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Yada, Tanaka and Nagakura® obtained for amine-
iodine complexes the relationship

+ AH® = —1.667 + 0.545A8° (11)

The slopes of the two straight lines are essentially
identical. This result is perhaps to be expected from
the analysis given earlier!® of the relationship between
AH and AS for amine complexes. Certainly, if the
argument given there concerning the slope of the AS
vs. AH plot is correct, the same argument should apply
to the plot for the nitrile-IX complexes, since a weak
N-1 bond is involved in both cases.

Since a linear relationship between AS and AH
for these complexes is apparently found, one of the con-
ditions necessary for a successful linear correlation
between log K and o* is fulfilled, in agreement with
the empirical finding (Fig. 1). Since

A(AF) = 23RTp*c* = A(AH) — TA(AS)
and since, from equation 9
A(AS) = 1.85A(AH)

it follows that

A(AH) =

2.3 X 2.0Tp*¢r*/ _ 1857
1000 1000

A(AH) = 2.5p*¢*
at 300° K. Thus, a plot of AH vs. ¢* should give a line

with greater slope than the corresponding plot of log K.
However, when we attempt this plot using our data,
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Fig. 2.—Relationship between entropies and enthalpies of forma-
tion for nitrile-halogen complexes.

we find considerable scatter, due to the unavoidably
large error in the determination of AH. Thus, in our
case, we find the correlation of log K with ¢* to be
more successful than the correlation of AH vs. ¢*.
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Heats of Solution of Solids in Molten Reciprocal Salt Systems

By M. BLANDER,? J. BRAUNSTEIN? aND M. D. SILVERMAN
REcEIVED OCTOBER 29, 1962

The heat of solution of solid AgCl in molten KNO;, calculated from solubility and e.m.f. measurements by

rigorous thermodynamic methods, is 19.2 == 0.6 kcal/mole.

This value is in excellent agreement with a value of

19.6 == 1.0 kcal./mole estimated from a cycle first proposed by Flood, Férland and Grjotheim illustrating the use-

fulness of this cycle in making predictions a priori.

In accordance with the considerations of Flood, For-
land and Grjotheim,? the heat of solution of a solid such
as AgClin a solvent such as KNO; may be estimated from
a knowledge of the heat changes for the three processes

(A) AgCl(sol.) 4+ KNO4(liq.) —>
AgNO;(lig.) + KCl(lig.) AHa

(B) AgNO;(lig.) ~—> AgNO; (infinite diln. in KNO;) AHy
(C) KCl(lig.) —> KCl(infinite diln. in KNO;) AH¢

with processes of the first type usually leading to the larg-
est contribution to the total heat (or excess free energy)
of solution in reciprocal systems. This method of esti-
mation of heats of solution in reciprocal molten salt sys-
tems is operationally more useful and sound than the
Born cycle which has been used previously* to rationalize
heats of solution in a similar system but which eycle could
not be used for a prediction a priori.

(1) Operated for the United States Atomic Energy Commission by Union
Carbide Corporation,

(2) (a) North American Aviation Science Center, Canoga Park, Calif. (b)
On Sabbatical leave from the University of Maine, August, 1960-August,
1961,

(3) H. Flood, T. Férland and K. Grjotheim, Z. anorg. u. ailgem. Chem.,
276, 289 (1954).

(4) 8. N. Flengas and E. Rideal, Proc. Roy. Soc. (l.ondon), A233, 443
(1956).

This study was undertaken to obtain, for comparison
with the above prediction, a reliable value for the heat
of solution of solid AgCl in molten KNO; which was
calculated so as to take into account the known non-
ideal behavior of the solution.’~ None of the pre-
viously reported heats of solution*3. in similar sys-
tems were corrected specifically for non-ideal behavior
and hence are invalid, and the apparent heats of solu-
tion can only be correct by a fortuitous cancellation of
factors.

The heat of solution may be calculated from the ther-
modynamic equation

d In (asgvowkcr/akxoy) _ HO — H* _ AHsom 1)
d(1/7T) R R

where the activities (q;) are in solutions saturated
with solid AgCl. If the standard states of AgNO; and

(3) M. Blander, F. F. Blankenship, and R, F. Newton, J. Phys. Chem., 68,
1259 (1959).

(6) J. Braunstein and M. Blander, tbid., 64, 10 (1960).

(7) D.L.Manning and M. Blander, ibid., 66, 2069 (1962).

(8 R.P. Seward, 1bid., 68, 760 (1959).

(9) J. Jordan, J. Meier, E. J. Billingham, Jr., and J. Pendergrast, Nature,
187, 318 (1960); Anal. Chem., 81, 1439 (1959). It should be noted that
the error in the heat of solution from these measurements probably is rel-
atively small, As has been noted by these authors, the error in the sol-
ubility or activity products may be appreciable, and depends on details
of the solution behavior which may not yet have been investigated.
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KCl are chosen such that the activity coefficients are
unity at infinite dilution of all solutes in KNO; then o
is the partial molar heat content of AgCl at infinite
dilution; HU is the heat content of solid AgCl and
AHgon 18 the heat of solution of solid AgCl.  To calcu-
late the heat of solution one needs, (d In aagno,/d-
(1/1), (d In axci/d(1/T)), and (d In agxo,/d((1/T))
in a saturated AgCl solution. In this paper, the first
quantity is obtained directly from e.m.f. measure-
ments and the second from measurements of the solu-
bility of AgCl and a thermodynamic calculation of the
activity coefficients of KCl from the activity coefficients
of AgNO; by integrating the exact thermodynamic
equation

O ln ’YAgNOa) - O ln 'YKCI) (2)
O Rxc1 / RagNos O Ragnos / Rxol

where R; is the mole ratio (n/nxno,) and #; is the
number of moles of component i. Since the solubility
of AgCl is quite low, the last derivative, (d In axxo./d
(1/7)), may be assumed to be zero.

Fig. 1.—Solubilities and activities in molten KNOs.

The Activities of AgNO; and of KCl.—Using experi-
mental techniques discussed previously®® the activities
of AgNOQ; as a function of temperature were measured
in the concentration cell

AgNOa

AgCl(solid)
& | KNO, Ag

A KNO;

The materials, apparatus and procedure for the deter-
mination of ¢agno, in this cell were identical to those
previously reported. Equimolar quantities of AgNO;
and KC1 were added to molten KNO; in the right-hand
half-cell to form a saturated solution. The em.f.
values for a typical series were measured over a period
of 3.5 hours during which time the temperature was
raised, lowered and raised again over the temperature
interval within the range 350-440°. All but one of
sixteen values of log @agno, Obtained in one typical
series, which is plotted in Fig. 1, fell on a single straight
line within an error equivalent to less than 0.5 millivolt
in the e.m.f. measurement. From Fig. 1 a value of
—10.¢s kcal./mole was calculated for 2.303R[d log
aagno,/d(1/T)]. The smallest value derived was — 9.5
and the largest —10.,; kcal./mole from several series
of measurements.
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The activity of KCl may be determined from a
knowledge of the solubility of AgCl and a calculation
of the activity coefficient of KCI at the concentration
of Ag* and Cl~ ions at saturation, Visual measure-
ments of the solubility of solid AgCl in molten KNO;
were made over a large range of concentrations of
Ag*and Cl~ions in a one-liter tall form beaker set in a
manually controlled resistance furnace of about 5 in.
inside diameter. Solutions of AgNQ; in about 500-600
g. of KNO; were flushed with pure helium and incre-
ments of KCl were added to the solution, which was
vigorously stirred with a Pyrex propeller. After each
increment of KCJ, the solution was cooled at a rate of
about 1° per minute. The temperature at which the
first faint cloudiness appeared was taken as the liquidus
temperature. Cooling the solution further by 0.5°
yielded a pronounced precipitate. Seeding the solution
with a AgCl crystal or by the use of a cold glass fiber
yielded values of the liquidus temperature which were
always within 0.5° of the value obtained without seed-
ing. If the precipitate had not been allowed to ag-
glomerate, the temperature at which all of the precipi-
tate redissolved upon heating the melt was always with-
in 0.5° of the measured liquidus. The temperature
was controlled manually and was measured with a
platinum vs. platinum-109, rhodium thermocouple
set in a Pyrex well, The thermocouple was calibrated
to =£0.5° against a thermocouple calibrated at the
National Bureau of Standards. In Fig. 1 are plotted
measured values of the solubility (mole fraction)
of AgCl when equimolar quantities of AgNO; and KCl
were in solution.

Previous measurements®=7 of the activity coefficients
of AgNO; as a function of the concentration of KCl and
AgNO; in unsaturated solutions were used to calculate
(with a small extrapolation to saturated solutions)
the activity coefficients of KCl. The integration of
eq. 2 over the mole ratio of AgNO; (Ragno,) leads to
the relation

o) log Y AgNOa

R
) Rxcl d AgNO3

(3)

R’ 4gno03a
log Yrc1(R'agvosR'kC1) = f R
0 AgNOs

where the argument of the integral is evaluated at
Rxci = R’ker and the reasonable assumpton has been
made that yxc; = 1 in dilute solutions of KCl contain-
ing no Ag+ions'®; R’sgno, and R'gcy are concentratons
in saturated solutions of AgCl and in this example are
equal. A graphical evaluation of

0 log ’YAgNOx)

0 Rxc1  / Ragvos
at R'kct was made from large scale plots of log
vagnos, ¥S. Rxci at several fixed concentratons of
AgNO; at 350, 370, 385, 402 and 436°. These deriv-
atives were plotted as a function of AgNO; and inte-
grated graphically to give the values of log yxci in
saturated solutions of AgCl (equimolar in AgNO; and
KCl) given in Table I. These quantities are added
to the logarithm of the solubilities of AgCl to obtain
the values of log axc; listed in Table I and plotted in
Fig. 1. (Note that the solubility of AgCl is essentially
equal to the concentration of KCl in a dilute saturated
equimolar solution of AgNO; and KCl.) The slope of
the plot leads to a value of 2.303R(d log axci/d(1/T))
equal to 9.5 kcal./mole. Values of log @agxo, meas-

(10) J. Braunstein and R. M, Lindgren, J. Am. Chem. Soc., 84, 1534
(1962).

(11) At 350° several supplementary sets of measurements were made

so as to have 12 sets at concentrations of AgNOs ranging from about 5 X
10-5t0 1.66 X 10~¢ mole ratio.
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ured here were independently checked by multiplying
the solubility of AgCl (essentially equal to the concen-
tration of AgNO; in a saturated equimolar solution) by
vyagxo, obtained by a short extrapolation of measure-
ments of yagno, 7 to the solute concentrations R’sgno,
and R'kc in a saturated equimolar solution. Values of
log aagno, obtained thus are given in Table I and checked
with the values plotted in Fig. 1 well within the
errors in the measurements. For obtaining the slope,
(d log aagno,/d(1/7T)), the values plotted in Fig.
1 are probably more reliable. It might be noted that
the fact that axci < aagxo, in equimolar solutions of
AgNO; and KCl is at least partly related to the con-
clusion that the species AgCl,~ is more stable than
Ag,Cl+ in this solvent.”

TABLE I
SOLUBILITIES AND ACTIVITIES IN MOLTEN KNO; SATURATED
wiTH SoLip AgCl

—log
—log —~log —log (eAgNO3
T, °C. ~log s YKC1 aKcl 34gNO3s axcy)
330 2.787 0.274 3.061 2.997 6.058
370 2.652 .300 2.952 2.910 5.862
385 2.559 .322 2.881 2.839 5.720
402 2.456 .345 2.801 2,748 5.549
436 2.264 .409 2.673 2,590 5.263
Discussion

The heat of solution calculated from the experimental
data using eq. 1 is (1005 + 9.45) = 19.2 kcal./mole
with an estimated error of about 0.6 kcal./mole.

The heat of solution may be estimated theoretically
from (AHa + AHg + AHc). The heat change for the
metathetical reaction A, AHa, is calculated as 19.9
keal./mole using the data in Table II and under the
reasonable assumptions that the differences between
the heat capacities of the reactants and the products and
the variations of heats of fusion with temperature are
small enough to be neglected. From the data of
Kleppa,!? the heat change for the dissolution process B
is calculated as —303 cal./mole. Although the heat of
solution of the hypothetical liquid KCl in KNO; is
not available, an indication of the magnitude of the

(12) O. J. Kleppa, R. B. Clarke and L. S. Hersh, J. Chem. Phys., 88, 175
(1961).
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heat of solution of such binary systems may be obtained
from other thermodynamic measurements. The phase
diagrams of the KNO;-KC1'? and the NaNO;-NaCl!*
systems indicate an undetectable deviation from ideal
solution behavior of the nitrate solvent at the liquidus
temperature. This indicates that, for process C, the
heat of solution, which usually parallels the excess free
energies of solution, is probably small (less than 1
kecal./mole).

TaBLE II

THERMODYNAMIC DATA FOR THE CALCULATION OF AHA®

Heat of
Heat of fusion transition
Heat of formation of solid AHFysion AHTR

AHges, (kcal./mote) (kcal./mole) (kcal./mole)

AgNO; —29.43 2.76 0.66
AgCl —30.36 3.16 —_
KNO; —117.76 2.8 1.3
KCl1 —104.175 6.1 —_

e F, D. Rossini, et al., “Selected Values of Chemical Thermo-
dynamic Properties,” USNBS Circular 500, 1952.

Hence, within about 1 kcal./mole, (AHx + AHs
+ AHc) = 19.6 keal./mole which, within the expected
errors, is equal to the value of 19.2 kecal./mole obtained
from the experimental measurements.

If the free energy values are available, the use of
processes such as A, B, and C may be used to calculate
theoretically the values of the activity product, aag~o.-
axci, listed in Table I, since at saturation

RT In asgnoxcr = —AFs — (F*agNos — FagNos®)

- (F*KCI - FKCIO) = FcAgCl - F*AgCl

The Born cycle is not useful for estimating the activity
product or the heats of solution because operational
values of dielectric constants in molten salts are not
available and even if measurable or meaningful must
be known to a very high accuracy to lead to results as
reliable and precise as are obtainable from consideration
of processes such as A, B and C.

(13) E. Kordes, W. Bergmann and W. Vogel, Z. Elekirochem., 88, 600
(1951).
(14) E.R. Van Artsdalen, J. Tenn. Acad. Sci., 29, 122 (1954).
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Recoil Tritium Reactions : Pressure-dependent Reactions with Cyclobutane!

By EpwarDp K. C. LEE anD F. S. ROwLAND
REecEIVED OCTOBER 10, 1962

Recoil tritium atoms react with cyclobutane in the presence of O: scavenger to form mainly labeled cyclo-

butane, ethylene and HT.

L ] In the pressure range 0.07 to 1 atmosphere, the sum of cyclo-C{H;T and C,H;T
yields is constant, but the fraction of this sum found as eyclo-C,H;T rises smoothly from 479, to 609,.

In the

li_qui(j phase, the cy‘clo-C4H7T/C2H3T ratio is 4.6. The observed pressure dependence demonstrates the forma-
tion in the initial hot reaction of cyelo-CH,T with sufficient excitation energy to cause unimolecular decomposi-
tion to C;HT. The trend with pressure indicates a broad distribution of excitation energies for cyclo-CyH;T

with a median energy of approximately 5 e.v.

The initial specific radioactivity of the cyclo-CH:T per H atom

is approximately the same as that of CH,T and #n-C,H,T from the respective alkanes in direct competition in

the same system.

Introduction
The chemical reactions of high kinetic energy tritium
atoms have been investigated with a variety of hydro-
carbons in order to establish the general characteristics
of these hot reactions.?® The study of reactions with

(1) This research was supported by A E.C. Contract No. AT-(11.)-407.

cyclopropane has been of special interest because of its
known unimolecular isomerization to propylene, its

(2) M, Henchman, D. Urch and R. Wolfgang, "Chemical Effects of
Nuclear Transformations,’”” International Atomic Energy Agency, Vienna,
1961, Vol. 2, p. 83.

(3) F. S. Rowland, J. K. Lee, B. Musgrave and R. M. White, ref. 2,
p. 67.



