX (con)

Exolio. Days Zgul- Solty Dev.from Dev.from
librated Gm/Xg. Gr. Mean  Gen.Mean
Water

HYPO-
XANTHINE III

4 .768 -.001 .018
48 S «774 .0085 .024
= 6 772 005 .022
20 7 4783 . Ol14 L0353
23 8 .808 .039 .058
=2 w % 751 -.018 . .00L
25 4 739 -.030 -.011
24 5 763 -.006 .013
5 6 761 -. 0B 011
28 7 .768 -.001 .018
. 769 ijgﬂg
ean of group means 750 ; 013

General Mean « 750 + .009



TABLE X
SOLUBILITY OF HYPOXAWTHINE AT 50°G

Bquilibrium Approached from the Undersaturated Side

Ex.No. Days fgui- Sol'y Dev.from Dev.from
librated Gn/Xg. Gr. Mean Gen.lMean
Water

HYPQ-
ZANTHIVE I

i 1 2.02 +OB .01
& 2 1.96 -.04 -.05
3 3 2.00 .00 -, 01
4 4 1.9 -.03 -, 04
. B 2.05 _+05 .04
2.00 + .08

HYPO-

XANTHINE II
6 6 1.94 ~.02 -0
7 1 2.05 07 .04
8 2 1.97 .0l -.04
9 3 2.00 .04 -.0]
10 4 1.82 ~u 14 ~.19
Ll 5 1.98 0z -.03
12 6 1.9 <0 ~.C4

T:Q.E) 1 .05
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TABLE X (con)

Ex. No. Days Equi- Sol'ty Dev.fron Dev.from
librated Gm/Ka. Gr. Mean (Gen.Mean
Water

HYPO=-
XANTHINE III

13 1 2,11 11 .16

14 2 2.18 .12 .17

151 & 2.01 -.05 .00

18 4 2.0z -.04 .01

17 5 2.04 -.05 .00

18 6 1,98 -.08 -.03
2.06 + .0}
Mean of group means 2.01 + .09

General mean 2.01 + .04
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TABLE XI
SOLUBILITY OF HYPOXANTHINT AT 50°¢

Equilibrium Approached from the Supersaturated Side

Ex.No. Days kqui- Sol'y Dev.from  Dev.from
librated Gm/XKg. Gr. Mean Gen.Mean
Water
HYPO-
ZANTHINE I
X 2 1.21 -,0b -l
2 5 2001 ,04 "005
3 4 .Loga -.0:" "008
4 5 .Logg 002 "u05
) 6 .96 -,01 -.00
6 '7 2.0 'Ob “.Ol
¢ :’. I -Ob
HYPO-
XANTHINE II
7 2 l.ga “oOé: "006
9 4 2.04 .02 .00
10 5 1.99 -.02 - 05
1l ) 1.99 - Q& ~.08
15 7 2,01 sl -.03

2.02 + .05
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TABLE XI {con)

Ex.No. bays Hguie Solty Dev.from Dev.from
librated /% . Gr. Yean Cen.lean
Water

aYpQ-
TANTHINE 111

13 2 2413 .00 +09

14 3 .15 .02 .11

18 4 2413 , 00 +09

186 5 2410 -,02 .06

17 8 Beld skl <Tid

18 7 2,18 20¢ .1
£.13 + .0«
llean of group means 2.04 F «08

General mean 2.C4 + .04
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THE DISSOCIATION CONSTANTS OF HYPOXANTHINE AT 2500

Both the acid and basic dissociation constants were
determined by means of an electrometric titration.

Fifty ml. of .0022 molar hypoxanthine was titrated with
1.2 ml, of ,0989 N. HCL. The same quantity of this
solution was also titrated with 1.2 ml. of .0989 N. Na(OH.
The results obtained are given in tables XII and XIII.
These are represented graphically in Figure 3.

The average value for pX; was found to be 8.97 which
gives for the acid dissociation constent of hypoxanthine
a value of l.O?xlO-g. The variation of pK, values is
gmall exeept for the last few,.

The basic dissociation constant of hypoxanthine is
guite small, Due to the fact that it was necessary to
use very dilute soliutions of hypoxsnthine for the titra-
tions and also because the dissociation constant is small
accurate results could not be obtained. Ilowever taking an
average of the pXy, values in the middle portion of the
titration curve some idea is obtained as to the order of
magnitude of the basic dissociation. The pKh value oOb=-
tained is 12.7 and hence the dissociation constant comes
out to be in the neighborhood of 2.0&10-.15° Pilitti (20)
using the solubility method found the geiq dissociation

-12
constsnt of hypoxanthine to be 2.12x10 ~ ., In a subsequent
paper she reported Ky 2.13x10=11 and Xy 8.0yx10~12 at 40°cC.



TABLE XII
THE ACID DISSOQCIATION CONSTANT OF HYPOXANTHIME AT 2500

NaQH pi  of pH of pKg
=l Hypox. Sod'u Water Blank
,0 6.50 6.50 cose
«1 7.99 10,08 9.01
o2 0.35 10.68 9.01
o3 8,59 11,00 9.02
o4 877 cecoa 9.02
3 8.93 11.31 8.02
o8 2.08 cecen 9.01
o7 9.23 sesse 9.00
3 9.38 covee B8.97
o9 J.54 ) 8.91
1.0 9.15 11.85 8.81
1.1 9.99 _ 8.91
1.2 10.30 veaee coee

Average pKg 8.9

-9
Ka 1.07x10
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1
. TITRATION CURVES °f HYPOXANTHINE.
e ) HYPOXANTHINE o©—0—0—0
= WATER BLANK A—x— %
CORRELTED CURVE. — — —— —
6L
23
=
ol
3
2
s
3L
6 L
9L
12 L




TABLE XIII
THE BASIC DISSOCIATION CONSTANT OF HYPOXAWTHING AT 25°C

HOL oH of o 5
Hypox. Sol'u. Tater Blank pKp
o0 6.12 5.82 .
ol 5.78 - 3.68 12.06
o2 3.45 3,35 12.29
3 3.26 3.18 12.56*
.4 3.12 3.04 12.73
5 3.02 2.96 12,93
6 2.95 2.86 12.66
7 2.89 2.82 12.45
8 £.82 2.74 12.87
9 2.78 2,69 1z.58%
1.0 2.72 2.64 15.07
1.1 2.68 NP 13.04
1.2 2.62 gaw s sesee

Average pKy 12.7

Ky 2.0 G

¥Average taken of values between asterisks.



GUANINE

SOLUBILITY OF GUANIRE

For the quantitative determination of guanine in
saturated solution a colorimetric method was employed
using the Koessler and Hanke diazo reagent (5). The
procedure was as follows. A standard solution of
guanine was prepared by dissolving 3 mg. of guanine in
a liter of redistilled water. The rate of solution is
slow and can be increased by pulverizing the solid with
a blunt stirring rod and heating on a water bath.

Having the.standard, a suitable portion of about
5 ml, of a saturated guanine solution was then withe-
drawn from a solubility tube. The determination of the
amount of guanine in the saturated solution was then
made by making the following solutions and conparing
them in a coloriuzeter.

a) 5ml. standard solution + .lgm.N33003 + Sml.
diazo reagent.

b) 5ml. saturated guanine solution + .ilgm.NapC0z + Swmi.
diazo reagent.

A brownish color develops flrst and persists for
gbout 15 minutes. The solutions finally become clear
yellow and are ready for couparison in about 25 minutes.
The initial brownish color is probably due to the slow

deamination of zuanine. In maeking a colorimetric



gomparison care should be taken to have the same shade
of color in both the standard and test solution. If
each solution is treated in the same way and sufficien®
time is allowed for the color to develop this difficulty
can in large measure be avoided. An average of 10 read-
ings on the colorimeter was teken.

For the solubility at 50°c the proportion of the
reagents was altered as follows. The standard wes made
by dissolving B mg. of guanine in a liter of 1.1%
Na2905 solution. The solutions compared in the color-
imeter were,

a) 5ml. standard guanine solution -+ Sml. diazo reagent.

b} 2ml. saturated gusnine solution +3ml. of 1.1%
NapC0s solution +{ Sml. diazo reagent.

Other detalls are the same as before.

The results obtained for the solubility of zuanine
at 25°C are given in tables XIV and XV. The difference
between the results on two different »oreparations as
well as between those obtalned from the undersaturated
and the supersaturated side of the eguilibrium appears
to be within the precislon of the method. Combining the
. results as previously explained we obtain as the solu-
bility of zuanine at zsoc .0034 £ .0001 grams per 1000
grams of water., This corresponds to a 0000225 molal

solution at saturation.
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The Solubility of gzuanine at 50°C wae found to be
0131 t .0004 grams per 1000 grams of water. The
molality of the saturated solution comes out to be
0000867 at this temperature. lere, as above, the
limiting factor in the nrecision of the result is the
precision of the method.

Wood (21) determined the solubility of guanine at
40.100 using the gravimetric methnd and found it to
be 039 grams per 1000 grams of water. Several obvious
reasons for the large discrepancy between the results
of Wood and our results may be offered. Since guanine
is not readily cerystallized it has to be purified by
successive reprecipitations. The purity of the two
preparations might have been different. With compounds
having a small solubility widely different results
might be obtalned if 2 small smount of impurity were
present. A second and also a likely explanation might
be the difference in the methods. ‘'I'he sourses of error
in a gravimetric method in the determination of the
solubilities of slightly soluble compounds are consider~
able. It was for this reason that a colorimetric method
was adopted in our determinations.

Further reasons for the discrepancy between the

results obtained by Wood and our results will be suggested
in connection with the determina tionation of the dis-

sociation constantse.
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TABLE XIV
SOLUBILITY OF GUANINE AT 25°%

Equilibrium Approached from the Undersaturated Side

Ex.No. Days Zgui- Sol'y Dev.from Dev.from

librated ig/Kg Gr. lilean  CGen.Mean
Water
GUANINE I

1 2 5.8 4 4
2 2 B4 .0 <0
3 3 5ed .0 -0
4 3 5.8 -1 -l
5 4 3.3 . -o1
8 4 3.4 .0 i0
7 5 3.6 1 1
3 5 3.3 - i1

T

GUANINE II

9 2 By? o2 3
10 2 3.5 .0 s |
11 3 3.3 -2 -yl
12 3 3ok -o1 N
13 4 3.5 .0 o1
14 4 3.6 1 v
15 5 32 -3 -2
16 5 5.4 oyl .0

., 4+ .1

Mean of group means 3.4 + «1

General mean Sed .1



TABLE XV
SOLUBILITY OF GUANINE AT 25°¢

Eguilibrium Approached from the Supersaturated 3ide

Ex.No. Dayes EBEgui- Sol'y Dev,from Deve.from
livbrated Mg/Kg Gr. Mean Gen.Mean

Water
GUANINE I

L 2 3.2 ~e3 -2
2 2 3.3 - -1
3 3 Bed -2 -1
4 3 343 -8 ~.1
S 4 3.6 o1 .2
8 4 3.6 ok o’
7 8 B o1 2
8 8 3.8 #E_ o4

345 4 o8

GUANINE II

9 2 3.3 .ol -l
10 2 345 .1 w1
Ll 3 3.2 -.2 ~oB
12 3 3.3 -1 -1
13 4 Y- . -1
14 4 3.8 .ol -1
15 8 846 2 .
16 8 3.7 B .3

el =+ i

Mean of group means 3.4 + 2

General mean Sed + 1
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TABLE XVI
SOLUBILITY OF GUANINE AT 50°
Equilibrium Approached from the Undersaturated Side

Ex.No. Days Egui- Solty Dev.Tron Dev.from
livrated Hg/Kg Gr. Mean Gen.Mean

Water
GUANINE I
A 7 11.8 -1.2 ~1.5
2 7 12.0 ~1.0 LB
3 8 12.4 -8 -9
& 8 i2.8 -old -D
] g 13,0 «0 : -e3
5] 9 12.56 -8 -8
7 10 12, -a? -1.0
= 1 14.4 1.4 I 1
] i 5e7 . W7 ok
i0 i 13,6 o6 D
il 1 13.6 B B
12 1 13.8 o8 -;.l
13 2 13.3 3 0
14 2 13.1 ok -2
15 2 13.0 .0 -3
16 2 13.1 «d -8
17 2 13.8 o3 Y

|

13.0 1 .

94
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TABLE XVI {con)

Ix.Noo. BDays HEgqui=-

librated
GUANINE IX
18 1
19 1
20 %
21 1
22 !
23 2
24 2
&5 2
26 2
27 3
28 3
29 3
30 3
31 3
32 3

HMean of group means

General mean

Sol'y
Mg/Xg
Water

Dev.from
Gr. Mean

‘1-5

Dev,.from
Gen.iean

=10
0B
ok
ol

1.2
.7
.1

-.3
"]

"'08

o8
o9
o9
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TABLE XV1I

SOLUBILITY OF GUANINE AT 50°¢

Equilibrium Approached from the Supersaturated Side

Ex.No. Days Zgui- Solty

librated Ma/XKe

Nater

GUANINE I

i 1 13.5
2 2 13,0
3 3 13.1
4 i 13.1
5 1 1%.4
6 1 13,0
7 1 13.0
8 1 13.2
9 2 13.5
10 2 i2.0
1l 2 12.9
12 2 12.5
13 2 12.5
14 2 12.4
15 3 13.0
16 3 12.9
37 3 12.8
18 3 12:.8
19 3 12.8
20 3 12.8

i2.9

"cl
4 ¢

Dev.fronm
Gr. Mean

Dev.from
Gen.llean

o7
2
)
ed
+6
W2
o2



GUANINE

Ex.HNo.

% |

395

T

TABLE XVII (con)

DJays Egqui-
Librated

A S AV A .\

b L]

N U

Mean of group means

General mean

Solt'y
Mg/ kg
Water

i“i: -0

[ R e o4 ‘
v bavi b E:
[} . L] e °

~d (o] ~3 L6311

Dev.Irom
Gr. liean

lod
"'l

od

Dev.from
Gen.lMean

i
-y
“ol

“05

o9
o4
o4

-e2

&

"'18
"‘105
"lcz

o



THE BASIC DISSOCIATION CONSTENT AT 25°C

As has been already pointed out the dissoeigtion
constant of guanine was done by the solubiiity method.
Small amounts of guanine were put into a series of
solubility tubes and eguilibrated with successively
inereasing coneentrations of hydrochloric acid for a
period of two days. Portions of the saturated solution
were removed and the solubllity determined &s previousliy
described. The standard soiution of guanine used for
comparison was made up in hydrochioric acid solution of
the same concentration as the solution being tested in
order to promote solutlion and to have the same condi-
tions for the development of color with the diazo re-
agent. Simultaneously with the solubility determina-
tions of pH were made. The dissociation constants were
then calculated in the manner described shove, The
value obtained for the soiubility of guanine in water
was used as the minimum solubliiity.

The results obtained for the dissociation constant
of suanine at 2500 are given in table XVIII. The error
in the pH determinations is estimated as .05 pH units.
Since a difference between the minimum solubility and
the solubility in the hydrochloric acid is involved in

the caloulation a large error is introduced where this
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difference is small, ie., in dilute hydrochloric acid
solutions. Furthermore, the dissociation constant is
small and is therefore in a region where its determina-
tion is difficult. The results obtained therefore, show
wide variation.

The average value of pK, taken between the figures
marked with asterisks is 10.90. This gives as the dis-
sociation constant Ky = 1.5x10" 1, This value of the
dissociation constant is taken to represent the order of
magnitude rather than an accurate result.

The variation of solubility of guanine in hydro-
chloric acid solutions and consequently its dissociation
is represented graphically in Figure 4.

Wood (21) using his solubility values in tenth
normal and twentieth normal hydrochloric acid found the
basic dissoclation constant of guanine at 40.200 to be
.807x10-ll. The dissociation constant appears to be
smaller even at a higher temperature than that obtained

in our experiments. It is sugfgestive of some contamin-

ation.
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TABLE XVIII
DISSOCIATION CONSTANT OF GUANINE AT 25 ¢

Bx.No. Solubility pH of Guanine pr

Mg/Kg of Sol'n in HCL
Water
1 396 4,57 10,22
2 4.03 4457 10.08
S 4.42 4,19 10.27
L 4,65 3.78 10.25
5] 4,37 3,69 10.88%
8 4,20 3.39 10.93
7 4.85 339 10,99
8 5,00 3ed9 10,94
9 6.05 3,08 ' 11.03
10 5.78 3,08 11.08
il 8.73 2.79 11.01
12 8.70 2.76 11,04
13 16,70 2,58 10.82
14 38.00 2.31 10.68
15 71.00 2.086 10.71
16 129,00 1.79 10.64%
PR, 10.90
-11

Ky 1.3 x10



XQNTHINE.
THE SOLUBILITY OF XANTHINE

The solubility of xanthine was determined by the
colorimetric method of Xoessler and Hanke (5). The
method was as follows. 4 standard solution was pre-
pared by dissolving 3 mz. of finely pulverized xanthine
in 200 ml, of water thus giving a concentration of 15k, per
kilogram of waster. Under ordinary conditions the rate
of solution 1s slow but with the aid of the blunt end
of a stirring rod and sometimes heat solution is finally
effected.

A suitable portion of the saturated sclution of
xanthine was transferred from a solubility tube into a
weighing bottle. The tests were performed by adding to
each of the test tubes 2 ml. of the Xoessler and Hanke
diazo reagzent, followed by 5 ml. of 1.1% Nazcos solution
to one and an egual quantity of a saturated xanthine
solution to the other. About 20 minutes was allowed for
the yellow color %o develap. Comﬁarison was nade in a
colorimeter in the usual way.

The quantities of the reagents for the 5000 solu-
bility were modified so as to obtain a suitable intensity

of color in each of the solutions. The standard was made

by dissolving 3 mg. of xsnthine in 50 ml. of 1.1% Na,C0q
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solution thus giVing & congentration of 60 mg. per

1000 grams of water., The test was done by using,

a) 2ml. of diazo reagent + 5 ml. of 1.1% Nazco5
solution + 1 ml. of saturated xanthine solution.

b) 2 ml. of diazo reagent + 4 ml. of i,l% Na2003
solution + 1 ml. standard solution 4 1 ml, water.

The solutions were compared after 20 minutes.

The soclubility of xanthine at 25°C was found to be
0164 £ .0007 grams per 1000 grams of water. A satura-
ted solution is therefore taken as .000108 molal, rom
tables XIX and XX it may be seen that the agreement of
the results on the two preparations of xanthine used is
satisfactory. There also appears to be littie differ-
ence whether the sodubvility equilbrium is approached
from the undersaturated or the supersaturated side. The
largest variation is among the individual determinations.
It therefore apnears that the pnrecision of the result is
determined by the precision of the method.

The results of the solubility determinations at
50°C are shown in tables XXI and XXII. The solubility
of xaenthine at this temperature was found to be .067% .004

grams per 1000 grams of water. The saturated solution is

therefore .000440 molal at this temperature. Although

there is a considerable variation among the individual
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determinations the largest discrepancy is due to the
fact that zanthine I has a lower solubility than the
other two preparations.

In this connection it is instructive to examine
the graph in Pigure 6. If it is recalled that the
solubility of xanthine in water was found %o be 16.4 mg.
per 1000 grams and that it increases very rapidly with
a sliéht change in pH, it will be seen that the solu-
bility of xanthine will be considerably affected by
small amounts of contaminants. In this light it is
possivle to understand the large variation in the re-
sults obtained by various investigators. A stummary of
their results is given below.

Temperaturse Solubility Investigator
Gm/Xg Water

10% 470 Strecker (*%
18 <0615 "

18 .0675 Sundwick &9 )
16 069 almen £4)

17 2,600 Stutzer (+8)
40 075 Staedeler (25)
40 .182 Wood @1

100 1.380 Strecker {2 )
100 0789 L

100 .385 Btaedeler {25)

100 770 himen (%4



The eonclusion that hss been drawn from resuits
suon as above is that the soluvility of xanthine de-
peads on the wetiod of preparation. It is nore logio&l
to conclude that the solucility depends on the purlty
of the preparations, and the above results may then be
explained by the varying swountz of ilmpurities in the
xanthine prepsraticns. The effect of purification is
to decresse the solusllity of xsuthine. Ye belisve
that our results are moere accurste than any of those
reported in the litersture. Our results on the dis-
socintion constant of xanthine slso support this con-

giusion.



=08-

TABLE XIX
SOLUBILITY OF XAWTHINE AT 25°0

Equilibrium appromsched from the Undersaturated Side

Bx.No. Days Egui- Soi'y Dev.fromn Dev,.from
librated Mg/Kg Gr. llean  Gen.Mean
Water
AANTHINE I
1 1 16.0 -k -3
2 2 1509 .~.5 "04
S il 15.3 “i.d ~led
4 12 17.8 1.6 1.5
S 14 1508 ~od =9
6 16 15.7 -5 ~.6
16.2 % 0
XANTHINE IV
8 2 17.5 1.1 cdal
9 ;j 153-9 "‘05 ""o4
lo 5 1535 _.9 -'8
-L-l- 6 1605 'l ‘B
12 7 16.8 o4 9
16.4 + o7
lean of group means  16.5 £1..0

General mean 16.95 + 48



TABLE XX
. - oal e 0
SOLUBILITY OF ZAWTHINE AT 286 C
Equilibriuan Approacined from the Supersaturated Side

Ex.No. Days Hqui- ‘So;l. ' »
, R y Dev.from Dev,.from
librated Ma/Keg Gr. Mean Gen.lMean

XANTHINE I b
. 5 17.1 .0 .8
- 4 18.5 1.7 5.5
= 5 16.5 s 6
o 6 L1645 -5 .o
- 15 17.5 .7 1.0
¢ 16 16.1 -7 -4
’ &t 8.9 =9 -.8
16.8 1.7
XANTHINE IV
B 2 15.9 -1 _
i - 15.% -1 -6
10 | 5 C 15.9 w ol -6
b 6 1645 .5 0
2 y 15,7 -3 -.8
16.0 T.5
lean of group means 1l6.4 1.8

General mean 16.5 + .5



TABLE ZXI
Q
SOLUBILITY OF XANTHINE AT 50 ¢

Equilibrium Approached from the Undersaturated Side

BXeli0s Days Equi- 3oLty dev.from Dev.from

iibrated Mg/Kg Gr. Mean  Gen.lean
Hater
FANTHINE II
p 3 A 7069 l.4 Sa®
2 L 7345 44 B9
3 3 78,0 8,9 11l.4
4 4 7042 1.1 3.6
5 5 60 .2 ~8.9 -84
6 7 66,2 2.9 il
7 3 66.6 -2,6 .0
8 g 682 -0e9 1.8
9 10 68,2 =0.9 1.6
69.1 + 5.0
IARTHINE I
i6 L ¥ 68.7 8.9 2;1
il a 62,4 2B -d 5
iz 3 H8e4 -lod 8.8
1% 4 55.6 t o2 -11,0
14 ) 59,0 -8 ~feD
15 7 58.4 =1ed -8e2
16 8 56.6 =3.2 ~10.0

59.8 +3.0
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TABLE XXI (con)

Ex.Noe. Days Equie Sol'y Dev,from Dev.from

librated Mg/XKg Gr. dean Gen.lean
Water
XANTHINE IIIX
17 1 7060 1l Se7
18 i 7TLed a8 4.8
19 2 68.7 -ed Bed
20 8 71l.4 2e8 4.8
21 3 69.2 .0 2.8
22 3 67.7 ~1.8 31
23 4 692 o0 “%eb
24 4 66.7 ~2.5 od
25 5 68.7 -5 Zel
26 5 68,7 =25 Fwd
69.2 + .9
Mean of group means 66.0 + 6.0

General mean 66,0 4+ 2.0
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TABLE XXII
' . 0
SOLUBILITY OF XANTHINE AT 50 C
Equilibrium Approached from the Superssturated Side

ZxX.H0. Days Bgui- Solt'y Dev.from Dev.from
librated Mg/Kg Gr. liean  Gen.Mean

Water
XANTHINE 11
1 2 69.7 .6 2.9
2 3 71.4 2.3 4.6
3 4 68.7 - 1.9
4 6 68.2 -9 1.4
5 7 66.7 -8 .4 - |
6 8 69.7 3B £.9
69.1 + 1.3
XANTHINE I
7 1 86.7 3.8 o
8 3 80.0 ~2.9 -6.8
9 5 60.4 245 -6.4
10 4 67.2 4.3 o4
11 5 60.8 -2.1 -6.0
12 8 62.1 =8 -4.7
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TABLE XXII (con)

EX.NO. Days Bgui- Sol'y Dev.from Dev.from
librated Mg/¥g Gr. dean  Gen.Mean

Water
KANTHINE IIT
13 1 67.7 - 9
14 1 705 B 55
15 2 67.7 -l .9
16 2 62.1 -6.0 -7
17 - 70 46 Bad 3.8
18 3 71.0 2.9 4.8
19 4 68,7 6 1.9
Ll 4 66,7 -4 -l
68.1 + 2.0
Mean of group means 6b. X %0

General mean 6.8 + 5.0
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HYDRATION OF XANTHINE AT 8508

It has been shown that xanthine orystaliizes out of
water with one molecule of water of orystallization. (26)
The folilowing experiments were done to demonstrate whether
a hydrate is formed at 25°C.

Solid xanthine was eguilibrated with its aqueous
solution for three or four days under the conditions of
the solubility experiments. The solid phase was removed
by filtration and superficially dried between fiiter
papers, These samples were then submitted to drying in
presence of sulfuric acid solutions of known vapor.
pressures as in the case of adenine., After four days

the samples were removed, weighed, and then further dried

in an oven at 100°C, The results are given in table VIII.

TABLE XXIII
HYDRATION OF XANTHINE

Vap.Press ¥t of Super- Wt of Desice. Wt of Oven ater
of fic. of
Hp504 soln Dried Xanth. Oried Xanth. Dried Xanth. Hydr.
MM of Hg Grams Grams Grans
1. 20.80 .087 076 ,&750 0
3. 22.54 087 .066 066 0
5. Water .089 LO71 066 .5
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It is seen from the above experiments that water
is completely lost from the xanthine samples to sul-
furic acid solutions having vapor pressures of 23.25 mm
of mercury or less. In Experiment 5 the preliminary
loss was fourdd to be due to evacuation of the system
for one minute. 1t also indicatss that if a hydrate
were formed it would have retained more than .5 mole-
cules of water as is indicated. From the above experi-
ments it therefore appears that xanthine does not form

a hydrate at 2500.
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THE DISSOCIATION COMSTANT OF XANTHIWE AT 25%

The dissociation constant of xanthine was done
both by the titrimetric and the solubility methods.

For the titration of xanthine 100 ml., of .0001
molar sojution was titrated with 1 mn. of .0l N. NaOH.
The results are shown in table XXIV. There is an
appareﬁt‘drift in the values of pKa probably due to
the absorption of COy from the air during the titration.
It was also negessary to work with extrémely dilute
solutions which made the titration subject to error on
this account. The average value of pKy obtained is 7.06.

Because the results of the titration were not
entirely satisfactory the dissociation constantv of
xanthine was also done by the solubility method. Small
amounts of solid xanthine were equilibrated under the
conditions of the snlubility experinents with varying
concentrations of naOfl solution. After taree days the
solubility of the saturated solutions was determined.
pH determinations were also made on each solution by
means of a glass electrode and a Beckman pH meter. The
resulis are given in table XXV, Tiae limiting factor in
the precision of these experiments was the pH determina-

tion. In the first place the pH values tended to drift
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somewhat during the determination and in the second
place a small change in the pHd caused a considerable
change in the pX, value. The average value for PK,

of xanthine by the solubility method was found to be
7.10. Combining the results obtained by the two |
methods we get PK, equal to 7.1 and the dissociation
constant equal to 7.9x10”8. It is to be noticed that
the results obtained by either method are substantially
- the same.

The value for the dissociation constant of xanthine
is given by Wood (21) as l.lelO-lOfﬁ\gﬁch a small value
would be expected if the xanthine preparation were in-
sufficiently pure. This same indication of insufficient
purification has already been referred to in connection
with the solubility of xanthine. Furthermore judging
from the ease with which xanthine dissolves in NaOH

solutions as indicated by the steepness of the curve in

%3

Figure 6 and DY the close structural relationship of
xanthine to uriec acid one would expect the dissociation
constant to be higher than thet given by Wood. It is
interesting to point out the contrast between the dis-
sociatlon counstant and the pH solubility curve of
guanine and xanthine., Guanine has a small dissociation

constant hence its solubility changes very little until



the concentration of hydrochloric acid is fairly
large. Xanthine on the other hand immediately in-
sreases in solubility even when only a small amount
of NaOH has been added.

From all the evidence presented it appears that

our value for the dissociation constant is more ac-

curate than that given by Wood.
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TABLE XXIV

ACID DISSOGIATION CONSTANT OF XANTHINE AT 25%

NaOH pH of pH of pK

Xanthine Solution Water Blank “
ml
.0 D695 5.90 ssea
sk 630 6.20 7640
o 6.54 .04 7824
o3 6.77 7.00 712
o .94 775 7.18
oD 7.05 8,10 7.05
o0 7.19 8,50 7,01
o7 730 8,70 693
.8 7.43 8.90 6.83 %k
o9 754 9.00 6.59
1.0 7 .66 .10 o

Average pKa 7 2 (b
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TABLE XAV
DISSOCIATION CONSTANT OF XANTHINE AT 25% FROM SOLUBILITY

| EX. No. pH of Solubility PK
Xanthine Solution Mg/Xg Water 4
& 7.45 3556 7.09
P 7.85 62.7 720G
3 7.76 107.0 7.08
4 8.46 277.0 7010

Average pX, 7 .10
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Mol

280

240

120

VARIATION af
SOLUBILITY °f XANTHINE
with PH .
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URIC ACID
THE SCLUBILITY OF URIC ACID

For the determination.of the amount of urie acid in
solution the colorimetric method of Benedict and Franke (27)
was adopted. This method depends ona blue color which is
developed when to a uriec acid soiution is added arseno-
phosphotungstic acid reagent followed by a solution of
sodium cyanide. The color is measured guantitatively in
a colorimeter.,

It was established by His and raul (28; that the
¢hief difficultylin the determination of the solubility
of uric acid is its instability in agueous solutions.

In our experiments, therefore, uric acid was equilibrated
with its agueous solution only for a limited pericd of
time. That equilibrium is establisied in a reletively
short time was also shown by His and Paul in theilr work.

The details of our proecedure are as foilows. A
portion of the saturated soliution of uric acid was trans-
ferred from the solubllity tube into a weighing bottie.
It was then treated in the same way as the standsxrd
solution of uric acid. The standard solution was bre;
pared by dissolving 5 mg. of uric acid in 250 ml. of
water. This was readily effected by shaking. A4 new

standard was prepared each day.



The solutions for colorimetric comparison were made

up in 50 ml. flasks by adding,

a) 10 ml. of standard uric acid solution 45 ml,
NaC¥ solution + 1 ml., of arsenophosphotungstic
agid reagent.

b) 5 ml. of saturated uric aeid solution + 5 ml.

water 4 5 ml, WaCN solution+1 ml, arsenophos-

photungstic acid reagent.
After 5 minutes.these were diluted to 50 ml. with
water and compared in a colorimeter.

For the solubility at 5000 2 mi, of the saturated
solution was diluted to 10 ml, with water and then
treated in the same way as pefore.

The results for the soludbility of uric acid at 25°C
are given in tables XXVI and XXVII. It will be seen
that the values obtained when the solubility eyuilibrium
wad approached from the supersaturated side are somewhat
higher than those obtained when the eguillibrium was ap~-
proached from the undersaturated side. This may be due
to supersaturation ov probably to decomposition. In the
attempt to avoid decomposition supersaturation could not
readily be avoided and conversely. The solubility of

uric acid at 2500 is taken to be .041 £ .00l grams per

1000 grams of water. The molality of the saturated



solution of urie acid at this temperature is taken as
+000244 ,

The results of the determinations of the solubil-
ity of urie acid st 50°C are given in tsbles XXVIII and
IXIX. The solubility is taken to be .1l7 £ ,004 grams
per 100 grams of water. 4 saturated solution is there-
fore taken as being .000696 molal. There appears to be
no systematic varietion in the determinations.

Our results are in good agreement with those of iis
and Paul (28) and Gudzent (29) if a proper interpolation
is made to acgount for the variation of solublliity with
temperature.

A summary of the earlier determinations of the
solubility of uric acid is given by His and Paul. 4Al-
thougzh it is interesting historieally the faillure of the
eariy investigators to recognize the instability of urie

anid solutions makes their results of littlie value,
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TABLE XXVI
SOLUBILITY OF URIC 4CID AT 25°%
Equiiibrium Approached from the Undersaturated Side

Ez. No. Hours Equi- Sol'y Dev.from Dev.from
librated Mg/Xg Gr. Mean Gen.lean

Water
URIC ACID 1
i 8 42,7 1.9 2.0
2 <& 41,6 .8 .9
3 12 839.7 -l.1 -1.0
4 48 38.4 i ol “2:3
) 24 41.1 o o4
8 iz 40.2 - B
7 36 41,6 8 .9
40.8 1.1
URIC ACID II
8 24 4045 0.0 -.z
9 24 40,5 2.0 -.c
40.5 + 0.0
¥Mean of gioup Means 40,7 + L.l

ieneral mean 40,7 + +8



TABLE XXVII

- ! )
SOLUBILITY OF URIC ACID AT 25 C

Equilibrium Approached from the Supersaturated Side

Ex.No.

URIC ACID I

[0

o N o v e

URIC ACID
9
i0
il

II

Hours Egui- Sol'y

librated Mg/Kg

Hater

12 39.5
12 40.0
12 41.0
12 40.7
24 39.1
24 3965
24 40.5
24 40,5
40.1

12 42.2
12 42 03
12 - 42.5
12 445
24 45,9
24 41.6
24 41.6
24 43.7
: 42 .7

Mean of group meansdl.4

General mean 41.4

Dev.from
Gr. Mean

"06
"‘ol
o9

-1.0
"'6
4

+.5

—_—

Dev.from
Gen.lean

-1.9
~1.4
-
o'
2.5
-1.9
-l
-9

o8
.8
1.1
ded
2.1
o2

1.3
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TABLE ZXXVIII
SOLUBILITY OF URIC ACID AT 50°¢
Equilibrium Approached from the Undersaturated Side

fx.No. Hours Equi- Sol'y Dev.from Dev.fronm

librated Vg/Kg Gr. Mean  Gen.Mean
Tater
URIC ACID I
i 7 112 -3 -5
a 2 9 96 -19 -21
3 24 100 ~-15 -17
4 8 120 5 3
5 24 1z1 6 “
6 iz 120 i 3
7 24 106 -9 -1
8 10 116 1 ol
9 24 iz2 7 5
10 13 126 il 19
h % 24 129 14 i
12 12 128 13 Ll
13 24 108 -10 12
14 10 108 4 9
15 12 12 6 4
16 12 115 -0 =5
17 i3 118 3 4
18 12 117 2 0
18 12 117 2 0

20 8 112 -3 <



TABLE XXVIII {(ocon)

Ex.No. Hours Zqui- Sol'y Dev,from bev.from
librated Mg/Kg Gr. Hean  Gen.lean

Water
21 83 114 -1 o
22 8 112 -3 -5
23 8 112 -5 -5
24 8 115 bt .

115, 1t 4.

URIC ACID II

25 8 127 7 10
26 8 127 7 10
27 8 124 4 7
28 8 123 3 6
29 8 124 4 7
30 12 119 -1 &
31 12 124 4 7
32 12 124 4 7
3% 12 128 8 il
34 12 128 8 il
35 8 107 -13 -10
36 8 106 -14 -11
37 8 111 -9 -6
38 8 111 -9 -6
39 8 110 -10 -7

120 +

Mean of group means 117

+
=

~

H 4+
oo B

General mean
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TABLE XXIX
SOLUBILITY OF URIC ACID AT 50%
BEquilibrium Approached from the Supersaturated Side

Ex.No. Hours Zgqui- Sol'y Dev.from  Dev.from
librated ¥g/Xg @r. lean Gen.Mean

: Water
URIC ACID I
1 6 126 3 2
2 6 113 1 0
3 8 128 ] &
4 & 8 8 7
5 D4 109 -8 -9
6 24 115 -4 -5
7 24 115 8 -3
= 24 118 =2 -3
117. + 4
URIC ACID II
9 ) 116 -3 -2
.10 6 114 -5 -4
11 6 1l4a -5 -4
12 6 115 -4 -3
13 24 123 & S
14 24 110 -9 -8
15 24 130 13 12
16 24 128 9 10
119 15
Kean of group means 118 =

7
General mean 118 + 3



THE DISSOCIATION CORSTANT OF URIC ACID AT 2500

The dissociation constant of uric acid was
deternined by electrometric titration. 100 mi.
of 000238 molar uric acid solution was titrated
with 1.7 mi. of .0l43 N. NaOH. The results of the
titration are shown in table {XX. It will be seen
that in the middle portion of the titration the pKy
values are in good agreement with one another. Uric
acgid is a fairly strong acid and ¢an therefore be
titrated satisfactorily in spite of its slight solu-
biiity.

The average value of PKy obtained from the ti-
tration is 5.76., The dissociation constant is there-~
fore taken as 1.74x10'6} From careful conductivity
measurements at 18°C. His and Paul (28) found the
dissociation constant to be 1.5lx10-6, a resuit which
is in substantial agreement with our vaiue. Young and
Musgrave (30) give 8110‘6 for the dissociation con-

stant of uric acid. Their valuc was derived graphically

from titrinétric data.
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TABLE X3

o
DISSOCIATION CONSTANT OF URIC ACID AT 25 C

HaQH

.0
ol
o2
3
o4
%]
o0
o7

o9
1.0
1.1
1.2
1.3
1.4
1.5
1.6
1.7

pH of
Uric Acid
Solution
4,96
5.06
5.18

5.28

pH of
Water Blank
6.80
7.51
8.40
8.77
2.00
9.12
9.28
9.29
9457
9.44
9,48

Average pKg
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ALLANTOIN
THE SOLUBILITY OF ALLANTOIN
The solubiiity of allantoin was determined by the

grgyigetric metaod. The result of the solubility de-

terminations at 25°C are given in tables XXXI and XXXII
and at 5006 in tables XXXIII and XXXIV. It appears
that allentoin II has a smaller solubility. The tend-
gncy of aliantoin to supersaturate is also noticeable.
While there are some large discrepancies among the
individual results the soliubility of allantoin is
sufficiently large to make these deviations relatively
small,
The solubility of allantoin at 25°C is taken to
be 5.92 T .1 . The molality »f the saturated solution
is .0373, The solubility of allantoin at 50°C was found
to be 18.14+3 grams per 1000 grams of water. The
molality of the saturated solution was taken to be .114 .
According to Martignon (31) the solubility of
allantoin in water is 7.7 grams per 1000 grams of water
at ordinary temperature. Schulze and Barbieri (32)
give 5.4 grams per 1000 grams of water at 22°% & result
which is on good agreement with ours. Allantoin is also

reported as easily soluble in hot water.



TABLE XXXI
SOLUBILITY OF ALLANTOIN AT 25°0
Equilibrium Approached from the Undersaturated Side

Bx.Ho. Days Equi- Sol'y Dev.from Dev.from

librated Gm/Xg Gr. Mean Gen.Mean
Water
ALLANTOIN I

§ 2 5.99 -.01 0 13
2 3 6.00 .00 o dd
3 4 6.09 .09 85
4 2 5.89 ~ell 03
5] 4 5.98 -.02 « 18
6 5 5.94 -.06 .08
7 6 6.08 _.08 22

6.00 + .05

ALLANTOIN II1

8 2 5.73 01 ~. 13
9 3 5.72 «00 -, 14
i0 4 ' 5475 .03 -1l
11 2 5.6 -0 -ol9
i2 S 5.70 ~. 0% “-olb
13 6 5.68 -.04 -o 18
i4 7 Bs 75 _04 -. 10

5.72 + 03

lfean of group means 5.86 ~+ .06

General mean 5.86 + .08
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TABLE XXXII
SOLUBILITY OF ALLANTOIN AT 25°C
Equilibrium Approached from the Supersaturated Side

Ex.No. Days AEqui- Sol'y Dev.from Dev.from

Librated Gmn/Kg Or. Mean Gen.Mean
Water
ALLANTOIN I

1 3 6.17 .18 .19
2 4 6.05 .08 .07
S 5 5.9 ~.10 -.09
4 6 600 .01 .02
5 8 5.90 =+ 09 -.08
6 7 9.93 -.,06 -.05
7 8 5.97 s 02 wali
8 9 6.03 .04 .05
9 1l 5.98 ~,01 .00

5.99 4 .06

ALLANTOIN II

10 3 6434 .37 56
11 4 6.09 .12 Wl
12 5 5.96 s ~.08
13 8 5,92 -.05 -.06
14 7 6.16 .19 .18
15 8 5.95 -e0B -, 03
16 9 5,84 B €. -.14
17 10 5,77 -.20 = B
18 12 5.7% -.26 -.27

5.97 4 odb

llean of group means 5.98 + o 14

General mean 5.98 + «07



TABLE ZXXXIII
0
SOLUBILITY OF ALLANTOIN AT 80 C
Bquilibrium Approached from the Undersaturated Side

Ex.No, Days Equi- Sol'y Dev.from Dev.from
librated 6m/Xg Gr. Mean Gen. lMean

Water
ALLANTOIN I
1 i 17.81 -,04 -.Q07
2 2 17.71 -odd -ol7
3 3 17.88 03 «00
4 4 17.92 .07 04
S 5 17.93 .08 05
6 8 17.85 .00 -.08
7 7 i7.86 0L ~-.02
17.85 + +06
ALLANTOIN IIX
8 2 17.74 ~el5 ~-o. 14
9 3 17,76 -0 13 -edZ
10 4 18.08 .19 «20
i1 5 i8.28 0 DD B8
12 6 17.67 -.22 -.21
17.89 + o2
Mean of group means  17.88 + &

General mean 17.88 + .10



TABLE

LIV

SOLUBILITY OF ALLANTOIN AT 50°C

Equilibrium Approached from the Supersaturated

Ex.No. Days Equi-
librated
ALLANTOIN I
i 1
2 2
3 3
3 4
5 5
6 6
ALLANTOIN II
7 i
8 2
9 )
10 4
11 5
12 6

Mean of group means

General mean

Sol'y
Gu/Kg
Yater
17.73
13.18
18.09
18«11
17,99

17.90
17.99

18.85
17.88
18.51
18.53
18.47
i8.70
18.46
18,23

18.hz

Dév.from
Gr. lean

.00

"“009

o1

Side

Dev.from
Gen.Mean

- 49

".-‘-)O

&
4 B



THE DISSOCIATION CONSTANT OF ALLANTOIN AT 25°%

To determine the dissoclation constant of allantoin
10 ml. of .038 molar solution was fitrated with an egual
volume of ,0%8 N. NaOH. The results of the titration
are ziven in teble XXV, The titration curve is shown
in Figure s .

It will be seen that the pKg values are guite
sonsistent so that an average value should give a

good dissociation coustant. The average pKa value
was found to be 8.6 which gives for the dissociation
constant of allantoin at 2500 By & 3.14:10-’.

Yood (Bl) determined the dissociation constant of
allantoin by following the rate of catalysis of the
saponification of methyl acetate by allantoin hydro-
chloride. His value is K, = 1.17X10-9. The titrimet-
ric method is to be considered to be more reliable.
Wood's work was done at a time when the measurement of
H had not yet been developed to a high degree. His

determination gives a result of the same order of

magnitude as ours.



TABLE XXXV

DISSOCIATION CONSTANT OF ALLAWITOIN AT 2500

NaOH pH of pH of

Allantoin Water Blank PK,
ml Solution
.0 Bel 5,186 “eu e
o285 7.14 10,66 8.73
«50 7 .46 10,99 8.62
75 763 11.14 8.73
1.00 7.73 1i.24 3,87
1.50 7«93 11.39 8.68
2,00 8.086 1l.46 8.66
2050 8.18 soeee 8.64
5.00 8.28 L1.56 8.65
4,00 8.62 11.64 8.80
5.00 B8.62 11.66 8.62
6.00 8.81 11.72 8.64
7,00 2,00 11.73 8.63
8,00 9.21 11,75 8.62
9.00 9,52 11,76 v
10.00 10.00 11,78 seoe
pK, 8.6
K, 2.14x10"°

a
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ALLOXAN
THE SOLUBILITY OF ALLOXAN

There are no quantitative data in the literature
on the solubility of alloxan.

The solubility of alloxan was determined gravimet-
rically. There are several points of departure from the
general method which should be noted. Since alloxan is
very soluble only small portions of the saturated solu-
tion were required for a single determination. About
«9 grams of the solution was used. If the samples were
larger some difficulty was encountered in the drying.

Drying was done in vacuo over sulfuric acid at
room temperature in order to prevent decomposition. It
reguired about a week for the samples %o dry to constant
weight. Under these conditions alloxan contains one
molecule of water of constitution which is sometimes
referred to as water of crystallization.

In order to obtain reliable and consistent results
one must be aware of the difficulties encountered due to
the instability of alloxan. It decomposes to urea,
oxalic acid, alloxantin and carbon dioxide even when d4ry
as was shown by Gortner (33). When in a closed system

several explosions have besu reported (34), (35), (36).

In agueous solutions this decomposition is accelerated



PG

considerably which makes the determination of any
physisal constants of alloxan somewhat difficult.
Freshly crystallized alloxan was used in all the
experiments and the time of contact with water was
also decreased to a minimum.

The results of the solubility determinations of
alloxan are given in tables XXXAIVI, XXXVII, XXXVIII
and XXXIX. 4t 25°C the solubility was found to be 416%
2 grams per 1000 grams of water, corresponding to £.60
molal solution at saturation.

At 50°C the solubility was found to be 719
2 grams per 1000 grams of water,corresponding to
4.4% moial soiution at saturation. |

Because of the high solubility it is rather easy
to obtain rssults with considerable precision. Some
uncertainty is introduced on account of the instabil-
ity of alloxan although this has been reduced by work-
ing under favorable conditions.

Note~ the molecular weight of the stable modification

of alloxan at 259¢ is taken as 160.08/. This corresponds
to a formula C4H4PbNZ.
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PABLE XXXVI
SOLUBILITY OF ALLOXAN AT 25°C

Equilibrium Approached from the Undersaturated Side

Ex.HNo. Hours Equi- Jolubility Dev. from
librated Gn/Kg Tater the lean
1 24 417.6 1.0
2 n 416.0 -6
3 L 416.8 2
4 " 416.2 ~- ok
5] & 416.9 -l

liean 416.6

I+
o

TABLE XXXVII
SOLUBILITY OF ALLOXAN AT 25°C

Equilibrium Approached from the Supersaturated Side

Ex.No. Hours Equi- Solubility Dev. from
librated Gm/Xg Water the lean
1 24 418.5 204
2 " 415.5 -0
3 " £416.6 0O
4 " 415.3 -8
S " 414.86 ~Lled

Mean 416.1 *1.4
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TABLE TOCIVIII
SOLUBILITY OF ALLOXAN AT 50°¢

Equilibrium Approached from the Undersaturated Side

Ex. No. Hours Equi- Solubility Dev. from
librated Gm/Xg Water the Mean

1 3 21%7.1 -2.0

2 " 719,65 o4

3 " 720.7 1.8

4 " 719.4 o3

5 " 718.9 -2
ifean 719.1 ¥ 1.¢
TABLE XXXIX

SOLUBILITY OF ALLOXAN AT 50°¢

Equilibrium Avproached from the Supersaturated Side

Ex.No. Hours Equi- Solubility Dev. from
librated Gm/Xg Yater the Mean
1 3 718.5 ~e5
2 " 718.4 ~ed
3 " 717.9 =9
4 " 718.9 o1
5 " T20.5 1.5

lean 718.8 4.6
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THE DISSOCIATION CONSTANTS OF ALLOXAN aT 25°C

The dissocliatlon constants of alloxan were determined
by electrometric titration. 10 ml. of .09237 molar alloxan
solution was titrated with 10 ml. of .0989 N, NaOH for
the first dissociation constant and an additional 10 ml.
of NaOH for the second dissociestion constant.

Durihg the first part of the titretion the pH values
were observed to drift especially if a sufficient length
of tine were allowed. In order to obviate this difficulty
the initial pH readings were taken. During the second
part of the titration of the first dissociation constant
steady potentials were obbained. Good pH readings were
also obtained throughout the titration of the second
constant.

A considerable uncertainiy has therefore been
introduced into the value of the first dissociation
constant due to the instability of alloxan. An average
of the values obtained in the middle portion of the
titration was taken. pKa was found %o be 6.10 giving
for the dissociation constant z.oaxlo'v. The results
are shown in table XL,

The second dissociation constant 1s much more
satisfactory as may be seen from the data in table XLI.

An average of the pK, values gives 8.66.%The dissociation

-9
constant comes out to be 2.19x10 ,
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The dissooiation constant of alloxan was determined
by Wood (}éii"’”and by Trubsbach (37) who give 2.38x10
and 4~llx10-5. Both investigators used the conductivity
method and both found that the conductivity changed
during the'determination. The value given by Wood is of
the same order of magnitude as our first dissociation
constant. By the conductivity method the segond dis-~

sociastion constant was not detecied.

The titration curve of alloxan is given in Figure 9.



M. NaOH

20

I6

2

ALLOXAN TITRATION CURVES

ALLOXAN o—o — o
WATER BLANK, *—x—X
CORRECTED CURVE —— ——




-104~

" TABLE XL

THE FIRST DISSOCIATION CONSTANT OF ALLOXAN AT 25°9%

NaoH pH 5 of pH of pKl
ml Alloxan “olution Water Blank
0.0 3450 7.36
.5 5490 11.50 7.16
1.0 6.17 11.70 7410
1.5 6.25 6.98
2,0 6.32 11.85 6.87%
2.5 6.40 | 6.86
3,0 6.41 11.90 6.75
3.5 6.48 6.71
4.0 &.57 6.71
4.5 6.64 . 6.68
5.0 6.68 6.83
5.5 6.74 6.59
8.0 6.83 6.59
8.5 6.93 6.58%
7.0 6.99 6.54
748 7.08 .50
8.0 L 6.44
8.5 7.31 6037
8.0 7.45 6.20
9.5 7 .60 CRCRUA
lo.o 7'75 ‘600 e

pKy 6.1)
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TABLE XLI

THE SECOND DISSOCIATION CONSTANT OF ALLOXAN AT 25°C

NaOH
ml

10.0
10.5
11.9
11.5
12.0

1B.8°

13.0

1305

14.0
14.5
15.0
15.5
16.0
16,93
17.0

17.5

18.0

18.5
19.0

PH of

| Alloxan Solution

775
7.90
8.01
8.13

8.32
8.42
8.51
8.60
8.69
8.79
8.89
8.99
9,10
9.23
9,41
9.63
9.83
10.51

PKg

pKo

td

9.21

8.82

8.73
8.70
8.68
8.65
8.63
8.65
8.65
8.64

8.65

8.65
8.65
8.685
8.64
8.68
8.64

o0 00

2 e 00

8.66
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VAPOR PRESSURE OF ALLOXAN-ALLOZAN TRIHYDRATE SYSTEM 4T 25°C

What is usually referred to as alloxan monohydrate
is the stable modification of alloxan at 25°C and the
water of crystallization is estually water of constitu-
tion. It will be referred to simply as alloxan in con-
formity with the terminology of Stiehler and Huffman
(1), (2)s On this basis the tetrahydrate becomes a
trihydrate.

The vapor pressure of alloxén-alloxan trihydrate
has been determined by the method previously described.
Large alloxan trihydrate crystals are easily prepared
by crystallizing alloxan from water. Such crystals
were removed from the mother liguor and superficially
dried between filter papers. Because the c¢rystals are
large the water of wetting can be almost completely
removed in this manner; Crystals of alloxan trihydrate
were submitted to desiccation in presence of solutions
of sulfuric acld of known vapor pressure. The loss in
weight of the alloxen trihydrate orystél was determined
after four days. The results are given in table XLII.

The dehydration is slow so that the loss of water
was not complete in all cases., The loss, however, is
sufficient to indicate whether the vapor pressure of

the hydrate system is greater or less than that of the
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sulfuric acid solution. The vapor pressure of alloxane

alloxan trihydrate system is taken as the average of

experiments 4 and 5, i.e., 281l.1 + .3 mm of mercury.
Alloxan was also shown to hydrate readily when

the anhydrous form was placed in presence of water

vapor at 2500.

TABLE XLII
VAPOR PRESSURE OF ALLOXAN HYDRATE SYSTEM AT 25%

No. Vap.Press. Wt of Wt After Mol. of

HoS04 Sol, Allox. Tater
Hydr.Xtal Desiccat. Remaining
mm gmsl ngG

1 10.9 .682 <439 .9

2 17.8 «378 274 .0

3 19.4 . 136 . 149 o7

4 20.8 075 061 .3

5 2l.4 075 078 3.0

6 2204 0208 0210 300
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ACTIVITY COEFFICIENTS OF ALLOXAN AT 2500

Because alloxan is unstable in agueous solutions
a suitable method was develoned for determining the
activities under such conditions. The method depends
on the principle of isothermal distillation. The pro-
cedure was as follows,.

The apparatus consisted of a small desiccator
with water at the bottom so that the atmosphere inside
was saturated with water vapor. Into this desiccator
were placed small glass cups of aporoximately the same
dimensions and ¥ ml. capacity. They were placed on a
suitable copper block with their places‘numbered. Into
two such vessels were placed .25 ml. of standard NaCl
solutions, the concentrations of which differed by
about 10%. Into two other cups were placed .25 mli. of
alloxan solution of such a concentration that its vapor
pressure was between those of the two standards. It
was possible to select this concentration by assuming
the behavior of alloxan to be the same as that ofiggiar
urea for which the vapor pressures are known (38).
Sometimes preliminary runs had to be made in order to

determine the proper concentrations to be used in the

actual experiment.
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The glass cups were weighed with their respective
solutions. Care was taken to prevent evaporation during
the manipulations by covering the vessels with a glass
cover. The vessels were weighed uncovered. The vessels
were then placed on the copper block and put in the
desiccator. The desiccator was placed in a 25°C incu-
bator. The length of time required for an appreciable
amount of distillation %o take place was about 12 to
15 hours. TFor the more concentrated solutions the
time could be shortened to about 8 or 10 hours. The
temperature in the incubator remained constant %o with-
in .1° or less.

After a suitable period of time the vessels on the
copper block were removed from the desiccator, covered
with a glass cover and finally weighed after about §
minutes. This time was required for the water film on
the outside of the vessels to evaporate in order to
inerease the accuracy of the weighings. An example

will illustrate the details more clearly.

TABLE XLIII
VAPOR PRESSURE DETERMINATION

Solution Holality Initial Wt. Final wt, Gain

grams grams mg.
NaCl 1.130 .7921 .7964 4.3
NaCl 1.300 .7448 7516 6.8
Alloxan 24500 7377 7438 5.5

Alloxan 2. 500 . 7980 «.8032 B2
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The initial and final weights refer to the total
weight of the vessel plus the solution. Since it is
the gain in weight that is reqguired the absolute amount
of the solution need not be known. The volumes of the
solutions were measured with a pipette and were .25 ml,
in all cases.

Thevaverage gain of the alloxan solution from the
above data is 5.35 mg. The agreement between the two
duplicates was usually better than in this example.

It will be seen that 2.500 molal alloxan solution is
isotonic or isopiestic with a HaCl solution which is
between 1.130 and 1.300 molal and by interpolation
this comes out to be 1,194 molal. On the average the
results obtained agreed within 1%.

In this manner the isotonic solutions correspond-
ing to four different concentrations of alloxah were
determined. fach result was obtained as the average
of several determinations. Table XLIV contains the

data obtained.
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TABLE XLIV
ISOTONIC NaCl AND ALLOXAN SOLUTIONS

Molality of Molality of Value of 1l006R
Alloxgn Soln. Isotonic NaCl
. Soln.

« 280 8277 3.27
1.8675 .9294 3.29
.26t ©
2,500 1.1960 3.38

Vapor Press.

23.460
23.269
23.034

22,807

22.827

The calculation of vapor pressures was made by the

use of the formula

100R = .3;99.5.20:‘.'2).

Q

- given in the I.C.T. where P, is the vapor pressure of

pure water, p is thé vapor pressure of NaCl solution and

A Nall fi

M is the molality. R is defined by the equation and is

the fractional vapor pressure lowering per mole of solute.

The values of R for NaCl were obtained -from I.C.T.

A graph of vapor pressure against molality was made

for alloxan using the values from the table above. This

is shown in Figure 10. Activity coefficients were cal-

culated for several convenient rounded off molalities

according to the method of Lewis and Randall (39) using

the h/m function. In gapie XLV the resuits of these

calculations are shown.
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TABLE v
ACTIVITY COXFFICIENTS OF ALLOXAN

Molality of Vapor Press. b/m Activity
Alloxan Soln. Mm of Mg Coefficient
« 90 254540 0092 9984
1.00 236340 0138 « 9953
1.50 234140 0274 « 9880
2.00 22 .967 0315 «9809
2.50 22.810 0393 <9705
2.60 22.780 . 0403 9688

In order that the method of calcg;ation be made
clear all steps of the calculation of.the activity
coefficient for saturated alloxan solution are given.
The vapor pressure of 2.60 molal alloxan solution is
obtained directly from the graph in Figure 10. This
value is 22.780 mm. Hg. The vapor pressure lowering

is given by the formula p,-p which amounts to .04108.

Py
The vapor pressure of water is a measure of the

fugaeity or activity of the solvent a . The value of

ln a; is next obtained by means of the formula

i Py \po)
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by substituting .04108 for the fractional vapor pressure
lowering. 1n a; is thus -,04193.

The h function is related to the activity of the
solvent by

B . 55,51 lna, _ |
= |

where m is the molality and is £.60 in this case. This
gives a value of .1049 for h and .0403 for h/m.

The integral.of h/m from O to m is obtained by
graphic integration as shown in Figure 11. Suoh'graphio
integrgotion gives -,05793. This value together with the

value for h is substituted in the eqguation
M

in a,/m = —h-'jﬂh/m dm )
to give the activity coefficient of ;lloxan of .9652 when
evaluated.

It is to be noted that the h/m function is very
sensitive so that some care is necessary in drawing the
vapor pressure curve in Figure 10 in order %o avoid
tremendous distortion in the h/m values.

Other values were calculated in exactliy the sane

manner.
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LEUCINE
THE SOLUBILITY OF LEUCINE

1% has been shown by Muller (3) that leucine pre-
pared from natural sources is invariably contaminated
‘with methionine. Fox (13) has been able to prepare
methionine free leucine. Our determinations on the
solybility of leucine were done on methionine free
preparations. Both the optical isomers were used.

The solubility of d- and l- leucine at 25°C was
found to be 232.0 x.2 grams per 1000 grams of water.
The results are given in tables ZLLVI and XLVII. The
precision of the results is guite satisfactory. There
appear to be no systematiec variations. The molality
of saturated leucine solution at this temperature is
o 167 .

The solubility of d-~ and i~ leucine at 5006 was
found to be 26.6 + 5 grams per 1000 grams of water the
molality of the saturated solution at this temperature
being .802. The results obtained by approaching the
equilibriua from the sapersaturated are somewhat higher
but the discrepancy is not large. |

The results given by Dalton and Schmidt (4 ) on
the solubility of l- leucine are about 10% higher than

our values. One woudd expect a higher value for the
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solubility if the preparations were contaminated with
methionine., The work of other investigators is subject

to the same criticism.

The pH of a saturated solution of lgucine at 25°C

was found to be 6.5,
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TABLE XLVI
SOLUBILITY OF LEUCINE AT 25°%C
Equilibrium Approached from the Undersaturated Side

Ex.No. Days HEgqui- Sodi'y Dev.from Dev.from
librated Gm/Xg Gr. Mean Gen.lean

Water
d-ileucine
&L 2 £1.86 -od? -ol?
2 3 22, 14 wdid odl
3 5 22.02 -.01 -,01
4 4 22,06 03 .03
5 83 22.06 03 .03
22.03 j??gg
i-leucine
6 2 21.88 ~. 14 -e15
7 4 28.12 « 10 .09
8 5] 22.06 04 03
*) 8 Le .02 .00 -.01
10 9 28.03 04 .00
22,08 + .08
Mean of group means 2<.00 T 11

General mean 22 .03 1 .06
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TABLE XLVII

SOLUBILITY OF LEUCINE AT 25°

Equilibrium Approached from the Supersaturated Side

Ex.No. Days Egui=- Solt'y
librated Gn/Xg

Water
d-leucine
1 2 28 ¢17
2 19 £1.88
S 21 81.75
4 23 =1 .68
5 23 2,14
21.92
l-ieucine
6 2 22 .47
7 19 22.21
8 21 21.98
9 22 22.10
10 23 224895
22.16

iiean of group mean 22.04

General mean 22.04

Vev.from
Gr. lean

.01

.05
-.18
-.06

.19

1.12

-+
tal]
o

1014

Dev.Trom
Gen.lMean

.13
~16
-8
-.35
.10

)
ab?
-.06
<06

oSl
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TABLE XLVIII
SOLUBILITY OF LEUGINE AT 50°C
Bquilibrium Approached from the Undersaturated Side

Ex.No. Days Egui- Sol'y Dev.{rom Deve.from
librated Gm/Kg OGro Mean  Gen.Mean

Water
d-Lleucine
E 1 26.61 -a17 .02
a 2 £26.64 wadd .05
3 3 27.14 D8 « 55
4 4 26,04 -4 ~.55
5 5 27.41 53 « 58
6 6 27.14 .56 55
26.78 +08%4
l-ieuecine
7 1 26 .48 .08 -.11
8 2 26,39 -0l —e20
9 3 26,19 -8l -0
10 4 26,48 .08 - d?
11 ) 26,33 ~407 ~e26
12 6 26,58 _ed8 ~.01
26.40 H.1i
Mean of group means 2659 + «30

General meéan 26.59 o gl
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TABLE ZXLIX
o]
SOLUBILITY OF LEUCINE AT 50 ¢
Equilibrium Approached from the Supersaturated Side

Ex.No. Days Equi- Sol'y Dev.from Dev.from
iibrated Gm/Kg Ggr. Mean Gen.Mean

Water
d-ieucine
1 2 26.40 -e33 =27
2 & 26.64 ~.09 -203
3 4 26,16 03 .09
4 8 26.88 .15 21
5 6 26.82 .09 »15
6 7 26.88 18 .21
26,73 4 15
i-leucine
7 g 26.59 -.02 -.08
8 B 26,68 .07 -.01
9 4 26,77 .16 .10
10 5 26,63 .08 -.04
11 & 26.79 .18 .12
12 7 26.22 -, 39 - 45
6.61 + 17
Mean of group means 26.72 RARY-S)

General mean 28,6 + adid
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THE DISSOCIATION CONSTANTS OF 1-LEUCINE AT 3500

The dissociation constants were determined on
methionine free l-leucine. 10 ml. portions pf .0972
molar solution were titrated with 10 ml. of ,0989
N, NaOH and HCL respectively. The results have been
6aloulated on the basis of the classical theory and
are given in tables L and LI. A titration curve is
shown in Figure 12.

The average pKy value was found to be 9.70, the
dissociation constant therefore being 2.0x10"10. This
value agrees fairliy closely with the valiues found by
Sano (40), Harris (41}, and Winkleblech (42). Wood (43)
gives a value nmuch smaller than this.

The average value of pKy obtained is 12.4 giving
for the dissociation constant Ky 3.98x10-l3. This
result is much smaller than that given by the above
mentioned investigators. The determination of dis-
sociations constants in this range is subject to
several practical difficulties. However the precision
of the results in our determinations appears to be
2o0d and the discrepancy may be due to the methionine

contamination. Methionine has & basic dissociation
gconstant in this range and would be a likely source of

error.
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The zwitter ion constants for optically active leucine
from the above results are Kas 2.51x10—2 and Ky = S.le10~5.



TABLE Lo

BASIC DISSOCIATION CONSTANT OF l=-LEUCINE AT 25%

HC1 PH of pH of
weucine Solution Water Blank DKy

.0 554 6.80 cese
0 3.04 2.53 1aed
1.0 2.68 %.18 12.4
1.5 2,55 2.00 18,3
240 2.38 1.87 ig .4
Bl B:E7 1.80 i2.4
340 2.18 1.78 i o4
345 2,10 1+68 12.4
4.0 2.05 1.60 12 .4
4.5 2.00 1.58 1245
5.0 1,93 1.58 iz.4
6.8 1.88 ¥ e l8e%
6.0 1.83 1.58 1&.4
6.5 1.78 ceose 12.4
7.0 173 1.54 1865
7.5 1.68 g dieD
8.0 1.63 1.45 1z.6
8.5 1.60 .y 156
9.0 1,57 1,45 2.6
9.5 1.54 kB 12.6
10.0 1.52 1.38 soese
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TABLE

LI

ACID DISSOCIATION CONSTART OF 1-LEUCINE AT 25%

NaOR

.0

%5)
1.0
1.3
2.0
2.5
3.0
35
4.0
4.5
5.0
543
6.0
.5
7.0
75
8.0
B.5
9,0
9.5

10.9

pH of
Leucine Solution

6.532
6.46
8.77
8.96
9.12
9.23
9.35
9.46
9.5%
9.65
9.70
9.77
9.88
9.97

10.07

10.19

10,27

10.42

10.58

10,78

11,03

PKy

pH of
Water Blank

750
11.50
1l.70
11.85

o8 69 @

11.90

9.70

L
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Compound

Adenine

Hypoxanthine

Guanine
Xanthine
Uric Acid
Allantoin
Alloxan

d- and 1-

Leucine

TABLE LII

Solubility at 285°C

Gm/Kg Water
1.13 + .04
73 + 01

0034 =+ 00O

L0164 4 .0007

.041 + .001
509 _‘1‘ 01
416, * @

SUMMARY OF SOLUBILITY DATA

Solubility at 50°C

Gm/Kg Water
Se4 *, &
2.01 .06
0131 + .0004
087 +  ,004
o 7 + .004
i8.1 + .
719. ~ 2,

26.6 L 5



TABLE LIII

SUMMARY OF DISSOCIATION CONSTANTS AT 25°

Compound
Adenine
Hypoxanthine
Guanine
Xanthine
Uric Aecid
Allantoin

Alloxan

l-Leucine

Ka

-1
1.26x10 9

-9
1.07x10

-3
7.9 %10

=B
1.74x10

"
P o ] 4}(10
2.0 x10~"7

-9
2419 210

2.00x10~2°

Ky

- ~10
1.38¢10
2.0 z10

-ll
1.3 210~ *

® o e e 000

e o 0 8 0 0 @

5.98x10 2
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TABLE LIV
SUMMARY OF OTHER DATA

pH of saturated solution of adenine at 85°C 6.6
pH of saturated solution of hypoxanthine at 25°c 6.4
pH of saturated solution of d- and l- leucine
at 25°C 6.5
Vapor pressure of alloxan - alloxan trihydrate system
at 25°¢C 2lel £+ .3 mm. of mercury
Vapor pressure of saturated solution alloxan
at 25°C 22,78 mm., of meroury
The activity coefficient of alloxan in saturated solution

at 25°C  .9682



DERIVED DATA

The following general considerations of the methods
used in the calculation of the free energies of forma-
tion of the ionic and the non ionic species and other
pertinent data are given here for reference. One example
of each calculation is given in detail in order to ii-
lustrate the appiication of the methods. The heats of
solution are calculated for the temperature range <5 -
509%, all tﬁe other data afe calculated for the tempera-
ture 298.1X.
THE HEAT OF SOLUTION

If the solubilities at two temperatures are known
the heats of solution may be readily derived by the

application of the van't Hoff equation,

dlnk _ a4l
—ar “Reg

where T is the absolute temperature, R is the gas con-
stant,Ad is the heat of solution and X is the equilibrium
constant. Since, as has been explained, the solubility
is the measure of the eyuilibriun coastant we may replace
K by M where ¥ is the solubility in moles per 1000 grams
of water. The value ofaH will then be in calories per

mole of solute.
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When the compound under consideration forms a
hydrate K represents the equiiibrium constant of the

reaction
X-Hzo @olid) — X(ags T Hy0 Gat. sol.)

gk ~ AE@yd) (Hpo(sat. sold)
(XHy0(s011d)
Since the activity of the water in the saturated
solution is not very different from unity in most
cases and since the logarithm of K is used in the
calculations the error introduced by using the solu-
bility value instead of X is small., In the calcula-
tion of the heat of solution of alloxan this approxi-
mation will be made.
Over a short temperature interval AH may be as-
sumed to remain constant. Substituting M for K in
the van't Hoff equation and integrating between tem-

peratures T; and Ty we obtain

| . AH T, - Ty
log Ma/My = 37553R "‘"““"’BT :
2Ty

where Ml is the solubility at the temperature T; and
Ms the solubility at Tg. Since these are known the

value of the heat of solution AH c¢an be readily cal-

culated.



129«

As an illustration we shall calculate the heat of
solution of adenine, The solubility of adenine at 25°C
is 00836 moles per 1000 grems of water or My = ,00836
and T1:= 98,1, Similarly My —.0252 and T,=325.1.

The value for R is taken as 1.987. Substituting these
velues in the integrated form of the van't Hoff equation

log .0252/.00836 =

AH 32%3.1 = 298.1)
2,30%x1,987\ 323,1x298,.1

and selving for A the heat of solution of adenine comes
out to be 8,450 calories per mole.

The heats of solution of the other compounds were
calculated in the same way.The results are summarized in
table LV,

The heats of solution are useful im calceulating the
value of the free energy change or the equilibrium constant
at any desired temperature if this value is known at
a given temperature.This holds within the temperature
range for which the heats of solution have been calculated.
For this purpose the van't Hoff equation is employed im

the same way as already described.
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TABLE LV
THE HEATS OF SOLUTION
FOR THMPERATURE RANGE 25-50°C

At

Compound Heat of Soiution

Calories per Mole
Adenine 8,450
Hypoxanthine 74760
Guanine 10,530
Xanthine 10.700
Urie Acid 8,030
Allantoin 8,550
Alloxan 4,180

Leucine 1.46)
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THE EXTENT OF DISSOCIATION OF SOLUTES IN THEIR SATURATED
SOLUTIONS AT 25°C

The extent of dissociation of the various compounds
may be ealculated if their dissociatlion constants are
known, The method of caleulation will depend on the
nature of the compound under consideration and upon the
approximations that can be made,

The fraction of the éiésociateé mplecules of a weak

acid or base may be calculated from Ostwald's dilution

law K = =3 +pE4 1254"—'
> k; :

wherek is the degree of dissociation,v the volume in
liters containing one mol of the electrolyte and K is
the dissoclation constant,

The calculation of the extent of dissociation of
uric acid is of this type and is as follows. From its
solubility v the volume in liters required to dissolve
one mol of urie acid is 4098, The dissociation constant
is 1.74110'6. Substituting in the above equation

N - 4098;;.74;10'6 1-”77K + ceees = OB

the last term under the square root sign being negligible.
The fraction of uric acid that is dissociated in its
saturated solution at 25°C is thus .081.Hence the

undissociated fraction is .919.



Using the same expression the extent of dis-
sociation of guanine, xantihine, allantoin and al~
loxan have been calculated. Although alloxan has
two acid dissociation constants, the dissociation
I8 so slight that the second dissociation has been
neglected.

If both acid and basic groups are present in
the same molecule then the amount of the undissocia-

ted species may be caloulated from Sorensens formula (44)

b
Ky

— b
@ i + Ky t K HY
Ht

where P is the fractlion of the undissociated ampholyte.
The H* concentration of the saturated solution must be
known. These have been determined.

The fraction of undissociated adenine will now be
calculated. The Ht of its saturated so-ution is
2.5x1077, K_ is 1.26x10" ™ and K, is 1.38 <1070,

Substituting these values in the eguation together with

K, 1xi0™4 N
f= 14+ 1.26x107 " 4 1.38x10-10 gz.leo‘v
2.5 x107" 1x10™44

= «996
The calculation of the undissociated fraction of hypo-

xanthine was done in the same way.
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When dealing with zwitter ions Sorensen's formula
is modified to

.
E ’ —_—
==

1

E", K
1+ T
Ky  Kpit
The fraction of undissociated leucine was calculated by
use of this formula. The value of K, is 2.5x107%
of Ky 5.0x10™° and of H'3.16x10"'. The frection of

leucine in the zwitter ion form is therefore

1
) - - 7 o ":J.é
(Q Ly B.d6xl0 1x10
2.6x10™% 5.0x10"° x3.16x10""
= .9992

The fractions of the undissociated species of all of

the compounds are summarized in table LVI.



TABLE LVI
THE FRACTION OF TUE UNDISSOCIATED SPECIES IN THEIR SATURATED

SOLUTION AT 25°C

Compound K, pr pH of Fraction Undiss.
Sat.S01
Adenine 9.90 9.86 6.6 996
Hyopoxanthine 8.97 12.7 - 6.4 997
Guanine cees 10.90 oo 999
Xanthine 741 ceasa cee «973%
Uric Acid 0.76 csecs s 919
Allantoin 8.8 ceenve i ¥ 1000
Alloxan 6775866 ooenn e 1000
Luecine* -led 4.3 6.5 .999

*The dissociation constants of leucine are the zwitter

ion constants,.
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ACTIVITIES

The activities of adenine, hypoxzanthine, guanine,
xanthine, uric acid and allantoin were assumed to be
equal to their concentrations. Since these compounds
are ouly slightly soiuble in water it is assumed that
they do not deviate much from behavior of perfect
solutes.

The activity of ailoxan in its saturated solution
was determined to be .96B2 (see above). The activity
coefficient of 1l-leucine has been estimated by Daliton
and Schmidt (4) to be 1.07.

The activity correction may then be simply applied
by the use of the eguation,

a = Iﬁx/
'where a is the activity of the solute in the saturated
solution, M is tue solubility in moles per liter and

X'is the activity coefficient.
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THE FREE ENERGY OF FORMATION OF UNDISSOCIATID SOLUTE
IN THE STANDARD SOLUTION AT 25°C
The free energy changes invoived iq #oing from
the standard free energy of formation of ivhas anhydrous
solid compound to a solution in which the undissociated
solute is at one molal activity wiii next be considered.
Suppose first that the soiute does not form a
hydrate. Then the free energy of t@e solute in its
saturatéd sodiution is equal to the frée energy of the

solid with whieh it is in equiliibrium,
X solid — X ag. sat.; ¥ =0, (1)

The free energy change in this process is zero.
If the solute forms a aydrate, of the general
formula X.3H30, the changes taking place may be repre-

sented as below,
X - g -
s t 5830 (g p) —> X.BH0(5) 5 AF, = 0

X.3H;0(5) —X(ag.sat.) +8Hz0(sat.s0l); AF< 0

3Hs0 (sat.sol.) —> SHg0,(1) ; 4@%==3RTlnHJypS

3Hs0 (1) — 3H. : = SRTL
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where Py represents the vapor pressure of pure water in
the standard gaseous state,P; the vapor pressure of the
hydrate-anhydrous system ,Py the vapor pressure of pure
water in the liquid state and Pg the vapor pressure of
the saturated solution. All of the reactions are consideréd
to take place at 25°C,

By summung up all the above reactiors we obtain

X(g) —> X(sat.ag.) 3AF = 3RTIn P{/Pgey (2)

The free energy change in the trensformetion of one mol
of amhydrous X, to a saturated solution in which the
hydrate X.3H20 is in equilibrium with the agueous phase
may be obtained from equation (2) if the vapor pressure
of the hydrate - anhydrous transformation is kmown,
together with the vapor pressure of the saturated solutiom,

As gn illustration ,the free energy change in the
transfer of one mol of alloxan to a large amount of its
saturated solution will be considered. It has been shown
above that alloxan inm its seturated solution is in equi-
librium with its trihydrate as the selid phase. The
vapor pressure of the anhydrous - trihydrate trensform-
ation wug found to be 21.1 mm of Hg, and the vapor pres-
pure of the saturated solution was found to be 22,78 mm,

of Hg at 25°C., The free energy change in the precess

Alloxen(gelid anhydrous) —>Alloxan(gat,.sol.)
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is given by equation (2)
AF= 3RTIn2l,1 — -13% Calories.
22,78

Alloxan was the only compound found to form a hydrate.

We snall next proceed to evaluate the free energy
change per mol in the transfer from a saturated solu-
tion to one in which the undissociated solute ia at
one molal activity at 298.1°K. This is given by the
equation,

X(sat.s0l) —> Xy )y undiss ; &F = -RTInMYP (3)

where‘( is the activity coefficient, P is the fraction
of undissociated solute in the saturated solution, and
M is the molality of the saturated solution.

A8 an example the free energy change in the trans-
fer of one mol of l-leucine from its saturated solution
to one in which the neutral form is at one molal activity,
will be calculated. The molality of leucine in its
saturated solution was found to be .16/, The activity
coefflcient in its saturated solution is given by Dalton
and Schmidt as 1.07 (4). The fraction of uudissociated
leucine was found to be .999. Substituting these values
in the eguation (3), we obtain,

AF «RT1nu Y P
-1364 log (.167%£.999x1.07)

' 1’020 Calories
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Having the standard free energies of formation, and
having caiculated the free senergies involved in go-
ing from the solid anhydrous compounds %o their
solutions in which the undissociated species is at
one molal activity, the free energies of formation
of the undissociated compounds in their standard
solutions have been calculated. The data are given
in tabie LVII. in the second column are given the
standard free energies of formation of each compound
at 898-16K. The values of Stiehler and Huffman (2)
corrected by Huffman (49) were used.

The third column gives the free energy changes
at aﬁa.ioK, involved in the transfer of one mole of
anhydrous solute to a saturated solution. In the
next three columms are given the molalitieséf the
saturated solution, the activity coeificients used,
and the fraction of undissociated {(or neutral) mole-
gcules in the saturated solutions, ail at 298.10K.
The seventh column gives the frse energy changes in-
volved in the transfer of one mole of solute from the
saturated solution %o a solution in which ithe undis-
sociated solute is at one molal activity at 898.10K.

The final column gives the standard free energy

of formation of the undissociated solute in agueous
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solution at one molal activity at 298.1°Z. This wes

obtained by the summation of columns 2, 3, and 7.
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TABLE LVII

THE FREE ENERGIES OF FORMATION IN CALORIES PER MOLE OF

T

=

Substance

Adenine

Hypoxanthine

Guanine
Xanthine
Uric Acid
Allantoin
Alloxan

Leucine
d- and 1l-

UNDISSOCIATED

COMPOUNDS IN THEIR STANDARD SOLUTIONS

at 25%
o -
‘AEf(Solid) X@;‘°K@q.satq M.sat.sol.
S'L/
71,960 s ad .008%6
18,700 ceses 00530
O 2~
11,710 S 0000225
—
"‘39 ’510 o900 0 0000108
(¥
“'90 ’130 L B ) 0000244
2]
"106,430 o @ 9 99 OOS?B
Y !
-181,910 - 140.. 2.60

-82 ,4%@ EE RN o.L6'/

7%

1. ?

1.

L.

1.

1.

1.

Ly 1
. 968 [

1.07

<996
987

999
973
919
.000
.000
999

Xaq.saty” ka=l,undiss)
AF = -RT1nM PY

2,840
3,100

6,540
5,450
4,980
1,950

-550
1,020

(o}
AF ¢ @ =1)
undiss.

74,800
21,800

18,050
-33,880
-85,15)

-104,480

-182,600
-81,460
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THE FREE ENERGY OF FORMATION OF IONS IN THEIR STANDARD
SOLUTION AT 25°%

Sometines it is preferable to consider a reaction as
taking place between ions rather than between neutral
molecules. It is then necessary to know the free energy
of formation of ions in their standard solutions.,

Let us consider an acid of the general formula XH,

which ionizes in aqueous solution according to the equation

” _ + :
K%a:l,aqq > Ea:l,aqo-+ §ﬁ=l)

The free energy of ionization is given by the eguation

4F = =-RTinK (4)
where XK is the ionization constant of the reaction.
For a general case we may write the free energy of
ionization as
<¥? = ~RATInk, Ko-~ Kn
where Kl, Kg--Kn represent the dissociation constants.
This equation way be applied to the free energy of ion-
ization of the cation, or the anion alone, or the bi-
valent ion etoc.
It is to be noticed that the basic dissoclation
constants are ordinarily calculated in such a manner

that they include the dissociation of water. In order
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to be applied directly in the‘above equation they nust
therefore be expressed in terms of the dissociation of
the hydrogen ion.

The following eguations will ililustrate this rela-
tionship. OSuppose that a substance X ionizes according
to the following scheme, all the reactants and products

being at one molal activity

X+Hy,0 - X+HOH — xat+ om”

Water ionizes according to

HOH — HY + 0OH™
Subtracting, we obtain

X+ HY 5zt
The ibnization of bases therefore consists of the gain
of protons or hydrogen, whereas the ionization of acids
involves the loss of protons or hydrogen ions. If the
dissociation constants are written out for each reaction,

it will be seen that they are related through the ioni-

zation constant of water, i.e.,
Ky/ K‘ﬁ = K+

wnere Ky is the ionization constant of water, Kb the
ordinary dissociation constant of the base, and KH‘ the

basic dissociation constant in terms of H*.
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For convenience, Ky/K, is used rather than Ky -
On this basis the free energy of ionization of a base
is given by

AF = RTLnKy/p (5)

The free energies of formation of iomns in agueous
solution at one molal activity at gwve 1°K may be
derived as follows.
Consider the ionization reaction of the compound
HX to give
Ha-1 undiss.ag.) §;=la%9*'3?=l’
We know the free energy of ionization from equations (4)

and (5) above. e also know the free energy of formation

of XQ§=lundiss.an The free energy of formation of H(azu
is taken as zero. HWow, the free energy of the rsaction
is equal to the sum of the standard free energies of the

reactants less the standard free energy of the products,

hence,

o o
AF : . F -}
f@-l, ion.aq) = “f(a=1 undiss.aq$ HTinK

In table LVIII the free energies of formation of ions in
their standard solutions at 298.10K are given. In the
second column are given the free energies of formation of

the undissociated ions in thelr standard soliutions.



145

These are taken from table LVII. The free energies of
ionization are given in the fourth column. In the fifth
column are given the free energies of formation of the
anions at one molal activity in aqueous soiution at
298.10K. These are obtained as the sum of columns 2 and 4.
3imilarly in the remaining coiumns ithe free energies
of formation of the cations in the standard soilution are

given.
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TABLE 1VIII

THE FREE ENERGIES OF FORMATION OF IOKNS IN THEIR STANDARD

SOLUTIONS AT 298.,1°K

Compound Aff?@:l,undissg PK, “RT1InK, AFfia:l PX ~pK, ATLnK, /e AF 0 )
Calories Calories anion)y aa%{%ﬁ%
Galories Calories Calories
Adenine 74,800 9.90 15,500 38,300 4.14 54650 69 , 150
Hypoxanthine 21,800 8.97 15,240 94,04 1.3 -1.770 20,030
Guanine 18,050 ceen S LR EL 3.10  =4,83) 15,820
Xanthine -33,880 7.10 9,680 ~#%500 coes — oo
Uric Acid -85,150 5476 7,860 ~77 4890 cees — e
Allantoin -104,480 8467 11,850 =B850 ceee cees ;...
Alloxan -182, 600 6.70 9,140 -173,460 cre e cee
8.66 11,810 =161,650 Py
PE,-pKg
1-Leucine -81.460 9.70 13,230 SR - R ~95,040
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SUPPLEMENTARY DATA
Certain data in addition to those thus far pre-
sented are reguired before the final calculations can
be made. The most reliable values have been selected
from the literature.
The free evergy of formation of gaseous oxygen at
one atmosphers and 2500 is by definition taken as zero.
The free energy of formation of H™ in soiution at
one molal activity and 2500 was also taken as zero.
The free eRergy of formation of liquid water in
its standard state was taken as -56,720 calories (46).
The free energy of formation of agueous ammonia
in its standard state was taken as -6,300 calories. (47)
The standard free energy of formation of NH4‘§Q.
is taken as -18,930 calories (47},
The standard free energy of formation of gaseous
carbon dioxide was taken as -94,240 calories 48).
Prom this the standard ffee energy of formation of
agueous carbonic acid at 2500 was c¢alculated according
to iLewis and Randall (3®) using their values for the moial
solubility of carbon dioxide in water at 2500 at a partial
~ pressure
at one atmosphere. The result obtained was -149,150 calories.
The free energy of formation of solid urea was taken

as =-47,200 calories @5 ). Following the example in Lewis
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and Randail (99) the standard free energy of formation

of urea in agueous solution was ocaiculated. The asciiv~

ity coefficient of .5366, and the solubllity of 20.00
= n free

molal (98) were used. 7The standard emergy of agueous

urea was found to be -48,440 calories.

For convenience these are tabulated below.

TaBlE LIX

SUPPLIEMENTARY DATA

Substance AF ©
f(a:l,aq.)
298.1%
Calories
Oxygen {gas) &
B+ o
Hp0 (1) -56,720
HHg ~5,300
WH -18,930
- -148,150
Hy00, ’
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EQUILIBRIA OF PURINES AND THEIR DEGRADATION PRODUCTS

The course of the degradation of purines may be formulated

as |
CplHglNg + HpoO0 — CplaONg + NH3
Adenine Hypoxanthine
+1/2 0g

v
CxHgONg + Ho0 —> COpligOgliy ~ NHg
Guanine xanthine

t1/2 Og
CpHg O i
Uriec aci
1/2 0ot +1/2 0o
2HgO + \+  HeO
C4H405Ng CqHgOgla
Alloxan Allantoin
+
CO(NHg)g + Cogp
Uresa

This geries of reactions may be divided into six indi#idual reactions.
Complete thermodynamical date are now availlable to compute the
‘etandard free energy change in solution for each reactlon., From

the free energy changes the equilibrium constants and the oxida-

tion reduction potentials can be calculated, Each individual

reaction will now be congidered,

1. Adenine,(aq, ,az1MH20(11g.) —>

Hypoxanthine(aq,as1)4VH3(aq)

The standard free energy change in this reaction 1.8., when all
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the products and reactants are at unit activity in aqueous solu-
tion, ie the difference between the sum of thefree energies of
formation of the products and the reactants. Thus for the above

reaction

AF°29801 - (21,800 - 6.300) i (74,800 - 56,720)

2z -2,580 calories.

From the relation AF° = -RTInK, the equilibrium constant for
this reaction as written comes out to be 775
The deamination of adenine may be written in a slightly

different manner,

HY + Adenine(gq, .as1) + #20(11q,) — Hypoxanthine(aq, aa1)

'*NHQYaq.,aul)

(=18,930 + 21,800) - (74,800 - 56,720)

AF°308,1
-15,210 calories

1 3

2s Similarly for the reaction

Guanine(aq.,a:l)+HBO(11Q.) — X?"'lthine(aq.,agl)*NHS(aq.)
AF°p0q 1 = (33,880 - 6,300) - (18,050 - 56,720)
= -1,610 calories

The equilibrium zonrtant for the reaction from right to left is

12.0.
For the resction written

-‘.
H' Buanine(g.. a.1)t H20(11q,) —> Xenthine(ag,asl) + Mi4(aq.,asl)

AF°298.1 - "14:,143 calories
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3« The oxidation of hypozanthine may be written

1 a e E
ypoxanthine\aqo’zl)ﬂ-%02(8) > Xantpine o oa1)

AF9ga.4 = =33,880 =21,800 = -55,680 caloriess
4, ZXanthine in turn may be oxidized to uric acid.
The reaction may be written

Xanthine —2 Uric acid

X
(age,a=1) T =%(q) (aq4%1)
AFOH98,1 = —05,150+33,880 = «51,270 calories.
Uric acid may be oxldized in two ways

Uric acld(aq.,a%1)+40g(4) +2EHg0(14q)

) Allantoin(aq_’aal)—+ Ezcos(aq.,a=l)
ATOp00 4 = =149,150 - 104, 480 -{*2x56,620 ~856,150)
3 =55,040 calories.
6. Urlo aold(yq,,a71)+ §0,(g) T22%(144.)
ey Alloxan(aq.’a=1)4-Urea(aq.fa:l)
AFCpga .1 = «484440 ~182600 + 2x56,720 +85,150
5 «32,480 calories. |
7« The dismutation of xanthine to hypoxanthine and
uric acid may also be considered in this connectione It
may be considered as the sum of reactions in 3 and 4 above
and may thus be obtained from the same datae.
The reastion is
ZXanthine(aqﬁ9a=£7€>ﬁypoxanthine(aq.'a.iTUric a“iﬁ(aq.,anl)
AFOg9g,1 = 21,800 =~85,150 +2x33,880
S 4,410 caloriegs
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The equilibrium constant for this reaction or the dis~
mutation constant comes out to be 000588 From this i€
may be readily cealculated that the amount of xanthine
which may undergo dismutation is 2edoe

The above dlamutation eongtant refers to the undis-
gsoeclated products and reactantss In a gimilar way the
dismutation constant for the ions may be obtained. In
practice however cne deals with the tobtal unionized and
ioniged participants. Thig dismutation constant 1s more
useful as will be geen laters Calceulations have there-
fore been made of the free energles of formation of the
total participants in 2 manner gimilar to that in table
LViI, Ve thus have for the reaction

2 Xanthine(total)—fBhypox&nthine(total)-+-UTiG a8id (4 ra1)

AF® = 21,800 - 85,200+ 2x35,100
= 4,400 calories.
The result is essentially the same as before. The disg-
mutation constant comes out to be 000395 .
8s It is useful to express the results of 3 and 4 above
in termg of the oxidation reduction potentials. In accor-
flance with the usage adopted in biochemical literaturs,
all the oxidation reduction rcacfions are written in the
direction
Redougtant—> Oxidant.
Suppose we consider first the hypoxanthine-xanthine

half ceell reaction, which mayv then be written as



’ s |
Xanthine(aq,,a%3) Zﬂ(agl) —~— 28
—> Hypoxanbliine (age, a=1) & Hzo(liq o)

From the gtandard free energy valugs we obtain
AF°298.1 = 28,800 ~56,720+433,880
= ~1,040 caloriese
The wvalue of the molal electrode potential may then be
obtained from the relation

AF® = -BnF
where n is the number of electrochemical equivalents in-
volved in the reaction, ¥ is the value of faraday which
is taken as 23,068 calories per volt per electrochemical
equivalent and L, the molal electrode potentiale.

For the neutral molecules reacting in the direction

ag written above we have

B, * 2xéé?328 = +0225 voltsge

Similarly we may consider the anions to take part in

the reaction
_ ¥
fanthine=(qq,,021) ~+ 2H(a=1) + 26
—_ ﬁypoxanthine~(aq.,a:1) 4'Hzo(liq.)

AFC = _ B5,720 + 34,040 +24,200 = 1,520 cslories.

-

g ® __ 1,520 =  .0329 volts.
BX23,068

In the above resctiong the activity of L 1is one
molals Dxperimentally however the potentials may be de~-
termined in solutlons at any plHe The caleulation of B]
at pil 7 igs as follows,

Yanthine (gq,,a%1) + 2H(a=1) 1 20
~—9>ﬁNP°X3~thine(aq,,aal)-f Hzo(liq.)

4F°298.1 = 1,040 caldries.
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Also
o+ +
M (az 1077) = (a1
AF%gg,; = =BRTIN10~7 = 19,096 calories
Adding these reactions we obtain

Xanthine (gqq,,a%1) + 2E|ae10-7) + 26
—> Hypoxanthine (oo, az1) + H20(11q.)
AFggg.q * 1,040 + 19,096 = 18,056 calories.
Eé = '-§§§?56 = «¢391 voltas at pH 7.
Similarly for the reaction involving anions,
E} = ~§0%?%6 = ~+447 volts at pH 7.
We shall next consider fthe xanthine-uric acid half
06ll reactions The caleulations involved are similar to
those aboves For the reaction involving the undissociated
species we have
Uric acid(gq,,as1) *+ 2i(gz1) + 26
—> Xanthine(qgq,,a=1) * ¥20(1iq.)
AFC = 85,150 — 56,720 —33,880 = =5,450 calories.
Corresponding to tiis

E = +5,450 w ,L,118 voltse
© 3x07,068
Similarly for the reaction involving anions

Uric 301d(aq°’agl) *—23%3:1)’+ 26
Xanthiné?aq.,anl) 4‘H20(11q.)

AFO =, 77,290 — 56,720 — 24,200 = =3,630 caloriese

B = 55!630 & L,079 voltse.
e X238,

How for the correspondi g reactions taking place

at pH 7
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ot
Uric acid(aq”a.‘l) T aﬂ(a‘lo-\-V) + 26

A F

wmy
&)

12

—3 Xanthine(aq',aul)-¥ HZo(liqd
13,646 calories.

~13,6846 = -6295 volts at pi7.
2x23,068

also for the lonic reaction

» A
Uric ac*é“(aq.,a=1)’FZh(aalo“Vfae

s
O=

i

5]

> fanthines(aq.,am) T ¥2%114,)

15,466 caloriess

—15,466 ® —,335 volts at pi 7.
232%,5@@

Experimentally it is more convenient to measure the

potential of the bhypoxanthine-uric aeid instead of the

hypoxanthine~xanthine gystem. The oxidation reduction

potentials may be readily derived from the above datae

Thus we have

Uric acid

ARO

E..'Jo

B
¥

ER ]

-
=

(age,a®l) +4H (a®1) +4e
— Hypox&nthine(aq"agl) 4‘2H20(1iq.)
-55490 calories
«8783 voltse
—s343 volts at pH 7

And for the reaotion involving ions

Urie aei&'(aq.,azl) 4H(

4r°

53]

ke
O= Q

2 it

i

a=1) -

Hypoxamthine:(aq. ,ax1) T 2205,
=34110 calories.
»0288 voltse.
«391 volts at pH 7.
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DISCUSSIOoN

The reactions for which the standard free energy
changes have been derived above may be divided into three
groupss

Adenine and guanine undergo a hydrolytic deamination
%o yield hypoxanthine and xantiine reapectivelys. From the
magnitude and the sign of the free energy changes it may
be coneluded that these reactions may procesd spontane=-
ously. On the other hand the amination of lLypoxanthine
to adenine or of xanthine to guanine would not take place
to any extents The synthesis of adenine and of guanine
in vivo is probably coupled with another energy yieldiug
reaction or it takes & different roubte to accomplish this
PUrpose.

In the second category are the oxidative reactions
of hypoxsnthine %o zanthine and of xanthine o uric acid.
These reactions have been shown to proceed either aero-
bically or anaserobically(49). When written in such a manner
ag to involve molecular oxygen the energetic relationships
indicate that the equilibrium is in favor of complete oxie
dation and that the oxidative reactions are irreversible.
On the otnér hand 1f the anaerobie process involving hy-
drolytic oxidation is congidered a different picturé is
obtained. This will be furtuer discussed in connection
with the oxidation reduection potentialse

The further degradation of urie acid involves a

gsimnltaneous or consecutive hydrolysis and oxidation.



=157

In more alkaline solubions uric acid is known %o be broken
down 6o allanboin and carbon dioxides. Allantoin is the
final metabolic product of purine metabolism lun many animalse
It has also been found in plantss In an acid nedium uric
acid can be broken down to alloxan and ureas Alloxan is
only occasionally found in biologieal materialge

From the standard free cnergy changes in the uric acide
allantoin and the urie aoid~alloxan degradation 1in aguaous
golutions it may be seen {hat the eguilidbrium lies in
favor of practically complete degradations Thesge reactions
Amay therefore be congidered irreversible unless coupled
with other energy ylelding reasctionse.

Another type of reaction whiceh has briefly been
congidered is the dismutation of xanthine to yield hypo=-
xanthine. and uric acide This has been shown to bake
place(50){51)(52). #From the dismutation constant we have
cakeulated that the anount of xanthine which may undergo
dismutation 1s 2.4%. This figure is somewhat smaller than
those reported but is significant. The reverse reaction

ag alsc been observed experimentally. The dismutation
reaction is a complicating factor in the caleulation of
oxidation reduetion potentials. This reaction may also
‘be of importance in the in vivo synthesis of purinese

The oxidation reduction potentials of hypoxanthing-
xanthine-uric acid systems has been determined experimentally,
Thegse will be compared with the results derived from

free energy data.
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Before making a comparison of our results with those

in the literature it is egssenbtial to understand clsarly
the salient feabtures involved in each ofAthe methods em=
ployed by the different investigators and ths bagis to
which their regults refer, It ig furtier necessary to
find a common basisg on whieh the regults derived by Aifw
ferent mathods may be comparsd.

We gshall consider briefly the three different msthods
as exemplified first, by our method based on free energy
data and represented by the work outlined in this thesisj
seeond, the method employed by Filitti(20353;54) based
on potentiometric measurements; and last, that employed
by Green(51) which though experimentally the same asg
Filitti's differs in the method and the bagis of
caloulation,

The derivation of electrode potentials from free
energy dats has already been illustrated in the calcu=-
lations given above. The fundamental relation between
the free energy change in an oxidation reduction reaction
and the electrode potentisl is glven by

AF = «EnF (1)
where AF refers to the free energy change of the electrode
reaction specified and I represents the voltage of the cor-
responding cells VWhen the slecirode equation is referred
to the standard hydrogen elecirode pobtential the potential

AF =  <EpNF (2)
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When all the reactants and pfoaucts in the electirode
equation are at unit{ activity as for example when the
standard free ensrgy of the reéaction is known then

A = apar (3)
where EQ ig the standard molal slectrode potentiale
Here H™ 18 at unit activity. 1t is sometimes necessary
to calculate the electrode potential at mome obther HT
activity. There will therefore be included in equation(3)
an additional term representing the free energy change
involved in diluting H" from anit astivity to the specified
activity. This is given by

AP = -nRT? 1nJHT] (4)
The value‘of the electrodd potential at a 2iven pH when
the logarithm of ratio of oxidant to reductant is zero is
represented by BEle Thisg 18 sometimes referred $o as the
apparent molal potentiale Combining equations (3} and (4)
we obtain a general equation relating E,, B}, and HT

By = B+ %}__&[ﬂﬂ (5)

In eguations (3) and (B5) the ratic of oxidant %o
reductant 13 sueh that the logarithm of thig ratio is
gero. If it is required to caleulate the potential of
an oxidation reduction reaction corregponding %o any
ratic of oxidant to redustant at any pH a general equation
mugt include a term representing the dilution or coancen-

tration of the oxidant and the reductant from unit activity
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to the desirved activitye This is given by

AF =  R? in [Red)
L Ox1 {6)

Ingluding this term in equation (5} we obtain

E, ® & - R? 1lnlRed) , RFinfuY
A ° 165 TF (7}

In order %o avold confusion wher the potential of any
oxidation reduction sysvem is given the sorresponding
electrode equation should also be given indicating elearly
the gpecies referred to as well as tie 6aﬂditions.

From the free energy datz we know direstly the
standard free energy of formation of the various speciss
of oxidant and reductants One can therefore readily write
the reactions eorresponding to any of the above sguations.

The method of deriving the fundamental constants
Bg or 3} for the oxidation reduction reactions from po-
tentiomatric data will bhe connidered nexts The goneral
eguation relating the chasrved potential to the ratio of
oxidant and reductent and to tuie IV activity has already
been given in (7) above. The data employed however are
different. Inatesd of being siven &F0 of QF and calcu-

lating the valnes of EO, Eé, En etGass tig procedure is

reverged. Iere from the observed Ep values, the pk and
o

the ratio of the oxidant to reductant the Z, and %the B
values for the given aystem are eslculalbeds
The electrode reaction is generally writben in such

a way as to refer %o 8 single type of oxidant and reduce

tant 6.3+, the undissociated molecule the concentration
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of whieh is not direetly measurable. The concentration

of the undissociated oxidant or redustant sccording to this
geheme ig therefore dependent on the dissociation consiants
and on the pi of the solution. Bquabtions must therefors

be developed %o include these varisbles as well ag fo ex=
press fhe ratio of tie oxidant %o reductant in terms which
are readlily measursble.

The following electrode sguation foxr the xanthine-
uric scld aystem is modified from ¥Filitti's. Only oune
disgociabion congtant is used for esch conmpounds The
oxidant and reductant are considered %o be the undissocia-
ted specliese.

Briefly, then, for uric acid we hLave

wm e v+ st

feom which

K, = Z}? f;rl

Uﬁt stal & AU~

and combining these

Ui = Uh, v H

also

Similarly for zanthine

X = Xy o+ E

Substituting these values of UB and Xt for [Ox3and [Rea]
in equation (7) we obtain

B, = E, - RFnIEk -RTL Ku’rh‘ RTInf H*]
h o - i va +5& nf. £5)
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This equation is in a more useful form than equation (7)

ginee the oxidant and reductant are expressed in readily

measarable terms. Ixperimendal valueg may then be gube-
gtituted for the various tcrms and %, thus evaluated for
the given system.

Similar equations may be derived for any obther oxi-
dation reduction systen.

We shall finally consider the method used by Green
for the evaluation of electrodes pobentialgse Ie ﬂqtermined
the obgerved potential, the pi and the concentrations of
the total oxidant and reduetari. VWhen the ratio of tue
total oxidant %o total reduciant is unity the observed
pobtential Eh then becomes B} at a given pHs This E} is
not the same as that derived for the dissociated 6r the
undissociated speeies of the oxidant and reductant. Its
relation to the eleetrode equaition will be made eléar by
referring again to eguation (8)e It will be recalled that
this equation was derived for the undissociated species
of the oxidant and reductant. Furthermore the second and

hird berms in the sguation were derived by the éxpansian
of the second term of eguation (7).
If the ratio of tie total oxidant to the total re

ductant is unity equation {8) becomes

X - D i1 -, + 53 b ad
& * By - R 1n Kuth + 3 in[E"]

R e
B e 3
o SXHE

o

{9}
where Eg refers to the system involving the total oxidant
and the fobal redustant and B, represents the molal elec-

trode potential for the undilssociated sysicme
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If the ratio of the total oxidani $o the toial re=-
ductant is unity equation (8) tecomes

= B - BT 10 K 1t np Ht
5y = 3, 2 1a ¢111§1++§§_ InJH1

(9)

where L} refers to the sy-lem involving the btotal oxidant

S

and the tobal reductant and B, represents the moial eleo~
trode potentisl for the undissociated systoms.

The symbol Eé as used by Green hag bsen interpreted
to be that defined by equation (9). This eguation makes
it possible to evaluatbe Eo for the undi ssociated system
and thus provides a common basis on which Gresn'g results
may be compared with ours and with those of Filitti.

In a2 gimilar way eguations may be derived for the
evaluation of electrode potentials for other systeus.

In this conneetion we shall recaleulate. Green's datae
Green has determined experimentally the Eé values for the
hypoxanthine-xanthine and xanthine-uric acid sys tems ai
30°C and pH 7. He gives the &Y valuea of =371 and =361
volts reepeativély for these two gsystemse.

Uging CGreen's values for B} , pll and temperature
and our resgults for the dissociation constants and sub-
gtituting bthese in appropréate equations corresponding
to equation (9) the following results were obtained.

At 30°C for the hypoxanithine-xanthine system the 4, value
raferrad to the undissoclated oxidant and reductant comes
out to be 087 vwoltse This corresponds to the free energy
change of «Z,0630 caloriése In a similar way Eg for the
xanbtbine uric acid gystem referred to the undigsociated

specles is 090 volis, the corresponding standard free
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energy changs being-4,150 calorigse By summation of bhesse
two systems the molal electrode pdlentlal Ly for the hypo~
xanthine-uric acid system cones oubt to be G735 velis,
vith a corresponding standard fres energy change o0f-6,780
caloriess

For the purpose of & direct comparison of our results
with those of COreen and Filittl we have recalceulated our
velues for the electrode potentials ab 30 and 38°C. The
egssential data are given in table LIX. The values of the
heat contents were taken from Stiehler enéd Huffman (8),
and the heats of sclution from table LV. The following
example Tor hypoxanthine will 1llustrate ithe meithod of
ealculation involved.

5C +4H4 48+ ¢ D Hy(s); 4&H = «27,630

Ey(s) —> Hylag) i AH = 7,780
Adding

50+4044¥4 0 Hy(“"; 45 ®  «19,850
The 4l so obtained represents the heat content of the
agueocus reactant at one molal activitye. The &ifference
befween the neat counbents of theée profucts and the reactanis
gives the heat of the reactions. This may be used directly
in the van't Hoff cquation together with the frae energy
ghangze of the reaction at a siven temperature to calculate
the free anerzgy change of that reaction at another teme
persture. From the fres emdrgy chauges at 30 and 38%
ealeulated in thie menner, the Z,values at these two tem=
peratures ware caloulated in the same way as before.

A comparison of oupr resulis with those of Green and

Fitktt1 for the different systems is summarized in table IXe
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Compound
Hypoxanthine
Xanthine
Uric Aecid

Hater

TABLE LIX

Heat Content Data in Calories per liole

hPmmmm.PAw ) Al Solution
=27 3630 74780
=91,810 10,760
~148,980 8,030
~58,310

N (aqeazi)
19 -mwo

-81,080



Bo {(volts) at 30°

Green
System Corrs Disme

Be {volta) at 389

Fillitsl
Free Energy Data Corr. 2isn.

Uncorre Iirse Energy Data
Hypozxanthine
xanthine 087 «020 2009 «013 017
(Undisse)
Xanthine Urie Aeid ,
(Undisse.) +020 o117 o L27 #2155 «1l15
! Lhypoxenihine
S Uric Agid 073 «069 sk 2068
o (Unaisse)

« 066
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gson gaveral obgervations

G
g
'
]
3
o

In making the above
should be made. The esﬁiﬁ%%eu anﬂer%ainﬁy in the fres
energy data would lead to a maximum error oFf aboul .025
volts in the Iy valuess In applying the free energy daba
to chemieal resetions it 1s likely that the serrors are
not all in the same direotion and will therefore teund o
cancel oubte In fact the good sgreement of our results
with those of Filgjtti throughout, and at least for the
hypcxan%hiﬁe~uria aeld system with CGreen's data, indicates
that the ppobable error in bie free energy daba 1ls less
than this, Te should further like to point oubt that the
potentiometric mothod of obbaining electrode potenlbials
is subjeet %o several sourges of error. Ffrom the poten=
tiometric meagurements one is not cerfain whether the po-
tentizl measured actually refers %o the reaction poustulabed
or whether it refers %o some ofher reactions Furthermors
in enzymetle reactions one is dependent on the enzyme
acting as a perfeet catalyst. Cn the other hand the free
energy datas sre limited only by the accuracy with which
determinations can be made.

There appears to be cune olber complicabing faobtor,
namely dismubations. The free energy data are derived for
pure ecompounds and therefore the resulis obtained from them
are indepsndent of dismutation. The ¢irect measurement
of electrode pobentlals of tie purine systems are subjeet
to this complication for which 2 corrvecilion must be applied.
In faet Green’s paper ig slmost entirely devobted to the,

mathematical treatment of afequately taking into accoukl
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the dismutation reaction in the caTOQEat'uﬁ of oxidation
raeduetion poltentialse. FL1iGULI on the othe? hand dlsre=
gards dismutation in her work meking s correction in &the
addendum €t o her long papers

Jugt Lo what exitent dismuvation takss place under
tlie experimental conlditlons of measuring oxidation reduc-
tion potentials is nob elear nor are there girictly quanw
titative data available on bhe megnituds of the dismutation
congtants. Ve have ealculated the dismubtation congbant
from free eusrgy date. Ve Lave further re eala¢+aten this
constant at 30° and at 589, the valuss being 000611 and
-000652 regpectivelys

We sinall next proceed to develop appvoprialte equations
for the elescirode potentlals taking into ascount the d&isnu-
tgtione We shall then c¢alculate from owr melal elestrode
potentisls and the dismutation constants electrode pobten=
tisls eorregponding to Green's and ¥Filitti's observed po-
tentialse

Let us congider the general equation for ithe hypo=
ganthine-uric acid oxidation reduction systen
By = &g -»ﬂ‘* in VJ‘X ﬁa: In Xut B o Rfln HY (10}

Ir I w2y+ T

The ratio Hy/UH may be varied, the remaining terms being
eonstant for a given pile The dismubation of hypoxanthine
and uriec acid to form xanthine will also change thia ratio
and thus change the value of Eh in the showe eguatiocne
The effest of dismutation will be to deerease both hypo=-

xanthine and uric asid by equal amounts whielh may be evalu~

ated from the amount of xanthine formede The equilibrium
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or Piazal ratio of the oxidant to rz2duckant will then he

given by IY -x where = is defined by
==
x¢ = [Hy ~x]lug -x]

X beinz the dlsmubtation consignts Solving for x we obitain

( P
x = Hy4 Wl - JHgP+UHE -2 Hy UH(L-2Kn)

The ratio H¥ ~% How hecomes
nﬁ*:;

Hy(1-8Km) - UHD 4Jiiy2 +UEZ 28y UH(1~2Km)
W (1-2%m) ~ Hy H)Hy2 1 UB®  -2HY UH(1-2Km)

Thig ratio may now be substitubed in equation (10} giving
a general clectrolde equabtion which btakes into aceount the

effect of dismabation. This equation is

B, = B, =BT In Ly{1l=2Km) ~Ul —bVﬁ}éfﬁﬁEE =iy UE{1-2Km)
4AF UH{1=2Knm) -Hy-FV Eyz sk ~iiy UL(1l-2Km)

«2 1n Ku+H' (B2 1a Juf]
ir  Kygot F (11)

Agsuming that dismubtation takes place eguation (1l) may

be used %o calenlate the electirode potentials of the hypo=
xenbthine-uric acid asysteme I% is to be observed that when
the ratio of hypoxanthine to uric acid is unity no cor-
rection for diamubation is required and equation (10) may
be used directlys

In the same way an equation ineluding among its

variables the dismutation constant may be'dévelope@ for

the electrode potential of tie xanthinewuric seid sysheme
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The general equation for this systam has already been
given in (8) above. We shkall consilder the effeot of dig=
mutation on the ratio XH/UHe For each molacale of aric
acid Pormed by the digmutalbion reacbion twoe molacules

of zanthing are used upe The rabio of the oxidant to

padootant will bhug he altered to I8 ~ Ba. The value of

& may be considersd in ternms of hgﬂoightg fTormede We
thus kave f£rowm the value of the dlsmulbaitioa conglant
a =T Hy = Kn]Xi -2a]%
taj
or

e

~UH~4Km X + || UH® + 8Km UH XH 4Kn XH2
PlLwARm)

il

The ratio X =23 ncw bacones
W

(DT - { 6kn Ul I8 + 4Km XHP

UH ~8%m UH -4k XutUon2 +8Kn U0 XH +48mas
The final electrode egusiion Tor the xanthine-uric acid

systen taking iato scecouni tihe dismabaticn is

By, = By -22 1n 2(XI +uE -VmP+orn UH i+ 4k 1HP
27  UH -8Km UH -4Kn vit) UE®+ 8Kn B XH +4Knm Xiig
- ot - . ¥+
~RT 1n Kat ™ 427 in [EY]
o ke Ty (12)

The slectrole pobtential of the hypoxanthine-xzanithine
gystem is nob experimentally neasured directly duse to the fact
that the oxidation of hypoxernihine does not sFop at xzanthine
but proceeds Lo the uriec acid stage. The oxidation reduc-
tion potential of thig system is therefore obtained indirectly
from the two other gystems wihich have already besn discussed.

An eleetrode equabtlon might however be developed for this



-171=

gyaten in a naanner zixzilsr to Lhe obhcras

¥ith the wid of eguabion (11) aud (12) 1% is now
possible fo make a more detulled camparison of cur resulis
with those of Gmeen and Filittis, In table LX Fillitti's
obgerved potenitials for the nypoxanthine-~uric acid systenm
are given together with the cslculated Ey values based
on our dataes Sinee she uses a L to 1 ratic of hypoxanthine
to urle acid no correctlon for dlsmubation is necessarys
It will be seen that the agrecment is exbremely goods
In table LXIl we have galeulaited the $h values for the
xanthine uric acid system by means of equation (12)e. The
corregpondiing obgerved pobtentials reported by Filitti are
also givens Again F111it61 uses a 1 %o 1 ratio of oxidant
$o reductants For this ratio the effect of dismubation
waa found to be entirely negligibles The diserepancy
between the observed potentials snd our caleulated resulids
is somewhat larger than that slready given on ps 166.

This is partly due to the faet that dissociation constants
used in our celoulations were different from those used
by Filitti.

Table LXII shows Green's experimental vslues for the
hypoxanthine-urle acid compared in the same waye. Green
uges several Sifferent ratios of hypoxenthine Lo urie acid.
We have caleulated Bh values corresponding bo Green’s using
both equation (10) and (11). It will be observed that the
potentisls caleulated by ueans of egquation (10) agree more
elosely with GreonVs datae Gthan those obtained by the

use of esquation (11). It appears from this comparison that
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TARLE LXIX
COMPARTISON OF PILITTIYE CBSIRVID ELECTRODE POTENTIALS FOR
THE HYPCXAFTHINE-URIC ACID SYSTEM AT 38°C WITH CALCULATED

p

POTENTIALE DERIVED ¥PRUEM FREL ERERGY DATA

P 4p observed By erleulated
72035 -« 387 volis ~e 387 volis
7«08 ~e 300 o D94
708 - o378 - 391
7 eRl ~ 5400 = 904
729 o410 407
730 =410 - o408
7 o8 - o409 =409
731 = ad1l0 - o409
7 adeic - o418 ~o&l7
7«47 - o480 -.421
7«07 -l 37 - o436
767 - ol 56 . - adk 36
7468 -od 3D ~ a2k 56
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TABLE LXII
COMPARISON OF FILITTI'S OBSERVED ELECTRODE POTENTIALS FOR

.

THY YANTHINE-URIC ACID SYSTHEM AT 389C WITH CALCULATED

POTENTIALS DERIVED FRQM FREE BNERGY DATA

pH By gggggvad Ty, cgi.gxélgaw&
747 =2409 ~-¢383
750 -o410 =o 385
7482 - 410 ~+386
7460 - od 34 ~s 392
7«60 ~ed20 ~o 392
760 «s418 -e398
7468 « o420 ~e393
7464 - =420 «e395
7064 «s419 «93956
765 -4 20 - 395
765 --484 - e %95
766 - o420 -+ 396
7458 “ o420 -s 397
770 - 9420 -~ 399
835 okl wsddl

8437 - o463 wodd 2
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1ittle or no dismubtation takes place under the conditions
of Green's experiments. Pinally in taeble IXIII Green's
i

resulte for the xanithine acid are compared with cale

(o)

culated resulits bagseld on free energy dabtas 3By the use
of equation (12) as well as equation (8) it was found that
tha effect of dismutation on the xsnthine uriofggtentials
is negligible. The agreement between the msasured andl the
salculated potentials 1s not satisfactory and is probably
outside the error in the free energy data. The good agreew-
ment of our regulits for the hypoxanthine-uric acld gystenm
with those of Green and Filitti makes us inelined 5o believe
that the frec energy data are reliable alsgo for the xanthine=-
uric acid systeme It must also be remeambered that the
oxypurines nhave a linited solubillity in water and the manie
pulation of relatively hnigh coneentrations of thege gube
abances as in Green's and Filitti'e experiments introe
duceg an uneerbtainty in the resulis. Furtiermore fthe ade-
dition of a relatively large amouni of the enzyme preparas
tion introduces other substances which may affeet tlhe elec=
trode potentials. On the whole the usefulness of thermoe
dynamic data in interpreting the results cobbtained from
equilibrium measurements and in providing sn independent
method by wiieh the results may be checked has been il-
lustrated.

From the values of the oxidatlion reduction potentials
of oxypurines 1% may be con@luded that they are mubtually
oxidizable anf reducible. HHowever the medium in which

thege reactions may take place must he strongly reducing.
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7465
8407
843
6493
7432
6493
7438
7465
8407
Bed3
9420
7432
7465
8.07
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TABLE IXIIX

IERTED FLRCTRODE
St Vil Bl LV

b
i}

calcs BOrYe

volia
- o 94
~ o545
~oB51
- o2
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TABLE LXIV

COMPARISON OF GREZN'S (OBSZRVED ELECTRODE IFOTENTIALS FOR
THE XANTHINE«URIC ACID SYSTEM AT 30°C WITH CABRCULATED

POTENTIALS DERIVED FROM FREE ENERGY DATA
pH Hy fUH By obse Ep calc,

volts volts
6493 4/1 - 0362 -+338
7638 " «+390 -0365
8.07 " -e458 =416
8443 " -od 65 - 0439
6493 1/1 o349 « o« B30
7432 " - 4380 - 0359
765 . wedl5 =+ 380
8407 " - ohd0 ) - o407
8443 d —edst -ed30
9,10 " ;,47§ = o470
6493 1/4 - o335 -+ 363
7 o33 no - 4370 =350
7465 L «e400 -o371

8443 w - o437 - o420
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Under ordinary conditions oxidation reactions would
predominate.

In coneluding this study of equilibrium relations
of purines and their degradation profucts we should like
to point out that the standard free energy changes in
cqueous solutions do not represent the actual conditions
in vivo, al though sertain broad cmelusions may be drawne.
It ig hoped that the information presented in thig thegis
will find further application to the biochemistry of

puriness.



~178-

SUMHARY

The following experimental data for adenine,
hypoxanthine, guanine, xanthine, uric acid, allantoin,
alloxan, and d-l- ILeucine have been presented: Solu-
bilities at 25°C and 509C; dissociation o anstants;
vapor pressure of alloxanealloxan trihydrate systemg
evidence for non existence of hydrates of adenine and
xantliine; activity coefficients of alloxan,~<sll re-
forred to 25%C,

The experimental methods nged for the deberminae
tion of the abowe physical chemical counstants have bheen
degeribed.

Utilizing the experimental data the standard free
ensrgies of formatlion of undissosiated wolecules, and
ions in agueous salubion at 25°C have been derived, and
the methods of caleulating these have been indicated.

The energy relationghips of the different processes
involved in the degradation of purines have been dig=-

cusgedas
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