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Methods are now available for the determination of degrees of dissociation of
electrolytes, both weak and strong, in solutions of finite concentration. Light
absorption and Raman spectral methods contribute to a consistent picture of the
composition of concentrated nitric acid solutions. The Debye-Hiickel theory,
conductance data, kinetic measurements, and the intensities of Raman lines give a
reasonably consistent picture of the molecular constitution of aqueous sulfuric acid
in solutions of all concentrations.

The data now are sufficient to permit calculation of reasonably satisfactory theo-
retical curves showing the heats of dilution, apparent molal volumes, and surface
tensions of sulfuric acid solutions. Data are insufficient for an entirely satisfactory
comparison of computed and experimental values of heat capacities, but the calcu-
lations agree as well as can be expected with the uncertain experimental data.

When the Debye-Htckel theory (9) first appeared there were very few data
which were sufficiently accurate for testing it. One of the most interesting and
significant tests would have been a comparison of the predictions of the theory
with precise experimental values of the degrees of dissociation of weak and
strong electrolytes. Although the major objective of the vast amount of work
that has been done on electrolytic dissociation was the determination of equilibria
in solutions of finite concentration, no adequate determinations existed in 1923.

The answers to a number of other fundamental problems of physical chemistry
have had to await more knowledge of electrolytic dissociation. Enough informa-
tion has now accumulated to permit us to make significant progress with one
group of problems: namely, the explanation in terms of constitution of variations
of familiar properties of electrolytes with concentration and temperature. Some
of the most interesting properties—heat of dilution, density, surface tension, and
heat capacity—are dealt with in this review.

I. DETERMINATION OF DEGREES OF DISSOCIATION OF ELECTROLYTES

A. Conductance methods

In 1926 two attempts were made to obtain better estimates of degrees of dis-
sociation from conductance data. Maclnnes (30) described a method for the
investigation of electrolytes of the 1-1 valence type which he has continued to use
and develop (31, 33). Prior to 1926 the degree of dissociation had been calcu-

1 Presented at the Symposium on Thermodynamics and Molecular Structure of Solutions,
which was held under the auspices of the Division of Physical and Inorganic Chemistry at
the 114th meeting of the American Chemical Society, Portland, Oregon, September 13 and
14, 1048.
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lated from the ratio of A, the equivalent conductance, to Ay, the limiting equiva-
lent conductance at infinite dilution. MacInnes employed instead:

a = A/A, (1

where A, is the equivalent conductance of only the dissociated part of the elec-
trolyte. A, in principle, could be determined from A, by the application of
corrections for the influence of interionic forces and other similar effects. In
the procedure used by MacInnes, the estimate of A, was based upon the assump-
tion that the sum of the mobilities of the ions of a uni-univalent electrolyte is
determined by the total ionic strength. He also used the Debye—H{ickel limiting
law for estimation of activity coefficients to be used in his calculations. The
apparent equilibrium constants obtained with this procedure are essentially
constant for acetic acid concentrations ranging as high as 0.0002 mole per liter
(32). That concentration is still small, but the improvements in methods and
results were definite and important.

In the same year Sherrill and Noyes (55) attacked a somewhat more difficult
problem: they dared to work with ions of mixed valence types and at concen-
trations as high as 0.05 molal. The procedure they developed is, as a result,
considerably less general than that of MacInnes. They assumed that the
mobility of an ion is the same in two solutions of the same ionic strength, pro-
vided the ions in each solution are similar (in structure, valence, etc.). There
was little they could do at the time to demonstrate the validity of their method,
but apparently they presented their results with considerable confidence. Some
of their conclusions concerning sulfuric acid solutions will be compared below
with the results of methods developed more recently.

B. The first optical method: light absorption

von Halban and Brill (13) have recently compared and appraised various
methods which have been employed repeatedly in investigations of the dissocia-
tion of weak and moderately strong electrolytes. They reiterated earlier con-
clusions of von Halban and his coworkers that the method of light absorption
stands out above the other well-known procedures because it is not highly de-
pendent upon corrections for the influences of solute ions and neutral molecules.
The conductance method involved assumptions concerning the variations of
ionic mobilities which are large even when solutions are relatively dilute. Freez-
ing-point, vapor pressure, osmotic pressure, and electromotive force methods are
affected by assumptions concerning relations of activities and concentration.
Some, at least, of the electromotive force methods are marred also by errors due
to liquid-junction phenomena for which adequate corrections have not been
devised. The molecular extinction coefficient of an absorbing ion, however, is
sensibly constant for all ionic strengths less than 0.01. In an earlier paper
von Halban and Eisenbrand (14) had observed large changes in the molecular
extinction coefficient when the ionic concentrations became very large, but at low
concentrations the variations are negligible. With refined optical methods, such
as those employed by von Halban and Kortiim (15, 26), a precision as good as
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0.01 per cent can be obtained in the measurement of extinction coefficients, and
as good as 0.1 per cent in the determination of dissociation constants.

A severe and beautiful test of the Debye-Hiickel theory made in 1934 by
von Halban and Kortiim (15) is illustrated in figure 1. The ordinates represent
the logarithms of the apparent dissociation constant of 2,4-dinitrophenol. The
apparent constant (the function calculated directly from concentrations without
the aid of activity coefficients) should vary in dilute solutions, as indicated by
the straight line whose slope was calculated by means of the Debye-Hiickel
limiting law. Some of the points at very low concentrations represent solutions
containing only the solute, dinitrophenol. Other points show the effects of
added neutral salts. The Debye-Hiickel limiting law is obeyed almost perfectly
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Fra. 1. Logarithm of apparent dissociation constant of 2,4-dinitrophenol at 25°C
X indicates acid as sole solute; O, acid in presence of potassium chloride; [J, acid in presence
of potassium perchlorate; and M, acid in presence of sodium chloride. Straight line
represents Debye-Hiickel limiting slope.
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for all ionic strengths less than 0.003. It fails, as expected, at higher concen-
trations, but the principle of ionic strength remains valid to an ionic strength of
0.01. The authors extended their observations to ionic strengths greater than
2.00. In solutions of those high concentrations they observed large specific ion
effects. It isnot yet possible to determine how much of such an effect is due to
influences which alter the degree of dissociation, and how much should be as-
cribed to variations in the molecular extinction coefficient itself. The usefulness
of the method for studying concentrated solutions is therefore limited.

For very dilute solutions, the most important disadvantage of the light ab-
sorption method is that it is restricted to equilibria which involve at least one
ion or molecule that absorbs light. Though colorless acids or bases can some-
times be studied with the aid of indicators, the procedure is more complex and
less accurate.
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C. The second optical method: Raman spectra

Another optical method which makes use of Raman radiation has been de-
veloping during the last fifteen or twenty years. The method depends upon
measurements of the relative intensities (usually determined photographically)
of a Raman line produced by exciting radiation supplied by a source of constant
strength. Application to investigations of chemical equilibria has usually
depended upon the assumption that the intensity of a selected Raman line is
proportional to the concentration of the ion or other molecule giving rise to that
line. The accuracy of the simple proportionality has been investigated for only
a very few substances and inadequately for those. The special attention directed
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Fic. 2. Relative intensites of Raman lines from solutions of sodium nitrate, ammonium
pitrate, and ammonium sulfate. Vertical scales are purely arbitrary.

toward nitric acid, however, has resulted in relatively extensive investigations of
the line of A = 1048 cm.™ arising in solutions of various nitrates. Sodium
nitrate solutions have been studied by I. R. Rao (39), Simons (56), and N. R.
Rao (41). Simons also studied ammonium nitrate solutions. Relative intensi-
ties for these nitrates, taken from the tables of Simons and of N. R. Rao, are
shown in figure 2. Simons’ measurements of intensities of the 980 ¢cm.™! line
from ammonium sulfate solutions are also plotted. The scales used in figure 2
for the intensities are entirely arbitrary. They were chosen, merely to avoid
superposition of the lines, so that the slopes would be 0.75, 1.00, and 1.25. Ob-
viously the ratio of intensity to concentration is constant, within the limits of
precision of the experimental methods, throughout the ranges of concentration
investigated.
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(1) Nitrie acid

The intensity of the Raman line of 1048 cm.™? arising in a concentrated nitric
acid solution is not so great as its intensity when produced in a sodium nitrate
golution of the same concentration. Moreover, when the concentration of the
acid is increased beyond 39 weight per cent the intensity of the 1048 cm.™! line
actually decreases. Simultaneously the intensities of other lines (notably the
line of 1292 em.™") characteristic of pure nitric acid become greater.?

Redlich and Bigeleisen (46) determined experimentally the concentration of the
sodium nitrate solution giving rise to lines of the same intensity as each of several
nitric acid solutions. Equating the ratio of the concentrations to the degree of
dissociation of the acid, they obtained the results® in table 1. From these values
they estimated the thermodynamic dissociation constant (K = 21 4 4). Be-
cause the present knowledge of activity coefficients is very limited, the uncer-
tainty in the constant is large. If, however, the assumptions that sodium nitrate
is completely dissociated and that the nitrate-ion concentration is the same in
solutions giving rise to radiations of equal intensity are accurate, the uncertain-
ties in the degrees of dissociation in table 1 are no greater than those in the ex-
perimental work itself.

|

TABLE 1

Degree of dissociation of nitric acid
O a5t e | oso0 1030 1180 | 1423
Gt | 0.823 | 0.673 | 0.49 | 039 | 032 ;| 0.4

An interesting application of the data in table 1 may be made to the interpre-
tation of the dependence on concentration of the molecular extinction coefficients
of nitric acid. von Halban and Eisenbrand (14) have determined curves for
light of several wave lengths, showing the variation of the molecular extinction
coefficients with concentration. The curves are complex, containing prominent
points of inflection, whereas corresponding curves for potassium nitrate (14, 54)
are comparatively simple. The points of inflection may readily be ascribed to
the rapid rise in the ratio of the concentration of the undissociated nitric acid to
that of the nitrate ion as the total concentration increases. From the known
degrees of dissociation and the light absorption data for solutions of potassium
nitrate and of nitric acid, it is possible to calculate approximately the molecular
extinction coefficients of the undissociated nitric acid. The values of the coeffi-
cient so calculated exhibit a maximum at about 2800 A. and then decrease
toward zero as the wave length increases beyond 3100 A.

? The assignment of the various observed frequencies (about 10) in HNO; and DNO; to
the expected modes of vibration of the nitric acid molecule has been successfully carried out
(¢f. Redlich and Nielsen (48)).

3 Values of « for lower concentrations and references to the extensive earlier literature
have been given by Redlich (44). His article is an excellent review of the general problem
of the dissociation of strong electrolytes.
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Dalmon (7) has measured the absorption of light of 3180 A. in solutions of nitric
acid varying in concentration from 0.8 to 24.6 moles per liter (pure acid). Since
undissociated nitric acid does not absorb a significant fraction of light of that
wave length, his measurements yield directly approximate relative values of the
nitrate-ion concentration and therefore of the degree of dissociation of nitric acid.
The results are not strictly comparable to those of Redlich and Bigeleisen, be-
cause of the known variations with concentration of the molecular extinetion
coeflicients (14) and because Dalmon’s work was done at about 1°C. rather than
26°C. Nevertheless, the fact that Dalmon’s data lead to degrees of dissociation
almost proportional to those of Redlich and Bigeleisen is an effective argument
for the essential correctness of the data shown in table 1.

(2) Other electrolytes

Solutions of only a few other electrolytes have been extensively investigated
(19). Todic acid (42), perchloric acid (47), and trichloroacetic acid (43) have all
been shown to be incompletely dissociated strong electrolytes. Mixtures of
nitric acid and sulfuric acid and of sulfur trioxide and sulfuric acid have also
been studied extensively. For our present purposes, the most interesting system
is that of sulfuric acid and water, because its properties exhibit marked variations
with temperature and concentration which are more complex and interesting
than those of most other electrolytes. These phenomena are due to the favor-
able magnitude of the dissociation constant of the bisulfate ion.

(38) Sulfurie acid solutions

Figure 3 is a simplified representation of various classes of lines reported for
solutions of sulfur trioxide in water. The line of 1271 ¢cm.™!is typical of a group
of lines arising in pure sulfur trioxide. That line and about fifteen others are
probably due to a non-planar molecule with the formula S;0,. Other lines
seem to be due to the monomer and, at low temperature, to other polymers (10,
11, 18). As water is added to sulfur trioxide, the intensity of the 1271 e¢m.™?
line drops rapidly while other lines appear and increase in intensity (6,36). Note
the very strong 910 cm.—! line whose intensity rises to a maximum in solutions
having the composition SO;-H:O. As more water is added the intensity of the
910 cm.™ line drops and a line of 1043 ¢cm.™ appears, increases to a maximum,
and finally decreases toward zero (40). Another important line, of 980 em.™,
reaches a maximum in a solution of about 15 mole per cent sulfur trioxide.
Another, of 960 ¢m.™}, reaches a maximum at a mole fraction of sulfur trioxide
somewhere between 60 and 70 mole per cent (36), but the existing data are too
meager to indicate accurately the height or position of the maximum. The line
has, however, been studied carefully in solutions more dilute than 50 mole per
cent sulfur trioxide (2) and more concentrated than 80 mole per cent (36). In
both of these regions the intensity has been shown to be low-—nearly zero.

A complex literature has been summarized and greatly simplified in figure 3.
Only five typical lines of the many reported are represented. Furthermore, each
line is identified by a single wave number. Actually the lines have breadth, i.e.,
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extend over a short range of wave lengths. The shapes of the lines, notably the
positions of the maxima, vary with composition (1, 2, 35, 59). Most observers
have not worked carefully enough to be forced to take the shape and exact posi-
tion of the lines into account. The intensities represented in the right half of the
diagram were estimated only roughly on a whole number scale from 0 to 10 (36).
Fortunately for our purposes, the data shown in the left half of the figure are
somewhat more accurate. They were obtained by N. R. Rao (40), using a rela-
tively precise photographic procedure. The intensities he reported are actually
the integrated intensities obtained from measurements over the full widths of the
lines. He assumed that it is the integrated intensity which is proportional to
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F1c. 8. Intensities of typical Raman lines from solutions of sulfur trioxide and water

concentration. His results seem to be accurate to about 10 per cent. Unfor-
tunately, Rao did not report the temperatures of his solutions and presumably
did not measure them. He reported only that they were cooled (by water)
during the exposures.

Though additional information can yet be derived from more extensive and
more precise work, the interpretation of figure 3 seems to be clear. Addition of
SO; to Hy80, or of H,O to SO; produces pyrosulfuric acid, H2S,07, and the ions
HS,;0;~ and S;0;-—. Presumably the 960 cm.~!line therefore is due to pyrosul-
furic acid or one of the products of its dissociation (6). It is interesting to
study the decrease in intensity of the 910 e¢m.! line as sulfur trioxide is added to
sulfuric acid. If we assume that pure sulfuric acid solution contains the one
molecular species HoSO,, and that 1 mole of it is removed by each gram formula
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weight of sulfur trioxide added, we can compute the reduction in the concen-
tration of HsSOs These assumptions and the density data of Knietsch (24)
lead to the conclusion that the concentration of H:SO; in a solution of 57 mole
per cent sulfur trioxide is about 55 per cent of that in pure sulfuric acid. This
result is in satisfactory agreement with the 40 per cent indicated on the semi-
quantitative curve in figure 3. More careful work will probably add consider-
ably to knowledge of the equilibrium in mixtures of sulfur trioxide and water.

The region between 0 and 50 mole per cent sulfur trioxide represents solutions
of H,SO, in water. Because he was interested in the relative concentrations of
the ions, N. R. Rao measured also the intensities of lines from ammonium sulfate
and potassium bisulfate solutions. The strength of the 980 em.~? line produced
in an ammonium sulfate solution and that of the 1043 cm.™! line from a potassium
bisulfate solution support the conclusions drawn by Rao and previous workers
(2, 35, 59) that the 910, 1043, and 980 cm.™! lines are produced by molecular
H.S0,, HSO,~, and SO4~ —, respectively. The usual assumptions (that ammo-
nium sulfate is completely dissociated, and that the ratio of the intensities of the
980 ¢m.™! line from a sulfuric acid solution and from the ammonium sulfate solu-
tion is equal to the ratio of the concentrations of the sulfate ion in the two solu-
tions) lead directly to calculations of the sulfate-ion concentrations in the sulfuric
acid and potassium bisulfate solutions! (see table 2, column 3).

Subtraction of 0.186 from 3.0 leaves the concentration of bisulfate ion in the 3
molar potassium bisulfate solution. Simple proportion and the measured in-
tensities of the 1043 cm.™ line then yield the concentration of the bisulfate ion
in the various sulfuric acid solutions (see column 5). The sum of the SO~
and HSO,~ concentrations subtracted from the stoichiometric concentration
leaves the concentration of the undissociated HoSO, (column 7). A severe test
can be applied to the whole calculation. The 910 cm.™? line should be propor-
tional to the sulfuric acid concentration in column 7. Figure 4 shows that the
relation between intensity and the calculated concentration is indeed linear
within the limits of error of the photographic technique.

The apparent equilibrium constants K and K; were computed for the first and
second dissociations directly from the concentrations in table 2. The values of
K are compared in figure 5 with the thermodynamic constant determined by
Young, Klotz, and Singleterry (22, 57, 61) by means of a light absorption method
used with an indicator. The short straight line shows the limiting tangent cal-
culated from the Debye-Hiickel theory; the short curved line represents the
Debye-Hiickel approximation calculated acecording to the method of Kielland
(21) with ion parameters of 9, 4, and 4 X. for the hydrogen ion, sulfate ion, and
bisulfate ion, respectively.

4 Rao’s assumptions were equivalent to these, but he did not express his results in terms
of actual concentrations. The calculations he made were not explained and contained a
sufficient number of arithmetic mistakes to make them difficult to follow. They are also
awkward for our purposes. All of the calculations described here were based upon the
original integrated intensities given in his article. Values similar to those in column 7 were
calculated also by De Béthune and Kimball (8).
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The upper curve of figure 5 shows values of K;. Since the data are insufficient
for extrapolation, the curve has been extended arbitrarily to a value of K, es-
timated roughly from the theory of Kossiakoff and Harker (27). The vertical
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F1c¢. 4. Intensity of Raman line of 910 em.™? versus concentration of undissociated sul-
furic acid calculated by difference.

TABLE 2
Relative intensities of Raman lines and concentrations calculated from them
1 @) (3 (4) (5) (6 O]
(H2SO4) 980 cm.”t  (SO4~ ~) 1043 cm."t (HSO4™) 910 cm."! (-HHSOq)
16.9 860 1.28 2330 15.6
14.9 1800 2.68 1700 12.2
12.8 3120 4.65 1150 8.2
10.8 11.8  0.25; 4350  6.48 765 4.1
8.7 15.2  0.32 4412 6.57 1.8
6.8 13.0 0.27; 3678 5.48 1.0
3.0 6.5 0.13 1800 2.68 0.2
(NH()2S04
3.0 140.5 (3.00)
KHSO.
3.0 8.7 0.18 1800 2.81 i

length of the lines represents the uncertainty introduced by a 10 per cent un-
certainty in one of the intensity measurements.

The fractions of the solute present as sulfate ions, as bisulfate ions, and as un-
dissociated sulfuric acid are represented in figure 6 by the vertical distances be-
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tween adjacent lines. The sum of the distances represents unity at all concen-
trations. In very dilute solutions nearly all of the sulfuric acid is present as
sulfate and hydrogen ions; at higher concentrations most of it is bisulfate and
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F1e. 5. Apparent dissociation constants K; and K, of sulfuric acid in water., Vertical
lines indicate changes that would be produced in K’ by alterations of 10 per cent in measured
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F1c. 6. Fractions of sulfuric acid present as undissociated acid, as bisulfate ion, and as
sulfate ion, represented by vertical distances between adjacent lines.

hydrogen ions; and in very concentrated solutions most of it is undissociated
sulfuric acid.

Absolute concentrations may also be computed. In table 3 are shown ap-
proximate maximum values of the concentration of the sulfate ion and bisulfate



VARIATION OF PROPERTIES WITH DEGREES OF DISSOCIATION 103

ion, and of the volume and +weight ionic strengths. In the bottom line are
approximate values of the concentrations of sulfuric acid in which the maxima
are attained. The hydrogen-ion concentration reaches a maximum slightly
higher, of course, than the maximum (HSOs ).

Rao did not investigate solutions more concentrated than 16.9 moles per
liter. It isimpossible, therefore, to estimate directly from his intensity data the
concentration of bisulfate ion in the pure acid. Extrapolation indicates, how-
ever, that it is very small. This result is in agreement with the conclusion of
Hammett and Deyrup (16) that the bisulfate-ion concentration is about 0.05
mole per liter at 25°C.

For calculations to be described below, it is necessary to calculate degrees of
dissociation of the bisulfate ion for a wide range of concentrations and for tem-
peratures varying from 0° to 50°C. Both the dissociation constant and the
standard free energy of dissociation vaiy too rapidly with temperature to be
treated as constant. A better approximation is to treat activity coeflicients as
temperature invariants. To facilitate calculations of equilibria in dilute solu-
tions of sulfuric acid, Bray and Liebhafsky (4) prepared a table of equilibrium

TABLE 3
Maximum concentrations and maximum tonic strengths
(S04~ ) (HSO«™) By BW
Maximum value. . ................... 0.35 6.7 8.0 14.3
Concentration of solution at which ! I \
maxXimum OCCUTS. ... ......uuuren ... \ 810 } 10 \' 10 11.5

quotients which are nearly equivalent to vz, the product of the activity coeffi-
cients of the hydrogen ion and sulfate ion divided by the activity coefficient of the
bisulfate ion.

e = (ya+) (yso7™)
v (vmsoy) @

They based their table upon the degrees of dissociation determined by Sherrill
and Noyes (55), supplementing them with kinetic data of their own. Values of
v calculated from their paper are shown in figure 7. Shown also are values of
vr computed from the Raman data of table 2, and two curves calculated from the
Debye-Hiickel limiting law (labelled D. H. L.) and from the Debye-Hiickel
approximation (labelled D. H. A). The D. H. A. curve, calculated by the
method of Kielland, was based upon ion parameters of 9, 4, and 4 A. for the hy-
drogen ion, sulfate ion, and bisulfate ion, respectively.

On the right portion of the plot two series of points are represented: one group
calculated from ion concentrations expressed in molarity (moles per liter of solu-
tion) and one group expressed in molality (moles per kilogram of solvent). The
former are plotted against the square root of the volume ionic strength, uy,
and the latter versus the square root of weight ionic strength, uw. By accident,
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most of the points appear to lie on the same curve. A point lying above the
curve at A/ uy = 2.6 represents a considerably more concentrated solution than
that at A/uy = 2.7s, but appears at the left of the latter because of the maxi-
mum attained by the volume ionic strength.
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F1c. 7. The activity function vz from Raman data, from tables of Bray and Liebhafsky,
from the Debye-Hiickel limiting law (D. H. L.), and from the Debye-Hiickel approxima-
tion (D.H. A.).

The agreement between the two sections of the curve is fairly satisfactory
and is all that could be expected at the present time. They have been joined by
a broken line. Except at very low concentrations, the uncertainties are 10 per
cent or more. The Raman data, for example, were treated as 25°C. measure-
ments, although the temperature was not reported. In addition, experimental



VARIATION OF PROPERTIES WITH DEGREES OF DISSOCIATION 105

errors may be as large as 10 per cent. The conductance theory used by Sherrill
and Noyes and the methods of Bray and Liebhafsky also may introduce errors
of considerable magnitude.

Because of those uncertainties, the experimental curve is probably no more
accurate than the theoretical one (D. H. A.) at ionic strengths of 0.2 or less.
The latter curve has accordingly been connected by a second broken line with the
section representing the Raman data. Within a few years, improvements in the
Raman data should make it possible to determine which of the two curves is more
accurate. For the present there is little basis for a choice between them for the
calculations to follow.

APPLICATION OF ACTIVITY COEFFICIENT CURVE TO ANALYSES OF
PROPERTIES OF SOLUTIONS OF SULFURIC ACID

Throughout the following discussions aqueous solutions of sulfuric acid are
regarded as mixtures of solvent and three solutes, two of which are completely
dissociated. To distinguish the three solutes, the following special notations
are used: The formula H - H-SO, represents that portion of the sulfuric acid which
is dissociated into hydrogen ions and sulfate ions; the symbol H:-HSO; denotes
the other ionized solute; and -HHSO, denotes undissociated acid. The concen-
tration of H-H-SO; is simply the sulfate-ion concentration, and the concen-
tration of H-HSOQ, is the concentration of bisulfate ion. The customary for-
mula H,SO, denotes, as usual, the mixture of ionic and molecular species present
at equilibrium in a sulfuric acid solution. Obviously:

(Hs804) = (H-H-SOy) + (H-HSO4) + (-HHSO,) 3)

where the parentheses as usual indicate the respective concentrations.

The symbol ¢ stands for any apparent molal quantity (29). o¢g, ¢v, and ¢¢
denote the apparent molal heat content, apparent molal volume, and apparent
molal heat capacity, respectively. ¢ at constant pressure only is needed; hence
the subscript p is not used. ¢° represents ¢ of a substance in its standard state,
and AH° represents increases in heat content (enthalpy) for reactions involving
substances all of which are in their standard states. Thus, ¢% (H-HSO,) repre-
sents the apparent molal volume of H-HSO;, in its standard state. When the
difference between ¢° and ¢ is written, the appropriate formula is placed below
the pair of symbols, instead of in parentheses after each ¢.

A. Heat of dilution

Heat is evolved slowly and regularly as a mole of sulfuric acid is diluted from
1 molal toward 0.05 molal (5). As it is diluted beyond 0.05 molal, much larger
amounts of heat are evolved. That portion of the dilution curve has been in-
vestigated at 25°C. by Lange, Monheim, and Robinson (28; ¢f. 17, p. 439), with
whose data our theoretical calculation may be compared.

Since we are concerned with dilute solutions only, we can neglect the presence
of -HHSO;. A mole of HyS0; is therefore regarded simply as a mixture of «
moles of H-H-SO;and 1 — amoles of H-HSO,. The apparent molal heat con-
tent of HySO, is then apgr of H-H-SO, plus (1 — a)ez of H-HSO; plus AHx,
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the heat absorbed during the mixing of hypothetical solutions of H-H-SO;
and H-HSO,.

‘PH(H2S04) = Ot<PH(H'H'SO4) + (1 -_ a)<PH(I‘I'HSO4) + AHM (4)

At the concentrations of importance here we shall be able to neglect AHy when
the ionic strength of each of the two hypothetical solutions is the same as that of
the mixture existing in the real sulfuric acid solution.?

The heat of dilution of 1 mole of sulfuric acid from molality m to infinite dilu-
tion is the difference between ¢y, the standard apparent molal heat content, and
eg of sulfuric acid at molality m. Thus:

AH (dilution tom = 0) = oy — ¢x (5)

Now ¢y of HySO, and ¢y of H-H-SO; are equal, since the conventional standard
for each is the infinitely dilute solution.

e (H:804) = on(H-H-S0,) (6)

The dilution of sulfuric acid may be thought of as the sum of four hypothetical
processes. Consider, for example, the dilution of 1 mole of HySO, in 0.01 molal
solution to infinite dilution. The first step is the separation of a solution con-
taining 1 mole of H,SO; and 10° g. of water into two portions containing « mole
of H-H-S0,, and 1 — « mole of H-HSO,, respectively. The amount of solvent
in each is sufficient to make each ionic strength equal to that of the original
solution, which is pw = m(l + 2a) = 0.01(1 + 2a).

Solution of Solution of
Solution of H,SO, o«H-H-S0, and (1 — «)H-HSO4 and - )
and 10°g. HO  — 3, . T —a)

m 10 g H2O -———1 + o 10 g. Hzo

AH of this separation process is the negative of AHy at constant ionic strength.
Now to each hypothetical solution is added an infinite amount of water:

Solution of Solution of

aH-H-S0; and aH-H-S0O, and ®)
3a + ©H0 - H,0

_2* 10 o Ho

1T % 10° g. H.O

5 A series of investigations now in progress shows that the changes in total volume and
in heat content accompanying the mixing of aqueous solutions of electrolytes of the 1-1
valence type are very small when each solution has the same ionic strength as the ternary
mixture produced. For solutions as dilute as those involved here, the same is true of the
mixing of electrolytes of the 1-1 valence type, e.g., sodium chloride, and of the 1-2 valence
type, e.g., potassium sulfate (58). There is some indication, however, in current investi-
gations of the free energy of mixing that changes in volume, heat content, and excess free
energy may be even smaller if all of the solutions are of the same normality (49). For the
concentrations involved in this calculation, either formulation of the principle leads to
essentially the same results.
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Solution of Solution of
(1 — «)H-HSO; and (1 — «)H-HSO; and
9)
(1 — a) B + °°H20 had H O
3 >}
—1——T-—2_a 10 g. H2O 2
Finally, the (1 — o) mole of infinitely dilute H-HSO; is allowed to dissociate:
(1 —a)H-HSO; —> (1 — «)H-H-S0O, (10)

AH of this process is (1 — &)l of H-H S0, — ¢y of H-HSO,] which is (1 — «)
times the standard heat.of dissociation, AHps, of the bisulfate ion. The heat of
dilution of sulfuric acid from any m to m = 0 is therefore:

ox — ¢eg = —AHy + aler — ea) + (1 — a)(et — ¢x) + (1 — «)AHpi,e (11)
H,SO, H-H-SO, H -HSO,

This is the fundamental equation for the theoretical calculation of the heat of
dilution of sulfuric acid. The data needed are the hypothetical heat of mixing,
the degree of dissociation of the bisulfate ion, the standard heat of dissociation
of the ion, and the heats of dilution of the hypothetical solutes H-H-SO; and
H-HSO..

The various terms were evaluated as follows: The hypothetical solutions of
H-H-SO, and H-HSO, formed by an imaginary separation of HsSO; into two
parts were presumed to have the ionic strength of the original solution. Hence
AH y was taken as zero. For the next term we need the heat of dilution of
H-H-S0; from a molar concentration equal to one-third of the ionic strength
to infinite dilution. The third term is (1 — «) times the heat of dilution of
H-HSO, from a molarity equal to the ionic strength to infinite dilution. These
quantities were computed from the equations for lithium sulfate and sodium
chloride given by Young and Seligmann (64). Fortunately, the contribution of
these terms is overshadowed by the last, and it is not likely that the error in-
troduced by the substitution of these salts for the hypothetical acids increases
appreciably the total error in the calculations.® The errors introduced by these
and other approximations become smaller as concentration is decreased. The
extrapolation aspect of these calculations is probably not affected at all by such
approximations.

The standard heat of dissociation was determined from an empirical equation
fitted to the equilibrium data obtained for temperatures between 5° and 55°C.
by Young, Klotz, and Singleterry (57, 61). The equation gives for 25°C.:
AFY = 2721 cal. mole™!, AH® = —5188 cal. mole™, and AC(;, = —46 cal. mole™!
degree.™?

The results of the calculations are compared in figure 8 with the experimental
data of Lange, Monheim, and Robinson (28). Their experimental values were

6 Existing measurements of the heats of dilution and heat capacities indicate that acids
and lithium salts are similar thermochemically (12, 51, 52). However, substitution of
sodium sulfate and sodium chloride leads to little change in the results.
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obtained from a summation of a series of dilutions, some of which required pre-
cision in temperature measurement of 10~%°C. or better. The authors’ estimate
of the probable error of a single point at the highest dilutions is 40-100 cal.
mole.™ At least one of the two points nearest ¢ = 0 must be in error by 100
cal. mole~! or more, since it is clear that the original dilution data are internally
inconsistent.

The agreement between the theoretical and experimental results over the full
range of the data is wholly satisfactory in view of the limited data now available.
The theoretical values become more accurate as concentration is reduced,
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F1c. 8. Relative heat content of sulfuric acid. Curve is calculated. Points are experi-
mental values corrected for error of linear extrapolation. Dashed line shows Debye-
Hiickel limiting law.

whereas the experimental values become less accurate. Extrapolation based
upon the theoretical curve should be very reliable. Since Lange, Monheim,
and Robinson extrapolated linearly, all of their results for the integral heats of
dilution (table 2 of reference 28) must be reduced by 290 cal. mole.= Even
from the data now available, this correction has been calculated with an uncer-
tainty probably no greater than 10 or possibly 20 cal. mole.”? Better calcula-
tions of the curve near \/m = 0.2 will have to await a complete experimental
determination of the heats of dilution of an acid which is nearly completely dis-
sociated, e.g., hydrochloric acid, further knowledge concerning heats of mixing
and, especially, better knowledge of the degree of dissociation of the bisulfate
ion.
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B. Apparent molal volume

The apparent molal volume of sulfuric acid decreases slowly as its concentra-
tion is decreased from 3 to about 0.3 molar (see figure 9). It then drops rapidly
as the concentration is further decreased. From Klotz and Eckert (23) has come
a quantitative explanation of these variations, in terms of the dissociation of the
bisulfate ion and the relatively small variations in volume typical of electrolytes
which are much more highly dissociated. The latter are ascribed largely to the
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F1e. 9. Apparent molal volumes of H-HSO,, H,804, and H-H-SO4s. Points are experi-
mental.

interionic attractive forces treated by Debye and Hiickel (¢f. Redlich and Bigel-
eisen (45)). Klotz and Eckert employed the equation:

ov(HaS04) = aev(H-H-80,) + (1 — a)er(H -HSO,) (12)

and assumed that ¢v of each of the hypothetical solutes is determined (at con-
stant temperature and pressure) by the total ionic strength. They calculated
apparent molal volumes for the hypothetical solute H-H-SO,, assuming that
apparent molal volumes of ions are additive, and that each ¢v is determined by
the total ionic strength.® For each of a series of ionic strengths they employed
the equation:

‘PV(H'H'SO4) = ‘PV(KZSO4) + 2<PV(HCI) - 2<PV(KCI) (13)

The apparent molal volumes were determined from the respective density data
for solutions of potassium sulfate, hydrochloric acid, and potassium chloride,
all having ionic strengths equal to that of the sulfuric acid.

The lowest curve of figure 9 shows their results. The solid circles of figure 9
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represent experimental determinations of the apparent molal volumes of sulfuric
acid calculated by Klotz and Eckert from densities which they had determined
with a precision of about one in 108, The open circles of the figure represent
apparent molal volumes of H-HSO; calculated by means of equation 12 from
measured values of ¢y for HoSO,, the theoretical curve for H-H-S0s, and the
degrees of dissociation of HSO,~. The degrees of dissociation they estimated by
a method which gave essentially the same results for the apparent molal volume
as the upper vz line in figure 7. The fact that the curve so obtained for H-HSO,
is nearly linear within the experimental range and has about the slope expected
for an acid of 1-1 valence type is evidence for the essential correctness of the
procedures used.

Klotz and Eckert completed their beautiful analysis by estimating Ay for
the dissociation of HSO; (—20.2 cm.? mole™?) and calculating the portion of the
curve for HoSO;s between the origin and the first experimental point.

C. Surface tension

Surface tensions of aqueous solutions of most strong electrolytes other than
acids are nearly linear functions of concentration (20). In all of the measured
surface tension isotherms of sulfuric acid there are prominent maxima. In the
isotherm for 0°C. there is also a shallow minimum (see figure 10). The mini-
mum becomes less pronounced as temperature rises and seems to disappear at
about 55°C. (20, 34, 50).

Young and Grinstead (60) have recently attempted to determine to what ex-
tent varying degrees of dissociation are responsible for these phenomena. Ob-
serving that contributions of various ions to the surface tension are approximately
additive except when hydrogen ion is in the presence of a second positive ion,
they determined surface tension curves for dilute solutions of the hypothetical
solute H-H-SOs. The surface tension at any molality m’ was taken to be the
sum of the surface tension of a sodium sulfate solution of that molality plus the
surface tension of a hydrochloric acid solution of twice that molality minus the
surface tension of a sodium chloride solution of molality equal to 2 m’. The
curves so computed are shown as short lines in figure 10. By a somewhat
similar procedure curves were also determined for the other hypothetical solute
H-HSO..

The surface tension of sulfuric acid of molality m’ was then computed as the
sum of the surface tension of H-H-80, at a molality am’ and the surface tension
of H-HSO; at a molality (1 — a)m’.

Surface tension data for solutions of all electrolytes except hydrochloric acid
were taken from the compilation by Young and Harkins in the International Crit-
ical Tables (20). TFor hydrochloric acid the tables were not adequate because
they do not show temperature variations of Ay, the difference between the sur-
face tension of a solution and that of pure water. An early attempt to explain
the curves of figure 10 met with complete failure because Ay of hydrochloric
acid was assumed to be nearly independent of temperature, as it is for most strong
electrolytes. Hoping to locate the cause of the failure, Young, Runge, and
Grinstead (53, 63) made measurements at 0°, 20°, and 40°C. They found the
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surface tension lowering of dilute hydrochloric acid to vary rapidly with tempera-
ture; the lowering is much larger at 0°C. than at 18°C. At 40°C. Av is actually
positive for all concentrations between 0 and 8 molal.

The new surface tension data led to very different theoretical calculations.
Table 4 contains a comparison of experimental and theoretical points on the
0°C. and 18°C. isotherms. The agreement is nearly as good as might be ex-
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Fi1a. 10. Surface tension (dynes cm.™?) of sulfuric acid solutions at 0°, 18°, 30°, and 50°C.
Light lines are theoretical curves for H-H -S04,

pected if there were no uncertainty in the degrees of dissociation estimated from
a single approximate vz curve for both 0°C. and 18°C.

Estimation of the height and position of the maximum surface tension is more
difficult. Some of the principles and approximations acceptable when the con-
centrations are small become unreliable at higher concentrations. Probably the
most serious source of error is the neglect, in this simple procedure, of the effects
of -HHSO,. According to the calculations made without any allowance for the
effects of -HHSO, the maximum A~ should occur in the solution of about the
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concentration in which the hydrogen-ion and bisulfate-ion concentrations are
maximal (65 weight per cent). Actually, Ay reaches a maximum of 3.9 dynes
em.™ in a 47 per cent solution.

A rough estimate of the effect of -HHSO; in the 47 per cent solution may be
made. Consider the solution to be one containing the solute ions H+, HSO,,
and SO,~~ in a mixed solvent consisting of H;O and -HHSO,;. The mole fraction
of -HHSO, in the hypothetical solvent (separated from the solute ions) would be
0.024. The surface tension of the solvent would probably be less than that of
pure water. Linear interpolation on a mole fraction scale between vy of water
and v of pure sulfuric acid leads to a value for v for the mixture which is 0.5
dyne cm.™? less than that of water. Surface tensions of mixtures are usually
considerably lower than linear interpolation would indicate. The correction to
be expected, therefore, is larger than 0.5, perhaps as much as twice that. The
difference between the experimental maximum Ay (3.9), and Ay calculated
(5.0) for the 47 per cent solution is therefore about what is to be expected.

TABLE 4
Comparison of calculated and experimental points on surface tension isotherms

o°C. ! s8°C.
Calculated Observed Calculated |  Observed
mat whichAy =0.................. ! 1.5 1.3 0.04 Small*
m at whichdy/dm =0.............. ‘y 0.65 ’ 0.5-0.7 0.02 Small*
Minimum Av. . ............00 . —0.15 |' —0.21 —0.01 Small*
Ayvyatm =0.7....................... —-0.15 —-0.21 —0.25 0.06
Ayatm o= 1.5, ; 0.72 | o0.67

* Too small to estimate.

The surface tension results constitute a strong argument for the correctness
of the picture of sulfuric acid coming from the Raman data. There is additional
support for the picture in conductance data. The product of viscosity and spe-
cific conductance is greatest in a solution of about the same composition as that
in which the hydrogen-ion concentration is largest (25).

D. Apparent molal heat capacity

The equation for the theoretical calculation of the relative apparent molal
heat capacity is obtained from equation 11 by differentiation of both sides with
respect to temperature. When AH of mixing is negligible, the equation is:

i)
vo — 0o = [AHYs + (0n — oi) — (or — ¢n)] <-3-015,>m

H,S0, H.-H.-SO, H.HSO,
+ (o — DACDis + alee — ¢2) + (1 — a)(pe — ¢0) (14)
H.H-SO, H.-HSO,

va (), ).+ 0 -2 (5). ).

H-H-80, H-HSO,



VARIATION OF PROPERTIES WITH DEGREES OF DISSOCIATION 113

In equation 14 ¢z and ¢¢ denote properties of the hypothetical solutes in
solutions of ionic strengths equal to the ionic strength of the sulfuric acid solu-
tion.

There have been two excellent experimental studies of the apparent molal
heat capacities of sulfuric acid: one by Biron (3) in 1899 and a more recent one
by Randall and Taylor (38). Their determinations of ¢¢ are in excellent agree-
ment. ¢¢ — ¢y, the relative apparent molal heat capacity, was determined by
Randall and Taylor only. For that purpose they computed the apparent molal
heat capacity of infinitely dilute sulfuric acid from available published values of
% for hydrochloric acid, sodium sulfate, and sodium chloride. The limiting heat
capacities had been determined by linear extrapolation to infinite dilution of
measured values of ¢¢ of the respective electrolytes. This procedure has been
shown by Young and Machin (62) to be erroneous. In general, it leads to values
of o2 which are too low.

Data are not now available for a satisfactory demonstration of the use of
equation 14. Nevertheless, we have ventured to make a calculation based
upon the vz curves of figure 7, and the equilibrium constants determined by
Young, Klotz, and Singleterry (57, 61). In the absence of any knowledge con-

TABLE 5
Apparent molal heat capacity of sulfuric acid
EXPERIMENTAL CALCULATED
C
¢C P e $c¥e
0.1 | 9 ( 76 i 65

cerning the variation of vz with temperature it was necessary that its tempera-
ture coefficient be treated as though it were zero. This approximation is espe-
cially unsatisfactory for the calculation of a temperature derivative. Thermal
data for the solutions of lithium salts used as analogues of H-H-SO, and H-HSO,
were also grossly inadequate. When necessary, values of relative apparent
molal heat contents and heat capacities were estimated from the tables of proper-
ties of similar electrolytes compiled by Gucker and Schminke (12), Young and
Seligmann (64), Randall and Rossini (37), and Rossini (51, 52). The result is
shown in table 5. The agreement is entirely satisfactory; the discrepancy is
no larger than is to be expected as a result of the various approximations. It
is not much larger than the uncertainty (due to extrapolation) in the experi-
mental value itself.

The discrepancy in this calculation, like those in others discussed above, points
to the need for adequate optical, thermodynamic, and other relevant data.
The demand is rather for measurements made over sufficiently wide ranges of
temperature, concentration, and pressure than merely for improved accuracy.
When the necessary information is available, it should be possible to increase the
beauty and precision of calculations such as these and greatly improve our under-
standing of the behavior of solutions of those interesting electrolytes which are
moderately strong but by no means completely dissociated.
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We are grateful to Professor G. Herzberg for an inspiring conversation con-
cerning these calculations. Our hearty thanks are also extended to Messrs.
L. F. Maranville and H. M. Smith and to Dr. C. R. Singleterry, who have
helped with calculations and handling of the data.

REFERENCES

(1) BeLL, R. M., anDp JEPPESEN, M. A.: J. Chem. Phys. 2, 711 (1934).
(2) BeLy, R. M., anDp JEPPESEN, M. A.: J. Chem. Phys. 3, 245 (1935).
(3) Biron, E. von: J. Russ. Phys. Chem. Soc. 31, 171 (1899).
(4) Bray, W. C., aNp LiEBuarsgy, H. A.: J. Am. Chem. Soc. 57, 51 (1935).
(5) BrgnstED, J. N.: Z. phyzik. Chem. 68, 693 (1910).
(6) CufpiN, J.: Ann. chim. [11] 8, 243 (1937).
(7) Dawmon, R.: Compt. rend. 207, 473 (1938).
(8) DE BETHUNE, A. J., AND KimBALL, G. E.: J. Chem. Phys. 13, 53 (1945).
(9) DEBYE, P., aANpD HtckEL, E.: Physik. Z. 24, 185 (1923).
(10) GerpiNg, H., AND N1sveLDp, W. J.: Rec. trav. chim. 59, 1206 (1940).
(11) Gerbing, H., NuveLp, W. J., AND MULLER, G. J.: Nature 137, 1033 (1936).
(12) Gucker, F. T., Jr., AND ScuMINKE, K. H.: J. Am. Chem. Soc. 54, 1358 (1932).
(13) HaLsaN, H. von, aND Brt'LyL, J.: Helv. Chim. Acta 27, 1719 (1944).
(14) Harsan, H. von, aAND E1sENBRAND, J.: Z. physik. Chem. 132, 401 (1928).
(15) HarBaN, H. von, aNp K6rTUM, G.: Z. physik Chem. A170, 351 (1934).
(16) HammerT, L. P., AND DEYRUP, A. J.: J. Am. Chem. Soc. 54, 2721 (1932).
(17) HarnNep, H. S., axp Owex, B. B.: The Physical Chemistry of Electrolytic Solutions.
Reinhold Publishing Corporation, New York (1943).
(18) HerzBERG, G.: Molecular Spectra and Molecular Structure. II. Infrared and Raman
Spectra of Polyatomic Molecules, p. 178. D. Van Nostrand Company, Inc., New
York (1945).
(19) Hiesen,J. H.: The Raman Effect and Its Chemical Applications. Reinhold Publishing
Corporation, New York (1939).
(20) International Critical Tables of Numerical Data; Physics, Chemistry and Technology.
MecGraw-Hill Book Company, Inc., New York (1926-33).
(21) KieLLAND, J.: J. Am. Chem. Soc. 59, 1675 (1937).
(22) Krorz, I. M.: Thesis, University of Chicago, 1940.
(23) Krorz, I. M., aND EckErT, C. F.: J. Am. Chem. Soc. 64, 1878 (1942).
(24) Kn1eTscH, R.: Ber. 34, 4069 (1901).
(25) KoHLrauscH, F.: Ann. Physik [2] 159, 233 (1876).
(26) KorttiMm, G., AND HALBAN, H. voN: Z. physik. Chem. A170, 212 (1934).
(27) KossiAROFF, A., AND HARkKER, D.: J. Am. Chem. Soc. 60, 2047 (1938).
(28) LaNcE, E., MoNHEIM, J., AND RoBINsON, A. L.: J. Am. Chem. Soc. 55, 4733 (1933).
(29) Lewis, G. N., aND RanpaLL, M.: Thermodynamics and the Free Energy of Chemical
Substances. McGraw-Hill Book Company, Inc., New York (1923).
(30) MacInnes, D. A.: J. Am. Chem. Soc. 48, 2068 (1926).
(81) MacInnges, D. A.: The Principles of Electrochemistry. Reinhold Publishing Corpora-
tion, New York (1939).
(32) MacInnes, D. A., AND SHEDLOVSEY, T.: J. Am. Chem. Soc. 54, 1429 (1932).
(33) MacInnNEs, D. A., SHEDLOVSEY, T., AND LonNgsworTH, L. G.: Chem. Revs. 13, 29
(1933).
(34) Moracan, J. L. R., anp Davis, C. E.: J. Am. Chem. Soc. 38, 555 (1916).
(85) Nisi, H.: Japan. J. Phys. 5, 119 (1929).
(36) Pa1, N. G.: Phil. Mag. 20, 616 (1935).
(37) RanpaLL, M., anND Rossing, F. D.: J. Am. Chem. Soc. 51, 323 (1929).
(38) RaNDALL, M., AND TAvLoRr, M. D.: J. Phys. Chem. 45, 959 (1941).
(39) Rao, I. R.: Proc. Roy. Soc. (London) Al44, 159 (1934).



VARIATION OF PROPERTIES WITH DEGREES OF DISSOCIATION 115

(40) Rao, N. R.: Indian J. Phys. 14, 143 (1940).

(41) Rao, N. R.: Indian J. Phys. 15, 185 (1941).

(42) Rao, N. R.: Indian J. Phys. 16, 71 (1942).

(43) Rao, N. R.: Indian J. Phys. 17, 332 (1943).

(44) RepuicH, O.: Chem. Revs. 39, 333 (1946).

(45) RepuIicH, O., AND BIGELEISEN, J.: Chem, Revs. 30, 171 (1942).

(46) RepLICH, O., AND BIGELEISEN, J.: J. Am. Chem. Soc. 65, 1883 (1943).

(47) RepbuicH, O., Howur, E. K., AnD BigeLEIsEN, J.: J. Am. Chem. Soc, 66, 13 (1944).
(48) Repuich, 0., AND NIELSEN, L. E.: J. Am. Chem. Soc. 656, 654 (1943).

(49) Rogan, RurH: Thesis, University of Chicago, 1948.

(50) RonNTGEN, W. C., AND SCHNEIDER, J.: Ann. Physik {3] 29, 165 (1886).

(51) Rossini, F. D.: Bur. Standards J. Research 6, 791 (1931).

(52) Rossini, F. D.: Bur. Standards J. Research 7, 47 (1931).

(53) RuNgu, P. W.: Thesis, University of Chicago, 1947,

(54) ScuesE, G.: Ber. 59, 2616 (1926).

(55) SHERRILL, M. S., AND NovEs, A. A.: J. Am. Chem. Soc. 48, 1861 (1926).
(56) Simoxs, L.: Soc. Sci. Fennica Commentationes Phys. Math. 7, No. 9 (1934).
(57) SINGLETERRY, C. R.: Thesis, University of Chicago, 1940.

(58) SmitH, M. B.: Thesis, University of Chicage, 1942.

(59) Woopwarp, L. A., anp HorNER, R. G.: Proc. Roy. Soc. (London) 1444, 129 (1934).
(60) Young, T. F., AND GRINSTEAD, S. R.: Ann. N. Y. Acad. Seci., in press.
(61) Youwxa, T. F., Krotz, I. M., ANDp SINGLETERRY, C. R.: Unpublished.

(62) Young, T. F., axp MacHIN, J. S.: J. Am. Chem. Soc. 58, 2254 (1936).

(63) Youwa, T. F., RuncE, P. W., aANp GrinsTEAD, S. R.: Unpublished.

(64) Young, T. F., anp SELicMANN, P.: J. Am. Chem. Soc. 60, 2379 (1938).



