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FREE RADICALS FROM THE DECOMPOSITION OF TOLUENE AND
BUTENE-11

By Stanley Deutsch2and K. A. Krieger

Department of Chemistry, University of Pennsylvania, Philadelphia, Penna.

Received September 22, 1961

A tracer method, using a frozen radioactive iodine mirror, has been utilized for the detection of free radicals from the de-

composition of toluene and butene-1.

At 500°, the major decomposition fragment from toluene is the benzyl free radical.

A catalytic effect is observed over chromia, where a decrease in the concentration of benzyl radicals, with a corresponding

increase in the phenyl free radical concentration, is observed.

Butene-1 has been found to decompose at 690° to yield methyl
radicals and considerably lower concentrations of ethyl radicals over alumina and platinum surfaces.

In the temperature

range 300-500°, a significant change in the rate of isomerization of butene-1 to butene-2 has been shown to take place over

alumina.

However, at these temperatures, the surface free radical concentration is essentially invariant, indicating that the

isomerization process does not proceed by a free radical mechanism.

Introduction

Fleming,3 and Fleming and Krieger4 have in-
vestigated the heterogeneous decomposition of
butane using solid iodine-131 as a scavenger for the
free radicals formed. The purpose of this study is
to extend the work of Fleming, using a modified
apparatus and procedure, to an investigation of the
heterogeneous decomposition of an aromatic hydro-
carbon, toluene, and an olefin, butene-1.

Experimental

Procedure.—The reactant, either toluene or butene-1, is
allowed to flow through a previously evacuated system at a
pressure such that the mean free path of vapor is greater
than the distance from a heated catalyst surface to a molec-
ular radio-iodine mirror (see Fig. 1). Hence, free radicals
which are formed on the reaction surface, and which leave
the surface, will react with the iodine to form stable, radio-
active, organic iodides. These products are collected in a
cold trap at the termination of the experiment. The excess
iodine is removed by appropriate chemical means, and carrier
iodides, corresponding to the suspected compounds formed,
are added. These carriers are separated by methods which
will be considered shortly, and the radioactivity of each
fraction is measured to determine which free radicals were,
initially present.

(1) Abstracted from a dissertation submitted by S. Deutsch to the
Graduate School of Arts and Sciences of the University of Pennsylvania
in partial fulfillment of the requirements for the degree of Doctor of
Philosophy.

(2) Radiation Chemistry Research Group, Department of Chemical
Engineering, Columbia University, New York 27, N. Y.

(3) S. Fleming, Dissertation, University of Pennsylvania, 1954.

(4) S. Fleming and K. A. Krieger, J. Am. Chem. Soc., 79, 4003
(1957).

In the toluene experiments, excess radio-iodine was re-
moved by vigorous shaking with 0.1 N sodium thiosulfate
until the aqueous layer showed no significant radioactivity.
An improved extraction method was employed in the butene-
1 experiments. Independent check experiments showed that
if iodine dissolved in organic solvents or in iodides is vacuum-
distilled through sodium thiosulfate crystals (6/16 mesh)
supported on a porous glass filter, a quantitative separation
of the iodine from the various organic iodides takes place.
This method is rapid, eliminates the possibility of hydrolytic
breakdown of iodides, and, particularly important for the
butene-1 experiments, allows small quantities of carrier sub-
stance to be manipulated.

After extraction of the iodine by either method, carrier
iodides are added. In the toluene runs, 10 ml. each of
methyl iodide, iodobenzene, and in later experiments, p-
iodotoluene, were added along with 5 ml. of benzyl iodide.

Distillation proved unsuccessful for the quantitative
separation of the lower-boiling iodides, and the only accept-
able data from these preliminary runs were for the fraction
of the total activity which appeared in the benzyl iodide
(Table 1). Furthermore, since in this procedure benzyl
iodide was the residue from a distillation, it was necessary to
show that the measured radioactivity was due to benzyl
iodide, and not some other high-boiling impurity. This was
done by two separate methods: the radioactive benzyl iodide
was slowly cooled to its melting point (24°), and after partial
crystallization, the liquid and solid portions were separated
and measured for radioactivity. This procedure was re-
peated on the separated phases for as many times as was
experimentally feasible. It is most unlikely that any im-
purity present would distribute itself equally, at each crys-
tallization step, between the liquid and solid phases. Hence,
aradioactive substance (other than benzyl iodide) would con-
centrate itself in the solid or liquid fractions as the separa-
tions are continued. From the measurements of the specific
activity of each phase at each crystallization, no such con-
centration of activity was observed. A further check on the
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Fig. 1.— Apparatus for detection of free radicals.

benzyl iodide purity was made by precipitating Agl (in
alcoholic solution) with AgN 03 dissolving the precipitate in
KCN, and measuring the radioactivity in the aqueous layer.
This procedure revealed that other radioactive substances
w'ere present to the extent, on the average, of less than 5%.
The values in Table I have been corrected for these non-pre-
cipitable iodides.

To avoid decomposition of the thermally labile benzyl
iodide during distillation, this compound was removed by
precipitation with AgF (silver nitrate caused decomposition
of the other iodides present) after the other précipitable car-
rier substance, methyl iodide, was distilled off. The precipi-
tate was filtered, washed, and its radioactivity taken as a
measure of the benzyl iodide activity. The remaining com-
ponents, which included iodobenzene, p-iodotoluene, and
heptane (used to facilitate solution transfer) then were dis-
tilled. Two-ml. distillate fractions were removed and
measured for radioactivity. These results are shown in
Table Il and graphically in Fig. 3 and 4.

The experimental arrangement for the formation and cap-
ture of free radicals from the decomposition of butene-1 was
similar to that used in the toluene experiments, with modi-
fications for metering in the reactant gas at low pressures
(one micron) and for gas volume measurements.

Stanley Deutsch and K. A. Krieger

Vol. 66

An entirely different method, however, was employed for
the separation of the butene-1 carrier substances. The mix-
ture of products from butene-1, after removal of iodine and
addition of carriers, was analyzed by gas chromatography
using a dinonyl phthalate column. The effluent was trapped
in aliquid nitrogen cooled coil,5continuously inonitored by a
scintillation counter. The resulting cumulative activity rec-
ord, compared with a usual gas chromatographic trace,
gave the distribution of radioactive products, as shown in
Fig. 2.

géince the catalyzed isomerization of butene-1 to butene-2
has been reported,6 it was thought that the results of the
butene-1 decomposition studies, using the same catalysts,
might cast some light on the mechanism of the isomerization
reaction. Hence, the catalytic conversion of butene-1 to
butene-2 as a function of temperature, over the same alu-
mina catalyst used for the decomposition reactions, was
studied from 300-500°. The reactant gas was passed over
the heated catalyst, condensed, and analyzed bv passage
through a chromatographic column containing a diethylene

glycol monomethyl ether (carbitol) partitioning agent. The
result, showing decreasing conversion with increasing tem-
perature between 300 and 500°, is shown in Fig. 5.

Apparatus.—The main reaction train already has been
described. The pressure in the system was measured by an
internally calibrated Phillips-type cold cathode ionization
gage which agreed satisfactorally with McLeod gage
readings.

The catalyst surface was heated by means of a high re-
sistance Chromel heating element positioned external to the
vacuum system and separated from it by a cylindrical tube
(see Fig. 1). The temperature fluctuation during a run at
500° was £5°.

The reaction temperature was measured by a platinum-
platinum, 10% rhodium thermocouple. The hot junction
was the center of the thin platinum cap which was molded
around the top of the cylindrical quartz tube to provide a
support for the catalyst. The temperature of the thin
catalyst surface (when a catalyst was used) was taken to be
the same as that of the platinum. The thermocouple setup

(5) P. H. Emmett, private communication.
(6) C. Matignon, H. Moureu, and M. Dode, Bull. soc. chini. France,
2, 1169 (1935).
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was calibrated against a National Bureau of Standards
thermocouple.

The separation of carrier substances in the toluene de-
composition studies was accomplished by distillation, either
at normal or reduced pressures. Column-head tempera-
tures were measured by an iron-constantan thermocouple
and continuously recorded.

The distillate samples from the toluene experiments, as
well as the total activity before chromatographic analysis of
the products from the butene experiments, were counted in
a well-type multigeiger tube apparatus. The tubes were
wired in parallel and were powered by the high voltage
supply of a Model 163 Instrument Development Laboratory
scalar whose efficiency for counting 1-131 gammas was de-
termined, using known amounts of radio-iodine, to be 0.2%.
From this it was possible to obtain absolute disintegration
rates.

As already mentioned, the carrier substances in the
butene-1 studies were separated by chromatographic means.
The column, 2.5 m. in length, was of the gas-liquid partition
type, with the active highboiling liquid, in this instance di-
nonyl phthalate, adsorbed on an inert carrier. The scintilla-
tion counter was a Nuclear Chicago Corp. DS5-5 well-type
counter with a thallium-activated sodium iodide crystal.
The efficiency of the scintillation counter was measured by
injecting known amounts of radioactive methyl iodide into
the column and condensing the effluent vapor with liquid
nitrogen in coils immediately adjacent to the scintillator
crystal. The absolute activity of the methyl iodide was | Qg
previously measured in the multiple geiger tube setup. TQ j 40C
When compared with the activity obtained from the scint-
illation counter, an efficiency of 5.6% was found.

The thermal conductivity cell was obtained from the Gow-
Mac Co. and, for greater sensitivity, was insulated from
ambient temperature variation by a heated, thermostated
transite container.

Preparation of Materials.— The methyl iodide, iodobenz-
ene, and p-iodotoluene which were added as carriers were
distilled once and stored in the dark over cleaned copper
wire. Ethyl iodide and heptane were distilled, passed
through silica gel to remove any unsaturates, shaken with
red phosphorus to remove any iodine, filtered to remove the
red phosphorus, and redistilled.

The toluene reactant was a high-purity sulfur-free product
of the Eastman Kodak Co. The only chemical treatment
employed was the addition of sodium ribbon to remove any
water vapor which may have been absorbed by the toluene
during its transfer to the reaction system. Figure! 4.

Butene-1 was obtained from the K & K Laboratories, New
York, and was listed as 99+ % pure. Mass spectrographic
analysis indicated only 96.5% butene-1, with hydrogen and
propene as the major impurities. The hydrogen, and any
air that may have been present, was removed by condensing
the butene at —195° and pumping for 10 min. It is not be-
lieved that the propene present, less than 1.0%, could have
interfered with the butene-1 reactions being studied.

The benzyl iodide was prepared in this Laboratory by the
exchange of sodium iodide with benzyl chloride in acetone
solution.7 After refluxing for 30 min., all the solvent was
removed, the crude benzyl iodide was recrvstallized from
ethyl alcohol at least twice, and tested for purity by its pale
yellow color and melting point. If not prepared for im-
mediate use, it was sealed in an evacuated tube and stored
at —10°. Synthetic radioactive benzyl iodide was prepared
in a similar manner, with radioactive K1 being dissolved in
the acetone solvent at the start of the reaction.

Reliability.—The limit of reliability can be seen by com-
paring the results shown in Table Il for the two runs over
platinum. One possible explanation for the lack of close
reproducibility may have been the purity of the reactant
toluene. Though obtained sulfur-free, dried in the reaction
chamber with sodium, analyzed chromatographically and
for correct boiling point, it was not “ pre-pyrolyzed” in the
sense of Szware.8

BUTE NE/ I* BUTENE

Results and Discussion

Toluene.— In every experiment on toluene de-
composition, the major product was benzyl iodide,
indicating predominance of C-H bond cleavage at

(7) E. Spath, Monatsh., 34, 1995 (1914). 3
(8) M. Szware, J. Ckem. Phy8., 16, 128 (1948). Figure 5.
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the methyl side chain. As can be seen from Table
I, a definite catalytic effect exists over Crzo3, with
smaller effects observable over A1 3and sugar char-
coal. To fully appreciate the extent of the catalytic
action of chromia, it must be emphasized that these
results were obtained at a temperature approxi-
mately 100° lower than with any other catalyst or
with bare platinum surfaces. At this temperature,
the total activity obtained over all surfaces except
chromia was too low to analyze.

Tabite |

Products from Decomposition of Toluene

Temp. Fraction of total
Catalyst (°c.) activity as benzyl iodide
Al203 490 0.79
Al203 532 .79
None (Pt) 520 .89
Sugar charcoal 540 .74
Cr203 395 .51

The fraction of the total activity appearing as
benzyl iodide was decreased to 051 (Table 1), in
close agreement with the value obtained by the pre-
cipitation method, the results of which are shown
in Table Il and Fig. 3 and 4. In Fig. 4, in which
the fraction of the total radioactivity is plotted, for
each two-m . distillate cut, as a function of its boil-
ing point, the drop in benzyl iodide activity9can be
accounted for largely by the increase in iodobenzene
activity. It appears that the Cd CL accelerates the
cleavage of the side-chain C-C bond in toluene.
This is in agreement with the work of Coonradt and
Lerman,Din which chromia and chromia-contain-
ing catalysts were employed successfully as dé-
m éthylation catalysts.

Tabie Il

Products from the D ecomposition of Toluene

Fraction of total activity

Temp. Methyl lodo- p-lodo- Benzyl

Catalyst <°C.) iodide benzene  toluene iodide
None (Pt) 505 0.19 0.02 0.11 0.68
None (Pt) 500 .10 .06 12 72
Cr-Os 410 11 .23 .09 .52

p-lodotoluene was added as a carrier in an at-
tempt to observe the presence of atolyl free radical,
possibly the result of the removal of a hydrogen
atom from the benzene ring. The results are in-
conclusive, and the unequal, steadily rising distri-
bution of activity among the p-iodotoluene frac-
tions (Fig. 3 and 4) suggests the presence of some
non-precipitable iodide with a boiling point higher
than any of the iodotoluenes, possibly a binuclear
iodide resulting from the reaction of a primary free
radical with adsorbed toluene.

It had been hoped that the results of this investi-
gation might have some bearing on the controver-
sial Szwarc mechanism for toluene decomposition.8
By trapping and tagging the initial reaction frag-
ments, the primary decomposition process might
have been elucidated. However, the experiments

(9) The benzyl iodide fractions, as already mentioned, were not
actually distilled. They are placed on the activity distribution graphs
for comparative purposes only.

(10) H. L. Coonradt and W. K. Lerman, U. S. Patent 2,773,917
(1956).
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tvere carried out at a vapor pressure of toluene
which corresponds to a P/Po ratio of 0.15, indicat-
ing the presence of at least a monolayer of toluene
at the surface of the frozen radio-iodine mirror.
Hence many of the radicals from the primary de-
composition may have reacted with adsorbed tolu-
ene before reacting with iodine, with the final ob-
served products representing the sum of these pri-
mary and secondary interactions. If this experi-
ment could have been carried out at a vapor pres-
sure of toluene low enough to eliminate significant
amounts of condensed toluene, a clearer picture of
the primary decomposition step would be available.

Butene-1.— Two reactions of butene-1, isomeri-
zation to butene-2 and decomposition, have been
studied. These will be discussed separately.

The mechanism of the isomerization reaction
over catalysts considered to be “acidic,” as alu-
mina, has been studied. It is generally conceded
that a carbonium ion mechanism prevails.11:2
A proton from the catalyst adds to the olefin, fol-
lowed by rearrangement of the resulting carbonium
ion, with final loss of the proton to the catalyst,
yielding an olefin of new structure. The best ex-
perimental evidence to support- this is the work of
Turkevich and Smith.13 They found that the rate
of exchange of tritium between butene-1 and a
phosphoric acid catalyst, when corrected for isotope
effects, was equal to the rate of the observed double
bond migration. The experiments obtained in this
Laboratory are in agreement with this type of
mechanism. From the fact that the concentration
of radicals formed during this reaction is invariant
with temperature in the temperature range 300-
500° while the rate of isomerization changes mark-
edly as a function of temperature¥ (Fig. 5), only a
mechanism which does not require free radicals is
acceptable.

It might be argued that a free radical mechanism
might nevertheless exist, but that no radicals leave
the catalyst surface. This, under the experimental
conditions employed here, must be considered un-
likely. With bonds being continually broken and
reformed, at least a small fraction would be ex-
pected to “boil off.” Under the conditions of
these experiments, only 1 in 108 radicals would
need to be evaporated from the surface for detec-
tion.

From the radioactivity observed in each carrier
substance in Table 111, the ratio of methyl to
ethyl radicals formed over alumina and platinum
surfaces, at 690°, can be seen to be 16:1 and ap-
proximately 4.5:1. These high values, particularly
over alumina, are in agreement with the mechanism
for homogeneous butene-1 decomposition as pro-
posed by Szwarc.8 According to his suggested
reaction scheme, the primary decomposition step
leads to the formation of a methyl and an allyl free
radical.

(11) B. S. Greenfelder, H. H. Voge, and G. M. Good, Ind. Eng.
Chem., 41, 2573 (1949).

(12) P. H. Emmett, Ed., “Catalysis,”
Corp., New York, N. Y., 1958, pp. 98-101.

(13) J. Turkevich and R. K. Smith, J. Chem. Phys., 16, 466 (1948).

(14) The observed results do not merely reflect a shift in equilibrium.
The ratios of butene-2/butene-I plotted in Fig. 5 are all far from the

equilibrium values.’5
(15) P. H. Emmett, ref. 12, pp. 167-169.

Vol. VI, Reinhold Publ.
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Tabite Il

Products from the High Temperature Decomposition

of Butene-1

Temp. Carrier Radioactivity

Catalyst (°c)) substance (coufits/min.)
Al203 690 ch3 3230
C2Hrl 200
Platinum 690 CH3 3090
ch 5 700

For the heterogeneous case, however, if two-point
adsorption by the double-bonded carbons of bu-
tene-1 is assumed, only ethyl radicals would be ex-
pected. But at these elevated temperatures, it is
likely that the catalytic action, particularly of alu-
mina, results in the equilibrium or near-equilibrium
concentrations of butene-1 with its isomers, butene-
2 and isobutene. Both isobutene and butene-2,
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again assuming two-point adsorption, would yield
two methyl radicals for each molecule decomposed.
In fact, if two-point adsorption and equilibrium are
both attained prior to the decomposition step, the
ratio of methyl to ethyl radicals would be quite
high, about 9:1. Thus it appears from the data
that these assumptions are more correctfor alumina
than for platinum, a substance which is not known
to be a particularly good catalyst for olefin isomeri-
zation.

Although allyl iodide was looked for in a few of
the runs, none was detectec.. This may have been
due to the strong adherence of the unsaturated allyl
radical to the catalyst surface.
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The reaction CuO(s) + H2(g) ->- Cu(s) + H2(g) occurs in three stages:
catalytic stage terminating at about 35% reduction of the oxide, and a decreasing-rate stage.
stage is dependent on the nature and the degree of subdivision of the initial oxide and on the temperature.
fraction is reduced in a given time regardless of the initial mass of oxide.

an induction stage, an acceleration or auto-
The rate of reduction in each
The same mole
The acceleration and decay stages are very closely

approximated by a semi-empirical equation of the Prout-Tompkins type, which is based on the initial reaction occurring on

certain active nuclei followed by a rapid growth of these nuclei by a branching-chain mechanism.

As a result, the reduc-

tion rate is not necessarily proportional to the initial surface area. The reduction rate reaches a maximum and subsequently

decreases, as considerable interference occurs among the branching nuclei.
Addition of the reaction product copper has no measurable effect on the reaction.

13.5 + 1.2 kcal. for the reduction.

Water vapor in concentrations of 25 mg./l. of hydrogen completely inhibits reaction initiation at 112°.
decreases rapidly as the temperature is increased and disappears entirely at 190°.

practically no effect.

Many studies of the nature of the reduction of
copper oxide by hydrogen have been reported in
the literature. All investigators agree that the
reduction consists of three stages— induction, auto-
catalytic or acceleratory, and decay— and that the
reactions occur on certain active nuclei. There are,
however, several areas of disagreement in the re-
sults of these studies. Several workers2'5have re-
ported that water vapor markedly affects the begin-
ning of the reduction, although little effect is ob-
served once the reaction has begun. However,
Pavlyuchenko and Rubinchik6 report that water
vapor has no measurable effect on the onset of the
reaction. Some workers23have reported that the
autocatalysis of the reaction is prim arily a result of
the solid product, copper, whereas others67report

(1) Presented at the 138th National Meeting of the American
Chemical Society, New York, N. Y., September 1116, 1960.

(2) (@) R. N. Pease and H. S. Taylor, 3. Am. Chem. Soc., 43, 2179
(1921); (b) A. T. Larson and F. E. Smith, ibid., 47, 346 (1925).

(3) Y. Okayama, J. Soc. Chem. Ind. Japan, 31, 300 (1928);
Abstr., 23, 2873 (1929).

(4) G. X Chufarov, et al., Zhur. Fiz. Khim., 26, 31 (1952).

(5) S. Hasegawa, Proc. Imp. Acad. Tokyo, 19, 393 (1943).

(6) M. M. Pavlyuchenko and Ya. S. Rubinchik, J. Appl. Chem.
USSR, 24, 751 (1951).

(7) J. S. Lewis, J. Chem. Soc., 820 (1932).

Chem.

Arrhenius plots give an activation energy of

The inhibiting effect
Once reduction starts, water vapor has

that copper has no measurable effect and that the
autocatalysis is the result chiefly of the crystal
structure of the initial oxide. Mathematical ex-
pressions for the reduction rate at various per cent
of reduction differ widely.3'6 The reduction has
been shown to involve adsorbed hydrogen, with the
rate only slightly affected by hydrogen pressure in
the 200-700 mm. range.6‘6

Experimental

Chemicals.—Three types of CuO were used: a wire form
of reagent grade CuO obtained from Mallinckrodt Chemical
Co., CuO prepared by calcination of Cu(N03)2-3H20, and
CuO prepared by calcination of Cu(OH)2 which was ob-
tained by precipitation from a copper nitrate solution with
ammonium hydroxide. All chemicals used in the prepara-
tions were reagent grade.

Cupric oxide was prepared from the nitrate by weighing
150 g. of Cu(N03)2-3HD in a 250-ml. evaporating dish,
carefully heating on a hot plate until most of the water of
hydration had been removed, and then heating in a muffle
furnace at 400° for 22 hr. The product was lightly crushed
and sieved. About 75% of the material was found to be
<44 fx

The preparation of CuO from Cu(OH)2 consisted in neu-
tralizing 11. of 1ilf Cu(N03)2with 2 M NH40H to form the
hydroxide, decanting the supernatant liquid, washing the
precipitate by decantation with three 500-ml. portions of
deionized water, transferring the precipitate to a suction
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Fig. 1.—Dependence of reduction rate on fraction of
CuO (<44 fx particle size) reduced by H2 2.0 I./min: ®,
temperature = 190°, CuO from calcining of Cu(OH)->,
initial surface area 0.43 m.Vg-i O, temperature = 148°,
CuO from calcining of Cu(NO0s)2-3H2, initial surface 0.49
m.Vg.; A, 148° commercial grade CuO, initial surface =
0.22 m.2/g-

Fig. 2.—Effect of nature of oxide on rate of reduction of
CuO by hydrogen. Particle size <44 /t hydrogen flow rate
2.0 l./min.; temperature 190°.

filter, and air drying for 24 hr. The dried precipitate was
calcined in a muffle furnace at 400° for 20 hr., and the prod-
uct was crushed and sieved.

The wire-form CuO was crushed to <44 n- Each prepara-
tion was dried for 20 hr. at 600° under a stream of dry oxy-
gen flowing at a rate of 1.6 I./hr. before use. The hydrogen,
obtained as electrolytic hydrogen from the Southern Oxygen
Co., was passed through a platinum-asbestos catalytic re-
combiner and then through a charcoal trap cooled by liquid
nitrogen to remove any traces of oxygen and water. The
catalytic recombiner was a commercial model (Baker and
Co., Newark, N. J.) with a capacity of 5ft.’/hr. at 50 p.s.i.

Hydrogen reduction of all three types of oxides gave the
theoretical weight loss for reduction to pure Cu. X-Ray
diffraction analysis of the initial oxides showed lines for CuO
only. Surface areas were determined by nitrogen adsorp-
tion.

Apparatus and Procedure.—The apparatus used has been
described previously.8 Basically, it consisted of a reduction
chamber and a semiautomatic recording thermogravimetric
balance. The reduction chamber was a cylindrical nickel
vessel, 2 in. i.d., equipped with a helium seal through which
the sample was suspended from the balance. The reduction
vessel was heated by a platinum-wound resistance furnace
and the temperature was controlled to + 2° by a platinum-

(8) L. M. Ferris, Ind. Eng. Chem., 51, 200 (1959).
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rhodium thermocouple connected to a Pyr-o-vane controller
and recorder. The recorder was calibrated with a glass
thermometer for different temperature settings. The sample
was contained in a platinum pail 1 in. in diam. and V« in.
deep. The hydrogen was preheated by spiraling the en-
trance I/ 4m. o.d. nickel tubing into 12 turns around the
reaction vessel. The gas flow was measured by calibrated
rotameters.

One-gram samples of CuO were weighed in the fared
platinum pail on an analytical balance to the nearest 0.2
mg. The pail was then hung on a niclirome wire and lowered
into the reduction chamber, and the recording balance was
set for automatic control. Dry helium was admitted at a
flow rate of 2 1./min. The volume of the reduction chamber
and the associated gas lines was about 500 ml. so that the
helium was displaced in less than 1 min. if complete mixing is
assumed. The inert, atmosphere was necessary when the
reduction chamber was above room temperature to prevent
formation of reducible nickel oxides. The furnace was then
turned on and, when the desired temperature had been ob-
tained, an additional 1-2 hr. was allowed for any weight loss
due to adsorbed water. No decrease in weight was observed
for any of the samples as the temperature was raised from
ambient to the reduction temperature.

Hydrogen then was admitted to the reduction chamber,
the helium was immediately shut, off, and the final regulation
was made to a flow rate of 2.0 I./min. This whole operation
required about 0.5 min. After reaction had stopped, helium
was admitted to the reduction chamber, the hydrogen was
shut off, and the sample was allowed to cool to room tem-
perature under an atmosphere of flowing helium. The sam-
ple then was removed from the chamber and weighed in air
on an analytical balance as a check on the recording balance.

Reduction-Time Curves.— Curves of fraction
reduced vs. time were typically sigmoid. The same
curve was obtained with 1or 2 g. of oxide when the
data were normalized to fraction reduced, which
shows that the reduction curve is independent of
the mass of the oxide. Self-heating effects would
resultif too large a sample was used. The reduction
curves were reproducible to £3% when the H 2flow
rate was between 2 and 4 I./min. The reduction
rate reached a maximum at 20-40% reduction re-
gardless of the nature of the oxide (Fig. 1).

Effect of Method of Preparing the CuO and its
Surface Area.— The oxide produced from calcina-
tion of Cu(NO:3r2 11D at 400° was reduced more
rapidly than that obtained from calcination of
Cu(OH)2 at 400° or from oxidized copper wires
crushed to <44 ix (Fig. 2). For example, at 190°
the oxide from calcining of Cu(N032-3HD was
reduced completely in 16 min., whereas the oxides
from calcining of Cu(OH)2 and from oxidizing of
copper wires required 98 and 35 min., respectively,
for complete reduction. The initial reduction rates
for the different oxides were markedly different
(Fig. 2).

The reactivity of the oxide is clearly an effect of
the nature of the oxide, and probably depends on
the crystallite structure within the individual parti-
cles, since a wide difference in reactivity is observed
between different oxides of the same mesh size
classification and approximately the same initial
nitrogen-adsorption surface area. This difference
also shows that reaction occurs on certain active
nuclei; otherwise, the initial rates would be approxi-
mately the same. The total surface area is not
necessarily related to the number of active nuclei
for the adsorption or reaction of specific gases.
The nitrogen-adsorption surface area of the copper
product is much higher than that of the initial
copper oxide (Table I). The precision of the sur-
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face area measurements is +15%, so that within
experimental error the product surface areas do not
differ greatly.

Table |

Surface Area of |Initial Oxides and Reduction
Products

Surface area,a

Redn. m.»/g.
temp., Size of Cu
°C. CuO preparation CuO, CuO prod.
190 Calcination of Cu(N03)2-3-
H2 at 400° <44 0.49 1.1
Calcination of Cu(OH)2 at
400° <44 43 1.3
148 Crushing of reagent grade
CuO wires and calcining
at 600° <44 .22 0.98
Calcination of Cu(N03)2-3-
H2 at 400° <44 49 1.3
Crushing of reagent grade
CuO wires (contained
some Cu2) 149-297 .019 0.82

“ Determined by nitrogen adsorption.

Effect of Temperature.— -Increasing the tempera-
ture of the reduction markedly increased the rate
of reduction of all oxides regardless of the method
of preparation. The time required for complete
reaction decreased by factors of 6 to 10, depending
on the oxide, as the temperature was raised from
148 to 216°.

Effect of Mesh Size.— The effect of mesh size
was investigated only very briefly. A single mas-
sive piece of CuO weighing 1.6 g., obtained by cal-
cining Cu(N032-3HD, was reduced at 216° and
the results were compared with those from the
same material crushed at <44 n. The reduction
time was only about twice as great for the single
massive piece. There was little difference in the
rate until 90% reduction was reached, beyond
which point the reaction slowed rapidly for the
massive CuO. This probably is a result of the CuO
becoming completely covered with metallic copper,
after which diffusion of hydrogen to the reaction
site or water vapor from the reaction site controlled
the rate. Similar results were observed with <44 n
and with 149 to 297 n oxides from crushed CuO
wires.

Effect of Water Vapor.— Saturation of the hydro-
gen with water vapor at 27° completely prevented
initial reaction from taking place at 112°, but this
effect for the oxide prepared from calcination of
Cu(N032-2H disappeared at 190°. Once reac-
tion had begun, however, the water vapor had no
appreciable effect on the reduction rate. These
results indicate that water vapor is adsorbed at
active sites in preference to hydrogen at lower
temperatures. At 112° the adsorbed water vapor
completely masked the active sites from hydrogen.
The decrease in the inhibiting effect of water vapor
with increasing temperature indicates that hydro-
gen is more strongly adsorbed than water vapor at
higher temperature.

The results are consistent with those of previous
workers. Pavlyuchenko and Rubinchik6state that
water vapor had practically no effect on the reduc-
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tion, but their conclusions were based on experi-
ments performed at 183°, which was too high a
temperature for the inhibiting effect of water to be
observed. Since adsorption phenomena are in-
volved, the temperature for observation of the inhi-
bition of the reduction by water vapor will depend
upon the nature of the oxide and the partial pres-
sure of water vapor.

Effect of Metallic Copper.— The addition of cop-
per powder, obtained from a previous experiment
under the same conditions, to the oxide prior to
reduction had no measurable effect, within experi-
mental error, on the reduction rate at 112 or
190°. Copper metal per se therefore is not respon-
sible for the autocatalysis of the reaction.

These results are in agreement with the data of
some previous workers67 but are contrary to the
observations of Pease and Taylor,2awho reported a
marked increase in the initial reduction rate as a
result of added copper granules. This difference is
notunderstood. Acceleration of the reduction could
not be produced by stirring metal into the oxide or
by placing metal as alayer on the oxide.

Kinetic Equation.— Several theories and mathe-
matical expressions have been developed for ex-
plaining the autocatalytic nature of the thermal
decomposition of solids.9 These theories and equa-
tions also are applicable to reactions between a gas
and a solid when the rate is controlled by chemical
reaction and not by adsorption or diffusion of
the reactant gas to the solid surface. Since in this
study the reaction rate was independent of the flow
rate and was only slightly affected by hydrogen
pressure in the range 200-700 mm. in a previous
study,66the rate of reduction of CuO by hydrogen
is considered to be governed by either chemical
reaction or diffusion of water away from the reac-
tion site. Also, since Pavlyuchenko and Rubinchik6
have shown that the reaction involves adsorbed
hydrogen, the reduction may be visualized as tak-
ing place in essentially the same way as a thermal
decomposition reaction

CuO + H2— > CuO:PI2
CuO:H2— >Cu + HD

where the colon denotes the adsorption boundary
layer. If the adsorption step is much faster than
the decomposition step, the over-all behavior of the
reaction is like that of a thermal decomposition
reaction.

Proutand Tom pkinsDhave derived an equation of
applicability for autocatalytic decomposition reac-
tions which proceed by the growth of chains. When
the maximum rate is observed at 50% decomposi-
tion, their equation is

drr/dt = kx(1 — x) (1)
where
dx/dt = rate of reaction
X = fraction decomposed

(9) W. E. Garner, “The Chemistry of the Solid State,” Butterworth,
London,1955.

(10) E. G. Proutand F. C. Tompkins, Trans. Faraday Soc., 40, 488
(1954).
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1 — x = fraction remaining
I: = specific rate constant

Fig. 3.—Test of kinetic equation, a, b, d:
pared by calcining Cu(NC>3)23H20, <44 ix size; respective
reduction temperatures, 216, 190, and 148°, c¢: com-
mercial grade CuO, <44 K size; reduction temperature
190°: e: CuO prepared by calcining Cu(OH)2, <44 ju
size; reduction temperature 190°.

CuO pre-

Fig. 4.—Temperature dependence of rate constants for
reduction of CuO by H2
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Integration and rearrangement of the equation
leads to

log (x/(I =*) =M + C 2)

where C — —ktn® and tmax =
rate is a maximum.

In general, two constants are required, one for
the period of increasing rate and one for the period
of decreasing rate. This is a result of the asym-
metry of the x-t curves. However, there is little
difference in the numerical values of the constants.
Prout and Tompkins attributed the asymmetry to
a cessation of mechanical disintegration of the
original crystals at the maximum rate of decom-
position and were able to observe this circumstance
microscopically.

When the maximum rate occurs at a value dif-
ferent from x = 0.5, it is necessary to integrate
Prout and Tompkins’ original equation with dif-
ferent boundary conditions. When this is done eq.
3 results.

time at which the

a% = 2)6, 1 —2xi + x)(I - x) (3)

where x, 1—x, k are defined as in eq. 1 and X\ =

fraction reacted at dx/dt = max. Equation 3 is

valid for a maximum rate occurring at values of O

< x < 05. It is obvious that the equations have

no physical reality above x = 0.5 since die/df be-

comes negative for the onset of the reaction.
Integration of eq. 3 gives

1— 2xi + X

log e - (ht+ C) @

1 — X Xi

Substituting Xi = 0.35, which is a good average of
nine reductions, and rearranging gives

log °’'3 — X = ko't + co (5)
1—x
where
ko' — 1.86/ti
co = 1.86(7

An average value of xi was used rather than individ-
ual values because of the flatness of the dx/dt vs.
X curves near the maxima.

Prout and Tompkins explain adherence to eq. 2
by the formation of certain active nuclei which
grow by a branched-chain mechanism as a result of
the reaction process. The reaction rate reaches a
maximum when the rate of growth of branches is
equal to their rate of termination by interference
with each other, and the rate will subsequently de-
crease as interference among the growing chains
steadily increases.

Plots of the data according to eq. 5 show that this
equation closely approximates the reduction proc-
ess (Fig. 3). The equation is obeyed from 3 to
90% reduction. Only one constant is used to de-
scribe the whole reduction rather than one for ac-
celeration and one for decay. A slightly better fit
of the data would be obtained if two constants were
used, but in this case little would be added to the
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interpretation of the over-all reduction process.
One constant sufficiently approximates the data
with only a slight amount of sinusoidal curvature
about the straight line drawn through the experi-
mental points. The fit of the data to eq. 5 is re-
markably good, considering the fact that an average
value of Xi was used over a fraction range from 0.2
to 0.4. This relative insensitivity to the X\value is
due to the fact the maximum rate does not peak
sharply (Fig. 1).

Deviations from eq. 3 would be expected at the
very beginning and at the end of the reaction since
any small error in measurement of the fractions
reduced will introduce large errors in the value of
(0.3 + x)/{\ — x). However, they will not be so
great as the variations shown toward the end of the
reduction. The equation is not obeyed beyond
90% reduction. It is likely that the remaining CuO
is enclosed completely in the copper particles with
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little chance of growth of existing nuclei and that
the reaction rate is controlled by diffusion.

Activation Energy.—Arrhenius plots gave an
apparent activation energy of 14.7 kcal. for the
oxide from calcination of copper nitrate and 12.3
kcal. for the oxide from oxidized copper wires after
crushing (Fig. 4). The activation energy for the
reduction of CuO from calcining of Cu(OH)2 was
not determined since only- one temperature was
used. Within the accuracy of the plots (x20%),
the activation energy is considered to be the same
for the two oxides used.

Acknowledgments.—The author is indebted to
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ing out this research project: J. F. Talley for
technical assistance; W. R. Laing for surface area
determinations; R. L. Sherman for X-ray dif-
fraction analyses; and L. M. Ferris and C. E.
Schilling for stimulating discussions.
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Investigations of free-radical polymerization
kinetics usually are made at low conversion or in
dilute solution. This allows use of dilatometry or
refractive index measurement for following the re-
action and simplifies interpretation of the results.
These methods of measurement require, however,
that the polymerizing system have sufficient fluidity
to conform to the shape of its containing vessel.
Where the polymerizing system is in whole or in
part of polyfunctional monomer, then the products
pull away from the container during the reaction
and the standard kinetic methods are not appli-
cable.

The heat output is a convenient measure of reac-
tion, especially where conditions approximate to
adiabatic. Significant results are possible providing
the reaction is photoinitiated and the temperature
does not rise sufficiently for thermal initiation to
make an appreciable contribution. A hundredfold
excess of photo over thermal polymerization rate
was achieved with photosensitized triethylene-
glycol diacrylate. With a-methoxy-a-pheny1-aceto-
phenone (benzoin methyl ether) as photoinitiator
reaction temperatures up to 80° were possible with-

(1) Metal Box Co., Kendal Avenue, London, W,3, England,
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out the complication of significant thermal initia-
tion.

The temperature rise during polymerization of
pure triethylene glycol diacrylate could be as high
as 150° if there were no heat losses from the system.
In these conditions there would be charring and loss
of light transmission and the temperature would
unduly favor thermal initiation. These difficulties
occur if a thick sample is used. With a thin
sample, heat loss to the container prevents excessive
temperature rise, but calculation of heat output of
the reaction is impractical.

It was found highly desirable to give the monomer
dimensional stability by making it the plasticizer
of a non-interfering polymer, cellulose acetate.
This technique eliminated the need for a containing
vessel for the monomer, thus simplifying the heat-
loss corrections. Part of the heat output of poly-
merization was now shared with the bulking poly-
mer and some lost by radiation to the outside. The
first loss was calculated readily and the latter ob-
tained readily by experiment. There was some
diminution of actinic intensity through these
samples. However, it was not very serious with a
thickness of one millimeter, and the effect was min-
imized by keeping the sample thickness within
close tolerance.
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The composition, cellulose acetate (40%)/tri-
ethyleneglycol diacrylate (60%) has a heat capacity
of 0.46 cal. per gram and cellulose acetate (60%)/
triethyleneglycol diacrylate (40%) of 0.40 cal. per
gram. For both compositions the measurement is
independent of temperature in the measured range
of 30 to 100°. Heat capacity for a polymer/plasti-
cizer system is expected to be additive,3 so heat
capacities for these polymerization systems can be
summarized as: S = 0.30(cellulose acetate) +
0.56(triethylene glycol diacrylate) cal./g. Since
this value is independent of temperature, and is ex-
pected to be essentially independent of the extent
of polymerization of the monomer,4 it does not
change during the course of photo exposure.

@

So DC. = (S/H M) AT%rr

Heat of Polymerization. The heat of polymeriza-
tion of methyl acrylate has been determined4 as
—AH 20.2 £ 1.0 kcal. per mole. We rely on
evidence that the molar heat of polymerization of
an ester of an ethylenically unsaturated acid is
essentially independent of the saturated esterifying

ent polymerization of acrylate groups remembering
that the full molar heat of polymerization for tri-
per mole.
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(3) S. M. Skuratov and M. S. Shkitov, Cormpt. rend. acad. A URSS,
53 627 (1946).
(5) L. K. J. Tong and W. O. Kenyon, J. Am. Chem Soc., 68, 1355
(1946).

group.5 So this value of AH is applied to the pres-
ethylene glycol diacrylate becomes 2 X 20.2 kcal.
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Results

Degree of Conversion.—A typical polymerization
curve isillustrated in Fig. 2. The degree of conver-
sion does not approach unity even with very long
polymerization times. This behavior had been ob-
served qualitatively by Melville,6 but now
the limiting value is shown to vary widely with
monomer concentration and with rate of initiation.
It also has been observed that post-cures of even
rather high exposure intensity give only slight in-
crease in the conversion. This is particularly inter-
esting when compared with the theoretical treat-
ment developed below, in which the immobilization
of unsaturated groups is primarily dependent on
the coil size of growth paths in the polymerized
network, consequently depending on the poly-
merization history as well as the subsequent tem-
perature or intensity of irradiation.

The dependence of the limiting degree of conver-
sion upon the ratio of monomer to filler was exam-
ined throughout the range experimentally acces-
sible and is illustrated in Fig. 3. The range 50 to
70% filler in which very rapid change of limiting
degree of conversion occurs is also the region in
which a very sharp change in the macroscopic flow
property occurs. At the mid-point of this range, a
composition 60% filler under a stress of 100 p.s.i.
at 50° flows 1.5% per hour; 70% filler on the one
hand gives a rather rigid structure while 50% filler
on the other is only just sufficient to prevent a vis-
ible rate of flow under no loading.

It was somewhat surprising that degrees of con-
version over 80% should be recorded since 50% of
all unsaturation is available only as potential cross-
links. These high values suggested that the esti-
mate of heat of polymerization might err on the low
side. This possibility was probed by looking for
ways of further increasing the degree of conversion.
The present observations could not be extended to
lower concentrations of filler since such composi-
tions lacked dimensional stability.

However it was observed that the limiting de-
gree of conversion could be raised by diluting the
monomer with triethylene glycol dipropionate, the
filler concentration being unchanged (67% cellulose
acetate). This lead was pursued in order to see
whether the anomaly of conversions higher than
unity would occur. In Table I it appears that dilu-
tion of the monomer gives a rapid increase in limit-
ing conversion but only until a plateau of 65%
limiting conversion is reached. At lower filler con-
centrations this boosting effect may be entirely
absent, e.g., with 60% filler the limit apparently is
unchanged at 73% even through very heavy re-
placement by non-polvmerizable plasticizer.

Effect of Initiation Rate.—The relation between

(6) H. W. Melville, Proc. Roy. Soc. (London), A237. 149 (1956).
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Figure 3.
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log (intensity).
Fig. 4—Degree of conversion as"a function of intensity.
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Fig. 5—Limiting degoree ?ft gﬁnverswn \s.

the limiting degree of conversion ($) and the initia-
tion rate was examined through a range of exposure
intensities and as a function of photoinitiator con-
centration.

The light intensity was controlled with the iris
diaphragm/photometer, and fivefold range of in-
tensity was possible without reducing the rate of
photo reaction to the point where the thermal

Initiator
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Monomer in plasticizer 00 8 75 67 50
mixture, %

Degree of \67% filler 34 45 . 5 6
conversion, % . 60% filler 68 .. 65 .. 80

(dark) reaction made a significant contribution.
The limiting degree of conversion decreased from
66 to 50%. The data are represented logarithmi-
cally in Fig. 4, which suggests a relation between
limiting degree of conversion (<> and exposure in-
tensity (io): 4> = k(lo)OM = k(Ri)°-u, where Ri is
the rate of initiation.

In the alternative experimental approach the
photoinitiator (benzoin methyl ether) concentration
was varied through a fifteenfold range from 1.5 to
0.1 grams per hundred grams of monomer. It was
established that the contribution of direct photo-
initiation under the conditions of exposure described
was less than 3% even at the lowest photoinitiator
concentration. The concentration of inert polymer
with which dimensional stability of sample was
secured was exactly the same in each polymeriza-
tion (although not the same as in the exposure in-
tensity studies, above). The limiting degree of
conversion decreased from 46% to 28%. The
representation of Fig. 5 suggests $ = k[Initiator]0-2
= ¢ (tfi)o-2L

Theory.—The Kinetics of free radical polymeriza-
tion have been most rigorously derived for the bi-
functional addition reaction in dilute solution,
or in bulk at low conversions. Anomalous results
are found in some solutions at higher concentra-
tions and in most bulk monomers at higher con-
versions.7 Autoacceleration or the “gel effect”
has been observed at conversions of less than 1%
when the polymer is not soluble in the polymerizing
system, e.g., methyl methacrylate polymerizing
from a solution in heptane or cyclohexane.8 It is
interpreted as a decreasing termination rate con-
stant, since decreasing diffusional mobility affects
polymeric diffusion, particularly polymer-polymer
contacts, before it restricts the movement of
monomer.

If this gelation occurs early in the reaction, as it
does in a polyfunctional polymerization, then the
reaction slows up and stops before complete con-
version of the monomer. A special case of incom-
plete polymerization has been considered by Tobol-
sky.9 The catalyzed polymerization of isoprene has
a limiting degree of conversion which can be quan-
titatively explained as exhaustion of catalyst.
However, if a photoinitiated polymerization were
controlled by catalyst exhaustion, higher intensi-
ties of exposure would lower the limiting degree of
conversion. The present polymerization clearly
does not follow this course.

To explain the incomplete polymerization of
polyfunctional monomers, one might postulate a
continuously declining propagation rate constant.
This does not lead to an explanation of the wide
variations of conversion with catalyst concentration
and it takes insufficient account of the obvious

(7) G. V. Schulz and G. Harborth, Mdkronol. Chem, 1, 106 (1947).

(8) R. G. W. Norrish and R. R. Smith, Nature, 150, 336 (1942).
(9) A. V. Tobolsky, J. Am. Chem Soc., 80, 5927 (1958).
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immobility of 50% of the monomer units which
are immobilized by the polymerization of their
monomer partners and yet to some extent still
polymerize.

It is proposed here that all translational motion,
whether of monomer or of polymer, is restricted
from quite early in the reaction. Polymerization
still can proceed, monomer units being gathered
when the active end of a live chain progresses on a
random walk by “growth diffusion.” The growing
chain depletes its immediate environs to such an
extent that no other chain can grow through its
path. The polymerizing system is visualized as a
fine mixture of “forbidden pockets” and *“virgin
pockets.” In the “forbidden pockets” there are
reacted functional groups and unreacted groups
together, but no further reaction is possible. Fur-
ther polymerization occurs only in the virgin
pockets. So conditions at the site of polymeriza-
tion are unchanging, except for a moderate tem-
perature rise, and for most of the reaction, excluding
only the early stages, the rate constants of propaga-
tion and of termination are unchanging. From this
postulate of prohibited translational motion, rela-
tions between the limiting degree of conversion and
the process conditions can be developed.

The concentration of functional units is repre-
sented as unity and the extent of reaction, that is
the ratio of reacted to total units, is X. The extent
of reaction reaches its limiting value (4> when the
growth paths are just touching, when all functional
groups are embraced by the forbidden pockets.
So in forbidden pockets the ratio of total functional
groups to reacted functional groups is 1/$. When
the extent of reaction is X, there are X reacted
groups in forbidden pockets and a total of X/<f>
functional groups therein. So the chance of a
free radical being in a virgin pocket, of being in a
growth situation, is (1 — X/$). This is the effec-
tive monomer concentration, and the rate of propa-
gation is

10 Plateau value (root
mean square)

K = MM-] (3)

where [M-] is the total concentration of free radi-
cals and kp the propagation rate constant.

The path of the growing polymer chain should
approximate to a random walk in three dimensions.
This reaction path has no separate existence in the
final polymer, being subsequently attached at
many points to the three dimensional network.
The (root mean square) displacement length or
end-to-end distance of a random walk has been
calculatedDas

112 - A
where n is the number of repeating units, here the

number of reacted functional groups, and c is a
measure of their individual length. The total

(10)
76, 258 (1936).

Lord Rayleigh, Phil. Mag., 37,321 (1919); W. Kuhn, Kottoid Z.,
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number of functional groups, reacted and trapped
together, is equal to the volume of this gelled region
or proportional to the cube of any linear dimension.
The limiting degree of conversion may be written
as the ratio of reacted to total functional groups; so

$ = const. (re/cCWA)
= ¢(n) JA
The length of the polymer chain is determined by
the ratio of propagation to initiation rate so

$ = cV (Ri/RD) (4)
While the average chain length cannot be obtained
rigorously, an estimate may be obtained by intro-
ducing the median value of Ri/Rp, the value at
half-reaction.

Then X = $/2 and from (3), Rp = y Zcp[M-].
The ultimate loss of free radicals is by growth
collisions which, like diffusional collision, involve
two free radicals, so

Rp = wsmtpirko, at Nalf-reaction

At some point in the reaction the rate of termina-
tion approaches closely the rate of initiation. If
this stationary condition prevails through most of
the polymerization, then the limiting degree of
conversion

<= elffi)oB

where ¢ = v /2c,AtIJApY¥ This relation agrees
very closely with the experiments which have been
discussed, both for varying concentration and for
varying intensity of photo exposure.

Now it is possible to examine the rate of poly-
merization in greater detail. A conventional plot
of polymerization rate (Rp) against monomer
concentration (1 — X) would suggest that either
the propagation rate constant or the free radical
concentration declines substantially during the
reaction. However eq. 3 above brings attention
to the relation between Rv and (i> — X)/i> which
one might call the “available monomer.”

A disturbing feature of the polymerization in
Fig. 2 is the region of retardation which persists
until nearly 20% of the ethylenic groups have re-
acted. The monomer contained 0.1% of a phenolic
inhibitor which had been necessary in the prepa-
ration of the triethylene glycol diacrylate from
acrylic acid, and which was helpful in preparing the
acrylate/cellulose acetate compositions reprodu-
cibly. The thermal inhibitor may be acting as a
retarder in the photopolymerization. On the other
hand part of this apparent retardation might be
otherwise explained as a pre-stationary state in
which the rate of radical initiation exceeds the
termination rate.

In view of this complication, the data relating to
higher levels of conversion are more significant.
In Fig. 6 rates of polymerization derived from Fig.
2 are plotted against available monomer. The
wide range of linearity in the relationship shows a
stationary value for fp[M-]. Remembering that
conditions are not isothermal all through the
reaction, the constancy of kv is not immediately
evident. In fact non-linearity at rather high avail-
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Fig. 6.—Rate .. effective monomer concentration.

. Iog. (conen). .
Flg. 7—Rate as a function of initiator concentration.

Fig. 8.—Rate as a function of intensity.

able monomer concentrations (Fig. 6) may be ex-
plained as a lower temperature and a lower value of
kv. However, toward the end of reaction the
slower heat output is closely balanced by the heat
losses, giving a more constant temperature and
propagation rate constant (fcp).

We may use the measurements of polymeriza-
tion rate to check the stationary state postulate.
Taking a generalized form of the termination rate

/b = ke [M']°
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and the stationary state relation

ri = i [Initiator I

where 70 is the intensity of actinic radiation. We

have ft[M-]a = Kk, [Initiator]/0 and a plot of log

{dRp/d(</> — Z)/$)} against logarithm of the

photoinitiator concentration has a gradient 1/a.
With benzoin methyl ether as photoinitiator,

the data are shown in Fig. 7 where the gradient is

0.52 and

R, =

Rt = ARM-]:@

This experimental relation also has been explored
by changing the intensity of photo exposure. The
logarithmic plot of Fig. 8 suggests I/a = 0.49, or

Rt = ARM-]2(B

D. W. Rogers, D. A. Aikens, and C. N. Reilley

Vol. 66

This demonstrates a general consistency among the
guantitative aspects of the postulated mechanism.
The broad assumption of a heterogeneous poly-
merization system in which most of the propaga-
tion reaction occurs in virgin pockets has yielded a
relation between the limiting degree of conversion
and the initiator concentration or the intensity of
photo exposure. This is in close agreement with
the experimental work with a polyfunctional
monomer.
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Introduction

The importance of ethylenediaminetetraacetic
acid (EDTA) as a chelating agent has led naturally
to study of the kinetic behavior of its metal chelates.
The bulk of this work, which has been concerned
with the exchange of aquated metal ions with metal
chelates, has been reviewed by Alargerum.1 The
interesting related problem of the exchange of a
metal ion between two multidentate ligands has, as
yet, received little attention for ligands of the
aminopolycarboxylate type, the work of Bosnich,
Dwyer, and Sargeson on the exchange of metal
ions between the « and i isomers of 1,2-propylene-
diaminetetraacetic acid being the only example.2

The exchange of a metal between EDTA and a
second multidentate ligand of contrasting structure
is of interest since it allows speculation on the rela-
tion between the observed rates and the structures
of the entering and leaving ligands. Eriochrome
Blue Black R, I-(2-hydroxy-lI-naphthylazo)-
2-naphthol-4-sulfonic acid (Erio R), was chosen as
the second ligand as representative of the o,0'-di-
hydroxyazo type of ligand, the Cu chelates of
which are of appropriate stability and of well de-
fined structure.

(1) D. W. Margerum, J. Phys. Cheme3, 336 (1959).

(2) B. Bosnich, F. P. Dwyer, and A. M. Sargeson, Nature, 186, 966
(1960).
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Results

Equilibrium data for the exchange reaction are
presented in terms of effective constants based on
total concentrations of ligand and chelate species
without regard to such factors as chelate derivative
formation or the degree of protonation of ligands.
Such constants are useful as the numerical magni-
tudes reflect directly the composite effects of all the
competing equilibria involved. Effective exchange
constants are readily derived from the absolute
stability constants of the chelates by consideration
of all the competitive equilibria.

Equilibrium Data.—The successive pAY.s of
ErioR are 1, 7.3, and 13.6. The first value, that for
the sulfonic acid proton, is somewhat uncertain
because of the small spectral difference between

(3) G. P. Hildebrand and C. N. Reilley, Anal. Chem, 29, 259 (1957).

(4) M. C. Bennettand N. O. Schmidt, Trans. Faraday Soc., 51, 1412
(1955).

(5) D. W. Rogers, Ph.D . Thesis, University of North Carolina,
1960.
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the acid and base forms. The latter values, for the
phenolic protons, are much more reliable and are in
good agreement with those of previous workers.36
The effective equilibrium constant, Afeft, for the ex-
change reaction (1) whereY isEDTA and Z is Erio

1)

R, is given from pH 3 to pH 12 in Fig. 1. Experi-
mental values of K ea determined by direct measure-
ment (open circles) agree within 0.2 \>K unit with
values calculated from kutlZ/krefi, the ratio of the
forward and reverse effective rate constants (filled
circles) above pH 5.  The relation of the rate data
to the equilibrium constant below pH 5, where the
reaction rates are independent of the concentration
of the attacking ligand, is more complex and will be
discussed separately.

Agreement between the two experimental sets of
Keff and values calculated from the effective sta-
bility constants of the two chelates (solid line) is
between 0.1 and 0.2 pK unit, if the formation of
hydroxide derivatives of Cu-EDTA and Cu-Erio
R is considered. The directly measured value of
the equilibrium constant for the formation of the
former from Cu-EDTA and hydroxide is 2.1 log
units, in good agreement with the value found by
Bennett and Schmidt.4 The formation constant of
Cu-OH-Erio R cannot be determined directly by
spectral methods because of the similar spectra of
the chelate and its hydroxide derivative, but a value
can be inferred readily from the pH dependence of
measured values of Kea. Neglect of this species
results in large discrepancies between measured and
calculated values of K en above pH 9 (dashed line),
while a value of 4.0 log units for its formation con-
stant gives excellent agreement to pH 12. Calcu-
lated values of K ea are based on data quoted and the

Cuz + Y —=aCuY + Z

©) G. Schwarzenbach and W. Biedermann, Helv. Chim Acta, 31, 678

(1948).



1584

acid-base constants of EDTA given by Schwarzen-
bach and Ackermann,7and the stability constant of
Cu-EDTA as determined by Schwarzenbach, Gut,
and Anderegg.8

Kinetic Data.—The rate of reaction of EDTA
with Cu-Erio R in sec.-1 is given by the ex-
pression

1.6 X 10](CuZz)(H) + 7 X 101(CuZ)(H2r) +
1.5 X 102CuZz)(HY) +
1.5 X 102CuzZOH)(HY)

from pH 3 to 13 and the rate of the reaction of Erio
R with Cu-EDTA in the same pH range by

8.4 X 10- ACuHY) + 2 X 10-~CuYXHiz) +
2.1 X 107~CuY)(HZ) +
3.1 X 102CuYOH)(HZ)

In each case the reaction rate is independent of
the concentration of the attacking ligand below
pH 5 and first order in the attacking ligand above
pH 5. The reaction pairs chosen for the formula-
tion of the rate law are not necessarily unique and
other combinations of the same over-all stoichiom-
etry will fit the data as well. However, except
for the last term of the rate law for the reaction of
EDTA with Cu-Erio R, areasonable and mechanis-
tically consistent choice can be made simply by
formulating the rate law in terms of the predomi-
nant species of each reactant. This criterion cannot
be applied to the term in question as the pH of the
CuZzZ/CuzOH transformation (pH 10.0) is nearly
equal to the pH of the HY/Y transformation (pH
10.3) and appreciable concentrations of all four
species exist near pH 10. Although this suggests
that both the path (CuZz)(Y) and the path (Cu-
ZOH) (HY) may be important in the reaction above
pH 10, indirect evidence presented in the Discussion
section strongly favors the latter pair, which has
been chosen for the formulation of the rate law.

The second-order rate constants for both ex-
change reactions are valid over a 100-fold range of
reactant concentration product and from reactant
concentration ratios of 0.2 to 5.0. The rate con-
stant for the reaction of EDTA with Cu-Erio R
fluctuated between 1.1 X 102and 14 X 102 M—
sec.“ lat pH 7.0 as the concentrations of EDTA and
of Cu-Erio R were increased simultaneously by up
to tenfold from their lower limits of 1.0 X 10“6and
21 X 10“6M, respectively. The rate constant for
the reaction of Erio R with Cu-EDTA at pH 8.5
varied randomly between 20 and 24 M -1 sec.“1
with the same variation in the EDTA and Erio R
species. The pH value for each reaction was chosen
to minimize variation of reaction rate with pH be-
tween experiments.

The reaction of EDTA with Cu-Erio R at pH
3.26 gives consistent first-order rate constants over
an EDTA concentration range of 2.0 X 10-6 to 3.3
X 10“5M. At EDTA concentrations above 3.3
X 10“sM, the effect of the concurrent second-order
reaction becomes apparent. Data for the first-
order path of the reaction of Erio R with Cu-EDTA

(7) G. Schwarzenbach and H. Ackermann, Helv. Chim Acta, 30,
1798 (1947).

(8) G. Schwarzenbach, R. Gut, and Xl. Anderegg, ibid., 37, 937
(1954).
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at pH 3.15 are limited to Erio R concentrations
greater than 1.0 X 10"5M and less than 1.0 X 10-4
M, the first because of the unfavorable equilibrium
constant of the reaction, and the second because of
the high absorptivity of Erio R. Over this range of
Erio R concentrations no deviation from first-order
kinetics is observable.

The reactions of EDTA with Cu-Erio R and of
Erio R with Cu-EDTA both follow pseudo-first
order kinetics above pH 5 over 95% of the reaction
when carried out with a large excess of attacking
ligand. If more than one Cu chelate species is pres-
ent, equilibrium among them is rapid. Good
agreement was found between the pseudo-first
order rate constants and those calculated from the
limiting rate of change of absorbance.

Discussion

Chelate Stability Constants.—The absolute
stability constant of Cu-Erio R is estimated as
21.2 log units, somewhat higher than would be
expected from published stability constants of metal
ions with EDTA and with Erio R. The absolute
stability constants of Ca-EDTA and Ca-Erio R
are 10.7 and 5.2 log units, respectively, while that
of Cu-EDTA is 18.8 log units,36so that the order
of stability of the copper chelates is opposite to that
of the calcium chelates.

This increase in the relative stability of Cu-Erio
R is due to the large ligand field of the aromatic
ligand, and may be caused in part by the effect of
*-bonding between the d electrons of Cu(ll) and
the conjugated aromatic ring system of the dye.
Qualitatively, the stability of the complex is en-
hanced by delocalization of the electrons in the tg
orbitals of the central ion over the vacant x-orbitals
of the ligand as discussed by Orgel.9 As EDTA has
no delocalized 7r-orbitals, its chelates cannot benefit
from x-bonding.

= Second-Order Displacement Reactions.—The ob-
servation of second-order Kinetics above pH 5 in
the reaction of EDTA with Cu-Erio R and in the
reaction of Erio R with Cu-EDTA does not in it-
self shed much light on the actual reaction mech-
anism. Because of the large number of bonds in-
volved, a one-step reaction is very unlikely. Rather
it is quite probable that a stepwise reaction occurs,
the first step of which is the bonding of the attack-
ing ligand to a loosely chelated or unchelated site
(or sites) of the Cu chelate to form a mixed ligand
chelate in a second-order step. This is followed by
stepwise replacement of the ligand coordination
sites of the original chelate by those of the attack-
ing ligand. The activated complex is associated
with the formation of a certain critical number of
bonds between Cu(ll) and the attacking ligand.

Whether these steps proceed primarily by dis-
sociation of the individual metal-chelate bonds
(Snl) or by displacement of the original chelate co-
ordination links by the attacking ligand (Sn2) or
by some other path must be deduced from detailed
examination of the rate data. This second phase of
the reaction is undoubtedly complex, but considera-
tion of the rate data together with the acid-base
constants of the ligands and the chelate formation

(9) L. E. Orgel, “An Introduction to Transition Metal Chemistry,”
Methuen, London, 1960, pp. 106-108.
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constants of the ligands allows some interesting
mechanistic speculation. For convenience, the
formation of a mixed complex will be discussed first,
followed by consideration of the replacement phase
of the reaction.

The mixed ligand complex EDTA-Cu-Erio R
formed in the exchange reactions, as inferred from
the second-order Kkinetics, exists in low concentra-
tion relative to the reactants. First, attempts to
detect this intermediate spectrophotometrically
were unsuccessful. The absorbance of the reaction
mixture, extrapolated to zero time, was equal within
experimental error to that expected from the sum of
the reactants. Second, the reaction of EDTA with
Cu-Erio R remained second order even in the pres-
ence of a fivefold excess of EDTA. Formation of a
significant concentration of mixed ligand inter-
mediate would result in a lowering of the apparent
order of reaction in the presence of excess attacking
ligand.

The inference of a mixed ligand complex involv-
ing multidentate ligands is supported by a consider-
able amount of indirect evidence. The existence of
derivatives of Cu-EDTA is well known. Mixed
bidentate ligand complexes of Cu(ll) have been
demonstrated by Watters.10 Mixed ligand Cu(ll)
chelates involving o,0'-dihydroxyazobenzene were
studied by Jonassen and Oliver,11 who concluded
that 8-hydroxyquinoline can occupy two coordina-
tion sites in such chelates. In the case of substitu-
tion-inert Ni(ll) species, mixed ligand intermedi-
ates have been detected in Kinetic experiments.
In the reaction of Ni-EDTA with cyanide, Mar-
gerum, Bydalek, and BishopRidentified Ni-ED TA-
CN and Ni-EDTA-(CN)2 as intermediates in the
forward reaction and found evidence for Ni-EDTA-
(CN)3 as an intermediate in the reverse reaction.
Although cyanide is a monodentate ligand, the
analogy of the mixed complexes to those proposed in
the present study is clear. Another mixed complex
of Ni(lIl) with tetraethylenepentamine and Erio T,
an analog of Erio R, has been reported by Reilley
and Schmid.13

Some insight into the mechanism of the exchange
reactions at individual coordination sites is given
by consideration of the magnitudes of the terms in
the rate laws for the exchange reactions. In addi-
tion, estimates of the proton affinities of the co-
ordination sites of the coordinated ligands and of the
relative stabilities of individual metal-ligand bonds
in the two chelates are necessary. The equilibrium
constant for the protonation of Cu-EDTA (forma-
tion of a binuclear H-EDTA-Cu species), presum-
ably at one of the carboxylate groups, is 3.0 log
units.7 Data for the amine sites is not available,
nor is there any data for the protonation of Cu-
Erio R. As a rough approximation, the proton
affinities of the coordination sites of the chelated
ligands have been equated with the proton affinities
of the free ligands. The errors introduced tend to
cancel to a large extent since the difference in proton
affinities of the two ligands is important, and both

(10) J. 1. Watters, J. Am. Chem Soc., 81, 1560 (1959).
(11) H. Jonassen and J. Oliver, ibid., 80, 2347 (1958).
(12) D. W. Margerum, J. T. Bydalek, and John J. Bishop, ibid., 83,

1791 (1961).
(13) C. N. Reilley and R. W. Schmid, Anal. Chem, 31, 887 (1959).
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are coordinated to some extent to Cu in the acti-
vated complex.

The average strength of the bonds between Cu
and Erio R is obviously much higher than the aver-
age strength of the bonds in Cu-EDTA. Erio R,
with its o,0'-dihydroxyazo structure, can occupy
three coordination sites around Cu(ll),4 yet the
stability constant of Cu-Erio R is 21.2 log units,
while the stability of Cu-EDTA with five or six
metal-ligand bonds isonly 18.8 log units. Although
rather crude, this evaluation of the relative strength
of the bonds in the two chelates is sufficiently clear
cut for the present purposes.

The rate of attack of monoprotonated Erio R on
Cu-EDTA (21) is of the order of 100-fold faster
than the rate of attack of the diprotonated form of
Erio R (0.2). Although the diprotonated form has
one free coordination site available for bonding to
Cu-EDTA, its ability to participate in further
bonding is limited. The high proton affinity of
the Erio R (pAi = 7.3) and the low proton affinities
of the EDTA sites, (pEi = 2.0 (COO-), pA2 =
2.8 (COO-), pKs—6.2 (N)) preclude the operation
of a concerted Se2 reaction in which the proton on
the attacking Erio R assists in breaking the Cu-
EDTA bonds. Further, the high proton affinity of
the Erio R impedes the formation of a strong bond
between the Cu and the phenolic group of Erio R.
Removal of the first phenolic proton allows the
Erio R phenolic site to act as an effective displacing
agent for the EDTA carboxylate group in an Sn2
step by virtue of the higher stability of the bonds
between Cu and Erio R. A carboxylate seems
more likely to be displaced than an amine because
the peripheral nature of the former requires the
breaking of only one metal-ligand bond.

Removal of the second proton from Erio R has
much less, if any, effect on the rate. At pH 13,
where 20% of the Erio R is unprotonated, no in-
crease in rate of attack on Cu-EDTA over the
monoprotonated species is observed. Apparently
the formation of the first chelate ring between Cu
and Erio R is rate-determining.

The rate of attack of EDTA on Cu-Erio R is
nearly constant from pH 5 to 10, the range in
which EDTA exists as a diprotonated or mono-
protonated species, with a sharp decrease above pH
10. A choice between the alternative terms 150
(CuzZzOH)(HY) and 300(CuZz)(Y) applicable above
pH 10 can be made by comparison of the reactivi-
ties of both forms of each species, as reflected in
rate law coefficients. The coefficient for the term
(Cuz)(HY) is 150, while in contrast that for the
term (CuZOH)(Y) is of the order of 0.3, even if the
total rate of the reaction is attributed to this path
at pH 13, where these are the major species. The
critical factor in determining the rate is therefore
the presence of a proton on the attacking EDTA,
and on this basis, the rate law term (CuZOH) (HY)
has been chosen. The role of the proton is very
likely to at least weaken the Cu-Erio R phenolic
bond in an Se2 step, followed by a displacement of
the weakened bond by the EDTA. It is extremely
unlikely that an EDTA coordination group could

(14) H. D. K. Drew and J. K. Landquist, J. Chem Soc., 292 (1938).
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effectively displace Erio R from its Cu bond, based
on the prior estimates of bond stabilities.

A twofold increase in rate does occur as the pH is
increased above 6, coincident with the transforma-
tion of H2/ into RY. The coefficient for the term
(H2Y)(CuZz) is 7 X 101 while that for the term
(HY)(CuZz) is 1.5 X 102 In H2/ both amine
groups are protonated, while in HY the proton prob-
ably is localized between the two nitrogens as sug-
gested by Olson and Margerum.1l8 The amine
nitrogens in HY are probably in a cis orientation
and both could readily attack the Cu-Erio R chel-
ate. In H2/, however, it is likely that the nitro-
gens are better described as in a trans orientation,
due to the electrostatic repulsion of the two pro-
tons. Thus if one of the nitrogens is oriented to
attack Cu-Erio R, an internal rotation about one
of the C-C or C-N bonds in the ethylenediamine
nucleus is necessary before the second nitrogen is
in a position to attack the Cu chelate structure.
An alternative explanation is that the protonation
of both nitrogens in H2Y reduces the ability of these
groups to bond to Cu, simply because the nitro-
gens already are coordinately saturated. Because
EDTA has at least 4 free coordination sites above
pH 5, it is not possible to speculate as to the num-
ber of points of attachment of EDTA to Cu-Erio
in the activated complex except to note that 3
sites on Cu-Erio are unchelated and could be in-
volved.

Superimposed on the basic reaction mechanism is
the effect of formation of hydroxy derivatives of the
chelates. The formation of Cu-OH-EDTA is as-
sociated with an increase in the rate of attack of
Erio R on Cu-EDTA above pH 11. The rate in-
crease reflects the relatively greater stabilization of
Cu-Erio R (compared to Cu-EDTA) by hydroxide
derivative formation, the formation constants of
the two derivatives being 4.0 and 2.1 log units.
The reaction of Cu-OH-EDTA with Erio R brings
together in one step all the reactants needed for the
formation of Cu-OH-Erio R, with a resultant
stabilization of the activated complex.

Dissociation Reactions.—-Below pH 5, the rates
of both exchange reactions become independent
of the concentration of the attacking ligand, sug-
gesting dissociation of the chelates as the rate con-
trolling process. Further, the rates increase with
acidity analogous to the observations of Cook and
Longl¥ and Jones and LongX on the dissociation
of the Ni and Fe chelates of EDTA. The rate of
the reaction of Cu-Erio R with EDTA is given by

ads) D. C Olson and D. W. Margerum, J. Am. Chem. Soc., 82, 5602
(1960).

(16) C. M. Cook, Jr., and F. A. Long, ibid., 80, 33 (1958).
(17) S. S. Jones and F. A. Long, J. Phys. Chem, 56, 25 (1952).
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16(Cuz)(H) and that of Cu-EDTA with Erio R
by 8.4 X 10-4 (Cu-H-EDTA), the formation con-
stant of Cu-H-EDTA being taken as 3.0 log
units.7 No evidence for the formation of a pro-
tonated chelate derivative such as Cu-H-Erio R
was found in pH titrations of Cu-Erio R.

Further evidence for a dissociation mechanism
is the inhibiting effect of free Erio R on the initial
rate of reaction of EDTA and Cu-Erio R. A
mechanism consisting of a slow dissociation of Cu-
Erio R, followed by competition between Erio R
and EDTA for the free Cu(ll), yields the following
expression on assuming a steady state concentra-
tion of Cu(ll). The rate of dissociation of Cu-
EDTA is negligible and is not considered.

fey(Y) - kz(2)

R = ©dQZCUZ) |\ Vvy + HZ)

where

R is the observed initial rate of reaction

fideuz is the effective first-order dissociation rate
constant of Cu-Erio R (rate/(CuZz))

ky and kz are effective rate constants for the com-
bination of Cu(ll) with EDTA and with Erio R

A test of the rate law at pH 3.30 gives general agree-
ment between observed and predicted rates. The
initial rate decreases from 8 X 10-8 to 1.6 X 10-8
Hi“ 1sec.-1 as the concentration of free Erio R is
increased from zero to 6 X 10-8 M. The concen-
trations of EDTA and Cu-Erio R are both 1 X 10-8
M.

In addition to aiding in the elucidation of the
reaction mechanism, these data allow an estimation
of both the ratio ky/kz and of the magnitude of kz.
Although the scatter in the data precludes an exact
determination, kK, is roughly a factor of five greater
than fz. Even though the effective stability con-
stant of Cu-EDTA is about a hundredfold greater
than that of Cu-Erio R, the effective rates of
formation differ only by a factor of five. The effec-
tive value of kz estimated from the product of fod&iz
(8 X 10-3) and the effective stability constant of
CuZ at pH 3.30 (8 X 109 is6 X 104
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Introduction

In previous electrochemical studies, polaro-
graphic2 and e.m.f.3 measurements were made in
Bi-BiCls melts. The polarography results indi-
cated that the dissolved Bi metal formed an
oxidizable entity, and the e.m.f. data were found to
be consistent with the species BiCl and (BiCl)i.
A similar investigation on the Bi-BiBr3 system
should not only yield information on the species
present, but also should enable a comparison to
be made between the two systems. In addition,
it was decided to test the feasibility of chrono-
potentiometry on a metal-metal salt system.
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recorde:
A. E.m.f.—The e.m.f.’s of cells of the type
C, Bi(Ah), BiBr3l -

tween

A IBiBryl -
A2J.Bi(A2, C (1)
(1) This work was carried out under the auspices of the Research

Division of the U. S. Atomic Energy Commission.
2) L. E. Topol and R. A. Osteryoung, J. Electrochem Soc., 108, 573

(1é61)|_ E. Topol, S. J. Yosim, and R. A. Osteryoung, J. Phys. Chem,
66, 1511 (1961},
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where N denotes mole fraction, were measured at
226, 235, 250, 275, 300, and 325°. As with Bi-
CI323 BiBr3 upon melting was found to contain
an initial amount of lower-valent Bi species. These
concentrations of Bi were computed from the
polarographic limiting current vs. added Bi plots
for each cell (see below) and were of the order of
10-5 to 10-4 mole fraction. The e.m.f. results,
corrected for the initial Bi concentration, are
shown in Fig. la and Ib. The plots resemble
those for the chloride melts3 in that they depict
an initial linear portion and then a change in
slope. However, the change in slope is more grad-
ual and is seen to occur at higher metal concentra-
tions than in the chloride system. The agree-
ment between Nbi and the mole fraction of the
reference half-cell at zero e.m.f., within 3 to 8%
(Fig. la, Ib), was not as good as in the Bi-BiCls
study. The discrepancies probably are due to dif-
fusion of bismuth from the reference half-cell since
the asbestos fibers used in these cells were thicker
than those used previously. The initial slopes of
the curves, corrected for the original Bi, yielded a
Nernst n of 1.96 + 0.09.

B. Polarography.—The polarographic measure-
ments were made with tungsten microelectrodes for
all the cells described above. In general, polaro-
grams were run with potentials initially positive
to those at which the anodic limiting reaction oc-
curs and then increased in the negative direction.
The useful voltage span in pure BiBr3was about
0.6 v. at 300°; the cathodic limiting reaction
represents the reduction of Bi(lll) while the
anodic reaction is the evolution of Br2 The cur-
rent-voltage curves were similar in appearance
to those found in the Bi-BiCI3 investigation2;
the anodic waves indicate that the oxidation cf a
lower-valent Bi species occurs at the microelec-
trode. As reproducible anodic waves were found
with “pure” molten BiBr3 it was assumed some
metal was present in the original melt. Plots of
the anodic limiting current vs. the concentration
of Bi added coulometrically yielded straight lines
to about 0.2 mole % Bi as before,2and extrapolation
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Figure b,

of these lines to zero current yielded the initial
quantity of Bi present in the fused salt.

C. Chronopotentiometry.— Chronopotentio-
grams with the indicator electrode anodic were run
in a cell at 285-290° and at 240°. At the higher
temperature, runs were carried out-at 12 concentra-
tions over a range of 500 to 4000 microequivalents
Bi/27.80 g. BiBi'3 (0.27 to 2.10 mole % Bi); at
the lower temperature, measurements were made
at 500, 1350, and 2400 microequivalents Bi (0.27,
0.72, and 1.28 mole % Bi). At each concentration
a number of runs were made over a current range
that varied by a factor of 1.5 to 3, and the transi-
tion times, i.e.,, the time required for the bulk
concentration of electroactive species to be re-
duced to zero at the electrode, were read from the
chronopotentiograms at +0.15 v.; although the
transition times varied over a range of 0.5 to 11
sec., most values were of the order of a few seconds.
No readings were made below concentrations of
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500 microequivalents, as the breaks were too sharp
to permit accurate determinations of the transition
times. The chronopotentiograms appear to indi-
cate that oxidation of the lower-valent bismuth
species occurs without any apparent complications.
Two typical chronopotentiograms, one with the
indicator electrode first made cathodic then anodic,
and the other with the electrode anodic throughout,
are shown in Fig. 2. The effect of increasing the
concentration of oxidizable species at the electrode
surface (by cathodization) is, as expected, to in-
crease the time of the subsequent anodic halt.

Discussion

A E.m.f—The reaction at an electrode

cell (1) may be written
Biz+V = zBi+3+ (3 - y)e-~ 2

where x and y are integers and y may also equal
zero. For a reversible half-cell, assuming the mole
fraction N of BiBr3 and the activity coefficients
are essentially unity or constant, one can derive
the expression

RT
E = v — In Nm + constant (3)
Bt- y)F

for the concentration range where one Bix+Y
species predominates.3

Thus, the apparent Nernst n’s of 2 found for the
initial linear portion in Fig. la and Ib indicate
the species BF+&" 2 is present, and as in the chlo-
ride case3 Bi+(:r = 1) appears to be the most
reasonable entity. If liquid junction potentials
are negligible or constant, the change in slope
in the eem.f. vs. log N plots of Fig. la and Ib at
higher Bi concentrations may be ascribed to a
departure of the system from Henry’'s law be-
havior, and as in the Bi-BiCI3 system3 this de-
parture may be interpreted in terms of the exist-
ence of another low-valent Bi species such as
(BiBr)*. (The reader is referred to ref. 3 for the
detailed method of calculation.) The data for
this work, as for the previous,3are most consistent
with the monomer-tetramer equilibrium, and the
equilibrium constants for the reaction

4BiBr = BiBr4 @)
as a function of temperature (Fig. 3) can be ex-
pressed by

log An = (2.83 = 0.83) - 18528 +

3.98 £+ 0.25 (5)

where 1.852 = 10stimes the reciprocal of the mean
temperature of the measurements. Thus the chlo-
ride and bromide systems are very similar, and the
monomer subhalide is more important in the
bromide (e.g., at 300° AN = (81 + 1.7) X 105
and (4.8 + 1.9) X 103for the chloride and bro-
mide, respectively) as might be expected from an
acid-base viewpoint; i.e., Bi+ is less acid than Bi4+4
and thus should become increasingly stabilized as
the anion becomes less basic.
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From relation 5, values of AHa and AF° of
—129 + 3.8 and —9.6 = 0.7 kcal., respectively,
are obtained for the hypothetical pure liquid
standard state at 300°. These quantities yield
a AS°of —5.8 = 6.7 e.u. as compared to the ASO =
—8.7 £ 4.5 e.u. found for the analogous chloride
reaction. One would expect a much closer agree-
ment between the entropies for the two reactions,
but the largest part of this discrepancy is un-
doubtedly due to the greater scatter in the data in
this investigation (Fig. 3).

The species above, i.e.,, BiBr and (BiBr)4 may
be compared with those postulated in other studies.
A cryoscopic approach4can be interpreted in terms
of the entity BiBr in dilute Bi melts, i.e., under 2
mole %, but in more concentrated Bi solutions
(10 to 20%) the freezing point data appear to
approach the species BiBr3 The results of a vapor
pressure investigation,6 although not sensitive
enough to distinguish species in dilute solutions,
can be shown in a manner similar to that used by
Corbett6 to be similar to the cryoscopic observa-
tions and become consistent with Bif8r4 at Bi
concentrations of 20 mole % and above. Al-
though the various approaches do not lead to con-
sistent results, a similar inconsistency was found
in the chloride case.3 Here, an X-ray7 and a
spectrophotometric8 study both yielded evidence
favoring Bi3+3 for non-dilute Bi solutions rather
than Bi4+4 found in our previous investigation.
Since the results of this investigation as well as
those of a spectrophotometric study9 indicated
that the bromide and chloride systems are very
similar, a strong argument could be advanced
for the existence of BiBr3 In the interpretation
of the e.m.f. results, it was assumed that liquid
junction potentials either were negligible or con-
stant for the concentration ranges covered, i.e.,
that most of the current is carried by the anions;
as in the Bi-BiCl3system, no electronic conduction
is evident. If this assumption is in error, and if
Bi+, Bi+3, and Br~ are all involved in the transport
of current, then the following relation1holds

[Bi+32)][Bi+(1) ][BiBrI) f /At* [BiBr(l) ]2»
iBi+31) ] [Bi+(2) 1[BiBr32)p )., +![BiBr(2) f*
(6)
[BiBry1)](13 H[BiBr(H®
In [BiBr32) 1(1,)i,+3BiBr(2)

_ 2RT
nt-“ nF

v

where t+z and t'+z are the transference numbers of
Bi+3 in the two half-cells, t+ and t'+ those for Bi+,
Ent. the e.m.f. of the cell without transference,

(4) S. J. Yosim, L. D. Ransom, R. A. Sallach, and L. E. Topol,
J. Phys. Chem., 66, 28 (1962).

(5) D. Cubicciotti and F. J. Keneshea, Jr., ibid.,, 62 999 (1958).

(6) J. D. Corbett, ibid., 62, 1149 (1958).

(7) H. A. Levy, M. A. Bredig, M. D. Danford, and P. Agron, ibid.,
64, 1959 (1960).

(8) C. R. Boston and G. P. Smith, ORNL-2988, July, 1960, pp.
9-16.

(9) C. R. Boston and G. P. Smith, Abstracts of the XVIIIth In-
ternational Congress of Pure and Applied Chemistry, Montreal,
Canada, August, 1961, B3-13, p. 184.
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Fig. 2.—Chronopotentiogratq]m%ctential of Bi-BiBrs melt vs.

T°C,

Fig. 3.—Effect of tem erat eone l||13; m constant for
g the reac%on IBr -q(JEl H
and the concentration of Bi(2) is greater than
Bi(l). Thus, the difference between EnX and the
measured E depends on the ratios of both the Bi-
Br3 and BiBr activities raised to the appropriate
powers. Now, [BiBr(2)] > [BiBr(l)], [BiBr32)j <
[BiBr3l) ], t'+ > t+, and f'+3 < f+3, so that the two
ratios in the logarithm o: eq. 7 act in opposite
directions and no definite conclusion can be

%Q) For_the cell: . .
Sl s, s
Biv &5 BRI =BIAR) + BiY)
nsfer nce xpr |on jven by
% fE ] - t+t§+3- 't+l +§ér(‘|)2

Va|+a 2|+

Combining terms of these two equatlons one gets the total cell reac-
tion for which eq. 6 holds.
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temperature.

Fig. 5—Average ..-Avs. concentration of bismuth.

drawn. However, since the change in the BiBr3
ratio as well as the difference in Bi+8 transference
numbers should be much less than that for BiBr
for the concentrations in question, it would appear,
as a first approximation, that the logarithm of the
BiBr3ratio can be neglected. If this assumption
is made, then the logarithm expression in (7) is

positive. This may be seen more readily by writing
2RT [BiBr(l) ]+ ) )

. ~ '(:|+ )In [BiBr(1)]
nF [BiBr (2) f* n

_t+ In [BiBr(2)[) g
t+ In [BiBr(l)]j

Now, generally the value in the braces will be
negative as the ratio of transference numbers

L. E. Topol and R. A. Osteryoung
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(which is greater than one) will be much greater
than the ratio of log [BiBr] (which is less than one).
Since In [BiBr(l)] is always negative (activity is
less than unity), the value of expression 8 is posi-
tive, and Ent. is greater than the measured E. If
this is true, i.e., if Bi+ carries an important fraction
of the current, then the results from the e.m.f.
data would be shifted in the direction of higher
polymer formation, e.g., (BiBr)5 rather than
trimers.

An attempt to measure roughly the Bi+ trans-
ference number in BiBr3 was made employing a
six-compartment cell. Four compartments were
joined in a row by means of ultra-fine glass frits,
and two reference half-cells consisting of known
quantities of Bi and BiBr3 were joined to the
second and third compartments. The first and
fourth compartments were utilized as the cathode
and anode, respectively. Compartment 2, the
half-cell adjoining the cathode, contained a small
amount of Bi, e.g., 0.1 mole %, while compartment
3, that between 2 and the anode, contained a
larger amount of metal, e.g., in one case 1% and
in the other 10%. After a known amount of cur-
rent was passed between 1 and 4, the increase in
Bi+ concentrations in half-cell 2 was determined
from the e.m.f. change, i.e.

. p _ RT [BI [final

- 19
" ~ 2F n [Bi[initial

as Henry's law has been shown to hold for dilute
Bi concentrations, and the [BiBr3] ratio before and
after electrolysis is essentially constant. Thus,
t+, the mean transference number of Bi+ between
the concentrations in compartments 2 and 3, could
be calculated with the relation

g. equiv. Bi+ gained in 2 ,
1+ = R —— (10)
g. equiv. current passed

Values of t+ of about 0.007 and 0.07 0.08 thus
were found at 280° when compartment 3 contained
1.0 and 10.0 mole % Bi, respectively. Although
these t+values are for large concentration differences,
it is interesting to note that the Bi+ appears to
carry an amount of current directly proportional
to its concentration. This transference behavior,
if true, would confirm the assumption above that
the log expression in eq. 7 is positive, and if large
enough, pentamers rather than tetramers may
indeed be present.

B. Polarography.—The polarographic behavior
found in this system suggests that (a) the electrode
reactions involved probably are reversible as the
current-voltage curve crossed the zero current
axis at maximum slope, and (b) the dissolved metal
yields a species that is subject to oxidation. From
the relation

fi = JcAC (1)
where ii is the measured limiting current, A the
electrode area, and C the formal concentration of
bismuth calculated from the weight and densityll

ill) F, J, Keneshea, Jr., and D. Cubicciotti, J. Phys. Chem, 63,
1112 (1959).
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of BiBr3in the compartment, values of the limit-
ing current constant k were determined. These
values in units of microamperes/microequivalent/
cm.3mm .2 are very slightly lower than those re-
ported for Bi-BiCI32 As discussed previously2
a plot of log k vs. I/T should yield the activation
energy of the limiting process. Such a plot is
shown in Pig. 4, and a least squares treatment
results in an activation energy for the current-
limiting process of 5.1 + 0.9 kcal., about the same
as that found in the chloride (5.8 + 1.1 kcal.).2

C. Chronopotentiometry.—To check the ap-
plicability of the basic equation of chronopotenti-
ometry2

ir Vj TV'nFDIA~ ,

where i is the current density, r the transition time,
and C and D the bulk concentration and the dif-
fusion coefficient of the electroactive species, re-
spectively, various relations were examined. Plots
of log r vs. log i at constant C yielded lines of slope
which varied from —1.90 to —2.30, but most of
the slopes were close to the theoretical value of
—2.0. However, at constant concentration, the
transition time constant ir'A/C was not inde-
pendent of C but varied from 3.5 to 2.9 at 285° and
from 2.7 to 2.2 at 240° as the concentration of
metal increased. Further, the transition time con-

12
tr)f," )Interscience Publishers, Inc., New York, N. Y., 1954, Chap. 8.
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stant was not independent of i but increased
somewhat with decreasing i. This behavior has
been found in practically every chronopotentio-
metric study to dateIld and suggests that semi-
infinite linear diffusion is not the only means of
mass transfer of the electroactive species to the
electrode surface. However, the solid electrode
used was sealed in glass and mounted horizontally
to achieve near-optimum conditions.13 Similar
electrode geometries have been used in other fused
salt studies.usn Although the diffusion coef-
ficients may not be very meaningful, plots of the
average fr'l2 for each concentration vs. C for all
the runs did result in straight lines at each temper-
ature, as demonstrated in Fig. 5. From the slopes
of these two lines and eq. 12, diffusion constants
for Bi+ of about 0.62 X 10-5 and 0.30 X 10-5
cm.2sec. at 285 and 240°, respectively, and an
activation energy for diffusion of about 7.3 kcal.
were calculated. This value for the activation
energy of diffusion is in fair agreement with that
found polarographically. (It is assumed that the
current-limiting process in the polarography is dif-
fusion controlled.) Although theoretically, chrono-
potentiometry should give a more direct determin-
ation of diffusion parameters than does voltam-
metry at solid electrodes, experimentally, ideal
conditions are more difficult to achieve.

(13) A. J. Bard, Anal. Chem, 33, 11 (1961).
(14) H. A. Laitinen and W. S. Ferguson, ibid., 29, 4 (1957).
(15) H. A. Laitinen and H. C. Gaur, Anal. Chim Acta, 18, 1 (1958)
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Af rassumr th tth I|fe ime of the acefo radrcalr the me order as the “lifetime” ofa m| at d| Usive com
dnae 0{(1e t eac aol#%n g mIecmane rgs ﬁ rlgrﬁt e ma Cé"ﬂ?"] ?n of ra |cas 15 aRoss |e
srono radr ﬁﬁhjg Fst sp ?e r uIts 0 |s? |th ese gsﬁl %
aecon tan rt ec rbo at|o o eaetx ra |ca cI a
ua he osst react on Scheme |nv |haeco ma |on
Ira |c WI an ac ox ra ate experimen a acu
arrre aeme Iacet te ocaee ane was us caIc ated a a ree
remarkal ywe w he experrmen ally 0 served rafl

If two free radicals (fragments) formed by the
decomposition of the same molecule become initially
separated by an average distance of at least several
molecular diameters, the surrounding liquid can
then be considered as a continuum and interactions
between the two fragments can be neglected. In
other words, the fragments can be treated as if they
were undergoing random displacements. The prob-
ability that they meet again, i.e., that “geminate
diffusive combination” occurs, can be evaluated as
a function of their initial separation. Two methyl
radicals, for example, formed by a two-step thermal
decomposition of a diacetyl peroxide molecule, ap-
parently satisfy this condition. It will be shown

(@)
of the requirements for the Ph.D., by this author.

Taken in part from a thesis to be submitted in partial fulfillment

that it is possible to calculate the extent of radical
combination (ethane formation) as a function of
the viscosity of the hydrocarbon solvent medium
and of the lifetime of the intermediate acetoxy
radical, while treating the fragments as undergoing
free diffusion and justifiably neglecting proximity
effects normally encountered in cage (re)combina-
tion problems.2 The latter is a particularly sig-
nificant point since cage (re)combination problems
invariably involve (a) neglecting the effect of the
primary cage, although the radical pair immedi-
ately subsequent to formation is still caged in by
the surrounding solvent molecules, and (b) assum-
ing that the radicals undergo free diffusion after
escaping the primary cage and are separated by
(2 R. M. Noyes, Z Elektrochem, 64, 153 (1960).
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less than several molecular diameters. Completely
free diffusion, as has been pointed out by Noyes,2
can only be assumed after the radical pair has sepa-
rated by at least several molecular diameters. It is
this phase of the (re)combination process which will
be referred to as “geminate diffusive (re)combina-
tion.”

The thermal3 decomposition of a diacetyl per-
oxide molecule in solution results initially in the
formation of two acetoxy radicals (cH3co2) and
subsequently in the geminate “cage” production of
ethane and methyl acetate.4 We will assume that
the “lifetime” of the acetoxy radical is of the same
order of magnitude as the “lifetime” 6of the “gemin-
ate diffusive combination” reaction and at least an
order of magnitude longer than the “lifetime” of
the “geminate primary combination” reaction.
We will further assume that ethane formation can
occur only after both acetoxy radicals decarboxyl-
ate to give two c 02 molecules and a pair of methyl
radicals. The latter will then be separated by an
average distance of at least several molecular diam-
eters due to the relative diffusion of the acetoxy
radical pair.

Consistent with these assumptions, the “gemin-
ate diffusive combination” of the two methyl
radicals can be treated as follows: The probability
that one of the two acetoxy radicals formed att =
0 will have decarboxylated during time t is (1 —
exp(—kt)), where k is the unimolecular rate con-
stant for the decarboxylation of an acetoxy radical.
The probability that one acetoxy radical will have
decarboxylated during time t, and the other be-
tween time t and t + dt, is 2(1 — exp(—kt))k exp
(—kt) dt. If R(t) is the average separation of a
methyl radical pair formed at time t then, assum-
ing a gaussian distribution of separations, the prob-
ability of ultimate (geminate) combination of the
methyl radical pair (between time tand t = 00) is
approximately6 1.13p/f2(f), where p is the collision
diameter of a methyl radical.

It is also possible for methyl acetate to form dur-
ing time t; therefore, ethane formation will further
depend on the probability of this occurrence. In-
cluding this, the probability, dX, of amethyl radical
pair forming between t and t + dt and ultimately
resulting in ethane formation (between tand t = °°)
is given by eq. 1. F(f) is the probability of methyl
acetate formation during time t, and the quantity
(1 — Y(t)) is the probability that the acetoxy
radical pair escapes methyl acetate formation prior
to methyl radical pair formation.

dX = @ - Y(@)U\3p/R(1)) 2(1 - exp(-fci))

k exp(—kt) di (1)

(3) A. Rembaum and M. Szwarc, J. Am, Chem Soc., 76, 5975
(1954).

(4) L. Herk, M. Feld, and M. Szwarc, ibid., 83, 2998 (1961).

(5) Here the meaning of “lifetime” of a “cage” reaction refers
to that time interval during which (re)combination can occur with a
finite probability, or after which there is negligible chance of an en-
counter occurring. For an estimate of the magnitude of this time in-
terval refer to R, M. Noyes, ibid., 77, 2042 (1955).

(6) If two radicals are initially separated by a distance r, the
probability of ultimate cage recombination is approximately equal to
p/r (R.'M. Noyes, J. Am Chem Soc., 78, 5486 (1956)). The factor
1.13 isMNintroduced after assuming a gaussian distribution of methyl
radical pair separations.
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If we make the simplifying assumption that Y(t)
dX is
still small, we can substitute Y(t = = F™ for
Y (t), enabling integration of eq. 1. Since F« is the
fraction of decomposing acetoxy radical pairs which
form methyl acetate (experimentally measured)
and is reasonably small, the error introduced by
replacing (1 — Y(t)) by (1 — F») is expected to
be small.

The treatment above considers one acetoxy radi-
cal decomposing between tand t + di. This frag-
ment diffuses t seconds as an acetoxy radical. The
displacement distance is da = (Faat)l/ where
Faand I&are the average velocity and the length of
one diffusive displacement, respectively, for an
acetoxy radical. The other acetoxy radical de-
composes between t = 0 and t, and as a good ap-
proximation we assume that the radical diffuses
t/2 seconds as an acetoxy radical, and t/ 2 seconds
as a methyl radical. The displacement distance of
this particle between t = 0 and time t is dam =
(V2VJat + y 27ffiU )1Us where the subscripts a
and m refer to the acetoxy radical and methyl
radical, respectively. If the average separation of
the two methyl groups at t — 0 (approximately
equal to the distance between the methyls in the
peroxide molecule) is RO, then R(t) = (2@ +
At)I* where the parameter A — (Vs)Fala + Vr
Yot _ _ _

Substituting for R(t) in eq. 1 and integrating
fromt= 0Otot= o0,2isobtained

reaches a limiting value rapidly while

X, = 2.26(1 - Ya)P{(IcA/AlR 0.519 -

ORZSRoW-s/A1-5+ ...} (2

Xoo is the fraction of decomposing diacetyl peroxide
molecules which result in ethane formation via
geminate diffusive combination of methyl radicals.
The parameter A can be calculated using the
equation | = KT/irpvr relating |, the length of a
diffusive displacement, to the velocity of the parti-
cle, v, the radius of the diffusing particle, r, and the
solvent viscosity, 2

This calculation is the result of an attempt to
predict quantitatively the effect of solvent vis-
cosity on the cage products formed on decomposing
diacetyl peroxide. The latter was decomposed
isothermally in a homologous series of paraffins and
the products were determined quantitatively.
These experiments will be described in the Experi-
mental section.

Table | summarizes the effect of viscosity on the
“cage” products formed, and also the effect on the
rate constant for the thermal decomposition of di-
acetyl peroxide at 60°.

Using the experimental values for X» and (1 —
F.), and calculating the parameter A using the ap-
proximate values for the constants p = 3 X 10~8
cm., rm = 11 X 10”"8cm. = radius of a methyl
radical, and r, = 1.8 X 10-8 cm. = radius of an
acetoxy radical, the rate constant k can be cal-
culated using the iterative method. Over the
range of viscosity studied X= is adequately de-
scribed using only the first term in the expansion
(eq. 2). The parameter A is inversely proportional



Sept., 1962

Peroxide Decomposition and Cage Effect 1593
Table I
D ecomposition of DAP at 60° in Several Hydrocarbon Solvents
Yo = Ratio of “cage’

Rate constant (sec.-1) for Xoo = Ratio of “cage” MeCAc to DAP r Xo»

Solvel'wt V, cp. .. decomp, of DAP CZia to DAP decomp. cecomp. Li-r

nCG‘M 0.25 U.34 £0.01) X 10" 0.034 + 0.003 0.13 £ 0.02 3.3
n-CgHis 3 29t 0 X .o 055 + .002 1S+ .02 2.7
1-OsHia 35 291 01) X 105 055 +  .002 .18 £ .02 2.7
CTHD 15 23t .01 x io5 071 £ .002 2l: 02 2.0
/1'C14H30 113 20t 01) X 10-6 .089 + .001 24 + .02 2.0
WCHEHH3 2.07 19+ .01) X 10- ,100+ .002 27 = .02 2.0

to 57 and a plot of xa,/(1 -
result in a straight line plot. The experimental
values of X ./(I — Y=) when plotted against
ij'/! (cp.)'/! resultsin a linear plot, the slope of which
equals 0.100 (cp.) "I/!. This value isequal to 1.17 p
K'AI(kTZiry,i( fd + (Vam))Ujl from eq. 2
Using the approximate values of the constants p,
ra, and rm k can be numerically evaluated as k —
16 X 109sec.-1 = rate constant for the decar-
boxylation of an acetoxy radical. Previous authors3
have estimated the rate constant at 65° of the order
109to 1010sec.-1 and an activation energy of about
5 kcal.

Using the first term in the expansion for X,
(eq. 2) the dependence of the ratio X »/(I — F»)
on temperature can be predicted by eq. 3.

In (X, /(1 - V,(I/RT) X
V,InT (3

AEX is the activation energy for the decarboxyla-
tion of an acetoxy radical and AES is the activa-

Y.) vs. i7" should

F.)) = In (const.) -
(AEi* - AE»*) -

tion energy for viscous flow (j = %AES/RT).
Clearly, if AES = AES there should be little
effect of temperature on the ratio. If AES > A-

ES the ratio must increase with increasing tem-
perature.

Diacetyl peroxide was thermally decomposed at
various temperatures in n-octane and the data are
summarized in Table Il. A plot of log X »/(I —
F») + X2log T vs. I/T results in a straight line,
the slope of which should equal —(AEi* — AES)
/(2.303)(2)(RT) from eq. 3. (AES - AEz%
was calculated to be 4.5 kcal./mole. Since AEz*,
the viscosity activation energy, is 2.1 kcal./mole,
AES, the activation energy of the acetoxy radical
decarboxylation, is 6.6 kcal./mole. The frequency
factor calculated from k = 1.6 X 109at 60° and
AES = 6.6 kcal./mole is 3.5 X 10Bsec.-1.

Table ”

E ffect of Temperature on the “Cage” Products

Temp., Cage” ethane n “ Cage” MeOAc
C. DAP decomp. DAP decomp.
40 0.0476 + 0.0013 0.14 £ 0.02
60 0% + 002 18+ 02
80 005 + 001 J6+ (1
100 0776 £ 0010 16+ 02

At this point several conclusions can be made con-
cerning some of the initial assumptions in the deriva-
tion. It was assumed, for example, that the life-
time of the acetoxy radical was long compared to
the lifetime of any “primary geminate recombina-

tion reaction” (generally assumed to be of the order
of 10-11 sec.) so that ethane formation should re-
sult from a “geminate diffusive recombination reac-
tion.” The half-lifetime of the acetoxy radical
being «4.3 X 10-10 sec., as calculated from k =

1.6 X 109sec.-1, is consistent with this assumption.
The average separation of the two methyl radicals,
assuming that the radical pair is formed at the half-
lifetime of the acetoxy radical, can be calculated
from R(tiZ/,) = (RE + 4t/,)I. This value is
approximately 50 A. in n-octane (viscosity 0.35
cp.), and is consistent with the fact that the higher
order terms in eqg. 2 containing ROcan be neglected.

Within experimental error (Table I1) there does
not appear to be any significant temperature effect
on the ratio methyl acetate/peroxide decomposed.
It has been suggested by Szwarc3 that methyl ace-
tate possibly forms by the reaction of two acetoxy
radicals. If this were the case, the activation energy
would have to be very smad.

To explore the possibility that methyl acetate
results from the combination of a methyl radical
from a decarboxylated acetoxy radical and an un-
decomposed acetoxy radical, we attempt to treat
the problem in the following manner.

We previously utilized the relationship

1.13p _ 1.13p
R() ~ RE-+ AD)'a

to evaluate the probability that the methyl radical
pair, formed at time r subsequent to the initial
scission of the peroxide molecule, ultimately com-
bines to yield ethane.

The quantity (R®+ Ar)IA is the average sepa-
ration of the radical pair. We define the function
P(t) in eqg. 4 and assume that P (t) is a monotonically
decreasing function and that P(t)dt is the prob-
ability that the pair comaines in the interval be-
tween tand t + dtwhere z> r.

/O 1.13p
J  P(t)dt 4
(RE +-4n)IN
On differentiating eq. 4
A1.13p

PO 2(A02 + At)s/!

The combination of metlyl radicals can now be
evaluated using this function7from eq. 5

7) R. M. Noyes has previous!/ used a function containing the

separation distance to the —%i power. Am.

Chem. Soc., 77, 2042 (1955); and ref. 6.

See for example, J.
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= (1- V.).JO (- exp(-fcO)2ewt (5

The quantity (1 — exp(—kt))2 ensures that the
methyl radical pair exists at time t, and P(t)dt is the
probability that the pair combines in the interval
di. (1 — Fo) isintroduced,'as before, to eliminate
the radical pairs combining to form MeOAc. The
parameter A, as previously defined, is equal to
¥iVJa+ Vivmm On integrating eq. 5 we again
obtain eq. 2.

We similarly define the function P'(i) by eq. 6

1.13p’
J " P(t)dt . o ©)
(Ro'2+ A'r)'h
so that p' is the effective collision diameter of a
methyl radical and an acetoxy radical and (i?0'2 +
A 't) Usdefines the average separation of a methyl
and acetoxy radical at r, the time the pair is formed.
As soon as one of two acetoxy radicals decomposes
the fair is defined and we can calculate the initial
separation of the pair by treating the relative dif-
fusion of two acetoxy radicals; thus A' is equal to
2Fala
Methyl acetate formed via the “geminate diffu-
sive combination” of a methyl radical and an ace-
toxy radical can be calculated from eq. 7

= JQ 2(1 — exp(—/c())-exp(—kt)-P'(t)dt (7)

where the factor 2(1 — exp(—kt))-exp(—kt) is the
probability that the radical pair comprises a methyl
radical and an acetoxy radical at time tand P'(t)dt
is the probability that the pair combines in the time
interval between tand t + di.

On solving the expression for IT, we obtain

'0.734fc1t 2kR,f

2.26p" (8)

A"A A+

7. =

The negative term contributes approximately 20%
of the value of the first term for the decomposition in
n-octane and increases as the viscosity of the solvent
increases (A' decreases), and may explain the fact
that the ratio F»/[A»/(1 — F»)] decreases as the
viscosity of the solvent increases (see Table 1).
From eq. 2 and 8, retaining only the first terms in
the expansions, the ratio Y<c/[X*/(1 — F«)] can
be evaluated as

/ 0,734
r A'110.519

If we assume that p'/p « 15 and rjrm ~ 2,
then Fco/[X»/(I — F,)] « 2.4. Considering
the uncertainty in the choice of the parameters,
the calculated ratio comes reasonably close to the
experimental values.

Several factors were assumed in the above treat-
ment; for example, the implicit assumption that a
methyl radical and an acetoxy radical recombine
essentially at very encounter, e.g., with a very small
activation energy. This may not actually be the
case. We also failed to account for the possibility
that two acetoxy radicals recombine to re-form
a peroxide molecule. If the latter did occur it would
have to be considered in eq. 7.

W. Braun, L. Rajbenbach, and F. R. Eirich

Voi. G

The authors in ref. 4 conclude that acetoxy radi-
cals do not undergo recombination since 018
labeled keto groups are not mixed with -C-O -
during partial decomposition of diacetyl peroxide in
n-pentane. This would suggest that the activation
energy for the recombination of acetoxy radicals is
at least several kcal.

Table | indicates a definite trend of decreasing
rate constant for the decomposition of DAP as the
viscosity of the solvent increases. These data would
suggest that acetoxy radicals recombine; in view
of the 0 Blabeled experiments, however, it does not
seem likely that this is the case and the effect may
be due to slight changes in the solvent properties.

There may also be a solvent effect on the lifetime
of the acetoxy radical; we have not considered this
in our calculations. It may prove interesting to
examine the dependence of ethane on temperature
for other solvent systems, particularly for dissimilar
solvents, where interaction properties vary suffi-
ciently so that one might observe a noticeable effect
on the acetoxy radical decarboxylation activation
energy.

Conclusion

The calculation of methyl acetate formation via
the geminate diffusive (re)combination of an acetoxy
radical and methyl radical suggests that it is possi-
ble that all of the methyl acetate experimentally
observed results from this mechanism, although
this would assume a very small activation energy
for the recombination of the radical pair.

The success of our calculations in predicting a
reasonable value for the rate constant for the de-
carboxylation of an acetoxy radical, and the fact
that the observed temperature dependence of
ethane agrees well with our initial assumption that
the lifetime of the acetoxy radical is longer than the
lifetime of the primary cage, i.e.,, the activation
energy is significantly larger than the expected
activation energy for the diffusion of an acetoxy
radical, gives us good reason to believe that ethane
formation results from the combination of a methyl
radical pair and that the combination can be treated
assuming free diffusion of the radical fragments.

Furthermore, the temperature dependence of
“cage” ethane offers a convenient experimental de-
termination of the activation energy for the dis-
sociation of the acetoxy radical.

Experimental
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One of the earliest reported examples of an elec-
trolyte solution that unmixes is I1FeCLi in diethyl
ether.1 According to Houben and Fischer a solu-
tion containing HC1 and FeCls in equimolar
amounts separates into two liquid phases, the denser
being dark green and the other nearly colorless. It

(1) J. Houben and W. Fischer, J. prakt. Chem, 123, 89 (1929).
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is not at first obvious that HFcCh is an electrolyte
or even that it exists in this form rather than as
separate HC1 and FeCl3molecules in the ether solu-
tion. However, later experience shows that chloro-
anions such as FeCl4~ have negligible basic prop-
erties although they may associate with solvated
protons to form ion pairs. Furthermore, the green
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color in Fein—CI- systems is characteristic of Fe-
CU- and is not formed by dissolving FeCU in
ether.2

Another example of an electrolyte solution that
unmixes is (¢-CgHN”N picrate in benzene. It has
been reported3 that a little benzene added to the
solid solute is sufficient to make it liquefy to form a
heavy oil, but enough benzene to reduce the solute
concentration below 0.1 molal must be added to
get this oil all in solution. A more completely in-
vestigated4 system is NHiGaCh in diethyl ether,
for which the two phases in equilibrium at 25° have
been found to be 0.45 and 0.88 molal and to have
the same (4.00) chlorine to nitrogen atom ratio.
In the case of another unmixing solution, NHiFeCh
in diethyl ether, the absorption spectrum2 of the
light phase is closely similar to that of a solution
that is even more concentrated than the dense
phase.

Another example is GaZCl4in benzene, which has
a miscibility gap6 below the concentration (1.7
molal) at which crystalline solute, of formula9
GaX’l4-CeH 6 first appears as the solution is con-
centrated. In this case the solute has been shown7
to be Ga+GacCh-.

In addition to these two-component systems
there are several systems with a larger number of
components in which unmixing occurs in a very
similar way. Examples are AgCICfi in wet CeH®
and isopropyl ether extracts of agueous solutions of
HC1 and FeClI39 In the last case the extracted
species is essentially HJOGFeCh- and in some com-
position ranges there are three liquid phases in
equilibrium, one mainly aqueous and the others
mainly ethereal. It is the separation of the two
ethereal phases that is analogous to the other
systems that we discuss.

In all of these cases the electrolyte in both phases
is disposed mainly as ion pairs rather than as free
ions. It is proposed here that a general explanation
of this kind of phase separation can be given along
the following lines.

An ion pair has a very large dipole moment, ap-
proximately 20 debyes for an ideal ion pair consist-
ing of two rigid spherical ions of unit plus and
minus electronic charge and with centers about 4
A. apart. A separation of about this amount is
obtained from conductivity data by the Bjerrum- -
Fuoss theory for ion pairs like those in the examples
above. As the concentration of such a solution is
increased, the dielectric constant may increase
drastically because of the contributions from the
large dipoles. Whether or not this large increase
occurs depends on whether the solute dipoles tend
to line up in a parallel or antiparallel fashion when
they collide. This seems to be well understood as a
matter of principlel0*1R2 although detailed calcula-

. L. Friedman, ;. Am. Gem Soc,, 74, 5 (1952).

M. Fuoss and C. A. Kraus, ibid., 55, 3617 (1933).

L. Friedman and H. Taube, ibid., 72, 3362 (1950).

L. Friedman, unpublished observation, 1947.

. C. Carlston, E. Griswold, and J. Kleinberg, J. Am Chem
, 1532 (1953).

. K. McMullan and John D. Corbett, ibid., 80, 4761 (1958).

. E. Hill, ibid., 44, 1163 (1922).

(9) R. J. Myers and D. E. Metzler, ibid,
(10) G. S. Hooper and C. A. Kraus, ibid.,,
(11) R. M. Fuoss, ibid,, 56, 1027 (1934).

3772 (1950).
, 2265 (1934).
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tions would be difficult. However if the dielectric
constant increases strongly enough with concentra-
tion, then instability must occur, for the solute
dipoles are stabilized (relative to their state in the
pure solvent) by increasing dielectric constant, and
this stabilization may become so great that the
activity of the solute no longer increases with in-
creasing concentration. Then the phase becomes
unstable with respect to separating into two phases
of different concentrations. This thermodynamic
criterion for phase separation is the same as the one
usually used in discussing the liquid-vapor equi-
librium of a substance in terms of its equation of
state and indeed the dipole-dielectric constant in-
teraction discussed here provides an alternative to
the usual qualitative explanation of the low vola-
tility of polar substances as compared with non-
polar substances.

An alternative to the explanation of the unmixing
proposed here is to assume a series of association
equilibria among the ion pairs as Myers and Metz-
ler9did. A solution of given molality to may then
be characterized by a polymerization number n(m)
that is experimentally defined as the ratio of the
stoichiometric concentration to the colligative con-
centration. In this case we deduce the stability
condition to be d In n/d In © < 1, but without a
theory of the successive association equilibria one
cannot obtain a molecular theory of the unmixing
by this method.

In order to test the present proposal, it has been
cast in the form of an approximate theory which
relates the dielectric constant, the concentration of
unmixing, and certain properties of the ion pairs.
The only relevant dielectric constant data in the
literature7-1013 do not extend up to the unmixing
point; some measurements were therefore made on
XH4&eCl4-(C2H5)2 in order to have one complete
set of data to compare with the theory.

Theory.—We assume that the electrical inter-
action of a molecule of species i with the other
molecules in a mixture makes a contribution to the
free energy of the amount

W/8bfH\ - 1//1(w)] (1
where M is the electric dipole moment, B\ is a dis-
tance parameter representing the distance of closest
approach of the dielectric medium to the dipole,
and D(m) is the macroscopic dielectric constant of
the mixture of molality to. This free energy term is
the Born solvation energyMof adipole in astructure-
less medium of dielectric constant D, provided it is
assumed that the dipole is constituted of a pair of
rigid spherical ions in contact, each ion having a
radius b, and charge + mi/2bi. In a mixture of an
electrolyte with a polar solvent there is a term like
(1) for solvent molecules as well as solute molecules.
For the present purpose it is adequate to use the
same b parameter for the solvent as for the solute.

We neglect all other kinds of interactions except
the ideal free energy of mixing. Then the Gibbs
free energy change to form a mixture of tomoles of

(12) J. G. Kirkwood, J. Crem Phya., 7, 911 (1939).

(13) J. W. Williams and R. J. Allgeier, ~Am Chem Soc., 49, 2416
(1927).

(14) M. Born, Z Physik, 1, 45 (1920).
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ion pairs with one kilogram of the solvent from the
components in their standard states (hypothetical
1M for the solute, pure liquid for the solvent) is
given by

AG = RT[—m + wInm — B,f/Mw — mBf]

@)

where we employ the definitions
Bi = ixiZZ/8bXTD(0) 3)
f=1-D(0)/D(m) 4

The first two terms in brackets in (2) are the ideal
terms for an unsymmetrical mixture.’l5 The next
term is the contribution of (1) for the solvent species,
with Mwequal to the molecular weight of the sol-
vent in kg./mole. The last term is the contribution
of (1) for the solute species, for which the subscript
isomitted. The use of/ as a measure of the dielec-
tric constant in this problem is natural because of
the form of (1). If misin debyes and bin Angstrom
units, then at 25° eq. 3 reads Bi = 300>ui2fe3
p(0).

In a stable phase the chemical potential of any
species must increase when its concentration is in-
creased. From this we deduce that d2AG/dm2 > 0
in a stable phase. We call a state for which d2
AG/dm2 = 0 a spinodal state because on a tempera-
ture-composition diagram the locus of such states is
called the spinodal curve.’6 On such a diagram the
spinodal curve always lies within the coexistence
curve except at the critical point, where they are
tangent. At a given temperature in a two-com-
ponent mixture with miscibility gap, one must have

mc<ms< w <

where mcand o are the molalities of the phases in
equilibrium and twsand w/ are the molalities of the
spinodal states. All of these remarks have their
exact analogies for the more familiar case of liquid-
vapor equilibrium. The main point to be made is
that tocand «/, which are of primary interest, are
determined by conditions that are far more com-
plicated to apply than the condition that determines
the spinodal states. For the rest we shall neglect
the difference between mc and ms and, because of
the lack of data for the more concentrated phase,
shall not attempt any calculations relating to «/
and toC'.
In the spinodal state we have

_L~ag=1_2BV_ _
RT dm2 to dm
[mMB + BwM,.} - o (5
oml

The application of these equations is greatly
simplified if we make the approximation that in the
concentration range of interest/(w) has the form

;= AW (6)

(15) H. L. Friedman, J. Chem Phys., 32, 1351 (1960).
(16) 1. Prigogine and R. Defay, “Chemical Thermodynamics,”
Longmans, Green and Co., New York, N. Y., 1954, p. 246.
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where A and p depend on the temperature and on the

components. Then in the spinodal state ma we
have
I _ B*P[P - 1]/s
msMw
B = (7)
[p2 + plfs

where/s = /(tx).

In order to compare theory with experiment, eq.
7 is combined with eq. 3 to calculate b from experi-
mental values of all of the other parameters. For
polar solvents, b appears in B,vas well as in B, but
the equation is readily solved for b. We use a value
of the solute dipole moment n obtained from the di-
electric constant data for the most dilute solutions.
If b calculated in this way is found to be of the
order of molecular dimensions, then the dipole-
dielectric interaction is adequate to account for the
unmixing.

For comparison of this elementary theory with
another kind of experiment we note that the poly-
merization number n is, to an accuracy adequate
for our purpose, the reciprocal of the molal osmotic
coefficient. This may readily be calculated® from
eq. 2. We obtain

1- pBf —[1- plBwW/mMw
This may be compared with n determined by meas-
uring a colligative property.

It is of interest to inquire whether eq. 5 has
exactly two roots, corresponding to the two spinodal
states. It is easily seen that if (6) is assumed for all
to, then there is only one root if 0.5 < p < 1, which
is the range of interest here. However, there is in
general no reason to expect that a particular func-
tion /(w) that pertains to the range o ™ mswill
also pertain to the range m > mB. Therefore, to
apply the theory to the denser phase we would have
to measure /(1) for o > mB.

Comparison with Experiment.—The data are
given in Fig. 1 in a form suitable for applying eq. 7
and the calculations are summarized in Table I.
System 1, which does not unmix, is included here
because it represents a marginal case. Thus, Hill8
pointed out that the temperature dependence of the
solubility of the solid solute is similar to that for a
system in which two liquid phases coexist. More-
over he found that three liquid phases, two of them
benzene-rich, form if a little water is added to | at
temperatures below 22°.

For each system the solute dipole moment ji has
been calculated by applying Kirkwood’s theory2
to the dielectric constant data at lowest concentra-
tion. These moments are somewhat higher than
the values, 11.7, 19.4, and 8.9 D., obtained for
systems I, 11, and Il1 by the original investigators.
This is due, at least in part, to their use of the
Clausius-Mossotti-Debye equation to calculate the
moments. The Kirkwood theory should give more
exact results even though we, like the original in-
vestigators, have neglected the contributions of
induced moments.

The a parameter in Table 1is the ratio of mto the
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electronic charge. If our model were exact in all
details we should have a = 2b. Since b is larger
than a/2, we may conclude that the dipole-dielectric
constant interaction is more than strong enough to
account for the unmixing. Of course for | there is
uncertainty because the phase separation is not
actually observed and for Il and 111 because of the
long extrapolations.

i

e CUI’VG 15 ca cu*

Table |
Summary of Calculatmns

System v
SOlute CIO| [:' dHu]4\lP| Ga2CI4 Nil,Fed.
Solvent Cells gd 11.n0
Temp., ° 5 /i) 3.5
Wie, moial >0.25 0.1 <17 0N
n|e molal <17 1.22

ddebge 0 0 0 1.0

ir 127 220 121 165
a A 265  4.63 253 35
v 076 091 0.98 14
. >(.2 0.8 0.5 0.6
Bw 0 0 0 .006
B A N L -
b, k. . . . .
Ref. 1013 10 .

For system IV the dielectric constants do not
conform well to eq. 6 and it may be suspected that
the latitude in choosing the slope p may permit a
wide range of calculated b values. However the
calculation also has been carried out by applying
eq. 5 more directly to the data. It is found that
over a limited range of concentration D(m) is of the
form Hi + Aim. This expression is substituted in
4) and then in (5) in order to express B in terms of
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Hi, H2 Hw,and ma The value of b obtained in this
way is 4.7 A. It is worth pointing out also that for
this system the contribution of the solvent dipoles
to eq. 4, while not negligible, is not overwhelming,
either.

The result b ~ 5 A. for system IV seems reason-
able when compared with the sizes of the ions.
Thus NH4+ has a crystal radius of about 1.4 A.

and FeCLi- about 4 A. The sum, 5.4 A., might be
expected for an effective dipole-dipole contact
distance in the configuration + -+ - and thus would
correspond to 2b if the model were exact and the
effect of the solvent dipoles negligible. Considera-
tions such as this are necessarily uncertain, how-
ever, when the numbers are based on a theory which
treats only one dipole at a time as a physical object
while all the others are “smeared out” to constitute
the dielectric medium. This is the same problem
one has in interpreting ionic diameters obtained
with the use of the Debye-Hiickel theory or in inter-
preting ionic diameters obtained by comparing the
Born charging equation with ionic solvation en-
ergies. In each case the distance parameter absorbs
all of the weakness of the theory and cannot be
given a sharp physical interpretation.

A more serious inadequacy of the present theory
isillustrated in Fig. 2. Phase instability on a graph
of this sort corresponds to unit slope and the experi-
mental curve, if extended, is expected to rise almost
this steeply in the concentration range above a
few tenths molal. The discrepancy is the long
range at low molality in which the experimental
curve is nearly flat and n is larger than unity. This
behavior at low molality cannot be obtained from
ed. 2 but corresponds closely to what is calculated
in the usual way for a dimerization equilibrium
with an association constant of 770. Similar diffi-
culties are encountered for the other systems.

The following considerations show that the dis-
crepancy is not an indication of an error in our quali-
tative interpretation of the phase separation but
only serves to emphasize that the interactions
among dipoles are only crudely accounted for in
eq. 2. In the first place the dimerization certainly
results from dipole-dipole interactions, although
the only quantitative treatment availablel7 is
inadequate for electrolytes with symmetrical ions.
Figure 2 shows that the dipole-dielectric constant
approach is not a good way to represent the pair-
wise interaction either. This remains an unsolved
problem. In the second place, we may calculate
the moment of an associated pair of dipoles (a
dimer) from the /(w) data for | around o = 0.4
molal where n approaches 2. We find for the dimer
fi2= 9,5 D. and then, from the unmixing condition,
b2> 3 A. Thuseven if the dimerization isreasonably
complete, the dipole-dipole reactions among di-
mers are large enough to lead to phase separation.
System | offers the most severe test of this kind for
in the other systems the tendency to form dimers is
weaker.

Other Observations on the Chloroferrate Solu-
tions. lonization.—In Fig. 3 we show the equiv-
alent conductance as a function of concentration.
The highest value corresponds to roughly 5%

(17) R. M. Fuoss and C. A. Kraus, J. Am. Crem Soc,, 57, 1 (1935).
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ionization. Although it is unlikely that the ioniza-
tion plays a controlling role in the unmixing, it
does complicate the measurements because of the
large electrode polarization effects found with the
conducting solutions.

Dispersion.—This has not been extensively
studied but Fig. 4 illustrates the typical behavior.
The increase in apparent dielectric constant below
20 Me. has been repeatedly observed, even with
platinized electrodes, and is extreme for the more
concentrated solutions, leading to values of the ap-
parent dielectric constant in excess of 104 at 400
c.p.s. This effect is certainly not a property of the
bulk phase but is the result of an electrode polariza-
tion process.18 That is, the true dielectric constant
is doubtless independent of frequency below 20 Me.
but polarization effects at the electrodes introduce
series capacitance in the circuit which leads to er-
roneous values of the dielectric constant. The
observation of such effects is not novel8B8but they
are not ordinarily encountered at such high fre-
guencies.

The dispersion above 50 Me. seems to be real
and is attributable to a dissipative process involv-
ing the ion pairs.19 It would be of interest to char-
acterize this process more completely.

The Dense Phase.—The best values obtained for
the electrical properties of the dense phase of system
IV are D = 13 and A = 16 for a sample of 0.78 M
solution. Unfortunately all of the samples of the
dense phase we investigated were found to behave
in a highly non-linear manner (see Experimental),
an effect which possibly may be attributed to elec-
trode polarization effects that are orders of magni-
tude greater than in the more dilute solutions.
The degree of ionization corresponding to A = 16
is at least 20%, while a dielectric constant of 13
implies that a large proportion of the solute is
still in the ion-pair form.

Wet Solutions—The preliminary experiments
made in working out the procedure for the electrical
measurements were performed with diisopropyl
ether extracts of aqueous HCI-FeCU mixtures.9
A series of solutions of varying solute concentration
was formed by mixing this ether with samples of
the light ether phase formed in the extraction
in a suitable composition range. In this case the
solute has quite nearly the composition H04+
FeCU- . The electrical properties of the solutions
were found to be very similar to those shown in
Fig. 3and 4.

Experimental

Apparatus.—=T electrla ea urements were made with
it ey e grkcom%ct.%.ﬁ b
Eonve nt|on S| tt ({tr
@%m“&mge T B
E%etéze\zjee%eae ro(liuﬁ Tm?i ”h Forhe %ilthafce?ﬁ ased?H
ﬁg%t mS(I) r|]f|c,31t|(())r\1/se Wgrne heavy goﬂlsplis atirig on he meta?l1

(18) H. C. Chang and G. Jaffe, J. Chem Phys., 20, 1071 (1952).
(19) M. Davies and G. Williams, Trars. Faraday Soc., 56, 1619
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The significance of transport numbers in pure
fused salts and the possibility of direct experi-
mental measurement of them have been discussed
for some years. However, very little attention
has been given to the formalism of the reference
frame, which is an important aspect of the problem.
Therefore, it may be worthwhile to reconsider the
whole matter from first principles.

Definitions.—Let us consider a salt C,+A,_
formed with v+ cationic constituentsl of valency
z+ and molar volume concentration c+, and with
v- anionic constituents of valency z- (z~ < 0)
and concentration c~. For the electroneutrality of
the system, the following equation holds

z+c¢++ zc_=0 (@)

The transport numbers are defined by means of
the ratios of the partial electrical flows (I1+ and I-)
to the total electrical flow (/)

I z+J+ + Z-3_

0] In what follows, the term “cationic” or “anionic constituent”

is used in the meaning given by M. Spiro {Trans. Faraday Soc., 55,
1207 (1959)). In this way, one is freed from the complications which
might arise from partial association or dissociation phenomena.

|
become define au oma |ca?ly when fhe r\%erence Pra

ang artlcularly the impor-
?e fUS(i he I’&BSpOf numoers are ar trary quan-
e T0r ve OCI 1eSISTI
/_ z_|_
t-= — = — —=-— = 1 - t+ (2b)
1 Z+J+ + Z_/_
where 1+ = 3z+J+, |-=5z-J-,1 = T+ + 7-, Fis

the Faraday constant, and J+,J7- are the respec-
tive cationic and anionic diffusion flows, as defined

by

J+= ¢c+(D+—w),I_= c_("iL —w) (3
Ineq. 3, v+ and v- are the average velocities of the
cation and anion, whereas w is the reference
velocity.

It is apparent from eq. 2 and 3 that the values of
the transport numbers are functions of the value
assumed for S. When speaking of transport
numbers, it therefore is necessary to specify the adopted
referenceframe.

Now, let us define the reference velocity. For a
liquid medium, in which mechanical equilibrium
can be considered established, the value for u is
chosen by means of an averaging process2: this
consists of attributing weights to the individual

) See, 0., (@) S. R. de Groot, “Thermodynamics of Irreversible

Processes,” Amsterdam, 1951, p. 108; (b) R. Haase and H. Schonert,
Z Hektrochem, 64, 1155 (1960).
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velocities of the components of the system. Thus
we assume

= ptpt + pj>_ 4
with

VA + Vo= 1 ()

In eq. 4 and 5, p+ and p~ are “weight factors” for
the cation and the anion, respectively. These
factors can be arbitrarily defined within the limits
imposed by (5).

From eq. 3,4, and 5 there follows

V+C-
oo ®

/ =

-+

As logically expected, this means that only one of
the two flows defined in eq. 3 is independent.

Finally, by introduction of eq. 6 in both eq. 2a
and 2b, the fundamental relations for t+ and t- are
obtained

tt = p_,i_ = p+ (1)

Equations 7 clearly show that the transport num-
bers, t+ and t-, are automatically defined when the
reference frame is defined.

Applications to the Most Common Reference
Frames.—In what follows, an application of eq. 7
is made to the reference frames most widely em-
ployed. The symbols for transport numbers are
provided with proper subscripts to identify the
reference.

(@ Hittorf's System.— In this reference system
a weight value of 1 is assigned to the velocity of one
component and a weight 0 to all other components.

In the present case, assigning the weight 1to v+, we
obtain

(«Hh+ = 0, (L)h =1 (8)

or, when assigning the weight 1 to ~

(thh- = 1, (Oh_ =0 9)
Equations 8 and 9 merely express the obvious fact
that when the velocity of one of the two ions in the
system is taken as the reference, the total electric
current is carried solely by the other ion.

Transport Numbers in Pure Fused Salts
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In the case of a 1:1 electrolyte, eq. 10 become
M - M,
EIM= e e M M = (D)

These equations are identical to those derived prev-
iously by Sundheim3 for this reference frame by
application of a criterion of moment conservation.
However, there has been some objection4 to this
method.

(c) Average Volume Velocity.— In this reference
system the weight aVi is assigned to the velocity
of component i, Vi being the partial molar volume
and c; the molar volume ccncentration of this com-

ponent. By means of eq. 7 and taking V as the
total volume of the salt, we write
=— v+V+
(th)v = -p -, (i-)v = 12)

Conclusions.—Equations 7 clearly show that
transport numbers in a pure fused salt can be de-
fined only in an arbitrary manner. Expressions have
been obtained in eq. 8 to 12 for reference systems
most commonly employed in the liquid phase, and
these values depend on the particular reference
frame adopted. This is also in agreement with
Pitzer's6statement that “a transference number in
a single component fused salt can only be defined
in an arbitrary manner.”

Finally, some remarks on the transport numbers
measured by means of porous glass diaphragm
cellsémay seem expedient, (a) First, itis clear that
in this case the transport numbers are determined
in the system fused salt-porous diaphragm, and
not in the system pure fused salt, (b) The system
then is formed with the porous diaphragm in addi-
tion to the single component of a pure salt; the
analogy of the system glass-salt to the system
water-salt, where water has been replaced by
porous glass,7 then is apparent, (c) Since con-
siderable uncertainties are introduced by such
unavoidable complicating factors as, e.g., electro-
osmosis, glass-salt interactions, etc., that arc
certainly present—although not easily evaluable—
an exact treatment does not appear to be easy.8

For all these reasons the meaning of transport
numbers of the system fused salt-porous diaphragm
appears to be rather uncertain.

On the other hand, as a consequence of eq. 7,

(b) Velocity of the Center of Mass.—In this@ny experimental method for the determination of

reference system the weight ft/'f is assigned to the
velocity of component i, ft being the density of the
ith component and f the total density. From
eq. 7, by means of the relations f+ = M+c+ and
ftt = M-C- (M+ and M- being the molecular
weights of the cation and the anion), we obtain
in our case

\O\i-
wM+ + vMJ

V+M+
VHAL+ T M _
(10)

(+Hm

transport numbers in the system pure fused salt
has little significance.

(3) B. R. Sundheim, J. Phys. Chem, 60, 1381 (1956).

(4) See, eg, G. J. Janz, C. Solomons, and li. J. Gardner, Chem
Rev.,, 58 401 (1958).

(5) K. S. Pitzer, J. Phys. Chem, 65, 147 (1961).

(6) (a) F. R. Duke and R. W. Laity, J. Am. Chem Soc., 76, 4046
(1954); J. Phys. Chem, 59, 549 (1955); and following papers; (b)
H. Bloom and N. J. Doull, ibid., 60, 620 (1956%

(7) See also: F. R. Duke and R. Owens, J. Hedradem S, 105,
548 (1958).

(8) Some reservations on the significance of these transport numbers
also have been expressed by R. W. Laity, J. Chem Phys., 30, 682
(1959).
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Introduction

The production of a potential difference between
two electrodes immersed in a suitable electrolyte,
when only one of them is illuminated, has been
called the photovoltaic effect. Since Becquerel's
original investigations,3 this effect has been ob-
served for different types of electrolytes and elec-
trode systems. Work involving coated electrode-
electrolyte systems4-7 and semiconductor-elec-
trolyte systems810 indicated that direct irradia-
tion of the electrode-solution interface was essential
for the production of a photovoltaic effect. The
effect described in the present communication can
be produced without direct irradiation of the
electrode-solution interface and therefore should
be distinguished from the photovoltaic effects of
earlier investigators.4-10

Levin, White, and co-workers investigated po-
tentials produced by irradiation of platinum elec-
trodes immersed in alcoholic solutions of organic
compounds.11-18 Their studies indicated that
photopotentials were produced by the organic
solute. Because Levin, et al., failed to exclude
oxygen from their solutions, thereby complicating
interpretation of their data, the present investi-
gation was begun to establish the nature of the
physical processes giving rise to photo-induced
electrode potentials.

Experimental
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partial fulfillment of the requirements for the Degree of Doctor of
Philosophy.

(2) Department of Chemistry, Juniata College, Huntingdon, Penna.
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(12) 1. Levin and C. E. White, ibid., 19, 1079 (1951).

(13) 1. Levin, J. R. Wiebush, M. B. Bush, and C. E. White, ibid,,
21, 1654 (1953).

Materials.— Lﬁse(l) ng ﬁ (ﬂHwaIe;{tI)
ing_ met
recrysta

es in otent jal of aﬁJ ?1“” m electr
o e o
gf% 'iec?\‘oac Ve sp C|eg | merr e<{n Bg ﬁ %

P

I R

owly whe eexcnr] aonw}sexm-

4 a& Flla eaction of the splyte
ation RaVa bee st ?fﬁ B‘ée“n%%?n”“”” 7“1
9-\%sorbt n'spe &ra and polymerization d% aare surnmlt
ol S

condpdrtlS %lplaraRws usef. élp] his Inyestigation
ﬁ Ztﬁgthd PRk o ol

Q] SOCO%CO,U JIC |ta%e eXCére area O? fi tfb
ﬁﬂre epe]x? (P 9 rsaal?i? tr(%er %weectrodﬁ 05mm

lameter was In a stan
eavm rode was

e8rd
. avevriv e ‘f%am%w {7 e
lag

as
“H

° éqa ano l I £ I%F]ee%léﬂ Yect 0ag

Jetnhea Pl e

C WA?] g SOf on ellmlna}/e(q(‘{he neca %\}/ for atsn
poten |as were measured Telative to fhis

Fl(%Wa tséSA" oolid vela g haPerasrlcjereofDLrawoeln radrla-

a3 ?4cm m10helca ce d|stance

%uaréér]ens oca(ﬁeng
|as's“ﬂosé$ g C"m'ﬂ%cl}ﬂ"wgre%sé' T Ry

04200 A reg|on A shutter System was used to control

lnrﬁueﬂ’rﬁp'é‘é’ance of 15 rr”nest%rn hslescl Rl emrehs%%nasre‘

Proce res ThefoIIo roce suedtoo
ntl |me was
cor ton asfus
free n| rog re ared

nﬁl XYJ?JC g ara ont IN€rs \yﬁadS 9

orld] Eg%v ari ep an calc (f d% m&i
T e s el
aaweg gawie?a awﬁw e
? r%orgllpoten ial-time cu VeS8 4 éuncu n 9{an

Eed"bgrgm er sys em Wwas e ?ﬂ\
recor

ced
f ra”r}grrecf)edp ior va? |on)sfﬁ| Rﬁeontg WF
Xenon lamn & a unction of wave en sor;gtlo spect da
158 f;sss 4 Warren poe rﬁcor with matc

ARy, wg%ua s QE i
R g e i roEﬁ Wasf I rmr1 m{) th ed wa %r

cledn
r?z]e q lue ethano'r ij e eﬁeciro e Was afway%
eaned us

(14) R. R. H. Miron, Ph.D. Thesis, Lehigh Umversity, 1959.
(15) L. Meites, “Polarographie Techniques,” Interscience, New
York, N. Y., 1955, p. 34.



Sept., 19G2

Results and Discussion

Photopotentials.— Because Bolland and Cooper®b
studied the photochemical reaction of the anthra-
quinone system, 9,10-anthraquinone (hereafter
called AQ) was selected as the model compound for
most of our investigations. A typical photo-
potential-time curve for AQ is shown in Fig. 2.
It is evident that the potential rapidly became more
negative during illumination, reached a maximum
negative potential, and slowly returned to a value
near the initial potential after the exciting radiation
was extinguished. Similar curves were observed
for a variety of organic compounds in absolute
ethanol, and their maximum negative potentials
are recorded in Table I.

The following mechanism is proposed to account
for the production of photopotentials in oxygen-
free solutions of AQ in ethanol

AQ + nv —> AQ* (|)
AQ* —> AQ*' @)

Table

Photopotentials op Organic Compounds in Absolute

Ethanol*

Compound Photopotential in mv.6
Acetophenone -434
4-Aminoacetophenone - 43
4- Bromoaceto?henone -210
4-Hydroxyacetophenone - 02
+Méthoxyacetophenone -350
4-Nitroacetophenone - 47
9,10-Anthraquinone (0.0005 u -395
Anthraguinone 2,6-disulfonic acid

disodjum salt (0.005 w , -250'
Benzaldehyde -290
Benzhydro 0
Benzoin -409
Benzophenone -400
+Bromobenzophenone -350
4.4-Dimethylbenzophenone -510
2-Hydroxy-5-chloro-benzophenone 0
Benzopinacol (0.005 w —3301
EBenzoqumone - 60

enzoyl peroxide -150

p)irl y -240
Dlpheny amine -465
Fluorescein - 10
Tetrabromofluoresceln 0.0001 Hi) 200s
Naphthoqumone (0.001 ) - %
Phenazme(I 001w, -345
I%trztiphten hydraztlne d +t130/
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(5) platinum point electrode; (6) glass stopper,
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AQ* + RCHDH — » AQH-* + RCHOH
(3a)

AQ* + RCHXOH —mw> AQH- + RCHOH
(3b)

(4)

AQH- * AQH- t ny:

The primary process, eq. 1, must involve ab-
sorption of radiation in the 2400-4200 A. region.
Because the most intense absorption band for AQ
in that region corresponds to a 7#—ir* transition
it may be assumed that absorption is the
predominant primary process. The correlation
between photopotentials and the absorption spec-
trum of AQ, shown in Fig. 3, enhances this point of
view. However, the much weaker n-*7r* transi-
tion cannot be ruled out, and probably contributes
somewhat to the primary process. Equation 2
indicates conversion from the initial excited state
of AQ to some other excited state prior to reaction
with the solvent. Generally, it has been assumed
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that photochemical reactions proceed via the triplet
state (which in this case would lie AQ*") although
the validity of this assumption has been questioned
recently.7 The excited AQ molecule then ab-
stracts a hydrogen atom from the solvent (alcohol)
to form a semiquinone radical and the correspond-
ing alcohol radical as shown in eq. 3a and 3b.
Evidence for such a reaction is supported by the
study of Bolland and Cooper® on the photo-
sensitized oxidation of ethanol, using anthra-
quinone-2,6-sulfonic acid, disodium salt, as the
sensitizer.

At present it is not known whether eq. 3a or
3b is the predominant mode of radical production
in the AQ system, although 3b seems more likely.
If excited radical production does occur, one of the
ways AQH <* could lose its excess energy would be
the emission of radiant energy, as depicted in eq.
4. The process described is one of chemilumi-
nescence. Although irradiated solutions were ob-
served to fluoresce green during photopotential
measurements, this cannot be considered support
for process 3a because the radical AQH- is fluores-
cent under the condition of excitation.B8

We have assumed that the electroactive species
is the monomeric radical AQH-  The possibility
exists that the AQH- radical undergoes reaction
with an unexcited AQ molecule tc produce a radical
dimer, or that AQH- radicals partially dimerize
to produce an equilibrium mixture of monomeric
radicals and dimer.

(17) R. Livingston and V. S. Rao, J. Phys. Chem, 63, 794 (1959).

(18) D. M. Hercules and J. J. Surash, to be published elsewhere.

Investigation of the degree of chemiluminescence in the AQ system
will be the subject of a continuing investigation.
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The shape of the curve shown in Tig. 2 is readily
understood if one assumes the mechanism given
above to hold. Prior to irradiation, the predomi-
nant species in the vicinity of the electrode surface
is AQ. Upon irradiation some of the AQ under-
goes photochemical reaction to form AQH- which
begins to accumulate at. the electrode surface,
changing the potential of the electrode. As ir-
radiation proceeds, a steady-state is established
and the potential becomes constant. When the
radiation is interrupted, chemical reaction of AQH-
and diffusion remove it from the electrode surface,
and the potential slowly falls to a value near the
starting potential.19

If one assumes the Nernst equation to hold for
an electrode indicating the potential of the AQ/
AQH =system, the fact that the potential of the ir-
radiated electrode becomes more negative relative

to the Ag/AgCl electrode is quite reasonable. The
Nernst equation for this system would be
A
E = K + [AQ] )
[AQH |

When both AQ and AQH =are present in solution,
the ratio [AQ]/' [AQH <] will determine the potential
of the electrode. During the course of irradiation,
AQ is being converted into AQH-, which will
make the ratio [AQ]/[AQH-] become smaller as
a function of time. Such a behavior would tend
to produce a negative potential according to eq. 5.
When a steady-state concentration, of AQH- is
reached at the electrode surface, the ratio [AQ]/
[AQII-] will be constant and the potential of
the electrode will become constant as a function
of time. When the radiation is extinguished,
AQH- will be removed from the electrode surface
(and AQ will diffuse into the previously irradiated
area) causing the potential to become more positive.

The interpretai.ion presented above is consistent
with the observation that the electroactive species
can be produced in the absence of an electrode,
but will cause a change in the potential of an
electrode brought into contact with the solution
after the exciting radiation is extinguished (see
discussion below). The interpretation also is
consistent with the observation that, a larger initial
concentration of AQ gives a larger maximum
potential.

The major difference between the results of
Levin, et at,11-18 and the present study is that the
former investigators obtained positive photopo-
tentials while we obtained negative photopotentials.
This discrepancy arises because Levin, et al.,
measured photopotentials of solutions in equi-
librium with atmospheric oxygen, while we meas-
ured solutions that had been purged with nitrogen.
When we equilibrated our solutions with air, posi-
tive photopotentials were obtained, as shown in

Table Il. In the presence of air, it is quite prob-
able that AQH- undergoes further reaction
immediately after it is formed
AQH- + 02—> AQ + 1102 (6)
2H02— P HA + 02 7

(29) Since some AQ apparently is used up in a photochemical reac-
tion, the final potential is more positive than the initial potential.
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Therefore, in the presence of air the ratio of
[AQV/[AQH-] will not determine the potential of
the electrode, but it probably will be determined
by the O2H 202 or the HD2H D couple. Ap-
parently, the potentials of these couples are more
positive than the initial potential of the platinum
electrode. This was confirmed experimentally
by the addition of small amounts of 3% HZX 2to an
ethanolic solution of AQ (non-irradiated, in air) in
the vicinity of the point electrode. The potential
became more positive during addition of the HD 2
From this one may conclude that Levin, et al,
were really measuring the relative efficiencies of
compounds to photooxidize ethanol, and that their
changes in potentials were largely due to peroxide
formation.

Table ”
E ffect of Air on Photopotentials
Photopotentials

Molar concn. in in mv.n
Compound absolute ethanol Airé Nitrogen
Acetophenone 0.01 +10  -434
4-Bromoagetophenone 01 +60 -210
4-Methoxyacetophenone 01 0 -350
9,10-Anthraquinone .0005 +70 -395
Benzoin +47  -409
Benzop henone +60  -400

ainst CI referenc electrode: f
s {ja K b
yrex beaker was Used as the ce

Effects of Variables on Photopotentials.—The
effect of solute concentration on maximum photo-
potentials for AQ and diphenylamine is summarized
in Table I1l. It is evident that the maximum
photopotentials vary with concentration of solute,
approaching a limiting value. On the basis of the
proposed mechanism, it is reasonable to expect
the maximum photopotential to increase with
concentration due to the increased absorption of
radiation in the more concentrated solutions and the
corresponding increase in production of interme-
diate species per unit time. The limiting value of
the photopotential probably occurs at the point of
total absorption of the exciting radiation by the
solution in the vicinity of the electrode.

Table ”l

E ffect of Solute Concentration of Photopotentials
Molar concn. in Photopotentials

Compound absolute ethanol X 103 in mv.*
9,1 O-Anthraquinone 0.5 -395
9,10-Anthraquinone 1 -285
9,10-Anthraquinone 05 -225
9,10-Anthraquinone 01 -200
9,10-Anthraquinone 005 -195
9,10-Anthraquinone 001 3
Diphenylamine 10.0 -465
Diphenylamine 1.0 -465
Diphenylamine 0. 1 -320
Dlpheny amine -160
D| am|dne t I f o 15
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_It was necessary to determine if photopoten-
tials might be caused by accumulation of photo-
reduction products at the electrode surface. The
benzophenone-benzopinacol system was chosen
for this study because the photochemical synthesis
of benzopinacol from benzcphenone is well known.
Photopotentials were recorded for solutions con-
taining varying amounts of benzopinacol with
constant amounts of benzophenone. The results
are tabulated in Table IV. From these data it is
apparent that benzopinacol had no effect on the
photopotential of benzophenone.

Table |V

E ffect of Benzopinacol on the Photopotential of 0.001
M Benzophenone (in Absolute Ethanol)
Molar concn. of

benzopinacol in  —-eeeeeeee- Photopotential in mv.@---------

absolute ethanol Filtered light
in» (2400-4200 A.) Unfiltered light
0 -200 -305
0.1 —200 -300
0 5 -196 -305
-310

—CA
proJ\Aceansjflrteyd+§g/alnSt Ag/AgCI reference electrode;

Figure 4 illustrates the effect of viscosity on the
photopotential-time curves for benzophenone in
ethanol. It is apparent that the maximum photo-
potential decreases as a function of viscosity, and
that the rate of decay of the photopotential de-
creases as Vviscosity increases. The latter phe-
nomenon is readily explained if we assume diffusion
to be the principal mechanism for removal of the
intermediate from the electrode surface after the
exciting radiation is extinguished.D The decrease
in maximum photopotential with increasing sol-
vent viscosity probably results from collision of the
two radicals formed in eq. 3 within a Franck-
Rabinowitch cage.2l As the solvent viscosity
increases, the radicals will encounter a slower rate
of diffusion and an increased probability of re-
combination. This will tend to reduce the number
of free radicals at the electrode surface.

Earlier investigators2 attempted to correlate
the magnitude of the photopotential with absorp-
tion of radiation by the compound. However,
their data were not conclusive. Figure 4 shows
that the photopotentials definitely follow the
absorption spectrum for AQ. (Similar results
were obtained for benzoin and benzophenone.)
The first w—u* absorption band was chosen for
irradiation studies because the band in AQ
was too weak for study. It is reasonable to antici-
pate a correlation of photopotentials with the
absorption spectrum because increased absorption
results in a greater number of molecules being
excited per unit time. These can produce a greater
number of electroactive species at the electrode
surface and consequently a larger photopotential.

In order to distinguish the photo-induced elec-
trode potentials of the present study from a true

(20) This assumes diffusion is rapid relative to any chemical reaction
by the intermediate.

(21) This type of process has been studied recently by L. Herk,
M. Feld, and M. Szwarc, J. Am. Chen. Soc., 83, 2998 (1961), and R. K.
Lyon and D. H. Levy, ibid, 83, 429C (1961).
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photovoltaic effect, it was necessary to prove the
electroactive species was produced in solution
independently of the electrode surface, and if an
electrode was placed in contact with the electro-
active species in the absence of radiation, the elec-
trode potential would become more negative. To
accomplish this, the platinum point electrode was
rotated 180° so it was not in the path of the incident
radiation. With the recorder running, radiation
was made incident on the cell. During several
minutes of irradiation, no change in potential of
the electrode was recorded, even though formation
of the yellow intermediate was observed visibly.
Then the exciting radiation was shut off, and im-
mediately the platinum electrode was rotated 180°
to its normal position against the cell wall in the
area previously irradiated. The potential of the
electrode became more negative, reaching a
maximum value and decaying to a final potential
very near the starting potential.

Nature of the Intermediate Species.—-Although
the intermediate giving rise to photopotentials was
assumed to be a free radical, an attempt was made
to acquire some direct evidence to support this as-
sumption. Electron spin resonance studies on
ethanolic solutions of the intermediate in the photo-
reduction of AQ were inconclusive, due to loading
of the e.s.r. spectrometer cavity by the alcohol.
However, other studies indicate that the intermedi-
ate is a free radical.

Upon irradiation of a solution of AQ in ethanol,

John J. Surash and David M. Hercules

Vol. 66

a new diffuse band appears in the electronic absorp-
tion spectrum from 350 to 460 m y. The maximum
isat 380 m y. When an alcoholic KOH solution of
AQ isirradiated, an additional band appears having
its maximum at 480 my. In their dash photolysis
studies, Bridge and Porter2 reported a group of
bands at ca. 360-390 ~ y which they attributed to
the semiquinone radical and a band at 480 my which
they attributed to the semiquinone ion. The
maxima reported here, as well as those of Bridge
and Porter, are consistent with the normal spectral
shift, that would accompany the ionization

Studies have been reported on the photoreduction
of eosin with accompanying potential measure-
ments.23-25 Electron spin resonance studies on
the photoreduction intermediate indicated the
presence of a free radical. We have obtained
typical photopotential curves for the systems
studied by these investigators.

Additional evidence that the intermediate in the
photoreduction of AQ is a free radical was provided
by polymerization studies similar to those of Cooper,
et al,d It was demonstrated that the yellow-
colored intermediate could initiate polymerization
of styrene and methyl methacrylate. Further-
more, photopolymerization of styrene has been
initiated by benzoin,27-29while benzoyl peroxide33L
and phenazine® have been reported as sensitizers.
All three compounds gave photopotentials in the
present study.

Berg, et al.,3 have postulated free radical inter-
mediates for a number of compounds in their
photopolarographic studies. They were concerned
with irradiating a dropping mercury electrode and
measuring the changes in limiting current pro-
duced. It is quite probable that the electroactive
species in the work of Berg, et al.,, are similar to
those of the present investigation.

(22) N. K. Bridge and G. Porter, Proc. Roy. Soc. (London), A244,
259 (1958).

(23) v. F. T. Tsepalov and V. la. Shliapintokh, Dokl. Akad. Nauk
SSSR, 116, 641 (1957).

(24) V. F. T. Tsepalov and V. la. Shliapintokh, lzv. Akad. Nauk
SSSR. Otd. Khim. Nauk, 4, 737 (1959).

(25) N. N. Bubnov, L. A. Kibalko, V. F. Tsepalov, and V. la.
Shliapintokh, Opt. i Spektroslcopiya, 7, 71 (1959).

(26) W. Cooper, G. Vaughan, S. Miller, and M. Fielden, J. Polymer
Sci., 34, 651 (1959).

(27) B. R. Chinmayanandam and H. W. Melville, Trans. Faraday
., 50, 73 (1954).

(28) R. M. Joyce, U. S. Patent 2,647,080, July 28, 1953.

(29) C. M. McCloskey and J. Bond, Jnd. Eng. Chem, 47, 2125
(1955).

(30) S. G. Cohen, B. E. Ostberg, D. B. Sparrow, and E. R. Blout,
J. Polymer ci., 3, 264 (1948).

(31) M. Burnett and H. W. Melville, Proc. Roy. Soc. (London)
A189, 456 (1947).

(32) G. A. Schroter, Runstoffe, 41, 291 (1951).

(33) (a) Il. Berg, Collection Czech. Chem Commun., 25, 3404 (1960):
fb) H. Berg, Naturwiss., 47, 320 (1960); (c) H. Berg and H. Schmeiss,
ibid., 47, 513 (1960); (d) H. Berg and 1l. Schmeiss, Nature, 191, 1270
(1961).
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The unusually high sound absorption of sea
water, about 30 times greater than that of fresh
water, is due to a small concentration of magne-
sium sulfate, approximately 0.02 M.2 Tamm and
Kurtze3 found that other 2-2 sulfates exhibit
similar high absorption and Eigen4 has discussed
their significance. Liebermann6é showed how a
pressure dependent chemical reaction could pro-
duce this sound absorption and Bies,6on the basis
of pressure dependent dissociation, derived a
theory by which he determined equilibrium con-
stants of magnesium sulfate from sound absorp-
tion measurements at atmospheric pressure in
water and dioxane-water solvents. Verma?7 has
made a recent summary of sound absorption in
electrolytes which includes measurements as a
function of concentration, temperature, dielectric
constant, pressure, and the effect of heavy water
as solvent.

For any quantitative check of the theory of
sound absorption based on pressure dependent
dissociation reactions, it is vital to know the
volume change upon dissociation into ions, that is
AF° which appears in eq. 1.8 It should, in prin-
ciple, be possible to use the same (AF°) and degree

(b

/dIn Km\
\ ap

Y\
RT

/ T.m

of dissociation (a) to describe results of density
and conductivity measurements; if sound absorp-
tion is due to dissociation into ions, it should be
possible, using the same (AF°) and a, to account
for it also. This has been done for a weak electro-
lyte in the case of ammonium hydroxide in work
reported by Hamann and Strauss9and by Carnevale
and Litovitz.D

(1) This work represents results of research under joint sponsorship
of the Office of Naval Research, Contract Nonr 2216 (05) and the
Division of Physical Chemistry, Commonwealth Scientific and Indus-
trial Research Organization, Melbourne, Australia. Contribution from
Seripps Institu ion of Oceanography, New Series.

(2) R. W. Leonard, J. Acoust. Soc. Am., 20, 254 (1948).

(3) K. Tamm and G. Kurtze, Acustica, 3, 33 (1953).

(4) M. Eigen, Discussions Faraday Soc., 24, 25 (1957).

(5) L. N. Liebermann, Phys. Rev., 76, 1520 (1949).

(6) D. A. Bies, J. Crem Phys., 23, 428 (1955).

(7) G. S. Verma, Rev. Mod. Phys., 31, 1052 (1959).

(8) B. B. Owen and S. R. Brinkley, Chem Rev., 29, 461 (1941).

(9) »S D. Hamann and W. Strauss, Trans. Faraday Soc., 51, 1684
(1955).
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Since AF° has not been determined experi-
mentally for any of the 2-2 sulfates from conductiv-
ity measurements as a function of pressure, the
object of this work is to do so at 25° to facilitate
comparison with values of AV determined by
Bies.l The molal dissociation constant Km was

calculated from equation 2, in which it is as-
ma2+2 2
moo g ()

sumed that the activity coefficient of the associated
salt is unity at all pressures and concentrations.
The degree of dissociation was determined at 25°
for magnesium sulfate by dividing the measured
equivalent conductivity by the theoretical value
determined from the equation

RA° K/ |
+ E
1+ Bay/si/2 J 1+ Bas/I

used by Davies, Otter, and Prue.2 The activity
coefficients were calculated from the Debye-
Hiickel equation

A=A d

loq/ A \z,Zi\s/I| A
- 0 + =
g 1+ Bas/1 @

In both eg. 3 and 4 molar concentrations varying
with pressure were used. In eq. 2 the rational
activity coefficient is used for the molal activity
coefficient. Tables | and Il list constants for
aqueous solutions useful in evaluating eq. 3 and 4.

The dielectric constant e was calculated using
the Owen and Brinkley13equation

V+ 1V

1- 0.4060 log B+ I/ (5)

where p is in atmospheres and the 25° value B =
2885 atm. from Gibson¥4 is used. The viscosity

(10) (@) M. Eigen, Z Physik. Crem (Frankfurt), 1, 176 (1954);
(b) E. H. Carnevale and T. A. Litovitz, J. Acoust. Soc. Am, 30, 610
(1958).

(11) Because of an error in concentration (AV)2reported by Bies
was a factor of 10s low. The corrected value is (AV)2 = 10 (cc./
mole)2

(12) W. G. Davies, R. J. Otter, and J. E. Prue, Discussions Faraday
Soc., 24, 103 (1957).

(13) B. B. Owen and S. R. Brinkley, Phys. Rev., 64, 32 (1943).

(14) R. E. Gibson, J. Am Chem Sac., 56, 4 (1934).
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data were interpolated graphically from the
measurements of Bridgman® and the. ratio of
densities pr was calculated from Dorsey. The
value a = 14.28 at atmospheric pressure is that
used by Robinson and StokesIR it decreases as a
function of pressure, varying inversely as the di-
electric constant.

Table |

Constants for Water as a Function of Pressure at 25°
. Ve
atm. eyt X 10-€  (poise) Pr
| 1854 23, 417 153.0 3.583 0.008937 1.0000
500 8081 24,094 1552 3739 009014 1.0220
1000 82.88 24,712 157.2 3.885 009132 1.0416
1500 84.80 25284 159.0 4.020 009314 1.0595
2000 865/ 25812 160.7 4.148 009604 1.0758
Table | |

Conductivity and Activity Coefficient Equation Con-
stants as a Function of Pressure for Aqueous Solu-

tions at 25° in the Equations

AP = Ap° - 1+i;'2po + E VI
. y/H?2 1+ Bay/1
B A\zizzZ\\/1
s lglh= B&y/I
ateln. R E B A Mg:Oi
I 09157 12064 032G 05092 14.28
500 8775  117.9 239 4880  13.88
1000  .8445 1148 3198 46% 1353
1500 8101 1114 3162 4538 13.23
2000 7910  106.9 3129 4398 12.95
h Experimental h describ
A
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(15) P. W. Bridgman, “Physics of High Pressure,” Bell and Sons,
1949.

(16) E. N. Dorsey, “Properties of Ordinary Water Substance,”
Reinhold Publ. Co., New York, N. Y., 1940.

(17) R. A. Robinson and R. H. Stokes, “Electrolyte Solutions,”
Butterworths, London, 1955, p. 401.

(18) A. J. Ellis, J. Grem Soc., 3689 (1959).
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Table ”l
Ap/Ai for Aqueous Solutions at+ 25°

¢ Is atmospheric pressure concentration in moles/1.

CX 104 500 100" 1500 200
MgS04 5000 1.025 1033 1030 102
1001 1028 1041 1040  1.033
2000 1033 1050 1055  1.050
100.1 1051 1083 1098  1.104
200.0 1058 1094 1116 1126
KoSOj 5000 1015 1016  1.007  0.995
2000 1010 1017 1011  0.998
220.6 1021 1029 1.026 1.018
MgOb 5000 1019 1023 1015 0.999
20000 1021 1024  1.019  1.005
200.7 1023 1029 1025 1014
KOl 5000 1015 1018 1010  0.996
2000 1015 1016  1.008 994
99.99 1016 1018  1.010 9%
200.0 1016 1018 1012 .998
3. Ratio Bf Eq |valent Conddctrvrtr Drvrde

y eac pressur eac

coredion Q\ D| ?oirn iacin du%‘es'%@or

otQ emo alrty
Ve’ ton
Rjygg)ov 4R ateeA,tng. secor ing ol eequ

[Ap"IMgS04 = [A/IK S04+ [Aw]MgCI2 -

[AP]KC1
Where

Ap° = ATP(ApOAI°)

Results

The values of ApAj for all the salts used are
listed in Table Ill. Egquivalent conductance for
MgSO04is listed in Table IV and equivalent con-
ductances at infinite dilution are presented in
Table V. The dissociation constants, Km, and
degree of association (1 — a) calculated using eq. 2,
3, and 4 are shown in Tables VI and VII for each
concentration as a function of pressure; the AF°

(29) The deviations of Ap/Ai in Table 111 are within the limits of

experimental error.
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values were obtained graphically from the slope of
log Km plotted against pressure and are listed in
Ta,ble VI. Although the 0.0005 molar value of
A7° is much less than the other values, it is in-
cluded in the average A7° = — 7.3 cc./mole.

Note the change in the concentration dependence
of 7vm as the pressure increases; the variations in
K'm decrease as pressure increases and Km shows
a slight dip at the two highest pressures.

Table IV
Ap for Aqueous MgSC), Solutions at 25°
c is atmospheric pressure concentration in moles/].

— P, atm.—
C X 104 1 500 1000 1500 2000
5.000 116.6“ 119.5 120.4 120.1 119.0
10.01 109.6“ 112.7 114.1 114.0 113.2
20.00 101.36 104.6 106.4 106.9 106.4
100.1 78.6 82.6 85.1 86.3 86.8
200.0 69.0 73.0 75.5 77.0 77.7

° Taken from Dunsmore and James. 6 Av. between extrapolated
value from Dunsmore and James and this work.

Table V
Ap° for Aqueous Solutions at 25°
P +

1 500 1000 1500 2000
K+0O, (153.52) 155.7 155.8 154.0 152.1
MgCl2 (129.40) 131.6 132.2 130.7 128.4
KC1 (149.85) 152.2 152.5 151.3 149.3
MgSo04 (133.07) 135.1 135.5 133.4 131.2

Tabtle VI

Molal Dissociation Constant, Km, and AV° for Aque-

ous MgSC>4 at 25°
c is atmospheric pressure concentration in moles/1.

AVO, C —P, atm.-
cc./mole X 10* 1 500 1000 1500 2000
-8.5 5.000 0.0047 0.0054 0.0058 0.0078 0.0091
-7.0 10.01 .0048 .0055 .0062 .0075 .0086
-7.0 20.00 0052 .0059 .0066  .0080  ..0090
-7.3 100.1 .0063 .0073 .0083 .0097 .0111
-6.9 200.0 .0071 .0079 .0094 .0109 .0123
-7.3 Av.
Tabre VI
Degree of Association (1 — a) for Aqueous MgSO<
at 25°
c is atmospheric pressure concentration in moles/1-
—P, atm.-—
C X 104 1 500 1000 1500 2000
5.000 0.067 0.059 0.056 0.043 0.037
10.01 .107 .096 .089 .075 .068
20.00 .158 144 .133 115 .105
100.1 .314 .290 271 .248 .230
200.0 .386 .360 .340 .315 .297

At the lowest concentration and the highest
pressure, the value of A7°is very sensitive to the
change in d as a function of pressure because
(1 — a)isvery small,asshownin Table V Il. Errors
in the conductivity measurement, of course, have
a large effectofthe value of (1 — a), especially atthe
lowest concentration.

Original data and cell constants are listed in the
Appendix. Results obtained in this work for
0.009999 M KC1 are compared with those obtained
bv Ellisis in Table V III, Results interpolated for
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0.01 M K:SO4 from this work are compared with
those obtained by Adams and Hallo in Table IX.
Results obtained in this work for 0.01 KC1 also are
compared with values reported by Adams and H allzo
in Table X. This work shows smaller differences
with the results of Adams and Hall than with those
of Ellis. The average deviation of these results
from those of Adams and Hall is under 0.4% and
with those of Ellis over 0.6%. The error in A
shows up in the equilibrium constant almost
completely in the (1 — a) term. For this type of
experiment, Hamann estimated that accuracy was
about £0.3% in Ap/Ai.

For the 0.0005 M solution at 2000 atm ., the effect
of an error of £0.4% in the conductivity will

cause AF° to vary by approximately 1 cc./mole.
The data at low concentration are not accurate
enough to enable us to say anything about a possible
concentration dependence of A7°. The average
of all five concentrations and the average devia-
tion are

Ayo= —73 = 04 cc./mole
Tabte VIII
Ap/Or/A, For 0.009999 m KC1, 25°
P, atm. Ellis Fisher
500 1.031 1.038
1000 1.052 1.060
2000 1.068 1.072
Table IX

Appr/Aj for 0.01 M K2SOu, 25°

P, atm. Adams and Hall Fisher
500 1.0381 1.041
1000 1.0644 1.065
2000 1.0894 1.0S4
Table X
Appr/Ai for 0.02 m NaCl, 25°
P, atm. Adams and Hall Fisher
500 1.0343 1.039
1000 1.0566 1.060
2000 1.0727 1.070

Using the value 72= —6.4 cc./mole for Mg-
S04u the partial molal volume of the state which
dissociates into ionsis +0.9 = 0.4 cc./mole.

Conclusions

The value A7° = — 7.3 cc./mole does not. agree
by a factor of two with that deduced by Biess
on the assumption that a pressure dependent
dissociation reaction is responsible for sound
absorption.

It also disagrees with the values of A7° of — 15
to — 20 cc./mole quoted by Eigen, Kurtze, and
Tamm .2

The authors indicate that A7° which appears
in eg. 1 is not the same one which appears in the
sound absorption equation. However, they say
that for concentrations below 0.02 M, the differ-
ence between the two is less than 0.7 cc./mole.
These authors explicitly showed the relationship

(20) L. H. Adams and R. E. Hall, J. Phys. Chem., 35, 2145 (1931).

(21) M. Eigen, G, Kurtze, and K. Tamm, Z. Elektrochem., 57, 114,
118 (1953),
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between density and sound absorption data in
terms of a and AF°, but did not have conductivity
data available to provide an independent measure-
ment of AFo.22

The reasons for the discrepancies are not clear
at this time. Although hydrolysis corrections were
not applied in determining equivalent conductivity
for MgS04 as Owen and Gurry2s did for ZnSO.i and
CuS04 the maximum values of their corrections
are small at atmospheric pressure (0.2 and 0.8
conductance unit, respectively) and if relatively
pressure independent, these corrections would not
affect the AF° values significantly.

It may be, as Eigen4suggests, that observed sound
absorption relaxation effects are due to interme-
diate reactions preceding dissociation into ions and
that the lower relaxation frequency / 105c.ps.
which Bies6 observed is associated with an inter-
mediate chemical reaction. On the basis of another
model, Fisher2 calculated from density and sound
absorption data values of degree of dissociation
which agreed with conductivity data within 5%;
one assumption was that the partial molal volume
of the intermediate state preceding dissociation
was zero, an assumption to which this work gives
support.

Whatever the final interpretation of the mech-
anism of sound absorption, it is necessary to have
quantitative values of partial molal volumes in
order to check the theory.

The calculations of A7° made herein are based
on a particular equation from electrolyte theory,
the selection of the closest distance of approach of
ions, and the assumption that it varies inversely
with the dielectric constant as pressure increases.
Changes in the theory will undoubtedly affect the
value of A7° If the simpler Onsager-Debye-
Hiickel equation is used, the values of A 7° are about
— 10 cc./mole and show no concentration de-
pendence. However, new values can be calcu-
lated from the data presented here. Changes in
a due to changes in closest distance of approach
were shown by Davies, Otter, and Pruel13to be
very small, 0.4% at 0.0004 mole/1. as & varied
from 10to 14A. 5B

The type of work reported here also will be of
use in evaluating the theoretical equations giving
the pressure dependence of activity coefficients.
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Appendix A

Cell Constants

To find cell constant, Lp, at pressure P multiply atmos-
pheric pressure value L, by Lp*

P, atm. ir*

500 0.995

1000 .990

1500 .985

2000 .980

Salt Concn., moles/1. U
MgS04 0.0005000 0.686
.001001 719
.002000 723
.01001 719
.02000 732
k 2s04 .0005000 .696
.002000 .699
.02207 .732
MgCl2 .0005000 .696
.002000 .699
.02007 732
Appendix B

Copy of original conductivity data measured for electrolytes
at 25° in aqueous solutions; Teflon cell without glass bar

------- P, atm.——-
1 478 985 1495 2001 la

0.02 M KC1, mmho 3.774 3.932 4.040 4.102 4.132 3.770
0.02 M MgS04 mmho 3.766 4.082 4.330 4.517 4.656 3.763
0.02207 M K504,

mmho 7.103 7.501 7.746 7.909 8.006 7.137
0.02007 M MgCU,

mmho 5.699 5981 6.6167 6.286 6.347 5.699
0.002 M

KC1, ¢¢mho 404.6 4215 433.0 439.9 443.1 404.0

MgSOi 566.6 600.8 626.2 643.3 654.7 565.1

KrSo, 805.8 839.4 862.2 876.7 884.6 807.2

MgCU 6845 716.2 738.2 751.0 757.3 682.7
0.0005 M

KC1, /;mho 108.8 113.6 117.2 1195 120.8 108.9

MgSCU 168.0 176.9 183.2 187.4 190.1 167.8

KjSo04 205.0 213.6 219.7 223.1 225.7 205.4

MgCU 1744 1825 188.3 191.6 193.3 1745
0.01001 M MgS04

mmho 2.188 2.358 2.490 2.584 2.653 2.186
0.00100 M MgSOi,

/¢mho 308.2 325.4 337.7 346.0 351.1 3.082
Water, Mmho 1.1 1.5 1.9 2.5 3.1
Series lead resitance,

ohm 0.2 0.2 0.2 0.2 0.2

° The readings in this column were obtained the day after the
pressure run was made.

Appendix C
Notation
18246 X 106
(eT)V’
5209 X 109
(eT), /!

41.25(|zi] + M)
riieT)"1
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2.801 X 106]z22p = V2 for symmetrical electrolytes, IX = 12, 1%
(eTY'XI + V q) I> = 2 for MgS0a4
. o . | = 4ca, ionic strength of 2-2 salt
& = 14.28, Bjerrum critical distance in Angstroms T = absolute temperature
for a 2:2 electrolyte in water at 25°.  This a = degree of dissociation
varies as a function of pressure e = dielectric constant
C = concentration in moles/:. 7 = viscosity
M = concentration in moles of solute/kg. of solvent  pr = relative density of water

THE RADIOLYSIS OF SATURATED HYDROCARBONS
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The yields of primary products in the radiolysis of some twenty saturated hydrocarbons (Cs-C10) have been measured.
For all paraffins investigated, the yield of “molecular” hydrogen gas is approximately a constant fraction of the total hydro-
gen gas (0.40) despite changes in hydrocarbon structure and total hydrogen gas yield. Evidence is presented which indi-
cates that this “molecular” hydrogen arises by a “hot” hydrogen atom mechanism rather than by a molecular detachment
process. The balance of the hydrogen gas formed arises from the reaction of radiolytically produced chemical hydrogen
atoms with the solvent. Congruent “molecular” unsaturation (olefins of the same carbon number produced in the presence
of alkyl radical scavengers) ranges from 50-80% of the “molecular” hydrogen yield. Radicals produced by C-C bond
scission interact within the cage of formation by disproportionation or recombination, or may escape from the cage to

react with other radicals or solutes.
chemical structure has been found.
previously postulated for saturated hydrocarbon radiolysis.
good agreement with other methods.

Introduction

From previous studies on the mechanism of the
radiolysis of saturated hydrocarbons (hereinafter
called paraffins, to include both alkanes and
naphthenes), it appears that two types of processes
occur, often giving identical products. The first
forms stable, identifiable products by a mechanism
which is uninfluenced by small concentrations (<
2%) of solute. The second forms hydrogen atom
and/or alkyl radical intermediates, the subsequent
reactions of which are controlled by diffusion proc-
esses and the types of added solute, if any. These
radical intermediates may react with themselves,
with irradiation products, or with added solutes,
eventually giving stable products.

It is one purpose of this paper to distinguish
between these two types of processes. For the
first process, experiments are designed to investi-
gate the mechanism. For the second process,
measurements of the radical yields and some
indication of their subsequent reactions will be
given. This has been done for some twenty
paraffins, normally liquid at room temperatures.

In a previous paper,: a sequence of reactions was
postulated for the radiolysis of n-hexane, and as
will be shown later, this reaction scheme is generally
applicable to all liquid paraffins.

Three primary processes account for most of the
initial radiolytic reactions:

a

RH H2 + products ()

(1) T. J. Hardwick, J. Phys. Chem., 64, 1623 (1960).

(2) The nomenclature used in this paper is that employed previ-
ously.l Where necessary, new definitions of quantities have been
made.

Yields of such freely diffusing radicals have been measured, and a definite relation to
The results for all hydrocarbons studied are in complete agreement with the mechanism
Determinations of free radical yields by e.p.r. give results in

G

RII I+ R @)

Or

RH — »Ra+ Itb R)

Reaction 1 prodL&ces hydrogen gas, plus other prod-
ucts, in yield G by reactions unaffected by the
presence of scavengers. Reaction 2, with vyield
(?2 is a simple C-H bond scission giving a freely
diffusing hydrogen atom and an alkyl radical.
In reaction R, C-C bond splitting gives two alkyl
radicals. The interaction of these radicals with
themselves and with solutes gives rise to stable
products.

It has been shown that the hydrogen atom, pro-
duced by reaction 2, reacts competitively with
solvent (RH) by hydrogen abstraction (3) or with
solutes by addition (4) or hydrogen abstraction (5).

kz
I+ RH—*1l2+ R )
ki
H+ S—-> HS (4)
I+ s—s> Il2+ R' (5)

From the kinetics it is possible to determine the
yields of reactions 1 and 2 (bl and G2 from a meas-
urement of the decrease in radiolytic hydrogen
gas yield as a function of solute concentration.is

Experimental

Materials.—All paraffins were Phillips pure grade.
They were further purified by prolonged stirring with con-

(3) T.J. Hardwick, J. Phys. Chem., 66, 101 (1961).
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eentrated sulfuric acid until the unsaturation content was
sufficiently low for use. In all cases the unsaturation of the
purified stock material was measured by bromination. An
indication of the purity is found in the first column, Table I1.

Aromatics were pure grade; olefins present in them were
removed by silica gel. Other reagents used in solution
make-up were the best grade available. For unsaturation
analysis all materials were reagent grade.

Diphenylpicodhydrazil (DPPH) was obtained from K and
K Laboratories. Coppinger’'s radical (COP)4 was kindly
prepared by Dr. H. O. Strange of the Product Develop-
ment Division. The e.p.r. rating agreed well with previous
batches and measured 98-102% radical.

Hydrogen Yields.—The method for determining hydro-
gen gas yields has been described in detail previously.»3
Briefly, 100 ml. of deaerated solution was irradiated with
X-rays to about 20 krads, and the hydrogen gas was removed,
isolated, and measured on a McLeod gage. The energy
absorbed by the samples was concurrently monitored using
a Fricke dosimeter.

Unsaturation.— Irradiations were made in an all-stain-
less steel circulating loop of 400 ml. capacity, using a spot
beam of electrons.5 Samples were irradiated in an atmos-
phere of nitrogen. Unsaturation was measured by the
uptake of bromine in acetic acid medium. Conversion
of the excess bromine to iodine before titration enabled
the excess to be measured by the more precise iodometric
method.

“Initial” Unsaturation.— Measurements were made to
determine the initial unsaturation yield arising from con-
gruent olefins.6 It was necessary, however, to remove lower
boiling olefins resulting from C-C bond scission; otherwise,
a spuriously high value would have been obtained. This
was accomplished by fractional distillation, wherein a
paraffin of appropriate boiling point was added to improve
the separation of the two classes of olefin. The amount of
unsaturation in the residue, measured by bromination, was
taken as the yield of congruent olefins. Distillations were
made in duplicate or triplicate, giving a reproducibility
of measurement of +2%. As an illustration of the ef-
ficiency of separation, no measurable olefin was found in
the forerun of the following mixtures: (a) pentane-hexene-
2-ra-hexane, (b) hexane-2-methylhexene-1-2,4-dimethylpen-
tane; furthermore, in both cases the measured olefin con-
tent of the residue corresponded to that present initially
within + 1%.

Molecular Unsaturation.—In order to measure the
molecular unsaturation, a scavenger was needed to remove
all radical intermediates. Solutions of paraffin containing
1.25% methacrylic acid were irradiated in the circulating
loop in the same manner as the pure paraffin. A small
amount of fluffy precipitate was formed, but the inclusion
of this in the sample did not alter results. The irradiated
sample was fractionated in the same manner as before,
but after removal of the light hydrocarbons, the contents
of the still pot were added to a steam distillation unit, made
alkaline with 4 N NaOll, and steam distilled. The un-
saturation of the organic distillate layer, measured by
bromination, was taken as a measure of the molecular un-
saturation.

Methane Yields.—Samples of pure paraffin and paraffin
containing 1% methyl methacrylate (MMA) were pre-
pared and irradiated in a manner identical to that for hy-
drogen gas measurements. The evolved gas was pumped
by a Toepler pump through a trap at —100° and collected
in a sample flask. Mass spectrometric measurements were
made on the CH4/H 2 ratio, and from the measured hydro-
gen yields, known from previous experiments, the methane
yields were calculated. At least two runs were made for
each hydrocarbon.

E.p.r. Measurements.—All e.p.r. measurements were
made with a Varian Associates X-Band spectrometer, with
a 6-in. magnet and rectangular resonant cavity. Relative
intensities of COP were measured by taking derivative peak
heights and comparing such numbers with the intensity

(4) G. Coppinger, J. Am. Chem. Soc., 79, 501 (1957).

(5) W. S. Guentner and T. J. Hardwick, Intern. J. Appl. Radiation
Isotopes, 13, 98 (1962).

(6) The term “congruent” is used when referring to olefins or radicals
having the same number of carbon atoms as the solvent; e.g., hexene
and hexyl radicals are the congruent olefins and radicals in hexane
radiolysis.
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obtained from a standard solution of DPPH (1 mM) in
benzene. The ratio of COP intensity to that of DPPH
should represent the relative concentrations of unpaired
electrons. The e.p.r. signal intensity of standard solu-
tions of COP in benzene, measured under standard condi-
tions, was linear with the molar concentration of the radical
at least up to concentrations of 25 mM. Stringent removal
of oxygen was necessary to obtain reproducible results.

It was found difficult to prepare a standard solution of
COP in many paraffin solvents, presumably due to traces
of reactive impurities. Where marked deterioration in a
solvent was evident, further purification steps were taken.
As a further test, all solutions were stored for at least 5 days
after preparation and before, e.p.r. measurements. If less
than 5% decay of the radical was observed in the succeeding
5 days, the samples were used in the radiclysis experiments.

Samples were prepared in the following manner. About
17 mg. of COP was placed in tubes, shown in Fig. la.
A 5-ml. volume of purified solvent was pipetted into these
tubes, filling the lower bulb about three-quarters full.
The solution was degassed and sealed from the atmosphere
at B, giving a tube suitable for irradiations (with the solu-
tion in the bulb) and e.p.r. measurements (with the solu-
tion in the narrow tube) as shown in Fig. Ib. The outside
diameter of the glass in the narrow portion of the tube was
close to 4.8 mm., the diameter of a circular hole in the
resonance cavity. Irradiations were made using X-rays
from a Van de Graaff accelerator. The rate of energy
absorption, about 200 krads/hr., was measured by the Fricke
dosimeter solution. The necessary corrections for energy
absorption were made by comparing the electron densities
of the paraffin and the dosimeter solution.

Once the zero-order kinetics were confirmed, the usual
irradiations were such as to remove about 70% of the initial
radical signal. The time between the final pre-irradiation
e.p.r. measurement and the corresponding post irradiation
measurement was always less than 2 days.

Separate experiments showed that the low exposure
received by the upper end of the irradiated tubes had no
noticeable effect on the e.p.r. signal in the region of measure-
ment. To overcome any drifts in the instrument sensi-
tivity, all e.p.r. results were normalized using a standard
sample of DPPH which tests had shown to be invariant
over several months. After radiolysis, the tubes were
opened at the bottom, cleaned, and the narrow part filled
with a standard solution of DPPH. Variations in the di-
ameter of the tubes, with corresponding effects in the
signal intensity, thus were measured directly, and cor-
rections were applied.

Net changes were obtained in units of spins/ec. X con-
stant/Mrad absorbed. The method for subsequent treat-
ment of the data is found in the Results.

Results
Hydrogen Gas Yields.— The yields of hydrogen

gas from the purified compounds (>n2<0y are found
in Table I. The low olefin content of the stock
solutions made unnecessary any_corrections to the
hydrogen yield. The values of Gz were determined
é/ measuring the yield of radiolytic hydrogen gas
hxs) for paraffins containing a range (0.1-
-7%/vol.) of methyl methacrylate (MMA) scav-
enger. For all paraffins the kinetic plot 1/ (Ghl) —
GW,) (= U/AGh) vs. (RH)/(S) gave a straight
line, from whose intercept Jowas obtained. Values
of 62 found in this manner are given in column 3,
aple 1I;  values of GJ, obtained by difference
-(Glizg —GI), are listed in the preceding column.
Unsaturation.— In measuring the initial congru-
ent unsaturation, it is necessary to account for
olefin disappearing by reactions 4 and 5; otherwise,
low values will be obtained. In practice, a com-
promise must be found between producing suf-
ficient olefin for analysis and minimizing the
amount of olefin reacting with hydrogen atoms.
Fortunately, data are available to make reliable
corrections in the latter case.
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Table |

Hydrogen Yields from Irradiated Paraffins

Ci ft
Ghsw -Moleeule/100 e.v. Gi/0 nj,
»-Pentane 6.35 2.10 4.25 0.33
»-Hexane 5.28 2.12 3.16 .40
»-Heptane 6.06 2.36 3.70 .39
»-Octane 6.18 285 3.33 .46
»-Nonane 6.05 2.52 353 42
»-Decane 4.90 1.70 3.20 .35
2-Methylbutane 4.24  1.66 2.59 .39
2-Methylpentane 4.47 161 2.86 .36
3-Methylpentane 4.56 1.60 2.96 .35
Cyclopentane 5.78 2.72  3.06 A7
Cyclohexane 5.56 2.43 3.13 44
Methylcyclopentane 4.62 199 2.63 43
Methylcyclohexane 476 2.05 271 A3
1,2-Dimethylcyclohexane 3.78 1.68 2.10 44
2,3-Dimethylbutane 4.02 1.69 2.33 42
2,4-Dimethylpentane 4.19 1.59 2.60 .38
2,3,4-Trimethylpentane 296 1.21 1.75 A1
2,2-Dimethylbutane 3.12 1.16 1.96 .37
2,2,4-Trimethylpentane 2.91 1.24 1.67 43
2,2,5-Trimethylhexane 2.70 1.16 1.54 43

As part of the determination of G2 data are ob-
tained from which the rate of reaction of H atoms
with the solvent hydrocarbon (fc3 can be expressed
in absolute terms.3 In other work reported else-
where,7 the reactivity of hydrogen atoms with ole-
fins in paraffin solution has been determined. From
such results it has beﬁn shown that for olefins pro-
duced by radiolysis Kt = 6.0 X 101 cc. mole-1
sec.-1, f6= 1.2 X 101 cc. mole-1 sec.-1.

Knowing h, I, and A§ one can determine for a
given olefin concentration the fraction of the hy-

rogen atoms reacting with paraffin and olefin
?3/4 /bfor reactions 3, 4, and 5). Reaction 4 will
remove the olefin to form an alkyl radical: re-
action 5 will produce an alkenyl radical. Since
alkenyl radicals react mostly by addition to alkyl
radicals,1 an olefin is the stable product, and no
olefin is lost from the system. Alkyl radicals
are produced to the same extent regardless of
whether reaction 3 or 4 takes place.

Summing up the possible reactions, it can be
shown that, except for the negligible effect of re-
action 5 to reduce the alkyl radical concentration,
the net result of reaction 4 is to remove one olefin
molecule. A summation of the value of /4 for
a series of olefin concentrations (1, 3, 5 MM, etc.)
was made, using the appropriate length of sum to
correct for the total olefin produced. Final
olefin concentrations ranged from 7-14 m |
for Cd. 50 j./g. of energy absorbed. The correc-
tions resulting from reaction 4 varied from 1.5%
for 2,3-dimethylbutane to 11% for n-pentane.
Values of the initial congruent olefin yield (%)
corrected for this olefin loss and for initial olefin
content are listed in column 3, Table II.

In the separation preceding analysis, olefins were
found in the forerun of the distillation in yields of
0.1-0.7 molecule/100 e.v., indicating that olefins
of lower carbon number are formed.

(7) T. J. Hardwick, J. Phya. Chew,., 66, 291 (1962;.
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Fig. 1.—Cell for measuring the total radical yield by
e.p.r.. (a) unfilled cell; (b) cell filled and sealed for radi-
olysis and measurement.

Table Il

Initial and “Molecular” Unsaturation in Irradiated

Paraffins

“Mo-

lecu-

lar”  Initial
yield vyield

of con- of con-
gruent gruent

Initial olefin  olefin

olefin (ftc)  (Gu) (O» -

content, «—Molecule/—'  ftc ftc)

mM 100 e.v. ft ft

n-Pentane 0.11 1.42 4.07 0.68 0.62
»-Hexane .10 1.47 3.30 .69 .58
»-Heptane 12 1.51 3.43 .65 .52
»-Octane 11 1.47 3.05 .52 A8
»-Nonane .15 1.40 2.93 .55 43
Isopentane .16 1.27 3.35 77 .80
2-Methylpentane .09 1.12 2.78 .70 .58
3-Methylpentane .18 0.87 2.11 .52 A2
2,4-Dimethylpentane 31 1.24 2.62 .78 .53
2,3-Dimethylbutane 23 1.09 252 .65 .61
2,2,4-Trimethylpentane .31 1.00 1.92 .80 .55
Cyclopentane .07 1.73 4.24 .64 .82
Methylcyclopentane .21 1.67 3.89 .84 .84
Cyclohexane .09 175 361 72 .60
Methylcyclohexane .18 1.15 3.09 .56 .56

Part of this congruent unsaturation is the so-
called “molecular” unsaturation, the yield of which
(Cric) is unaffected by the presence of scavengers.
The presence of a polymerizable monomer during
paraffin radiolysis removes freely diffusing alkyl
radicals which are normally precursors of olefins
through disproportionation. Using acidic mono-
mers, a steam distillation from alkaline solution
separates the olefin from the monomer and polymer.
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Preliminary experiments were made to determine
the effect of type and concentration of monomer
scavenger. Solutions of «-hexane containing 0.5,
1, 2, and 3%/vol. methacrylic acid (MAA)
were irradiated to 100 j./g. After correcting for
direct absorption of energy in the solute, Gic was
found to be 148 + 0.03. Acrylic acid (AA) solu-
tions in n-hexane, prepared and treated in the same
way, gave Gic = 145 £+ 0.04. These results are
in good agreement with those previously published
using methyl methacrylate,1where Gfc = 147 +
0.02. Methacrylic acid is preferred over the other
monomers: separation is easier with an acid group,
and less precipitate forms with M AA than with AA.

Irradiations were made with ra-hexane-MAA
solutions at doses ranging from 50-150 j./g. No
change in Gic was found. The low olefin concentra-
tion relative to that of the monomer makes a
correction for olefin disappearance unnecessary.
As standard procedure, 1.25%/vol. solutions of
M AA in paraffin were irradiated.

In the preanalytical fractional distillations, ole-
fin was found in the forerun in all cases, showing
that olefins having fewer carbon atoms than the
congruent one are formed by some process which is
not associated with scavengeable free radicals.
The yields of congruent unscavengeable olefins,
Gic, measured in this fashion are given in column
3, Table II.

Total Free Radical Yield (Gtr).— Preliminary
tests made with four concentrations of COP in n-
hexane showed that the free radical disappearance
was truly zero order.

Our confidence in directly measuring the absolute
concentration of COP in solution was not better
than =5%. Accordingly, an indirect method of
measuring absolute yields (G -cop) was required.
Solutions of DPPH and COP in benzene and toluene
were prepared and irradiated in the same manner
as for paraffins.

In the case of the DPPH solutions, it was feas-
ible to measure the change in DPPH concentration
with good accuracy, and this result could be related
to the absolute yield of the free radical disap-
pearance (G—dappn)<= It was assumed thatG -appn
is a true measure of the total radical yield. A
comparison is made in Table 111 of the total radical
yields (Ger) in benzene and toluene determined by
various experimental techniques. As can be seen,
the values obtained in the present study agree
well with previous results. Accordingly, consider-
able confidence has been placed in the e. p. r. method.

A further reasonable assumption was made: the
disappearance of COP likewise measured Gtr-
Experimentally one determines by e.p.r. some value
proportional to the concentration of COP (K X
[COP]). The change in concentration per Mrad
A(K X [COP])/Mrad is related to the yield of
COP disappeared (G-cor)- In comparing the
change in COP concentration per Mrad for ben-
zene and toluene, calibration factors cancel, and the
ratio G-cop(benzene)/G_cop(toluene) (0.64) is
in good agreement with the corresponding ratio
forDPPH (0.626).

From such results the e.p.r. response for COP
solutions could be related directly to the free radi-
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Table 111

Total Radical Yield (Gtr) in Benzene and Toluene

R adioltsis

Gtr
molecule/
Method of measurement 1cewv. Ref.
Benzene
Polymerization 0.74 8
.78 9
Disappearance of DPPH (colorimetric) 74 10
Reduction of ferric ion .78 1
Disappearance of DPPH (e.p.r.) .77  This work
Toluene
Polymerization 1.1 8
1.2 12
Disappearance of DPPH (colorimetric) 1.1 13
Disappearance of DPPH (e.p.r.) 1.23  This work

cal concentration. Accordingly, Gtr could be de-
termined directly for alkane solutions using COP
as solute.

Although hydrogen atoms reactrapidly with COP
(hi = 1.0 X 101 mole-1 sec-1) a considerable
fraction of them will react with the solvent. This,
however, produces another radical, which in turn
reacts with COP. This secondary formation of
radicals has no effect on the net change of COP
concentration as measured by the e.p.r. method.

Total radical yields (Gtr) for a series of paraffins
are shown in Table IV. One striking resultis that
for the alkanes, the total number of radicals formed
lies in a small range, 7.8-9.5, and is reasonably
independent of structure. Cycloalkanes, as a
group, show similaryields (6.7-7.7).

Scission of a C-H bond produces atomic hydro-
gen, and the yield of this intermediate has been
accurately measured (G3. The total yield of radi-
cals from a C-H bond split is therefore 2G2 and
values of this are shown in the second column of
Table IV. The yield of radicals formed from a
C-C bond scission (2Gr) is Ger — 2G2 and such
values are shown in column 3, Table IV.

The paraffins listed in Table IV have been
grouped according to general chemical structure,
n-alkanes, singly branched methylalkanes, etc.
The extent of radical formation from C-C bond
scission is clearly related to the chemical structure.
As has been suggested before,4 the greater the
branching, the greater the number of radicals
formed by C-C bond scission.

The ratio 2Gr/G Tr (column 4, Table IV) is the
fraction of the total radicals which are formed by
C-C bond scission. The similarity of this ratio
within each structural type is quite marked, and
permits a more sensible grouping according to
structure; e.g.,, 1,2-dimethylcyclohexane is classed
with 2,3-dimethylalkanes rather than with methyl-
cycloalkanes. The agreement within each struc-

(8) A. Chépiro, J. chim. phys., 47, 747, 764 (195C).

(9) C. Cousin, Thesis, University of Paris, 1953.

(10) T. Bouby and A. Chépiro, J. chim. phys., 52, 645 (1955).

(11) E. A. Chermak, E. Collinson, F. S. Dainton, and G. M. Moa-
burn, Proc. Chem. Soc., 54 (1958).

(12) W. H. Seitzer and A. V. Tobolsky, J. Am. Chem. Soc., 77, 2687
(1955).

(13) N. Gilson, reported by A. Chéapiro, 3. Phys. Chem., 63, 801

(1959).
(14) H. A. Dewhurst, 3. Am. Chem. Soc., 80, 5607 (1958).
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Table IV

Total Radical Yields (Gtr) as Measured by E.p.r-

<tr 22 2Gr 2Gr/(?tr

Molecule/100 e.v.
»-Pentane 8.7 850 0.2
»-Hexane 7.8 6.32 15 0.19
»-Heptane 9.1 7.40 1.7 .19
»-Octane 8.3 6.66 1.6 .19
»-Nonane 9.4 7.06 2.3 .23
»-Decane 8.9 6.40 2.5 .28
2-Methylbutane 7.9 518 2.7 .34
2-Methylpentane 8.5 572 2.8 .33
3-Methylpentane 8.7 592 2.8 .32
Methylcyclopentane 6.9 526 1.6 .23
Methylcyclohexane 6.9 542 15 .22
2,4-Dimethylpentane 9.3 5.20 4.1 44
2,3-Dimethylbutane 9.2 4.66 4.5 .49
1,2-Dimethylcyclohexane 6.7 3.34 3.4 .51
2,3,4-Trimethylpentane 8.1 3.50 4.5 .55
2,2-Dimethylbutane 95 392 5.6 .59
2,2,4-Trimethylpentane 89 334 5.6 .63
2,2,5-Trimethylhexane 8.9 3.08 5.8 .65
Cyclopentane 6.5 6.12 0.4
Cyclohexane 7.7 6.26 1.4

turai group is quite striking, and provides a measure
of the relative number of radicals arising from C-H
and C-C bond ruptures which is independent of
the total radical yield.

It should be remembered that the ratio 2CrR/
¢«r refers to free radicals only, and not to the
total number of bonds broken. The ratio offers
assistance in establishing that paraffins of similar
structure will break down in similar fashion during
radiolysis.

Although the number of C-C bond ruptures are
in the main consistent with structure, there are
three cases which merit further comment. The
value of 2Gr = 0.2 for n-pentane is obviously wrong,
but measurements of both the total radical yield
and the hydrogen yields give consistent results.
However, a recent measurement of the radical
production in n-pentane, using a novel scavenging
technique,b gives a total radical yield of 10.13/
100 e.v.; 2cric «r is therefore 0.16 for n-pentane,
in good agreement with the values for other n-
alkanes.

Cyclopentane produces radicals by a C-C bond
split (?R = 0.2). Such avalue would be consistent
with a very low probability of ring opening on
cyclopentane radiolysis. Cyclohexane, on the
other hand, produces 1.6 radicals by C-C bond
rupture. Evidence is accumulating® that hexene
and other straight chain products are formed on
radiolysis, presumably through an intermediate
biradical. As such a biradical is the normal
consequence of ring opening, it may be that each
event in the net result accounts for the disappear-
ance of two COP radicals. Both hexene-1 and cy-

(15) R. Holroyd and G. W. Klein. Presented at the Thirteenth
Pittsburgh Conference on Analytical Chemistry and Applied Spec-
troscopy, Pittsburgh, Pennsylvania, March, 1962.

(16) (a) A. C. Nixon and R. E. Thorpe, ./. Chem. Phys., 28, 1001
(1958); (b) G. R. Freeman, ibid., 33, 71 ;i960) ; (c) P.J. Dyne, private
communication.
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clohexylhexene are found among the products of
pure cyclohexane radiolysis. The yield is suffi-
cient to account for about 80% of the observed
radicals, if the intermediate entities are scavenged
by COP.

Methane Yields.— The radiolytic methane yields
for several pure C 6paraffins are shown in the first
column, Table V. The second column gives the
methane yield when the solution contained initially
1.25%/vol. (117 mM) meehyl methacrylate mono-
mer. Preliminary experiments showed no varia-
tion in methane yield with 0.5-3.0%/vol. monomer,
although both the hydrogen gas yield and the
methane/hydrogen ratio varied over the concentra-
tion range. The methane formed with monomer
present, therefore, is considered to originate in some
process which does not involve freely diffusing
m ethyl radicals. Methane formed from scavenge-
able free radicals would therefore be the difference
of these two measurements, and such values are
given in column 3, Table V.

Table V

Methane Yields in C8 Paraffins, with and without

R adical Scavenger

Methane yield, molecule/100 e.v. Methyl

Decrease radical
Paraffin  jn Gem yield,”
Pure + 1.25% due to molecule/
paraffin MAA  scavenger 100 e.v.
Cyclopentane <0.02 <0.02
Cyclohexane < .05 < .05
»-Hexane 11 .03 0.08 0.08
Methylcyclopentane 11 06 .05
2-Methylpentane .40 .18 .22 .27
3-Methylpentane .30 .16 .14 .16
2,3-Dimethylbutane .64 .37 .37 .34
Neohexane 1.63 .76 .87 .96

“ R. H. Schuler, private coirmunication.

Both with and without scavenger present, the
results show that increased branching, particularly
when two methyl groups are on the same carbon
atom, gives higher methane yields. As expected,
cyclohexane and cyclopentane produce no signifi-
cantamount of methane.

Discussion

There are two types of processes occurring in
liguid paraffin radiolysis: “molecular’” processes
and those involving freely diffusing free radicals.
Although in many instances the same products are
formed in both processes, it is convenient to discuss
them separately.

“Molecular” Processes — The “molecular” proc-
ess (or processes), as it is defined experimentally,
is a process which is not affected by the presence
of small amounts (<2%) of highly reactive ma-
terials, particularly free radical scavengers. It is
generally considered not to involve freely diffusing
free fadicals. Since by its very nature one is
presented with a fait accompli, direct investigation
by modifying such a process by various means
cannot be made. One can argue only by inference
and by analogy.

“Molecular” Hydrogen.— As applied to the pro-
duction of “molecular” hydrogen, four processes
have been postulated to oxplain this “molecular”
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process. (1) Molecular hydrogen is detached from
the same molecule, leaving a biradical or olefin.
(2) A hydrogen atom can be ejected from an ex-
cited solvent molecule with sufficient energy to
react on collision with a neighboring molecule.
For alkanes, hydrogen abstraction to form hydro-
gen gas is the expected reaction. (3) An excited
molecule, produced by charge neutralization or
direct excitation, can react with a nearest neighbor
to give hydrogen gas and products in a Stern-
Vollmer type of reaction. (4) Under certain
conditions ion-molecule reactions may occur, the
net result being the production of hydrogen gas.

None of these processes is necessarily exclusive,
nor is there any inherent reason why all could
not occur to some extent at the same time.

Molecular detachment of hydrogen gas from one
molecule has been suggested as a “molecular”
process, and indication of such a mechanism in the
liguid phase has been found in the case of cyclo-
hexane-cyclohexane-cha mixtures.I#r8 In the gas
phase, molecular detachment resulting from both
photochemicall8®D  and ionizing radiation
sources2l* Bappears to occur.

In such a process, however, the remaining frag-
ment on alkane radiolysis must be an olefin or a
biradical, which may (a) revert to an olefin by
internal rearrangement, (b) decompose into a
lighter olefin and alkane, or (c) abstract hydrogen
from a nearby solvent molecule to produce a pair
of alkyl radicals. If an olefin is formed exclusively,
or if the biradical becomes an olefin, the yield of
unscavenged olefin must be equal to the molecular
hydrogen. As is apparent in Table IlI, this is
not the case, for Glc is always less than (%

The decomposition of the biradical into an olefin
plus an alkane may be possible at room tempera-
ture. In the radiolysis of cyclohexane, a carbon-
carbon bond split gives a dihexyl radical. Ap-
parently this is converted into a hexane, for hexene-
1is a significant product in cyclohexane radioly-
sis1616, methane, ethane, and propane are not.1624

If, on the other hand, the biradical were to ab-
stract hydrogen from a nearest neighbor, two alkyl
radicals would be produced in a cage. These
radicals would most likely add or disproportionate
giving stable products, one of which is an olefin.
If such a mechanism were to occur, it would be
indistinguishable from the hot atom mechanism
(vide infra).

Although evidence in the liquid phase is lacking,
it appears that, in the gas phase at least, internal
rearrangement of a biradical into an olefin is the
normal process. 9

The hot atom process, adopted from photo-
chemical experiments5b by BurtonZ and further

(17) P.J. Dyne and W. M. Jenkinson, Can. ./. Chem., 38, 539 (1960).

(18) P. J. Dyne and W. M. Jenkinson, ibid., 39, 2163 (1961).

(19) H. Okabe and J. R. McNesby, J. Chem. Phys., 34, 668 (1961).

(20) M. C. Sauer, Jr., and L. M. Dorfman, ibid., 35, 497 (1961).

(21) L. J. Stief and P. Ausloos, J. Pays. Chem., 65, 1560 (1961).

(22) L. M. Dorfman, ibid., 62, 29 (1958).

(23) H. A. Dewhurst, J. Am. Chem. Sac., 83, 1050 (1961).

(24) W. S. Guentner, R. P. Nejak, and T. J. Hardwick, J. Phys.
Chem., 30, 601 (1959).

(25) R. A. Ogg, Jr., and R. R. Williams, J. Chem. Phys., 13, 586
(1945).
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developed by the present author,l requires that
some of the hydrogen atoms ejected from the ex-
cited molecules have sufficient energy to react with
a nearest neighbor on first collision. In alkanes,
a hydrogen abstraction will occur, producing a
hydrogen molecule and leaving two alkyl radicals
resident in a solvent “cage.” Reaction of these
radicals by addition or disproportionation will
occur, and as these radicals are mostlikely secondary
or tertiary in nature, disproportionation is the
more probable event. The net effect is to produce
hydrogen gas, plus an equivalent amount of olefin
plus saturated dimer.

Production of hydrogen gas by a Stern-Vollmer
reaction or an ion-molecule reaction is not con-
sidered to be an event of major occurrence in liquid
paraffin radiolysis. The yield of other products
associated with such reactions, even their nature,
cannot be predicted apriori from our presentknowl-
edge. In both cases, a restriction is set by the re-
quirement of exothermicity, and probabilities of
their occurrence will be markedly affected by struc-
ture. Since 35-45% of the total hydrogen yield
arises by “molecular” reaction (Table I) despite
considerable variations in structure, it is unlikely
that either Stern-Vollmer or ion-molecule re-
actions occur in general to any significant extent
in paraffin radiolysis.

The “molecular” process would therefore most
likely occur by a hydrogen molecule detachment,
a hot atom process, or both. An examination of
the data in Table Il shows that the yield of un-
scavengeable congruent olefin is 50-75% of the
“molecular” hydrogen. Molecular hydrogen elimi-
nation therefore cannotaccountfor all the molecular
process, but may contribute to part of it.

The results in Table Il are completely in keeping
with those expected from a hot hydrogen atom
process. The olefin is formed in the yield appro-
priate for disproportionation of secondary or terti-
ary congruent radicals. In systems where ap-
propriate measurements have been made, satu-
rated dimer is found initially despite the presence
of alkyl radical scavengers.B

This semiquantitative agreement with predicted
values does not prove that the hot atom process
occurs exclusively. If, nowever, a molecular de-
tachment process is taking place simultaneously,
it will contribute only a minor fraction of the
“molecular” hydrogen gas.

The results in the last column, Table I, show the
rather remarkable feature that the fraction of
hydrogen arising from “molecular” processes is
approximately the same for all paraffins. A more
detailed grouping is possible, for the mean value of
Gi/Gjiw, for alkanes is 0.39 = 0.035, while the cor-
responding value for cycloalkanes is 044 + 0.015.
These results are significant in that this ratio is
constant, despite a range of (?h,,Q from 2.7-6.3,
and despite the great differences of paraffin struc-
ture within the groups. It is therefore reasonable
to assume that one process only contributes to the

(26) Il. A. Schwarz, R. It. Williams, and W. H. Hainill, 3. Am
Chem. Soc., 74, 6007 (1952).

(27) J. P. Manion and M. Burton, J. Phys. Chem., 56, 560 (1952),

(28) H. A. Dewhurst, ibid., 63, 813 (1959).
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formation of “molecular” hydrogen, and that such
a process is not affected by the chemical structure
of the paraffin molecule.

The probability of eliminating a hydrogen
molecule directly from an excited paraffin molecule
almost certainly is related to the molecular struc-
ture of the paraffin. One would not expect, for
example, that the same fraction of the total hy-
drogen gas should be produced unimolecularly
from both w-hexane and 2,3,4-trimethylpentane.

The hot hydrogen atom process is a part of the
general concept of events following the scission of
a C-H bond. As the excited molecules will have
a range of energies, so will the ejected hydrogen
atoms. Those with sufficient energy will react
on first collision (hot atom process); those with
less energy will be slowed to thermal energies,
where they will eventually react with solvent or
solute.

“Molecular” Methane Yields.— Although most
attention has been given to “molecular” processes
involving hydrogen gas, other “molecular” proc-
esses, involving C-C bond scission, take place.
Despite the addition of free radical scavengers,
there is a persistent amount of lower molecular
weight alkanes formed on paraffin radiolysis.
The results in column 2, Table V, show that radio-
lytic formation of methane is never completely
suppressed, despite large amounts of free radical
scavenger. Methane, therefore, arises from two
sources: (a) reaction of methyl radical with another
freely diffusing radical or with a solvent molecule,
and (b) by some molecular process.

The unimolecular decomposition of alkane mole-
cules to give methane is not normally considered a
low temperature or liquid phase process. M ethyl
radical formation is much the preferred method of
decomposition.

The “molecular” production of methane is con-
sidered to occur in a manner similar to the molecu-
lar formation of the congruent olefin. When an
excited molecule breaks by C-C split, the frag-
ments are necessarily formed within the same
solvent cage. Subsequently they may (a) diffuse
out of the cage to become freely diffusing radicals,
or (b) add to, or (c) disproportionate with each
other. Reaction (b) (addition) gives the parent
paraffin and no net reaction is observed. Re-
action (c) gives an alkane and an olefin, the sum of
whose molecular weights is that of the solvent.

M ethyl radicals produced in this fashion may be
caged with primary, secondary, or tertiary radicals,
depending whether the paraffin was normal (hex-
ane), methyl substituted (2- and 3-methylpentane),
or dimethyl substituted on the same carbon atom
(neohexane). Wijnen2® has summarized evidence
to show that methyl radicals react with n-alkyl
radicals by addition rather than by disproportiona-
tion. The vyield of “molecular” methane from
irradiated '«-alkane is accordingly low.

Free Radical Production.— In this section the
term alkyl radicals refers to those alkyl radicals
which diffuse freely through the solution, in con-
trast to those which interact within their solvent
cage of formation.

(29) M. H. J. Wijnen, J. Am. Cheat. Sec., 83, 3752 (1961).
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C-H Bond Scission.— The yields of freely diffus-
ing hydrogen atoms, (?2 formed on the radiolysis
of paraffins, are found in Table I. In general, the
greater the branching, Hie fewer the C-H bond
splits.

The total yield of alkyl radicals produced will be
the sum of (1) alkyl radicals formed complemen-
tarily to hydrogen atoms, (2) alkyl radicals pro-
duced by the reaction of hydrogen atoms with the
solvent, and (3) those formed by C-C bond scission
(total = 2(G2 + Gr) initially). At high dose
rates, such as occur with electron bombardments,
these radicals react entirely with one another,
by addition or disproportionation, giving, among
other products, congruent olefins. The netamount
of congruent olefin so produced from irradiated
paraffin will be the total congruent unsaturation
minus the congruent “molecular” unsaturation.

The data in the last two columns of Table Il
compare the ratios “molecular” olefin/“molecu-
lar” hydrogen gas (Gic/Cfi), and olefin formed by
the disproportionation of the freely diffusing con-
gruent alkyl radicals/number of congruent alkyl
radicals ((Gu — Gic)/Gf). Considering for the
moment «-alkanes, where the production of con-
gruent olefins is less complicated, we find that the
diffusion process produces olefins in 15 + 5%
lower yield than are formed by the “molecular”
process.

In the “hot atom” process for n-alkanes, it is
anticipated that alkyl radicals formed as inter-
mediates would be almost entirely secondary.
Freely diffusing radicals, on the other hand, would
be only about 84% secondary (vide infra), the rest-
being primary radicals generated in a C-C bond
scission. In this latter case, some primary-
secondary alkyl interreaction will occur, resulting-
in a decrease in the extent of disproportionation,
and this is, in fact, what is observed. Extension
of such calculations to branched alkane radiolysis
is not justified, for the congruent radicals will be
both secondary and tertiary, while those formed
on C-C bond scission w ill be of all three types.

Corresponding to the olefins formed by dispro-
portionation is the saturated dimer product-
formed by addition of congruent radicals. Data
for the initial yields of dimer are known accurately
for only cyclohexane, where values of Gdimer =
20838 were obtained. In the same system,
Waight and Walker3 found GOn saturates =
22 += 0.2, and Horner and Swallow3 found 4.2
molecules of cyclohexane converted to polymer for
each 100 e.v. absorbed. More recently Dyne
and Stone,B in a very careful study of initial
yields, found Gdimer = 1.95. On the other hand,
Muccini and Schuler found Gdimer = 1.35.3%

If our picture of the “hot atom” mechanism is
correct, “molecular” dimer should be formed in a
yield (1 — Gic/GfG,; dimer from freely diffusing

(30) T. D. Nevitt and L. P. Remsberg, J. Phys. Chem., 64, 969
(1960) .

(31) E. 8. Waight and P. Walker, J. Chem. Soc., 2225 (1960).

(32) P. J. Horner and A. J. Swallow, J. Phys. Chem., 65, 953
(1961) .

(33) P. J. Dyne and J. A. Stone, Can. J. Chem., 37, 2381 (1961).

(34) G. A. Muccini and R. H. Schuler, J. Phys. Chem., 64, 1436
(1960).
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alkyl radical sources should be {1— (Ga — Cue)/
C2}C2; total dimer is therefore Gi + G2 — Gu
For cyclohexane, the calculated dimer yield is
195 molecules/'100 e.v., in excellentagreement with
most experimental results. With cyclopentane,
however, the calculated yield ((/dmer = 1.54) is
somewhat greater than the value reported by
Mucciniand Schuler.3t

This calculation cannot be applied as easily
to alkanes, for the presence of radicals other than
congruent alkyl radicals complicates the calcula-
tion to an unpredictable degree.

C C Bond Scission.— Breaking a C-C bond
produces two alkyl radicals which may (1) interact
in the “cage” of formation or (2) leave the site of
generation and diffuse freely through the solution.
Column 3, Table IV, lists the total yield of freely
diffusing radicals formed in such a process. As
expected, the greater the branching, the greater
the number of radicals formed by C-C bond scis-
sion.

It is more interesting, however, to consider the
fraction of the total radicals which are formed by
C-C bond split (column 4, Table IV). In this
case a definite relation to structure is found. In
Table 1V the paraffins are grouped according to
structure: n-alkanes, monomethyl alkanes, mono-
methylcycloalkanes, polymethylparaffins with no
quaternary carbon atoms, and polymet.hylalkanes
with one quaternary carbon atom. Within each
group the same fraction of radicals is formed by
C-C bond split. Even within groups it can be
seen that a higher local degree of branching pro-
vides a greater percentage of C-C bond scission
(cf. the polymethylparaffins in the fourth group).

A measurement of the individual radical yields
has been made in a few cases. Dewhurstd meas-
ured the individual alkyl iodide yields in irradiated
hexane-iodine solutions. The fraction of bonds
ruptured by C-C split GA-c, iodide/(2(rC, iodide +
Gc-c,.iodide) was 1.50/(6.60 + 150) = 0.19. In
a similar experiment, using a much lower con-
version than Dewhurst, Green®found this fraction
to be 0.20 for n-hexane, and 0.28 for 2-methylbu-
tane, in good agreement with our results.

Methane Formation.— The results in Table V
lead to the conclusion that methane is produced
within a solvent cage by disproportionation (column
2) as well as from freely diffusing methyl
radicals. This latter value, determined by dif-
ference (column 1 — column 2, Table V), should be
proportional to the methyl radical yield. In
column 4, Table V, are listed the methyl radical
yields from these alkanes, as measured by Schuler,&
using the iodine scavenging technique. The
methyl radical yields calculated from the dif-
ference in methane production are in general only
slightly less than those directly measured. The
difference likely represents those freely diffusing
m ethyl radicals which react by addition.

Number of Solvent Molecules Decomposed per
100 e.v.— This number is defined as the total
number of solvent molecules in which bonds are

(35) H. A. Dewhurst, J. Phys. Chem., 62, 15 (1958).
(36) J. H. Green, private communication.
(37) R. H. Schuler, private communication.

T. J. Hardwick

Vol. 66

rearranged or broken. The yield of such events
for C-H bond scission is Gh», and varies from
2.70 molecules/100 e.v. for 2,2,5-trimethylpentane
to 6.35 molecules/100 e.v. for n-pentane.

The gross number of molecules decomposing
by C -C bond scission is more difficult to determine.
Radicals so formed which diffuse ouc of the cage
of formation are easily measured. The extent of
disproportionation within the germinate cage is
markedly dependent on structure, and will of
course be greatest where the radicals are secondary
or tertiary in nature. As a result, the highest
yields for molecular formation in C-C bond scission
are found in paraffins such as 2,2-dimethylbutane
and 2,25-trimethylhexane, but lowest for n-
alkanes and cycloparaffins.

It is our estimate that about 8-10 molecules
decompose for every 100 e.v. absorbed by the
system. Germinate recombination of alkyl radi-
cals formed by C-C bond rupture results in alower
measured value. It is likely that this number is a
little smaller for cycloalkanes.

Comparison with Previous Work.— To compare
results presented in this paper, representing various
product yields for some twenty paraffins, with
previously published values, would involve writing
a review of all work on liquid paraffin radiolysis;
furthermore, such detail would serve little purpose.
It may, however, be fairly concluded that the
experimental results reported here are in good
agreement with those of other workers, although
other interpretations have often been made.

W ith one apparent exception, on which comment
is made below, the postulate of the mechanism
of radiolysis expressed previously,1and reiterated
in this paper, explains reasonably well results ob-
tained by other authors on liquid paraffin radioly-
sis.

There is a diversity of opinion on the mechanism
of paraffin radiolysis, particularly in the mode of
production of “molecular” hydrogen gas. W hile
we have maintained that such hydrogen gas arises
from “hot” hydrogen atoms, an alternative explan-
ation is that both hydrogen atoms derive from
the same parent molecule, detaching as a unit in a
single process.

Evidence for this latter view arises from measure-
ments of Gn, from cyclohexane-cyclohexane-di2
mixtures. The yield of D2 calculated on the
basis of energy absorbed in C @& 12 does not extrapo-
late to zero at [C@DiZ = O, but to a value of
0.32-0.35 molecule D 2100 e.v.88 Such a value,
it is implied, is the true “molecular” yield of hy-
drogen from cyclohexane. Clearly it is incom-
patible with our value of Gx for cyclohexane
(2.43 molecules/100 e.v.).

Further consideration, however, would lead us
to cite such a result as evidence for the hot atom
reaction. The ejection of a hot hydrogen atom
would occur in a direction averaging normal to
the carbon chain skeleton. In the peculiar case
of cycloalkanes, a fraction of such hydrogen atoms
w ill collide with the opposite side of the ring. As in
the case of nearest neighbors, hydrogen will be
abstracted to form hydrogen gas. In CE 2 mix-
tures, this would lead to some D 2 always being
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produced. In cyclohexane, the extent of this
would be 0.32/(7i = 0.13, a very reasonable value
for the fraction of ejected hydrogen atoms which
collide with the opposite side of the ring. In this
connection, it is perhaps worth noting that values
of Gi/(th2@ are about 13% higher for cyclo-
paraffins as a group than they are for alkanes.

Positive yields of G& would be expected for
mixtures of standard and deuterated cycloalkanes,
but not in the corresponding case of alkanes.
Such work using deuterated cycloparaffins is not
necessarily evidence for the “hot” hydrogen atoms,
but the results cannot be used as arguments against
such a postulate.

Conclusions

Our conclusions are those expressed previously.1l
Irradiated liquid paraffins decompose into radicals
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by C-H and C-C bond scission. Hydrogen atoms
produced in the first case will be “hot” or thermal;
“hot” atoms react by hydrogen abstraction on first
collision, thermal atoms react com petitively with
solvent and solute. “Molecular” unsaturation
occurs by disproportionation of adjacent con-
gruent radicals. C-C bond ruptures produce alkyl
radicals within a cage. Some diffuse out, while
others interact within this cage by disproportion-
ation and recombination, the relative extent being
related ultimately to the paraffin structure. At
high dose rates, freely diffusing alkyl radicals re-
combine by addition or disproportionation.
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The /3-decay of tritium, T2 -mHeT+ + e, initiates the reactions forming tritiated hydrocarbons in the system initially
composed of gaseous propane and tritium. The ¢ (X) (the labeling yield per decay) for tritiated methane, ethane, and pro-

pane increases linearly with increasing tritium concentration:
These yields decrease when T2is replaced by HT, but irradiation with an external
Nitric oxide eliminates the term 6(T2 in (1) but has no effect on the other term, a. A

denotes total /3-activity in the sample.
gamma source increases them.

guantitative explanation is given for these effects based on the division of labeling processes into two parts:

initiated reactions and electron-initiated reactions.

Introduction

A widely used method for synthesizing tritiated
compounds is the Wilzbach method1-3 in which the
compound to be labeled is exposed to gaseous tri-
tium. In such systems, the initiating step is the
/3-decay

T2— > HeT+ + e

which produces two reactive species, namely,
HeT+ ion and electron. Subsequent reactions can
be divided into three sets: those initiated by the
HeT+ ion, those initiated by the electrons, and
those initiated by both the HeT+ ion and the elec-
tron. It was suggested46to name the first decay
labeling and the second /3-labeling.6 The third set
may be called mixed labeling. As discussed later,
mixed labeling is likely to be unimportant; and, if
so, the experimental methods described in ref. 4
can be used for distinguishing the decay and /3
labeling quantitatively.

Decay labeling seems to involve4-6 gas phase

(1) K. E. Wilzbach, 3. Am. chem. Sor., 79, 1013 (1957).

(2) P. E. Riesz and K. E. Wilzbach, 3. Phys. chem., 62, 6 (1958).

(3) R. W. Ahrens, M. C. Sauer, Jr., and J. E. Willard, 3. Am. chem.
Soc., 79, 3285 (1957).

(4) K. Yang and P. L. Gant, J. chem. Phys., 31, 1589 (1959).

(5) P. L. Gant and K. Yang, ibid., 32, 1757 (1960). (See footnote
8.)(6) T. H. Pratt and R. Wolfgang divide ~-labeling into two parts
in reporting an investigation of the methane-tritium system; see
J. Am. chem. Soc., 83, 10 (1961).

L(X) = a + b(T2 (1) where a and b are constants and (T2

HeT+ ion-

ionic reactions with a simple ion, HeT+, whose
structural parameters have been estimated.7 De-
tailed investigations on this decay labeling may
yield the information on gas phase ionic reactions
at atmospheric pressure and in the absence of elec-
trical field which may supplement the previous
data8(obtained by using amass spectrometer) in elu-
cidating some gas phase radiolysis mechanism.
Before attempting such investigations, however, it
seems desirable to consolidate further the previous
methods used in distinguishing the decay yields
from /3-yields4because the only system in which the
consistency of the decay yield estimated by dif-
ferent methods has been demonstrated is the
ethylene-tritium system.

In the present paper, these methods are applied
in investigating the kinetics of the propane-tritium
system, this mixture being chosen as a model
saturated hydrocarbon system. The result indi-
cates that the decay yields for various tritiated
compounds estimated by different methods are in
good agreement.

Experimental

The T2 gas purchased from the Oak Ridge National
Laboratory contained tritiated methane as an impurity. To
remove the methane, T2 gas w-as passed through a Molecular
Sieve (Linde 3A) column, which was maintained at the tem-

(7) M. Cantwell, Phys. Rev., 101, 1747 (1956).
(8) For a recent review, see F. W. Lanipe and F. H. Field, Tetra-
hedron, 7, 189 (1959).
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Fig- 1.—The rate of formation of tritiated products in
propane-tritium systems at a total /3-activity of 2.2 curies:
O, A, 0, reaction vessel with stopcock; <, a,0, reaction ves-
sel with breakoff seal.

Fig. 2.—The labeling yield, L (X), for tritiated methane and
propane at various total ~-activities.

perature of liquefied natural gas. In the purified T2, the
concentration of tritiated methane was less than ICG6times
that of T2

When allowed to stand in a Pyrex vessel, purified T2was
rapidly recontaminated with tritiated methane. Attempts
to prevent this by keeping the storage bulb at liquid nitrogen
temperature or baking out the bulb prior to storage were not
successful. Gas chromatographic analysis with a flame
ionization detector showed the presence of a trace amount of
untritiated methane in the purified T2, This methane prob-
ably came from the O-radiolysis of stopcock grease in the
process of T2transfer and might have been responsible for
the tritiated methane. The rate data in the present paper do
not contain any correction for the recontamination. The
error attributable to this cause was probably small, because
the reactions were started right after T2 purification, and
propane pressure was high enough to absorb practically all
of the /3-energy.

All experimental data were obtained at room temperature,
60 cm. of propane pressure, and with 150-cc. Pyrex vessels.
Care was taken to minimize the contamination of the sample
with mercury vapor by using a trap packed with glass wool
and maintained at the temperature of a Dry Ice-acetone
bath. About 1 X 104curies of Co®were used in irradiating
some samples. The samples were analyzed using a pro-
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grammed temperature chromatograph with the addition of
a 10-cc. ion chamber in the gas outlet.

HT was prepared by sparking 1 to 1 mixtures of H2 and
T2with a Tesla coil. The resulting samples were analyzed
by using a low-temperature chromatograph.9 Other ex-
perimental details have been described previously.4

Results

Figure 1shows the rates of formation of tritiated
methane, ethane, and propane. The results of two
different experiments are included. In one experi-
ment, about 1.5% of the gas samples was withdrawn
at successive reaction times through a stopcock at-
tached to the reaction vessel. In the other experi-
ment, the reaction vessel was sealed off at a capil-
lary constriction after introducing propane and
tritium. A single sample was taken through a
breakoff seal after an appropriate reaction period.
Analysis followed immediately. The two sets of
data agree very well, showing that withdrawing
samples through the stopcock does not affect the
rate data.

These labeled products also were detected: -
butane (0.06), isobutane, ethylene (0.007), and
propylene (0.004). The numbers in parentheses in-
dicate initial ¢ (X), the numberof T atoms incorpo-
rated per T decay, at (T9 = 2.2 curies. With in-
creasing reaction time, the rates of formation of
ethylene and propylene decreased, and pentanes
and hexanes, whose initial rates were nearly zero,
became detectable. Both ethylene and propylene
seem to undergo secondary reactions rapidly (possi-
bly radical reactions), forming pentanes and hex-
anes.

By using figures similar to Fig. 1, we determined
L (X) values at different (T23. Figure 2 shows the
results for tritiated methane and propane. The
results for tritiated ethane gave an equally good
straight line. Least squares treatment of the data
gives these equations

//(Methane) = (0.11 = 0.01) +

(0020 + 0.002)(T2 (1)

L(Ethane) = (0.020 = 0.003) +
(0014 + 0001)(T2 (2

L(Propane) = (0.15 + 0.01) +

(0.022 %

0.001)(T2 (3)

where error ranges are indicated by using standard
deviation.

Figure 3 shows the L (X) values for tritiated -
butane and isobutane as functions of (T23. As
compared with Fig. 2, these data show more scat-
tering. The formation of these compounds may
involve some impurity-sensitive reactions such as
ion-electron and radicalradical recombinations.
This also may explain qualitatively the dependence
of L(X) on a power of (T3 less than unity as is
evident in Fig. 3.

Table | shows effects of replacing T2 by HT.
L (X) values decrease.

Table Il compares the L(X) values in the pres-
ence and absence of an external radiation source.
The energy input rate from the Coeo y-source was

(9) P.L, Gant and K. Yang, Science, 129, 1548 (1959).
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The Labeling Yield, L(X), in T,-C3Hsand T.-HT C3H8

Systems at a Total /3-Activity of 1.2 Curies

Fa -MX; x loo

Methane  Ethane Propane ‘;-.Butane /;,-Butane
1.00 13.0 3.7 18.0 3.4 3.7
0.54 7.4 2.2 10.0 1.7 1.8
0.53 7.9 1.8 9.8 1.5 1.9

" The fraction of /3-activity in T2

Table Il
The 7,(X) at (T2 = 2.2 Curies in the Irradiated and

Unirradiated Systems

“UA X 1w
Expt. Methane  Ethane Propane imButane n-Butane
Not irrad. 15 5.1 20 6.0 6.0
Irrad." 21 10 29 14 17
Irrad.” 25 11 34 17 19

“8.0 X 10 4e.v./hr./molecule of ethylene estimated
with an ethylene dosimeter.

8.0 X 10-se../hr./molecule of ethylene.
tion increases L (X) values.

Table 11l shows the effect on L(X) values of
adding nitric oxide: L (X) values are reduced, but
the presence of aremainder not eliminated by nitric
oxide is unmistakable.

Table Il
The L(X) at (T2 = 2.2 Curies in the Presence and
Absence of Nitric Oxide

------------------------ (100 TG o ——

INOi/iCsHsj Methane  Ethane Propane /-Butane «-Butane
0.00 15 5.1 20 6 G
.02 13 2.4 13 0 1
.02 13 2.5 14 0 1
Discussion

Equations 1to 3
L(X) = a+ &(T2

where a and b are constants can best be explained
by making these identifications

a = L(X),, = b(TO) = LQQ"

where subscripts d and 3 signify the contributions
from the decay and /3-labeling. This linearity also
indicates that the mixed labeling is not important.
Various mechanisms are conceivables which may
lead to a complicated dependence of L(X) on (T3
as is the case in the formation of iso- and w-butane.
In such cases, L(X)dmay be estimated by extrap-
olating L(X) to the zero value of (T 2.

The decrease, — AL (X), in the HT experiment
(Table 1) is likely to arise from the fact that HT
decays to give HeH+ ions but not HeT+ ions. We
assume that HeH+ ions do not lead to tritiated
products and also that L(X)p depends only on the
total tritium atom concentration but not on the
presence of a small amount of H atoms (as HT) or
H2 molecules; then

L(X)d = -A/,(X)/(1 - F)
LQQp = L(X) - L(X)d
where F denotes the fraction of /3-activity in T 2

R eactions Initiated by /1-Decay of T ritium

Irradia-
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Fig. 3.—The labeling yield, L(X), for tritiated re- and i-
butane at various total /3-activities.

The increase, AL(X), in the 7 -irradiation experi-
ment (Table Il1) is attributable to the increase in
the rate of electron production. It can be shown
that

L(X)p = AL(X)
energy absorbed in system from T2 per unit time\
energy absorbed in system from Coeperunittime/

The decrease in the NO experiment (Table 1V) is
explainable based on the assumption that NO eli-
minates all the /3-labeling without affecting the de-
cay labeling. In some systems, this assumption
is not correct.s and its validity must be tested by
carrying out one of the experiments described
above. Once this is done, the nitric oxide method
is a simple and easy one for investigating the de-
pendence of L(X)a or L(X)p on various modifica-
tions of experimental conditions.

The above arguments, when applied to the data
of Tables | to Ill, yield two sets of L(X)d and L-
(X)p. The average values are reported below.

As shown in Table IV, L(X)d values estimated by
different methods agree very well. It is noteworthy

Table IV

The /IXX),1from Decay Labeling Estimated by Differ-
ent Methods

-/.(X)d X 100
Method  Methane Ethane Propane (-Butane n-Butane
Concn. 11 2.0 15 0 0
HT 12 3.7 17 4
Irrad. 12 2.7 15 2 1
NO 13 2.5 14 0 1
Av. 12+ 1 2.7 + 0.5 15+ 1 2+ 2 2+ 2

Table V

The L(X)p from /3-Labeling at (T2) = 2.2 Curies Esti-
mated by Different Methods

-IAX)B X 100
Method Methane Ethane Propane ¢-Butane 7*-Butane
Concn. 4.4 3.1 4.8 6 6
HT 3 1 3 2
Irrad. 3.0 2.4 5.0 4 6
NO 2 3 6 6 5
Av. 3+ 1 2+ 1 5+ 1 5+ 2 5+ 1
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that decay labeling not only gives tritiated propane
but also tritiated products whose formation re-
quired C-C bond rupture.

Table V compares L (X)o values estimated by
different methods. Here, it is essential to specify
(T2 because L(X)n depends on (T3. Since the
largest number of experiments were carried out at
(T9 = 22 curies, the comparison was made at
this total /3-activity. Under these experimental
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conditions, accuracy in determinations of L (X )#
was sacrificed for good estimates of L(X)a; never-
theless, L (X )fl values estimated by the different
methods agree reasonably well.
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Cobalt-60 Y-irradiation of isopropylbenzene has been studied in the liquid phase at 36 and 145° and in tne gas phase over

the temperature range 163-385° at pressures of 0.5 and 1.0 atm.

Maximum G-values are obtained in the gas phase at

385° and are as follows (G-values for liquid-phase irradiation at 36° are in parentheses): isopropylbenzene reacted, 16 (1.8);
polymer, 9 (1.7); methane, 3.4 (0.090); benzene, 2.8 (0.05); Cé6benzene, 2.3; hydrogen, 2.1 (0.179); C?-benzene, 1.5(0.04);

propen'e, 0.56 (0.010);
0.05 (0.004).

propane, 0.51 (0.011); toluene, 0.5;

This study was undertaken to determine how
radiation cracking of isopropylbenzene compares
with catalytic and non-catalytic thermal cracking
and whether a selective radiation dealkylation to
benzene might be obtained with reasonably high
radiation-energy yield (G) in the presence of a
microporous solid which is a good catalyst for the
thermal dealkylation. Isopropylbenzene was
chosen for study because of the availability for
comparison ofthorough studies on the catalytic and
non-catalytic thermal cracking of this compound.12
This paper reports on the first, phase of this study
in which isopropylbenzene has been irradiated with
cobalt-60 y-rays over a wide range of experimental
conditions. A communication to the editor on
the 7-irradiation of isopropylbenzene adsorbed on
microporous silica-alumina has been published,3
and a complete paper on this second phase of the
work accompanies this article.ss

Experimental

Chemicals.—A volume of 1170 ml. of Eastman Kodak
1481 isopropylbenzene was distilled on a 100 theoretical-
plate column under conditions giving 85 plates. A constant-
boiling middle fraction of 223 ml. was used in all experi-
ments: naD 1.4913; «»d (lit.)) 1.4914. Not more than
two days prior to each experiment, 20 ml. of the distilled
isopropylbenzene was passed through 10 ml. of Alcoa F-20
alumina in a 50-ml. buret with a Teflon stopcock at a rate of
about 2 ml./min. for removal of isopropylbenzene hydro-
peroxide.2

Procedures.—Reagent was measured into a weighed bulb
which then was reweighed. The bulb was attached to a
high-vacuum line on which the isopropylbenzene was trans-
ferred into a tube which contained a sodium mirror. The
reagent then was degassed by repeated freezing with liquid
nitrogen, pumping, and thawing. The procedure was com-
pleted by transfer of the reagent into the reaction cell on
the vacuum line and sealing off of the cell. Weighing of the
reaction cell before and after filling gave a second weight of
reactant and the average was used. Weights of 0.087-0.198

(1) C.J. Plank and D. M. Naee, Ind. Eng. Chem., 47, 2374 (1955).

(2) R. W. Maatman, R. M. Lago, and C. D. Prater, Advan. Cataly-
sis, 9, 531 (1957).

(3) (@ R. R. Hentz, J. Phys. Chem., 65, 1470 (1961);
Hentz, ibid., 66. 1625 (1962).

() R. R.

ethene, 0.23 (0.002); ethane, 0.07 (0.004); and acetylene,

Radiolysis is compared with catalytic and non-catalytic thermal cracking.

g. were used in gas-phase irradiations.
weights of 1-5 g. were used.

Gas-phase irradiations were carried out in cylindrical
Pyrex cells about 3 cm. in internal diameter, 8-9 cm. in
length, and 60 ml. in volume. The cells were equipped with
a breakoff seal and a tube for filling. The volume of each
cell was determined accurately so that the pressure could be
calculated from temperature and weight of isopropylbenzene
using the ideal gas law. Liquid irradiations were carried out
in cylindrical Pyrex cells about 3 cm. in length and 2 cm. in
internal diameter, also equipped with a breakoff seal and a
tube for filling. These cells were designed to prevent any
appreciable contribution from irradiation of the vapor. A
new cell was used in each experiment.

The reaction cells were placed in a vertical cylindrical
furnace surrounded by four cobalt-60 cylinders (about 2 kilo-
curies each) in vertical aluminum tubes at the corners of a
square. Temperatures were measured with thermocouples
attached to the cell; in high temperature experiments, the
cobalt cylinders were protected from possible ill-effects of
the heat by passing a stream of air through a manifold on the
bottom of the irradiation unit and up through the supporting
aluminum tubes. After irradiation the reaction cell was
attached to a high-vacuum line. Total gas products were
measured in a modified Saunders-Taylor apparatus4 after
separation from the liquid at the temperature of an ethyl
bromide mush, —118°. Gas products were analyzed mass
spectrometrieally.

The condensed liquid after irradiation has a yellow color.
The liquid was distilled from the reaction cell, after gas re-
moval, into a weighed tube immersed in liquid nitrogen on
the vacuum line. The tube, equipped with a breakoff seal,
was sealed off and weighed to obtain the weight of liquid re-
covered. The distilled liquid was colorless, and on the walls
of the reaction cell a yellow deposit was left which appeared
to be a very viscous iiquid. The distilled liquid and yellow
residue were both analyzed mass spectrometrieally except
for the liquid product of the liquid-phase radiolysis, which
was analyzed chromatographically.

The difference between initial weight of isopropylbenzene
and weight of liquid recovered gives essentially the weight of
yellow residue. G-(Residue) is based on molecules of iso-
propylbenzene converted to residue. The weightof liquid re-
covered with its percentage of isopropylbenzene gives G-
(—Ilsopropylbenzene) and the percentage decomposition.
The weights of residue and of isopropylbenzene lost are ob-
tained as small differences. G-(Residue), G-(—Isopropyl-
benzene), and percentage decomposition in experiments two
and three in Table | have a reliability of about +10%. At

(4)
(1941).

In liquid irradiations,

K. W. Plunders and H. A. Taylor, J. Chem. Phys., 9, 616
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Tabite |
Tr°C. 163 178 233 236 244 320 367 387 385 385" 36" 36° 145
P, atm. 0.51 0.69 1,10 0.47 1.03 0.97 1.04 1.01 0.96 0.96
G (Hydrogen)é 0.49 043 0,70 1.01 0.89 165 1.88 0.15 2.23 2.08 0.179 0.185 0.203
G (Methane) 208 192 189 214 2.02 2.18 2.87 13 3.50 3.37 .090 .088 179
G (Acetylene) 0.21 0.15 o0.11 0.18 0.18 0.10 0.05 © 0.05 0.05 .004 .004 .006
G (Ethene) 13 A1 .16 .14 11 12 .16 0.01 24 .23 .002 o0 .003
G (Ethane) .02 .01 .02 .01 .03 .04 05 o0 .07 .07 .004 0.001 .003
G (Propene) .14 .09* .0s1 Jd0F  .10% .15 .13*  0.02 .58 .56 ,010'! .015;i .021*
G (Propane) .08 .06 .08 .10 .13 .27 .18 .01 .52 .51 .011 .015 .061
G (—lsopropyl-

benzene) 5 5 6 7 7 16 1.8
G (Residue) 4 4 5 5 3 9 1.7
G (Benzene) P 0.3 0.4 P 1.2 2.5 2.8 0.05
G (Cs-Benzene)7 P .6 .6 P P 0.9 1.5 0.04
G (Ce-Benzene)6 P P 1.0 2.3
G (Toluene) P 1 .2 P P 0.4 0.5

° Thermal blank (dose = 0) with apparent (7-values based on the dose that would have been received for the reaction time

and sample weight used.
phase irradiations.
100 e.v.
isopropylbenzene or a hexylbenzene.

lower percentage decompositions these values have only
order of magnitude reliability.

The liquid recovered contained from 97 to almost 100%
isopropylbenzene. Consequently, the (7-values given for
liquid products are not of high accuracy, but are represented
reasonably well by the figures given. Where amount of a
product was too small for representation by a meaningful
number, its presence is noted by the symbol P.

Dosimetry.—Energy absorbed in the gas phase is based
on G = 72 for the acetylene dosimeter5 and is corrected for
the electron density of isopropylbenzene relative to acetyl-
ene. A dose rate of 1.08 X 1020e.v./g./hr. was obtained
with the acetylene dosimeter in the experimental geometry.
Energy absorbed in the liquid phase is based on G = 2.40 for
the ceric sulfate dosimeter6 and is corrected for the electron
density of isopropylbenzene relative to 0.4 M sulfuric acid
solution. A dose rate of 0.94 X 102 e.v./g./hr. was ob-
tained with the ceric sulfate dosimeter in the experimental
geometry. All doses are corrected for decay of the cobalt-60
source. Energy absorbed is based on the initial weight of
isopropylbenzene.

In all gas-phase irradiations except those at 178 and 233°,
the absorbed dose was within the range 2-5 X 102 e.v.,
corresponding to 1-5% decomposition of isopropylbenzene.
At 178 and 233° the dose was increased to 13.0 X 10De.v.
to give about 10% decomposition in order to obtain more
reliable values of yields for loss, residue, and the liquid
products. The G for total gas products is seen to be about
10% smaller at this higher dose. Doses in the liquid-phase
irradiations at 36 and 145° for which liquid products are not
reported were 7.4 and 9.4 X 102 e.v., respectively, corre-
sponding to about 0.6 and 1.1% decomposition. Theliquid-
phase irradiation at 36° for which liquid products are re-
ported was at a dose of 12.1 X 102 e.v., corresponding to
about 4% decomposition. The slight decrease in gas yields
at this higher % decomposition is within experimental error
in this case.

Results and Discussion

Introduction.— The results are given in Table I.
In irradiation of the gas phase, small amounts of
butane, isobutane, butenes, pentenes, and isopen-
tane also were detected. Mass spectrometric
analysis of the yellow residue shows it to consist of a
complex mixture with indications of several promi-
nent aromatic systems based on correlations ob-
served with the usual hydrocarbons found in
petroleum. Phenanthrenes or anthracenes, py-

(5) L. M. Dorfman and F. J. Shipko, J. Am. Chem. Soc., 77, 4723

(1955).
(6) D. E. Harmer, Nucleonics, 17, No. 10, 72 (1959).

b G for radiolytie reaction assuming additivity of thermal and radiolytie reactions.
d These values are a little low due to incomplete removal from the liquid.
1 Definitely ethylbenzene in liquid radiolysis and probably also ethylbenzene in gas radiolyses.

‘ Liquid
e G is the yield in molecules/
» Could be di-

renes, and possiblyacenaphthenes and naphthacenes,
benzanthracenes, or chrysenes are all present both
bare and substituted. No dimer of isopropyl-
benzene was detected; however, it may be present
since the dimer parent peak sensitivity is very low.
A prominent mass-224 peak suggests the presence
of CgHn-CgHg. A maximum molecular weight of
approximately 740 was recorded with an average of
roughly 300-400. The dark yellow color may be
attributable to naphthacene and higher poly-
nuclear hydrocarbons. Previous workz-i0 on the
yellow residue formed in irradiation of all aromatics
also has shown it to consist largely of polymers of
the parent compound having an average molecular
weight of 395 in the case of toluene and an average
molecular weight that increases to a maximum of
530 with increasing dose in the case of benzene.

It is apparent that 7-irradiation of isopropyl-
benzene yields a complex array of products. This
certainly is not unexpected in view of the litera-
ture of hydrocarbon radiation chemistryi: and the
fact that the mass spectrometric fragmentation
pattern of isopropylbenzene shows the formation of
about 85 different ions..z Because of this com-
plexity, it is futile to attempt a detailed discussion
of the radiation chemistry of isopropylbenzene in
terms of primary ionizations and excitations and
subsequent reactions of the ions, excited molecules,
and free radicals formed; discussion will be limited
to some plausible processes that could be responsi-
ble for the more important observations.

Gas-Phase.— In the mass spectrum of isopropyl-
benzene the predominantion is that formed by loss
of a methyl radical. This ion accounts for about
40% of the total ionization. If 25 e.v. be assumed
for the average energy required to form an ion
pair in isopropylbenzene vapor, a G = is ob-

(7) R. R. Hentz and M. Burton, J. Am. Chem. Soc., 73, 532 (1951).

(8) W. N. Patrick and M. Burton, ibid., 76, 2626 (1954).

(9) S.Gordon, A. R. Van Dyken, and T. F. Doumani, J. Phys. Chem.,
62, 20 (1958).

(10) A. R. Jones, J. Chem. Phys., 32, 953 (1960).

(11) W. H. Hamill, AnNn. Rev. Phys. Chem., 11, 87 (1960).
(12) Unpublished mass-spectral fragmentation pattern.

1.6
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tained for methyl radical production by this proc-
ess alone. There are several other likely sources
of methyl radicals. High-energy radiation pro-
duces excitation as well as ionization. Photo-
chemically excited isopropylbenzene in the gas
phase yields methyl radicals.:s In addition, neu-
tralization of the parention and of the predominant
ion may resultin splitting off of methyl radicals.

The benzene ring is a very effective free radical
scavenger in the liquid phase at room tempera-
ture,i« which may preclude methane formation via
m ethyl radicals. It is reasonable to attribute some
methane formation to “hot” methyl radicals and
molecular elimination reactions (including ion-
molecule), but to account for all methane in this
way requires an explanation of the temperature
dependence of the methane yield in terms of pos-
sible molecular elimination processes. Since the
activation energy for abstraction of a hydrogen
atom from isopropylbenzene should be consider-
ably less than that for abstraction from benzene, it
seems more reasonable to attribute some of the
methane yield to thermal methyl radical abstrac-
tion reactions and to account for the temperature
dependence in terms of competition between ab-
straction and ring-addition reactions. (Hard-
wickis has presented evidence that for reaction of
hydrogen atoms with isopropylbenzene the rate-
constant ratio for abstraction relative to ring addi-
tion is about 0.05 at 23°) This argument is
given some support by vapor-phase photolysis data
at 150-160° and about 0.5 cm. pressure.1s Ethane
is the major gas product, exceeding methane by a
factor of about two and hydrogen by a factor of
about three. Clearly, all methyl radicals are not
being scavenged by addition to the ring and com-
bination is favored over abstraction at the low pres-
sure of the photolysis.

Considerations similar to the foregoing would
apply to most of the other products formed in the
radiolysis. Of the 85 ions in the mass spectrum of
isopropylbenzene only :0 have a relative abund-
ance greater than 5. It is possible, but not partic-
ularly enlightening, to account for all products ob-
served in terms of the 10 most abundant ionization
processes and plausible secondary reactions of the
ions and radicals formed. The increase in yield
with increase in temperature of all products except
acetylene may be accounted for as in the case of
methane; however, a unique explanation is pos-
sible for the relatively large rates of increase in
benzene, propene, and propane yields (by analogy
to the mechanism for catalytic dealkylation which
involves proton transfer from the catalyst) in
terms of slightly endothermic proton transfers
from positive ions in the system to isopropyl-
benzene with ultimate formation of benzene and a
propyl radical (or propene and a hydrogen atom)
on neutralization of CeH 13+ or of CsH 7+ after de-
composition of CoH i3+

Radiation cracking in the gas phase is similar to

(13) T.J. Sworski, R. R. Hentz, and M. Burton, J. Am. Chem. Soc.,
73, 1998 (1951).

(14) J. G. Burr and J. M. Scarborough, J. Phys. Chem., 64, 1367

(1960).
(15) T. J. Hardwick, ibid., 66, 117 (1962).
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non-catalytic thermal cracking in that hydrogen
and methane are major gas products; the ratio of
methane to hydrogen varies from 4.2-1.3 as tem-
perature goes from 163-385°. This ratio is 0.9
at 385° in non-catalytic thermal cracking as seen
in column s of Table | and as reported by Plank
and Nace.: As in catalytic thermal cracking,
benzene is a major product of gas-phase radiation
cracking; however, propene is not formed in equal
amount. Whereas a unimolecular decomposition
into benzene and propene is probably the only
significant reaction in catalytic thermal cracking,
such a decomposition is only one of many possible
reactions which may ultimately yield benzene and
propene or propane in radiation cracking. Very
significant differences between radiation cracking
and both catalytic and non-catalytic thermal crack-
ing are seen in the multiplicity of radiolysis prod-
ucts obtained and, particularly, in the formation of
a non-volatile, largely polymeric residue as the
major product.

Liquid— A twofold increase in pressure has a
small effect on the gas-phase results (compare
columns 4 and 5 of Table I). However, an almost
sevenfold decrease in G for total gas occurs in going
from irradiation of gas to liquid at about the same
temperature (compare columns : and 13 of Table
I). Significant decreases also occur in G-values of
isopropylbenzene reacted and of liquid products.
Manion and Burtonis have observed a greater than
threefold decrease in gas yield in electron irradia-
tion of benzene in going from gas to liquid, but no
decrease in the case of cyclohexane. It would
appear that marked radiation resistance of aro-
matics relative to aliphatics may be characteristic
only of the condensed state. Additional evidence
is found in the G(— CeHf) = 4.23 reported by Huys-
kens and co-workersiz for gas-phase irradiation of
benzene as compared to ©-(polymer) = 0.77 in
liquid-phase irradiation..s The large change in
yields with change in phase on irradiation of aro-
matics is most plausibly attributable to collisional
deactivation processes in the liquid phase. Effects
of excitation and ionization are assumed to be
spread over many bonds in an aromatic. Conse-
quently, in excited aromatic ions and molecules
the time required for sufficient energy to concen-
trate in a particular bond is long enough that ap-
preciable collisional deactivation can occur in the
liguid state.

An additional factor in the decreased yields of
the liquid state is evident in comparison of the hy-
drogen and methane yields in columns 1 and 13 of
Table I. While (j-(Ha) decreases by only a factor
of 2.5, G-(CH 4 decreases by a factor of almost 12 ;
thus hydrogen becomes the predominant gas prod-
uct in irradiation of the liquid. Yields of all other
products possibly derived from larger free radicals
are also greatly reduced relative to hydrogen.
This effect also has been observed in radiolyses of
benzene and cyclohexane.is These observations
are understandable in terms of the Franck-Rabino-

(16) J. P. Manion and M. Burton, ibid., 56, 560 (1952).
(17) P. Huyskens, P. Claes, and F. Cracco, Bull. soc. chim. Beiges,
68, 89 (1959).
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witchis postulate of a cage effect which favors re-
combination of larger radicals with a resultant de-
crease in yield. The smaller hydrogen atom may
escape the cage more readily, or hydrogen atoms particularly the much greater increase in G-(CH4
may contribute much less to the gas-phase hydro- relative to G-(H2 is consistent with an increased

(18)  J. Franck and E. Rabinowitch, Trans. Faraday Soc., 30, 120 Probability of escape from the cage or of hydrogen
(1034). atom abstraction from the caging molecules.

gen yield than do methyl radicals to the methane
yield. The observed general increase in liquid-
radiolysis yields with increase in temperature and

IRRADIATION OF ISOPROPYLBENZENE ADSORBED ON MICROPOROUS
SILICA-ALUMINA

By Robert R. Hentz
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Irradiation with cobalt-60 7-rays of a heterogeneous system consisting of isopropylbenzene and microporous silica-alu-
mina has been studied over the entire range of isopropylbenzene electron fraction, F, and with two solids of different surface
areas. G(benzene) increases markedly relative to yields of all other products as F decreases and passes through a sharp maxi-
mum at very low F; yields for benzene formation and isopropylbenzene decomposition are higher in the presence of solid
than in the pure liquid at the same temperature, 36°, even though the radiation is absorbed overwhelmingly in the solid.
Characteristic (7-values for the major products at low electron fraction are as follows for F = 0.0068: isopropylbenzene re-
acted, 3.8; benzene, 1.05; hydrogen, 0.208; methane, 0.0042. Interpretation of the maximum as due to saturation of sites
effective in isopropylbenzene dealkylation permits a calculation for both solids of effective site concentrations which are in
good agreement. The unique behavior of benzene yields and the higher per cent conversion of decomposed isopropylbenzene
to benzene suggest that isopropylbenzene is chemisorbed on those sites effective in thermal dealkylation; that radiation
produces in the solid electronic excitation of relatively long lifetime at room temperature; and that this excitation energy is
transferred to chemisorbed isopropylbenzene, where it is utilized (with greater efficiency than in the liquid) for the reaction of
dealkylation to which the isopropylbenzene is predisposed on the chemisorption sites. A different mechanism is postulated

for hydrogen formation.

This paperreports on the second phase of a study
undertaken to determine how radiation cracking of
isopropylbenzene compares with catalytic and non-
catalytic thermal cracking and whether a selective
radiation dealkylation to benzene might be obtained
with reasonably high radiation-energy yield (G) in
the presence of a microporous solid which is a good
catalyst for the thermal dealkylation. A recent
paper: on the first phase of this study reports re-
sults on the cobalt-60 --irradiation of pure iso-
propylbenzene over a wide range of experimental
conditions. A communication to the editor has
been published2 on preliminary results obtained
in y-irradiation of isopropylbenzene adsorbed on
microporous silica-alumina.

Experimental

Chemicals.—The same isopropylbenzene was used as in
the earlier experiments,1 and the same purification proce-
dures were followed. The microporous silica-alumina (10%
alumina) beads used were from 2-6 mm. in diameter with a
surface area of 400 m.2/g., pore volume of 0.43 ml./g., and
particle density of 1.15 g./ml. The low-surface silica-alu-
mina was prepared by steam treatment (20 hr. at 700°) of the
high-surface beads and had the properties: surface area, 169
m.2/g.; pore volume, 0.36 ml./g.; particle density, 1.25g./
ml.

Procedures.—Prior to use, the silica-alumina was placed
in a muffle furnace at 550° for 20-70 hr. and then stored in a
desiccator containing anhydrous magnesium perchlorate.
This procedure resulted in a weight loss of about 7%. The
desired amount of solid was weighed into a reaction cell of the
type previously used in gas-phase irradiationsl the cell was
attached to a vacuum line and placed in a furnace. The cell
then was maintained at about 450° for approximately 22 hr.
while evacuation proceeded to and was maintained at a pres-
sure of 10-510~6 mm. This treatment caused a further
weight loss of less than 0.6%; therefore, the solid was not

(1) R. R. Hentz, J. Phys. Chew,., 66, 1622 (1902).
(2) R. R. Hentz, ibid., 65, 1470 (1961).

reweighed after each high temperature evacuation, but was
allowed to come to room temperature under high vacuum.
The desired weight of isopropylbenzene then was introduced
as in gas-phase radiolyses, and the cell was sealed off. At
least 2 hr. was allowed for attainment of a homogeneous
distribution prior to irradiation. Weights of solid ranged
from 0.2-40.0 g. and weights of isopropylbenzene from 0.01-
2.0 g. A new cell and fresh reagents were used in each
experiment, except as noted.

Irradiations were conducted in the same apparatus and
in the same manner as previously described.1 After irradia-
tion the cell was attached to the vacuum line, usually after
having stood overnight. The breakoff seal was broken and
gas products were removed from the solid in the reaction
cell at room temperature by repeated expansion through a
trap at —118° (ethyl bromide mush) into the 556 ml. vol-
ume of a Saunders-Taylor3 apparatus, followed by measure-
ment in a 5.28 ml. volume, until no further gas could be
removed. Liquid products then were removed from the
solid by placing liquid nitrogen around the trap and a boiling-
water bath around the cell for about 4 hr. Any additional
gas products (usually very little) then were removed before
isolating the cell bj® means of a stopcock and again after
stopcock closure by placing ethyl bromide mush around the
trap containing the recovered liquid. This liquid was trans-
ferred by liquid nitrogen distillation into a weighed bulb on
the vacuum line, and the bulb was sealed off and reweighed
to obtain the weight of liquid recovered. When liquid re-
covery was likely to be very small, a weighed amount of
pure isopropylbenzene was added to the weighed bulb and
degassed prior to transfer of the liquid products into the bulb.
Gas products were analyzed mass spectrometrically
and liquid products chromatographically. Except for iso-
propylcyclohexane, products heavier than isopropylbenzene
were not found in sufficient concentration in the recovered
liquid to warrant routine determination. This may be due
partially to limitations of the chromatographic equipment
used but is more likely a result of inability to remove heavier
products from the solid by the technique necessitated.

Since the silica-alumina solid used is a catalyst for ther-
mal dealkylation of isopropylbenzene, it was found neces-
sary to employ a temperature for liquid product recovery

(3) K. W. Saunders and H. A. Taylor, J. Chem. Phys., 9, 616 (1941).
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Fig. 1.—7-Irradiation of isopropylbenzene and high-surface
silica-alumina.

Fig. 2.—Comparison of. high-surface and low-surface results
at low F.

from the solid not much in excess of 100°. Blank experi-
ments were performed in which benzene-isopropylbenzene
mixtures and pure isopropylbenzene were adsorbed on the
solid, allowed to stand overnight at room temperature (in
one case after having been maintained at 102° for almost 4
hr.), and then removed by the procedure described. Re-
covery of benzene proved to be quantitative and isopropyl-
benzene decomposition negligible in all cases; however,
recovery of isopropylbenzene (and most likely, therefore,
heavier products) is far from quantitative at low weights
of isopropylbenzene relative to weight of solid. Conse-
quently, calculations of ©(-isopropylbenzene) and per cent
decomposition due to radiolysis are made by use of a rather
large and not very reproducible correction for the amount of
isopropylbenzene that remains adsorbed on the solid after
the liquid recovery procedure. When weight of solid relative
to that of isopropylbenzene is small enough for the correc-
tion to be negligible, an upper limit for ©(-isopropylbenzene)
and per cent decomposition is obtained by ignoring the
correction. In any case, these values have only an approxi-
mate significance. As might be expected, the low-surface
solid retains much less isopropylbenzene and, therefore,
yields more reliable values for ©(-isopropylbenzene). The
fact that the low-surface values are consistently lower
along with other observations suggests that irradiated solid
may retain more isopropylbenzene than the unirradiated
solid which, if true, would make the values for ©(-isopropyl-
benzene) too large. Attempts to remove the liquid by
saturation of the solid with pyridine followed by distillation
from the solid at room temperature into a liquid nitrogen
trap also gave quantitative benzene recovery but much
poorer isopropylbenzene recovery; therefore, this more
difficult procedure was not used.

A blank experiment was performed in which isopropyl-
benzene and an amount of propene equivalent to the amount
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of benzene that would be produced in an irradiation were
adsorbed on and removed from the solid by the usual proced-
ure. Only 0.3% of the propene was recovered, and very
small amounts of diisopropylbenzenes accounting for less
than 8% of the added propene were found in the liquid re-
covered; however, little recovery from the solid of diiso-
propvlbenzcnes might be expected even if present in the
adsorbed isopropylbenzene at the theoretical 6% based on
quantitative conversion of the propene. The significance
of this result will be discussed later.

Blank irradiations of the solid in the absence of iso-
propylbenzene yielded no gas product.

Dosimetry.— Absorbed dose was determined with a ceric
sulfate dosimeter as previously described,l with appro-
priate corrections for the electron density of the solid-iso-
propylbenzene system relative to 0.4 M sulfuric acid.

The results in Table | show that yields o: all major prod-
ucts decrease with increasing absorbed dose. At the highest
dose even the amounts (proportional to © X dose) of meth-
ane, propane, and benzene have decreased. It was neces-
sary to obtain accurately measurable ©-values for compar-
able conditions over the whole range of composition studied
in order to observe the dependence of ©-values on F (electron
fraction of isopropylbenzene in the system) without undue
influence of the effect of dose dependence. This required,
within the experimental limitations of this work, that at the
lower electron fractions the ratio of dose to weight of iso-
propylbenzene be kept approximately constant at a value
near that of column 2, Table |I. This value of the ratio,
as shown by an average over many experiments, corresponds
to approximately 20% decomposition of isopropylbenzene at
the lower values of F. At values of F greater than about
0.01 for high-surface solid the per cent decomposition de-
creased to avalue of 4% for pure isopropylbenzene. Conse-
quently, ©-values for values of F greater than 0 01 may, if
anything, be a little high relative to those at lower values of
F. Similar considerations apply to the low-surface solid.
Nevertheless, Fig. 1 and 2 should represent quite well the
important features of the dependence of © on F, especially
in the low F region on which the interpretations are based.
Obviously, as shown by the data of Table I, the ©-values of
Table Il and of Fig. 1 and 2 are lower than the zero-dose
values.

Table |

D ose Dependence of Yields in Irradiation of

Heterogeneous System*”

Neoen cmmmeeen Dose, e.v. X 10 _2---------mm-mmm- »
1.24 5.31 10.5 51.8 175

Gb(Hydrogen) 0.194 0.208 0.150 0.093 0.061
(?(Methane) .0051 .0042 .0036 .0024 .0003
(7(Propene) .0015 .0004  .0007 .0001 .0001
Cr(Propane) .0044 .0033 .0033 .0013 .0003
G(lIsobutane) .0007 .0011 .0025 .0011 .0007
(r(-1sopropylbenzene) 14 3.8 3.6 11 A
~(Benzene) 2.3 1.05 0.74 0.18 .039
G(Ethylbenzene) 0.003 0.004 .002 .0007
G(Isopropylcyclohexane) 0.04 0.03 .009 .002
% decomposition 16 20 38 56 67

“ High-surface solid at 36° and electron fractions of iso-
propylbenzene near 0.007 (about 0.2 g. of liquid to 30 g. of

solid). bYield in molecules/100 e.v. based cn total absorbed
energy.
In the experiment of column 4, Table Il, the solid was

pumped overnight on the vacuum line after gas and liquid
products had been removed. Then fresh isopropylbenzene
was introduced and the system was irradiated. The results
are shown in column 5, Table Il. The reduced yields, par-
ticularly of benzene, show that the decrease in yields with
increased dose is due largely to products which are not re-
moved from the solid, even by overnight pumping.

Results and. Discussion
Introduction.— -In addition to products shown in
Table | much smaller amounts of the following
products occasionally were observed in the pres-
ence of the solid; ethane, butane, butenes, iso-
pentane, toluene, n-propylbenzene, and miscel-
laneous non-aromatics (Cr-Cn). Acetylene and
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Tabie Il

7-lrradiation of lsopropylbenzene and High-Surface

Silica-A lumina

—————————————————————————————— Temp., "C.o-memomemmmmmmmmeeeeeeee

36 94 130 36 36¢c

pa 0.00683  0.00751  0.00730 0.0244  0.0218

Gb{Hydrogen) .208 201 218 176 141

(/(Methane) .0042 .0078 .0087 .0127 .0086

(/(Propane) .0033 .0110 .0186 .0054 .0050

(7(1sobutane) .0011 .0020 .0071 .0020 .0006
(/(Benzene) 1.05 1.28 1.66 .65 2

“ Electron fraction of isopropylbenzene. bYield in mole-

cules/100 e.v. based on total absorbed energy. e lIrradia-

tion of isopropylbenzene introduced to the solid of the ex-
periment in the preceding column after liquid recovery.

ethylene were not found. Whether a yellow poly-
meric residue was produced as in pure isopropyl-
benzene radiolyses: could not be determined; how-
ever, a major fraction of the product is left behind
on the solid in some form. Columns 1, 2, and 3 of
Table Il show that with the possible exception of
the hydrogen yield there is a general increase in
productyields with increase in temperature.

Plots of major product yields vs. F (electron frac-
tion of isopropylbenzene in the system) for irradia-
tions at 36° are shown in Fig. 1 and 2 along w’th
corresponding “liquid lines” which represent the
behavior expected if the absorbed radiation energy
is initially partitioned between the two phases in
proportion to their electron fractions (an explicit
assumption in all that follows) and if adsorbed iso-
propylbenzene behaves exactly like the liquid with-
out energy exchange or interaction with the solid.

Benzene Yield.— Figures 1 and 2 illustrate the
unique behavior of the benzene yield. It is ap-
parent that the mechanism of benzene formation
is different from that for formation of other prod-
ucts. For high-surface solid the yield of methane
does not greatly exceed the “liquid line” value at
low F and very shortly merges with the “liquid
line”; on the other hand, G(hydrogen) does not
vary greatly from the pure liquid value as F de-
creases from unity to 0.00365-0.00683 when a sharp
drop occurs; but, most significantly, the benzene
yield very markedly increases relative to the yields
of the other major products as F decreases. (Yields
for all products in irradiation of the pure liquid are
given in reference 1) Indeed, benzene becomes the
greatly predominant recovered product at low F
whereas hydrogen predominates in radiolysis of
the pure liquid, and the yields for benzene forma-
tion and isopropylbenzene decomposition (G =
1.8 for pure liquid) are higher in the presence of the
solid than in the pure liquid at the same tempera-
ture even though the radiation is absorbed over-
whelmingly in the solid.

If 100% energy transfer from solid to adsorbate
is assumed, then for the value of (7(benzcne) =
113 at F = 0.00106 the yield of benzene from total
energy received by adsorbate also must be 1.13.
If no energy transfer is assumed, then a yield of
benzene based on only that radiation energy
directly deposited in the adsorbate may be calcu-
lated as G/F — 1.06 X 103 which gives a value of
0.09 e.. (100F/G) of radiation energy directly
deposited in adsorbate for each molecule of benzene
formed. A comparison may be made with the

I rradiation of Isopropylbenzene Adsorbed on Silica-A lumina
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energy requirements of the gas phase dealkylation
of isopropylbenzene to benzene and propene for
which AF° = 057 e.v. and AHO=1.0 e.v. at 25°.
The corresponding thermodynamic quantities are
not known for this reaction on the solid surface;
moreover, as will be discussed fully later, the stoi-
chiometric reaction by which benzene is formed in
the radiolysis has not been established. Conse-
quently, arguments from energetic considerations
that the solid must transfer energy to the adsorbate
are not conclusive; however, such results as the
foregoing strongly suggest that radiation energy
deposited in the solid is converted to a form which
is efficiently transferred to the adsorbed isopropyl-
benzene, where it is used for benzene formation
with an efficiency considerably greater than in
liguid phase radiolysis. Further, the persistence
of high yield, 1.13, to such a low electron fraction,
0.00106, at which 99.9% of the radiation energy is
initially absorbed in the solid and which corre-
sponds to about 0 .6% surface coverage (based on
a 50 A 2 cross section for isopropylbenzene) suggests
that transfer of energy from solid to adsorbate is
rapid relative to the decay time of the responsible
transfer entity. The low-surface results of Fig. 2
support these conclusions.

Complete surface coverage corresponds to about
F = 0.15 for the high-surface solid. At this elec-
tron fraction one might expect a linear decrease
in (i/benzene) with increasing F since the only
feature of the system that is changing is the ratio
of unimolecularly adsorbed to total isopropyl-
benzene and, therefore, the partition of energy be-
tween these two different states of isopropylben-
zene, each with a characteristic (?(benzene); how-
ever, Fig. 1 and 2 show that the benzene yield
reaches a maximum of about 145 at F = 0.00177
for the high-surface solid, then decreasesrapidly to a
value of (-r(benzene) = 041 in the region F = 0.04-
0.17, and then decreases slowly to the pure liquid
value. This passage through a sharp maximum at
low-surface coverage suggests saturation at the
maximum of those surface sites which are effective
in benzene formation so that above F correspond-
ing to the maximum additional isopropylbenzene
occupies sites which compete for the transferred
energy but are relatively inefficient in benzene for-
mation. The maximum occurs at 1.0% surface
coverage and corresponds to 2.0 X 10w sites/m.2
Results for the low-surface solid tend to confirm
this interpretation of the maximum. In this case,
Fig. 2, avery sharp maximum occurs at about F —
0.000616, corresponding to o.s% surface coverage
and 17 X 10 sites/m.2 Agreement with the
high-surface value is good. Oblads has presented
data for a similar catalyst (12.5% alumina) from
which a value is obtained of 1.3 X 10w sites/m.z
for quinoline chemisorption.

A mechanism is tentatively proposed as follows
to account for the data on benzene formation.
Isopropylbenzene is chemisorbed on those sites
effective in thermal dealkylation. Radiation pro-
duces in the solid electronic excitation of relatively
long lifetime at room temperature. As suggested

4) G. A. Mills, E. R. Boedeker, and A. G. Oblad, J. Am. Chem. Soc.,

72, 1554 (1950).
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by Sutherland and Allensin discussion of their data
on radiolysis of pentane adsorbed on various solids,
these excited states may be electrons and positive
holes which migrate independently through the
solid. One of these entities may be trapped by iso-
propylbenzene on the surface and subsequently
neutralized by the other with release to the iso-
propylbenzene of the neutralization energy either
as electronic excitation or as vibrational excitation
of the ground state (equivalent to a high local tem-
perature as a result of internal conversion of the
neutralization energy into vibrational energy of
neighboring atoms). Regardless of the detailed
mechanism it is postulated that electronic excita-
tion energy produced in the solid by irradiation is
transferred to chemisorbed isopropylbenzene, where
it is partially utilized to satisfy the energy require-
ments of the dealkylation reaction to which iso-
propylbenzene is predisposed on the chemisorption
sites.

At higher temperatures (cf. Table I1) the average
energy of adsorbed isopropylbenzene molecules is
closer to the activation energy; consequently, a
smaller fraction of the solid excitation energy is re-
quired for activation, and the probability of trans-
fer or conversion of the requisite energy may be
larger. It has been postulated that at an electron
fraction corresponding to saturation of chemi-
sorption sites most effective in dealkylation, the
benzene yield is a maximum since additional
isopropylbenzene is adsorbed on sites at which
excitation transfer occurs but with a lower proba-
bility of benzene formation. This may be due to a
larger activation energy for dealkylation on these
sites. The large decrease in yield of benzene with
increasing dose may be attributed to a greater
probability for transfer of solid excitation energy
to certain products which dissipate the energy with-
out chemical effect or without benzene formation.

In addition to Caffrey and Allens and Sutherland
and Allens several other authors have invoked
energy transfer from a solid to an adsorbed phase
to account for results on radiolysis of a hetero-
geneous system. Two recent reviews are avail-
able7s Clingmano has reported a G = 2.2 for a
more selective propane oxidation by X-ray irradia-
tion in the presence of zinc oxide which absorbs
essentially all the energy. He suggests that
energy transfer by interaction of a positive hole
with anionically adsorbed oxygen produces a new
species of adsorbed oxygen that is a reactive inter-
mediate in the altered reaction.

Hydrogen Yield—Whereas the benzene yield on
high-surface solid decreases sharply at F less than
0.00177, the hydrogen yield begins to fall sharply
in the region F = 0.00365 -0.00688. It is possible
that hydrogen formation is a higher energy process
that occurs via shorter lifetime, higher excited
states of the solid; however, the greatly reduced
hydrogen yields on a solid whose surface area has

(5) J. W. Sutherland and A. O. Allen, J. Am. Chem. Soc., 83, 1040
(1961).

(6) J. M. Caffrey, Jr., and A. O. Allen, J. Phys. Chem., 62, 33 (1958).

(7) M. Haissinsky, Jaderna energie, 7, 73 (1961).

(8) R. Coekelbergs, A. Crucq, and A. Frennet, Advan. Catalysis, 13,
55 (1961).

Q9 W. H. Clingman, Jr., Ind. Eng. Chem., 52, 915 (1960).
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been reduced by only a factor of 2.4 is difficult to
explain in such terms {cf. Tig. 2). Sutherland and
Allens have observed that replacement of 19% of
the sodium ions of Linde Co. “Molecular Sieve
13X” with hydrogen ions resulted in a great in-
crease of the hydrogen yield on irradiation of ad-
sorbed pentane. These authors postulate that
the hydrogen ions on the surface may trap electrons
from the conduction band to form hydrogen atoms,
which then may abstract hydrogen from pentane.
A similar mechanism could account satisfactorily
for the data on hydrogen yields from adsorbed iso-
propylbenzene. Without specification of the de-
tailed mechanism for the bond rupture process, it is
postulated that irradiation of the solid dissociates
surface O-H bonds and that the hydrogen atoms
migrate on the surface until they are recaptured
by a surface valence, add to the ring of an iso-
propylbenzene molecule, or form hydrogen by
abstraction from the 3C-H bond of an isopropyl-
benzene molecule. The latter two processes would
have fixed relative probabilities as composition is
varied; however, at a sufficiently low electron
fraction of isopropylbenzene, recapture of hydrogen
atoms by the surface would become important rela-
tive to reaction with isopropylbenzene, and the
hydrogen yield would decrease with decreasing F.
Above the electron fraction at which hydrogen
yields decrease sharply, from about F = 0.00365-
1.0, the approximate constancy of G(hydrogen)
can be explained if it is assumed that (7-values for
hydrogen atom production from solid and from iso-
propylbenzene do not differ appreciably.

Assuming one hydrogen atom from the solid per
molecule of hydrogen produced by irradiation, the
maximum number of hydrogen atoms obtained
from a gram of solid in an experiment was 7 X
1018 If the solid is assumed to retain only 1% by
weight of water after the pretreatment procedures,
there would be 7 X KP hydrogen atoms present in
a gram of solid. Thus, only 1% of the solid’s
hydrogen atoms would have been removed in this
experiment. In terms of the proposed mechanism
for hydrogen formation, the much reduced yields
of hydrogen from isopropylbenzene on low-surface
solid are explained as due to destruction of labile
O-H bonds by the surface reduction treatment. o
The failure to obtain any hydrogen on irradiation
of solid alone is consistent with this mechanism.

Other Products.— Caffrey and Allens as well
as Sutherland and Allens have commented on the
suppression of unsaturates in irradiation of pen-
tane adsorbed on silica gel and the enhancement
of branched products. In this work also non-
aromatic unsaturates found in irradiation of the
gas and liquid were either absent or considerably
suppressed in the products recovered from the
solid. Isobutanc formation seems to be enhanced
by the presence of the solid, and isopropylcyclo-
hexane was found only in the presence of solid.

Selectivity.— The percentage of decomposed iso-
propylbenzene which has been converted to ben-
zene (per cent conversion) may be calculated
from values for G(-isopropylbenzene) and (7(ben-
zene); however, as discussed in the section on

(10) J. L. Weill, Chim. mod., 5, No. 37, 193 (1960).
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experimental procedures, values for (?(-isopropyl-
benzene) are not very reliable because of the large
correction necessitated by incomplete recovery
from the solid. In ten experiments with high-
surface solid per cent conversion values ranged
from 13-57%. Seven of the ten values lay be-
tween 21 and 41%, and the average of all ten was
29%. On low-surface solid the recovery of iso-
propylbenzene was much better, and no correction
was used for isopropylbenzene retained; conse-
quently, the values of (?(-isopropylbenzene) used
are too large and per cent conversions are minima.
The range of per cent conversion from five experi-
ments with low-surface solid was 29-36%, with an
average of 37%. Application of a quite small cor-
rection (i0-fold smaller than that measured for
high-surface solid) for isopropylbenzene retention
on the low-surface solid brings the average per cent
conversion to near 50% and reduces the spread in
values. It would appear that the per cent con-
version on low-surface solid is appreciably higher
than that for high-surface solid. The much lower
values for (7(hydrogen) add support to this view;
however, it is possible that retention by irradiated
high-surface solid is greater than the retention cor-
rection used and, therefore, that per cent conver-
sions calculated for high-surface solid are low.
Conversion in liquid radiolysis is about 3%, and
the maximum value in gas radiolysis would appear
to be about 18%.1 There appears to be little
doubt that presence of the solid has enhanced the
selectivity of the radiolysis of isopropylbenzene
considerably, as shown particularly by the results
for per cent conversion with low-surface solid.

Low values for G(propene), about 0.2% of
G (benzene), may be due to failure to produce pro-
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pene or the inability to recover propene from the
solid containing adsorbed isopropylbenzene, as
discussed in the section on experimental proce-
dures. Since thermodynamic equilibrium at 100°,
the temperature used for recovery of liquid prod-
ucts, overwhelmingly favors isopropylbenzene rel-
ative to benzene and propene, observation of
appreciable benzene yields is contingent on failure
to produce equivalent amounts of propene or on
conversion of propene to other products on the
solid. Possible fates of propene are polymeriza-
tion and formation of diisopropylbenzene. The
possibility that propene is formed in an amount
equivalent to benzene and subsequently disappears
in isopropylbenzene alkylation would decrease the
amount of G(-isopropylbenzene) attributable to
side reactions and impose an upper limit on con-
version of 50%; this value appears to be closely
approached with low-surface solid. In the blank
experiment (cf. Experimental Procedures) less
than s% of unrecovered propene was recovered as
diisopropylbenzenes; however, this represents posi-
tive evidence for such a reaction. Thus, a radia-
tion-induced, solid-catalyzed unimolecular split
into benzene and propene with conversion of pro-
pene to diisopropylbenzene could be the major
reaction occurrent.

The unique behavior of the benzene yields and
the higher per cent conversion of isopropylbenzene
to benzene on a solid which is a catalyst for thermal
dealkylation suggest the possibility that a solid to
some extent may direct absorbed radiation energy
into that reaction for which it is a thermal catalyst.
It is intended to test this speculation by the use of
solids of varying catalytic activity, particularly a
very pure silica of little or no catalytic activity.

AN ISOPIESTIC INVESTIGATION OF DI-(2-ETHYLHEXYL)-PHOSPHORIC
ACID (DPA) AND TRI-n-OCTYLPHOSPHINE OXIDE (TPO) IN n-OCTANE1

By C. F. Baes, Jit.

Contribution from the Oak Ridge National Laboratory, Oak Ridge, Tennessee

Received February 28, 1962

Isopiestic measurements are presented in which octane solutions of di-(2-ethylhexyl)-phosphoric acid (DPA) and tri-n-

octylphosphine oxide (TPO) are compared with triphenylmethane (TPM)-octane as the reference solution.

In the range

0-0.2 m the results show deviations up to 10 and 20% from ideal solution behavior of DPA dimer and TPO monomer, re-

spectively.

While partial trimerization of DPA (in qualitative agreement with previous iron(l11) extraction results for

DPA) and partial dimerization of TPO (which is not supported by molar polarization results) can account in part for the

results, it is evident that non-specific non-ideal behavior of the solutes also is involved.
1, giving log 7 (dpa)2 =
—o.6432m (ppa)21r1 (from iron(l11) extraction results), giving

estimated on two separate assumptions:
TTPO =

(1) 7tpm =
—1.1680tTpo + 0.149totpo2, and (2) log 7<dpa) =

Practical activity coefficients were
—0.5227m(D?A)!21 + 0.420to(dpa)2 and log

7tpm = —0.737totpm and log 7tfo = —1.886mTPo + 0.245totpo2

The isopiestic measurements reported here were
undertaken in connection with solvent extraction
studies of di-(2-ethylhexyl)-phosphoric  acid
(DPA)y2«4and tri-n-octylphosphine oxide (TPO).s%

(1) This communication is based on work performed for the U. S.
Atomic Energy Commission at Oak Ridge National Laboratory, Oak
Ridge, Tennessee, operated by Union Carbide Corporation.

(2) (a) C. F. Baes, Jr,, R, A. Zingaro, and C. F. Coleman. J. Phys.
Chem., 62, 129 (1958); (b) C. F. Baes, Jr., and H. T. Baker, ibid., 64,
89 (1960).

(3) C. A. Blake, K. B. Brown, and C. F. Coleman. “The Extraction
and Recovery of Uranium (and Vanadium) from Acid Liquors with Di-

(2-ethylhexyl)-phosplioric Acid and Some Other Organophosphorus
Acids,” ORNL-1903, May 13, 1955, p. 106.

(4) C.A.Blake, D. J. Crouse, C. F. Coleman, K. B. Brown, and A. D.
Kelmers, “ Progress Report: Further Studies of the Dialkylphosphoric.
Acid Extraction (Dapex) Process for Uranium," ORNL-2172, Sept. 6,
1956, p. 110.

(5) H. T. Baker and C. F. Baes, Jr., “An Infrared and Isopiestic
Investigation of the Interaction Between Di-(2-et-hylhexyl)-phosphoric
Acid and Tri-(w-octyl)-phosphine Oxide in Octane,” paper presented
at ACS Meeting, Chicago, Sept. 7-12, 1958, paper in preparation.

(6) C. A. Blake, K. B. Brown, and C. F. Coleman, “Solvent Extrac-
tion of Uranium (and Vanadium) from Acid Liquors with Trialkyl-
phosphine Oxides,” ONRL-1964, Aug. 26, 1955, p. 106.
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The extent to which solvent extraction behavior
can be understood often is limited by one’s knowl-
edge of the chemistry of the organic solutions in-
volved. It therefore is desirable that studies of
solvent extraction verify the solute species present
and, if possible, permit estimation of their activity
coefficients. In this study the species of DPA and
TP O present in octane solution were confirmed by
isopiestic measurements, and their activity co-
efficients were estimated.

The isopiestic method, which has long been used
to determine activity coefficients in aqueous solu-
tions,7 has found but limited application to organic
solutions.2s's  In the previously reported measure-
ments on DPA-hexane solutions,2s the accuracy
(~2%) was much poorer than that attained in
aqueous solutions (~o0.:%) and solute molecular
weights only could be estimated. In making the
present measurements, one purpose was to achieve
sufficiently greater accuracy so that the results also
would permit the estimation of activity coefficients.

From previous studieszs'ep12 DP A is expected to
form a stable dimer in octane solution. At 0.001
M no deviation from Beer’s law was detectable in
measurementss of the intensity of the infrared ab-
sorption band associated with the stretching of the
H-bonded phosphoryl group of DP A in octane, and
no band associated with the non-H-bonded phos-
phoryl group was found. It was concluded that no
appreciable dissociation of the D PA dimer occurred
at this low concentration. However, recent re-
sultszs on extraction of iron (111) by DPA in octane
suggest that DPA may undergo partial trimeriza-
tion with increasing concentration in this solvent.
Uranium (VI) extraction measurementszs did not
indicate a similar effect in hexane,is and the ac-
companying isopiestic measurements, though few
and relatively inaccurate, did not show marked de-
viations from the expected dimer behavior. The
present isopiestic measurements in octane provide a
more direct comparison with the iron(I11) extrac-
tion results.

The measurements on TPO were originally
undertaken to check routine molecular weight
measurements by freezing point in benzene, which
were high for a series of purified samples..a= The
results are of interest because they confirm consider-
able positive deviation from Raoult’s law even
though association of TP O is not expected.

(7) R. A. Robinson and R. H. Stokes, “Electrolyte Solutions,”
Academic Press, Inc., New York, N. Y., 1955, p. 175 ff.

(8) E. N. Lassettre and R. G. Dickinson, J. Am. Chem. Soc., 61, 54
(1939); F. T. Wall and P. E. Rouse, Jr., ibid., 63, 3002 (1941); F. T.
Wall and F. W. Banes, ibid., 67, 898 (1945).

(9) G. M. Kosolapoff and J. S. Powell, 3. Chem. Soc., 3535 (1950).

(10) D. F. Peppard, J. R. Ferraro, and G. W. Mason, J. Inorg.
Nucl. Chem., 4, 371 (1957); 7, 231 (1958).

(11) D. Dyrssen, Acta Chem. Scand., 11, 1771 (1957);
and Liem Djiet Hay, ibid., 14, 1091 (1960).

(12) C. J. Hardy and D. Scargill, J. Inorg. Nucl. Chem., 11, 128
(1959).

(13) A small deviation of the uranium(V1) extraction results from
the expected second power dependence on DPA concentration was in
the opposite direction, and it was tentatively suggested that this was
caused by partial dissociation of the DPA dimer. In view of the evi-
dent stability of the dimer, this now seems unlikely.

(14) K. B. Brown, C. F. Coleman, D. J. Crouse, and A. D. Ryon,
“Progress Report on Raw Materials for September, 1957, ORNL-
2443, Jan. 7, 1958, p. 9.
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Experimental

Apparatus and Procedure.—The isopiestic apparatus,
incorporating many of the features described by Scatchard,
Hamer, and Wood,6already has been described.2* It con-
tains a mechanism, operated through a bellows, for covering
and uncovering the sample cups while the apparatus is
sealed.

Short-term temperature control of the oil thermostat was
+0.002° (read on a resistance thermometer). A solenoid
valve (actuated by the thermoregulator and relay) was used
to control the flow of cooling water. Sufficient heating was
produced by the bath stirrer.

It was observed in preliminary runs on octane solutions,
using the outgassing procedure previously described,2 that
the time required for isopiestic equilibrium tc be reached was
generally longer than for hexane solutions and was extremely
variable. It was concluded that the distillation rate was
critically dependent on the partial pressure of air in the
apparatus, the rate being greatly decreased by higher air
pressures. Accordingly, the following, more thorough, out-
gassing procedure was adopted.

Before outgassing, the lower portion of the apparatus was
immersed in a Dry Ice-ether bath. After 15 min. of cooling,
which was sufficient to freeze the sample solutions, the ap-
paratus was outgassed by repeatedly opening it to an evac-
uated 1-1. bulb. Upon several such expansions, the partial
pressure of air in the apparatus was a few microns (read on a
McLeod gage). The apparatus was then allowed to warm
for 10 to 20 min., the sample cups were uncovered for a few
minutes and then covered again, and the apparatus was
cooled once more. The outgassing procedure was resumed
until the indicated air pressure within the apparatus was
0.1 ii or less. The sample cups were then opened and the
apparatus was placed in the thermostat. In runs at the
lowest concentrations (0.01-0.05 m), the apparatus was'
removed from the bath after 1 day, cooled once more, and
opened to the vacuum system. It was found that the partial
pressure of air had increased to several microns, presumably
as the result of degassing of the sample solutions. This gas
was removed and the run was resumed. In runs at higher
concentrations, this second outgassing step was omitted.
By this procedure, usually less than 1 ml. of octane was re-
moved from the apparatus.

Equilibration times of 10 days were sufficient for the lowest
concentrations studied (0.01 m), decreasing to only 2 or 3
days for solutions more concentrated than 0.1m.

In all the present measurements, anhydrous magnesium
perchlorate was placed in the bottom of the apparatus. In a
typical run, the same sample solution was placed in two cups
and triphenvimethane (TP M) reference solution was placed
in the two remaining cups. The ratio of the initial solution
concentrations usually was near the expected equilibrium
ratio. At the end of a run, duplicate sample concentrations
usually agreed to within £0.25%, the average for all the
runs being £0.14%.

Reagents.—Procedures used at this Laboratory for the
preparation and purification of DPA34% and TPO6M4T
have been described previously. The DPA used was 99.5%
dioctyl phosphoric acid containing <0.1% monooctylphos-
phoric acid by potentiometric titration with standard sodium
hydroxide. The remaining principal impurities were prob-
ably 2-ethylhexanol and the trioctyl phosphate ester. Their
effect on the isopiestic results is expected to be no larger than
the experimental uncertainty. The TPO was purified with
special care, the final stage of purification involving repeated
recrystallization from petroleum ether. The product con-
tained <0.07% free and combined acid (as dioctylphosphinic
and dioctylphosphinous acids). The TPM (Eastman Kodak
White Label) was recrystallized from ethanol; n-octane, the
solvent, was Phillips Petroleum Co. Pure Grade (99 mole %
minimum).

(15) G. Scatchard, W. J. Hamer, and S. E. Wood, J. Am. Chem. Soc.,
SO, 3061 (1938).

(16) K. B. Brown, C. F. Coleman, D. J. Crouse, and A. D. Ryon,
"Progress Report on Raw Materials for October, 1957,” ORNL-2451,
Jan. 29, 1958, p. 8.

(17) K. B. Brown, C. F. Coleman, D. J. Crouse, and A. 1). Ryon,
"Progress Report on Raw Materials for August, 1957," ONRL-2399,
Oct. 30, 1957, p. 9.
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Results

The ratio of triphenylmethane (TPM) molality,
witpm, to the DPA dimer molality, ib(dpa)9 at iso-
piestic equilibrium plotted against m(DPA). (Fig- 1)
fell ~9% below unity in the range up to ~0.18
dimer molality and then rose sharply. The corres-
ponding plot of the TP O results (Fig. 2) fell ~17%
below unity, then rose sharply at about the same
reference solute molality. Table 1 lists values of
these ratios, given by the solid curves in the figures.

If these solutions contained only TPM monomer,
TPO monomer, and DPA dimer species and all had
unit activity coefficients, then all the observed iso-
piestic ratios would have been unity. The decrease
of the ratios below unity are in the direction cor-
responding to association of DPA dimer and TPO
monomer. It is difficult to decide, however, to
what extent real association, leading to the forma-
tion of new chemical species, actually occurs in
each case, as distinguished from less specific non-
ideal behavior of the solute. The sharp rise in the
ratios begins at ~0.18 mTP M in both cases and is
presumably the result of increasing non-ideal be-
havior of the TPM-octane solutions as saturation
(~0.27 m) is approached.

Table |

Smoothed Molal lsopiestic R atios'l

Temp. 25°
m<DPAh (™Mtpm/»HDPA)T) TOTPO (rnTPM/m-rro)
0 (1.000) 0 (1.000)
0.02 0.945 0 02 0.974
.04 921 .04 .949
.06 .914 .06 .927
.08 911 .08 .906
.10 .910 .10 .888
12 911 12 .871
.14 913 .14 .856
.16 .842
.18 .834
.20 .844

“ Those results may be converted to the molarity scale by
the following relations based on density measurements

M (dpaj2 = 0.6986wt(m>A)2 —

0.3207m2(npA)j + 0. ISirPiDi'A),
M (tpo) — 0.6986»B(tpo) —
0.2145/pV po) + 0.07?b:(ti>)

M (epm) =

0.6986»1(tpm) —
0.1155m2(TPM) -f- 0.02tbs(tpm)

In the case of the DP A results, the abrupt drop
in the isopiestic ratio in the low concentration
range strongly suggests, in agreement with the iron-
(111) extraction results, that association is oc-
curring. The dashed curve represents the expected
result assuming the trimerization reaction

iDPAPI2
3(DPA)2 2(DPA)3 Q, =
with the quotient Qt = 1.2 bi_i (1.7 M~r). How-
ever, it is evident that this can be only a partial ex-
planation of the results at higher concentrations.

ISOPIESTIC Investigation of Di-(2-ethylhexyl)-phosphoric Acid in b-Octane

ni(dpa)2-

Fig. 1.—Change in ratio of triphenylmethane, TPM,
molality to the DPA dimer molality in octane at isopiestic
equilibrium with increasing DPA dimer molality. The
dashed curve was calculated assuming partial trimeriza-
tion of DPA (Qt = 1.2 to- ) and ideal behavior of all solute
species.

0 0.1

WITI'O-

Fig. 2.—Change in ratio of triphenylmethane, TPM,
molality to the TPO molality’ in octane at isopiestic equi-
librium with increasing TPO molality. The dashed curve
was calculated assuming partial dimerization of TPO
(d = 1-8 to- 1) and ideal behavior of all solute species.

0.2

Also, this indicated trimerization quotient is much
lower than was estimated from the iron (lll) ex-
traction results (Qt ~ 10 M _1).

In the case of TPO, the results confirm the pro-
nounced deviations indicated by the freezing point
measurements in benzene..2 They also show a good
extrapolation to the expected limiting ratio of
unity, thus yielding a molecular weight in agree-
ment with the calculated value. Again the results
can be partially accounted for if association is as-
sumed. The dashed curve is the expected result for
partial dimerization (Qa = 18 m-1). Here such
an interpretation must be regarded with some
suspicion for two reasons. First, the deviation of
the isopiestic ratio from unity is relatively smaller
in the low concentration range and could well be in
greater part the result of a non-specific solution
effect. Secondly, while dimerization might be ex-
pected to result from dipole-dipole interaction in-

volving the phosphoryl group >P —i»o , this was
not supported by dielectric constant measure-
ments, s which showed no appreciable change in the
molar polarization of TPO with increasing concen-

(18) These measurements were made with the collaboration

W. J. McDowell, using the equipment described by W. J. McDowell
and K. A. Allen, J. Phys. Chem., 63, 747 (1959).
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tration (Table 11). Absence of dipole-dipole as-
sociation might well be predicted from the structure
of TPO since the three long alkyl chains should
screen the phosphoryl group rather effectively.

Tabte Il
Molab Polarization of TPO in Octane

Temp. 25° (measured at 960 ke.)

Molar
polariza-
K Concn. of TPO------ —*  Density, Dielectric tion,6
Molarity Mole fraction g./ml. constant® ml.
0 0 0.6986 1.9465
0.0100 0.001638 .6994 1.9678 514
.0200 .003286 .7002 1.9878 499
.0300 .004943 .7010 2.0081 495
.0500 .008289 .7026 2.0497 493
.0700 .01168 .7042 2.0932 494
.1001 .01684 .7066 2.1616 498
.1499 .02560 .7105 2.2874 508
.2000 .03466 .7145 2.4333 523
“ These values were calculated from
€ fa = (c Ca) (t3 €3)/ (Cs Ca)

where ¢ denotes capacitance and e denotes dielectric cons-
tant; the subscripts a and s refer to dry air and cyclohexane,
which was used as the standard; e, and e, were taken as
1.0006 and 2.0173, respectively. 6 These values were cal-
culated from

e- I\
7+v + Pi
where P is the molar polarization, X the mole fraction, M

the molecular weight, and dthe density; the subscripts 1
and 2 refer to octane and TPO, respectively.

(xiMm i + xam 2 /

Estimation of Activity Coefficients—In view of
the uncertainties of the above interpretations, it is
more useful to express the observed non-ideal be-
havior in terms of the activity coefficients y (DPA)2
Ttpo, and yepm, Which refer to the hypothetical
molal standard states of DPA dimer and TPO and
TPM monomer.

The relation between the isopiestic ratio wb/i»a
for two solutes A and B and their activity coeffi-
cients ya and yB is given by Robinson and Stokes7
as

hi y\ = InyB + In (msifia) +
J@B (mB/wia — 1) d In yBmB (2)

Since the present measurements did not extend
below 0.01 m, this was the lower limit of the inte-
gration. Also, an equivalent form of this integral

(wb/wa —
/ yBmB

was found more convenient; it was evaluated by
tabulation. Accordingly, the equations used in the
prese.nt calculations were of the form

" dyBmB

In (yAlc) hi yB+ hi (mB/mA) +
/ 'mB (niu/nia 1)
mB=0.01 dyBmB (3

yBmB
in which c arises from the integration constant;

C. F. Baes, Jr.
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i.e, In cis the value of the integral between tob =
0 and tob = 0.01. In general, it will have a differ-
ent value for each pair of solutes. It was deter-
mined by suitable graphical extrapolation of y/c to
m = 0.

If 7¢om were known in octane, or if 7(apa)2 OF
7tpo Were known, the present results would yield
by eq. 3 the activity coefficient of the other two
solutes. Since no single set of y values is known
with certainty, however, two separate calculations
of the results have been made based on different
assumptions concerning the activity coefficient of
one solute. In calculation I, 7¢pm was assumed to
be unity throughout the range of measurements.
From the ratios in Table I, 7(pa)2and 7tpo Were
determined by appropriate substitutions in eq. 3.
In calculation 11, the 7(dpa)2values given by the
iron (111) extraction resultsZ*19were assumed cor-

Table Il

Estimated Activity Coefficients

at 25°

7TPM. 7(DPA)2 - ' 7TPO —

m Caldi. Il Calcn. I®6 Calcen. lle Calen. 1*  Calen. 11
0.02 0.967 0.740 0.672 0.950 0.919
.04 .934 .689 .601 .903 .848
.06 .903 .661 .560 .861 .786
.08 .873 .643 529 .824 .733
.10 .844 .630 .503 .790 .684
12 .816 .620 482 761 .645
.14 .788 .613 464 734 .608
.16 762 .608 450 .709 575
.18 737 436 .691 548
.20 423 .685 530

e Calculation I was based on the assumption that yri,M =
1. 6 These values are subject to a systematic uncertainty
of 4% owing to uncertainty in the integration constant.
¢ Calculation Il was based on these tcapaa values, obtained
from iron(l11) extraction measurements.2

rect for the present dry solutions. These values
are listed in the fourth column of Table I1l. ttpm
was evaluated first, and these values were used to
calculate yTpo-

By both calculations In (ttpo/c) was found to be
nearly a linear function of mppo and by calculation
Il In (ttpm/c) was found to be a linear function of
«TpMm. The integration constant therefore was
determined in each case by direct extrapolation.
However, aplotofin (t (dpa) c), by calculation I, \s.
m(dpa)2 showed enough curvature that it could not
be extrapolated with confidence. Instead, since a
relation analogous to that found from the iron ex-

(19) The observed variation of the iron(I11) extraction quotient
0 = [FeX@H3Jog[H +]an3
[Fe+3laaC3DPA22
with C(DPA)2 the DPA dimer molarity, is given by
1524 .

Qil3 = 0.3885\/Qc(pPA)2

(A relation of this form is predicted if partial trimerization of DPA
is assumed.) If the variation in Q is attributed to variation in the
DPA dimer molar activity coefficient ?/(DPA)2>then the equilibrium
constant K = Q/y(ppAh3 ~ (152.4)3 Substitution of Q = (152.4)3
X 2/(DPA)2 into the above relation gives

MDPA2 = 1 — 4.80f/(DPA)23i3 GDFA)2LI2

Activity coefficients from this relation, converted to the molality
scale, are listed in Table I1.
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traction measurements (see footnote 19) might be
expected in this case, y(cv\)Jc was plotted vs.
(7 (DPA:2¢c)i/ZTO(DPA).1A for extrapolation. It was a
relatively long extrapolation, and the resulting c
value had an estimated uncertainty of +4%. Con-
sequently, the 7 cdpay values from calculation | are
subject to the same large, though systematic, un-
certainty.

The results of calculations | and Il are compared
in Table Il1l. They are summarized within the pre-
cision of the calculations by the empirical expres-
sions

Calcn. | Calcn. 11
log 71pm 0 (assumed) = —0.737mTPM
109 7 (@pa)2 -0.5227 to(dpa)21i3 = —0.6432¢to(dpa); 3
o] 0.42M,apa)2 (assumed)
0g 7 tpo — 1.168totpo = - 1.886»itpo

T 0.149witpo2

While they are not in agreement, both sets of y
values reflect the non-ideal behavior apparent from
the observed isopiestic ratios, and for 7(dpaj2and for
7 tpo the two sets of values are closer to each other
than to unity.

Of the two separate assumptions made in these
calculations, the assumption that 7¢pm = 1 (cal-
culation I) is probably the more extreme. Indeed,
it is to be expected from whatis known of solutions
of non-electrolytes that 7tpm will decrease with in-
creasing concentration. The magnitude of this de-
crease can beroughly estimated from a semi-em piri-
cal treatment given by Hildebrand and Scott,D
which expresses deviations from ideal behavior in
terms of the molar volumes (Fxand V2 of the two
components and their solubility parameters, 5i and
5 which are related to their heats of vaporization.
The activity coefficient of the solute at low concen-
trations is given by

M x Vi
log 72 = -1+ 1 -
2.3 X 1000 JA
2iy ((2- ¢i)2
m 2 (4)
VX RT

(20) J. H. Hildebrand and R. L. Scott, “ The Solubility of Nonelec-
trolytes,” Third Ed., Reinhold Publ. Corp., New York, N. Y., 1950.
Their equation (eq. 47, p. 131) is of the form

In 02 — In g2 f <£i(l — [v2/Vv]]) H — &)A/RT

where az is the activity of component 2 referred to the pure liquid (in
this case, the hypothetical supercooled liquid TPM at 25°) as the
standard state and <€l and <$tare volume fractions. To convert to the
hypothetical molal standard state, (In 02) is replaced by In (72W2 +
AGz/RT, wherein AG2 denotes the chemical potential difference of
component 2 in the two standard states. The quantity AG/RT is
determined from the above equation by the condition that 72 — 1
as m2 —»0, giving

AGURT = [In (<Bz1712\Un, m—3O"“T'
a - w-avil) + VA@Q - sivy/rT
Noting that
n _ .= miWjyidd, | swdhvA

@® o H000V2/ V + 4000p., )

eq. 4 is obtained as the resulting expression for 72 at low concentra-
tions of component 2.

Isopiestic Investigation of Di-(2-ethylhexyl)-phosphokic Acid in «-Octane

+ 0.245mTpo2
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where Mx is the molecular weight of the solvent.
Introducing the following numerical values for com-
ponent 1 (octane.) and component2 (TPM)

Mx = 11422, Vx = 164 ml, & = 755
Vt = 237 ml, ¢2= 10.06
eq. 4 gives
log 7 tpm = — 0.40?»tpm 5)

The molar volume of TPM was estimated from the
density measurements of TPM-octane solutions.
The solubility parameter for TPM could
best be determined from its heat of vaporiza-
tion. Since no reliable value has been found,
stpm Was instead estimated by the following
procedure: TPM is knownZ2l to behave
ideally in dilute benzene solutions; accord-
ingly, using the molar volume of benzene (89
ml) and its solubility parameter, 9.152
stpm Was solved for by placing the right side
of eq. 4 equal to zero.

Note that, while in principle eq. 5is an inde-
pendent evaluation of 7tpm , it is too approximate to
consider as another basis for estimating 7(dpaX
and 7TPo- The significance of this estimate is
that it qualitatively supports the conclusions from
analysis of the extraction data and lies between
the results of calculations | and I1.

The assumption on which calculation |1 is based,
that 7 (dpAn has the same value in dry solutions as
was found in the water-saturated solutions of the
iron (Ill) extraction measurements, also is open to
some question. The solubility of water in DPA-
octane solutions has been found to increase with the
D P A concentration

innd = 0.0034 T 0.030W(dpa)2

where TO(dpa)2= 0-0.08. This suggests a weak in-
teraction between DPA and water, which might
well alter the value of 7(dpa)2 It islikely that the
principal species present in solution are the dimer

and trimer. Of these, the trimer, owing to its more
open structure
(RO)2
oP
OH OH O HO
0 (RO)P P(OR)2
\
(RO);P » 0 - - HO — P(RO)2 HO—O

might be expected to interact more strongly with
water. If this is true, 7(dpah should be lower for
wet solutions than for dry solutions.

From these arguments, it seems likely that the
correct 7tpm, 7(Dpa)2 and 7 tpo values lie somewhere
between those estimated by calculations | and II,
and, in view of the non-ideal behavior expected for
the reference solute, TPM (eq. 5), it is expected
that they are nearer those given by calculation 11.

In conclusion, it is the author’s view that in-
creased use of the isopiestic method in organic sys-
tems is much to be desired. The attention given
thus far to binary organic solutions has been con-

(21) N. E. White and M. Kilpatrick, J. Phys. Chem., 59, 1044
(1955).
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cerned largely with the full composition range from
one pure component to the other. Little direct
information is presently available for dilute solu-
tions (below a few tenths molar), wherein it is
commonly assumed in solvent extraction studies
that activity coefficients of solute species are con-
stant. The isopiestic method can readily be used
to test this assumption. It seems clear from the
present results and from eq. 5, based on the treat-
ment of Hildebrand and Scott,® that such an

H. B. Thompson, L. Ebeeson, and J. Y. Dahlen
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assumption often is not justified. Fcr example, it
can be predicted that for 0.1, 0.2, and 0.3 m TP M
in octane, ttpm = 0.84, 0.71, and 0.60 by calcula-
tion Il and 0.91,0.83, and 0.76 by eq. 5, respectively.
These values are significantly below unity for a sys-
tem in which no specific chemical effects have been
assumed.
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Oxedine in this investigation.
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The electric moments of substituted succinic acids have been determined in order to explain the relatively low moment of

succinic acid.

Contrary to previous speculations, a low moment is associated with conformations in which carboxyl groups

are separated, while structures involving internal hydrogen bonding show high moments.

Rogers2noted that the electric moment of suc-
cinic acid was 04 D. lower than that of other
aliphatic dicarboxylic acids, and proposed that “a
ring structure involving both carboxyl groups”
might be responsible. He also noted that a similar
low moment for diethyl succinate had been re-
ported by Smyth and Walls.3 This would appear
to rule out hydrogen bonding as the basis for any
such cyclic conformation.

Similar low moments for the four-carbon mem-
bers have been reported in other series of a,co-
disubstituted alkanes,4-5 and recently have been
explained67 without recourse to cyclic conforma-
tion. It seems advisable to consider more closely,
then, the case of succinic acid. Accordingly, we
report here electric moment studies of 2,3-disub-
stituted succinic acids, in some of which cyclic
structures are stcrically most unlikely.

Experimental

Electric moments were determined by Guggenheim’s
method8: the quantity (e —n2)/(e + 2)(k2+ 2) was calcu-
lated for each of four or five solutions, and plotted against
concentration in moles/cc. The slope (S) of the host straight
lino was taken equal to 'i-irNy}/27kT. The dielectric con-
stants (e) were determined using apparatus previously
described.9 Refractive indices were measured using a
Bausch and Bomb dipping refractometer; after some prac-
tice readings were reproducible within 0.00004.

(1) (a) This work was supported in part by the National Science
Foundation, through a basic research grant and through an under-
graduate research participation grant supporting J. V. D.; (b) pre-
sented before the Division of Physical Chemistry at the 139th National
Meeting of the American Chemical Society, St. Louis, Mo., March,
1961.

(2) M. T. Rogers, J. Phys. Chem., 61, 1442 (1957).

(3) C. P. Smyth and W. S. Walls, J. Am. Chem. Soc., S3, 527 (1931).

(4) C. P. Smyth and W. S. Walls, J. Chem. Phys., 1, 200 (1933).

(5) P. Trunel, Ann. chim., [11] 12, 93 (1939).

(6) H. B. Thompson and S. L. Hanson, J. Phys. Chem., 65, 1005
(1961).

(7) R. P, Smith and J. J. Rasmussen, J. Am. Chem. Soc., 83, 3785
(1961).

(8) E. A. Guggenheim, Trans. Faraday Soc., 45, 714 (1949).

(9) H. B. Thompson and C. C. Sweeney, J. Phys.
64, 221 (1900).

Chem.,

Preparation and purification of the substituted acids have
been described previously.0 Oxalic acid was sublimed at
about 130° in vacuo. The remaining unsubstituted acids
(Eastman) were recrystallized and dried in vacuo at 55-60°
for at least 24 hr.

At least four solutions of each acid in dioxane were pre-
pared, the most concentrated being in every case less than
0.005 mole fraction acid. Dioxane was purified by reflux
with sodium for at least 24 hr.; reflux was continued until
no further dulling of the shiny surface of the molten sodium
spheres occurred. The dioxane then was fractionally dis-
tilled, and the fraction between 100.0 and 100.4° (at 730
mm.) collected and used within 24 hr. Less than 0.04%
volatile impurity could be detected by vapor chroma-
tography.

Results and Discussion

The Unsubstituted Acids.— -Table | summarizes
our results and those of Rogers for the unsubsti-
tuted dibasic acids. We, too, find a low moment
for succinic acid. However, our moments and
those of Rogers differ significantly, our values
agreeing more closely with those of Bcguin and
Gaumann.ll It appeared worthwhile to determine
whether the discrepancy lies in the method, since we
employed the procedure of Guggenheim8 while
Rogers used that of Halverstadt and Kumler.22
Accordingly, we have used the latter method also,
using Rogers’ solution density data and our dielec-
tric constants. Results are summarized in the
last three columns of Table I. The disagreement
would appear to stem from a difference in dielectric-
constant data. A possible explanation might be
found in the difference in drying procedures. In
the case of oxalic acid, where purification proce-
dures were nearly identical, close agreement was
obtained.

Moments by the two methods seem to agree well
when the same dielectric-constant data are used,
with those according to Guggenheim slightly

(10) L. Eberson, Ada Chem. Scand., 13, 40 (1959).

(11) C. Beguinand T. Gaumann, Helv. Chim, Acta, 41, 1376 (1958).

(12) 1. F. Halverstadt and W. D. Kumler, 3. Am. Chem. Hoc., 64,
2988 (1942).
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Tabile |

Electric Moments of Unsubstituted Acids

/— Moments-------

B. & H. & K. Calculations

Acid S Here Rogers G.11 a ei *

Oxalic 48.25 266 263 1031 22091 2.71
Malonic 4450 256 257 2.54 956 2.2099 2.62
Succinic 29.35 2.08 220 2.14 627 22103 2.11
Glutaric 41.48 2.47 264 237 867 22094 250
Adipic 36.06 2.30 2.60 2.30 7.79 2.2096 2.36
lower.13 It appears that this method is as satis-

factory as that of Halverstadt and Kumler for
comparison of moments in this series.

Moments of Substituted Succinic Acids.— The
electric moments of nine substituted succinic acids
are summarized in Table Il. Preliminary inspec-
tion shows that these fall sharply into two groups:
moments of about 2.0 D. for two meso acids; and
moments of 2.4 to 2.6 D. for the rest. Clearly the
former group matches the unsubstituted succinic
acid while the latter group resembles more closely
the other dicarboxylic acids.

Tabte Il

Electric Moments of Substituted Succinic Acids

Acid Form S Moment
2,3-Di-i-butyl- meso 28.16 2.03
racemic 43.78 2.53
2,3-Diisopropyl- meso 27.56 2.01
racemic 45.20 2.57
2,3-Dimethyl-2,3-diethyl- meso 44.35 2.55
racemic 43.71 2.53
2,3-Dimethyl-2,3-dipropyl-  meso 38.78 2.39
racemic 41.90 2.48
Tetraethyl 46.20 2.60

The Diamond-Lattice modele’7u provides a con-
venient means of analyzing the steric interactions
involved. In this model the C-C bonds are taken
as equal in length, and the angles between them are
assumed to be tetrahedral. In addition a stag-
gered position with respectto each internal rotation
isassumed. As aresult, the carbon skeleton always
can be superimposed upon a portion of a diamond
lattice. The mostimportant steric effect following
this model is the virtual exclusion636of conforma-
tions in which the first and fourth C -C bonds of any
five-carbon segment are parallel (providing any
alternative conformation exists).

Most easily analyzed are the diisopropylsuccinic
acids. Only the conformations in Fig. 1 should
occur, since all others have “excluded” five-carbon
segments. This is most easily seen by noting that
rotation about the central bond must place both
isopropyl groups gauche to hydrogens. Otherwise,
amethyl group will be brought too close to either a
carboxyl or an isopropyl. Thus the meso form,
possessing the low electric moment, must have the

(13) Following the practice used by Rogers, no correction for atomic
polarization was employed in the Halverstadt-Kumler calculation.
If an atomic term equal to 10% of the molar refraction is assumed, the
acid moments are, respectively, 2.69, 2.60, 2.09, 2.47, and 2.32. The
Guggenheim moments are lower than these by an average of only 0.02
D.

(14) A. Tobolsky, R. E. Powell, and H. Eyring, in Ch. 5 of “The
Chemistry of Large Molecules,” R. E. Burk and O. Grummitt,
Ed., Interscience Publishers, Inc., New York, N. Y., 1943, p. 157.

(15) R. P. Smith and E. M. Mortensen, J. Chem. Phys., 35, 714
(1961).
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Fig. 1.—Conformations for 2,3-diisopropylsuccinic acid: a,
meso- (left); b, d- or I- (right).

Fig. 2.—Conformations for 2,3-di-i-butylsuccinic acid: a,
meso- (left); b, d- or I- (right).

carboxyl groups separated, while the high-moment
racemic mixture must have them close together.
There is, in fact, considerable experimental evi-
dencelBT that intramolecular hydrogen bonding
occurs in the racemic form but not in the meso.
Of particular interest here will be the ratio of the
first to the second ionization constant in 50% by
weight alcohol solution. The log of this ratio
(ApK) is 2.12 for the meso form and 7.78 for the
racemic-16

The di-i-butylsuccinic acids are a more difficult
case, since no conformations satisfy the model.
The least difficulty would appear to arise when the
butyl groups are mutually trans (Fig. 2), since a
gauche position brings non-bonded carbon atoms
within 1.6 A. of one another. This again brings the
acid groups together in the optically-aetive forms
and keeps them apart in the meso. The steric
difficulties between butyl and carboxyl groups can
be relieved slightly in the former case by rotation
about the central bond. This would bring the car-
boxyls even closer together than in the isopropyl, a
fact that may be reflected in the very high ApK
(9.54) reported previously.

In tetracthylsuccinic acid there is again no con-
formation meeting the requirements of the model.
Here, however, there is no obvious choice for best
rotational position about the central bond. All
these have high ApA’s.

For each of the remaining four acids examined,
conformations with carboxyls gauche and with
carboxyls trans are both possible within the model.
From the electric moments it would appear that
the gauche form is important here. The question
thus arises: why are the moments for these acids
greatly different from those for unsubstituted
succinic acid? An attractive explanation is that
the energy difference between trans and gauche
states is higher in the unsubstituted than in the
substituted acids. Such an energy term is im-
portant67 in explaining the low moment of 14-

(16) L. Eberson, Acta Chem. Scand., 13, 211 (1959).

(17) L. Eberson, ibid., 13, 224 (1959); L. Eberson and S. Forsen,
J. Phys. Chem., 64, 767 (1960).
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dihalobutanes, and may apply equally for succinic
acid. If the barrier is similar to that in butane,
this energy may be as high as 770 cal./mole.B In
the tetrasubstituted acids, however, the situation
might be quite different. If the term in question
depends primarily on the atoms immediately
bonded to the carbons terminating the central
bond, the trans-gauche energy should be zero.®
Thus it seems quite reasonable that succinic acid

(18)
Chemistry,” M. 8. Newman, Ed., John Wiley and Sons, Inc., New
York, N. Y., 195G.

(1.9) A more exact consideration might involve analysis of factors
such as those considered by N. L. Allinger and Y. Zalkow, .7. Org.
Chemy 25, 701 (1900). Analysis of the enthalpy and entropy factors
involved in the ionizations of some of these acids is underway at
Lund.

E. Tschutkgw-R oux

W. G. Danben and K. 8. Pitzcr, in “Steric Effects in Organic

Yol. 66

favors the trans conformation to a much greater
extent than do the tetraalkylsuccinic acids.

Conclusions

I. Cyclic structures and intramolecular hy-
drogen bonding in substituted succinic acids ap-
pear to be associated with high, rather than low,
electric moments.

II.  The electric moment of succinic acid is
lower than that of homologous dicarboxylic acids
as a result of steric effects similar to those active
in the polymethylene dihalides and not because of
a cyclic structure.

[11. There is evidence that while the trans
conformation is favored energetically in succinic
acid itself, there is a much smaller (or zero) energy
difference between rotomers in the tetraalkyl acids
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The thermodynamic, functions of FNOs have been calculated from 200 to 1200°K. from spectroscopic data using the rigid-

rotator-harmonic-oscillator approximation.

These functions, together with a recently communicated value for the heat of

formation of nitryl fluoride, are used to evaluate the free energy, enthalpy, entropy, and equilibrium constants for several

possible reactions of nitryl fluoride.
mole, respectively.

Introduction

In connection with our current interest in the
kinetics of several reactions of nitryl fluoride it was
felt necessary to consider the thermochemistry of
these reactions. Such thermochemical calculations
were not possible until recently, since neither the
heat of formation of nitryl fluoride nor its thermo-
dynamic functions were available.

However, the infrared and Raman spectrum of
nitryl fluoride has been studied by Dodd, Rolfe,
and Woodwardland the microwave spectrum has
been reported by Smith and Magnuson.2 Using
these spectroscopic data, the thermodynamic func-
tions of nitryl fluoride were evaluated in the tem-
perature range from 200 to 1200°K. at 100°
intervals. Very recently, an approximate value
for the standard heat of formation of FNO:
A7/ = —20 + 5 kcal/mole) was reported
by Anderson, MaclLaren, and co-workers.3 This
value was subsequently revised to —19 + 2
kcal./mole.4 Using this value for the standard
heat of formation of nitryl fluoride and the thermo-
dynamic data from the literature for the species
FNO, NO2 NO, O, F, F2 CO, C0O2 it was possible
to calculate the standard enthalpies, free energies,
entropies, and equilibrium constants for the
reactions of interest. The bond dissociation ener-

(1) R. E. Dodd, J. A. Rolfe, and L. A. Woodward, Trans. Faraday
Soc., 52, 145 (1956).

(2) D. F. Smith and D. W. Magnuson, Phys. Rev., 87, 226 (1952).

(3) R. Anderson and R. O. MacLaren, 2nd Quarterly Technical
Summary Report, Contract No. Nonr 3433(00); ARPA Order No.
184-61; United Technology Corporation, Sunnyvale, Calif*, October.

1961.
(4) R. O. MacLaren, private communication;

The N-F and N -0 bond energies in FNO2are calculated to be 44.7 and 61.3 keal./

gies for the N-F and N-O bonds in FNO 2 have
been calculated and are compared with the corre-
sponding bond dissociation energies of the N -Cl
and N -0 bonds in CINOz.

We shall be interested in the reactions

NO, + F2= FNO2+ F (1)
FNO2+ F = NO, T F2 2)
fno2= NO2+ VjF (3)
FNO, = NO2+ F 4)
FNO2= FNO + O (5)
FNO2+ NO = FNO + NO, (6)
FNOs + CO = FNO + CO02 7
NO + F2= FNO + F (8)

Calculations.— The thermodynamic functions of
nitryl fluoride were calculated according to the
rigid-rotator-harmonic-oscillator approximation.
N itryl fluoride was assumed to be a perfect gas
and the pressure was taken as one atmosphere.
The molecular constants, determined from spectro-
scopic measurements, are summarized in Table
I. The fundamental frequencies were taken from
the reported infrared spectrum.l The moments
of inertia and the corresponding molecular dimen-
sions are based on the microwave spectrum.2
The symmetry number, <, is 2. Nitryl fluoride is a
planar molecule with a C2 axis of symmetry.12
The ground state electronic degeneracy corre-1
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sponding to this point group is unity, and thus the
electronic contribution to the thermodynamic func-
tions has been neglected. The results of these
calculations are presented, in conventional form, in
Table 11.

Tabie |

Molecular Constants for Fufl

Fundamental

freq., Molecular

cm.-1 Moments of inertia, g. cm.2 dimensions

Ref. 1 Ref. 2 Ref. 2
A= 1312 h = 63.562 X 10-0 r(N-F) 1.35 A.
W= 822 Jo = 73.313 X 10"D r(N-0O) 1.23 A.
»@@= 460 /o = 137.116 X 10-4
W = 1793 <ONO 125°
w= 570 1JJ, = 6.3895 X 10~116 <ONF 117.5°
s = 742 g.3cm.6

Table |l
Thermodynamic Functions of NOZX (Cal. Mole'l
Deg."1)

T, "K. cy (ff» - Ho°)/T m (F° - Ha’)/T s°
200 9.857 8.421 49.427 57.848
273.16 11.428 9.019 52.137 61.156
298.16 11.919 9.241 52.937 62.178
300 11.954 9.258 52.993 62.251
400 13.626 10.150 55.780 65.930
500 14.903 10.979 58.135 69.114
600 15.877 11.718 60.204 71.922
700 16.621 12.368 62.068 74.436
800 17.193 12.936 63.749 76.685
900 17.638 13.435 65.302 78.737
1000 17.988 13.874 66.741 80.615
1100 18.265 14.261 68.081 82.342
1200 18.487 14.604 69.338 83.942

In calculating the standard enthalpy, free energy,
and entropy changes as well as the equilibrium
constants for reactions 2 through 8 we have used
the value of — 19 kcal./mole for the standard heat
of formation of nitryl fluoride at 298°K. and the
thermodynamic functions from Table Il. The
thermodynamic data for all the other species in
reactions 2 to 8 were taken from the literature.
Thus the values used for the standard heat of for-
mation of NO2 NO, 0, F, CO, and CO2were those
tabulated by Pitzer and Brewer.6 The heat of
formation of FNO has been measured recently by
calorimetry by Johnston and Bertin.6 These
authors report the value Aflf°(NOF) = — 158
kcal./mole at 298°K. The thermodynamic func-
tions for fluorine atom and fluorine molecule have
been computed by Potter,7while the functions for
nitric oxide and carbon monoxide were obtained
from ref. 8. The thermodynamic functions used for
atomic oxygen and carbon dioxide were taken
from ref. 9 and 5, respectively. For nitrogen di-
oxide and nitrosyl fluoride, the thermodynamic
functions used were taken from papers by Altshul-

(5) G. N. Lewis and M. Randall, revised by K. S. Pitzer and L.

Brewer, “Thermodynamics,” McGraw-Hill Book Co., New York,
N. Y., 1961.

(6) H. S.Johnston and H. J. Bertin, Jr., 3. Am. Chem. Soc., 81, 6402
(1959).

(7) R. L. Potter, J. Chem. Phys., 26, 394 (1957).
(8) “Selected Values of Properties of Hydrocarbons,” Natl. Bur.
Stand. Circular C461. 1947.
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lerD and Stephenson and Jones,11 respectively.

The results of these calculations are presented in
Tables IV and V. Table IV gives the standard
enthalpy change at 0°K. and the enthalpy, free
energy, and entropy changes of reactions 2 to 8
in their standard states at 298°K. Table V lists
the logarithm of the equilibrium constant, log Kp,
for said reactions as a function of temperature from
200 to 1200°K.

The standard heat of formation at 0°K. and the
free energy and equilibrium constant of formation
at 298°K. of FNO2 all based on its reported

are presented in Table I11I.

Table Il

Standard Enthalpy, Free Energy, and Equilibrium
Constant of Formation of FNO2and CINO. and Heats

of Dissociation of the N-X and N-O Bonds at 0 and

298°K.
FNO2 Ref. CINO2 Ref.
Afft® (kcal./mole) -17.6 a 7.7
Affio (kcal./mole) -19 4 6.5
AFC (kcal./mole) - 8.9 a 16.5
log K eg 651 2 -12.11
Alldn-x (kcal./mole) 44.7 a 29.5 12
Alren-x  (kcal./mole) 46.0 a 305
Aflo°N-0 (kcal./mole) 61.3 a 64.2
AH°n-o (kcal./mole) 62.8 a 65.6
“ Calculated, this work.
Table IV
Calculated Thermodynamic D ata
ASZE)
AHc Ai7298° AFZ (cal. deg.-1
Reaction (kcal, mole-1) mole-1)
2 8.0 8.2 6.5 5.67
3 26.4 27.1 21.3 19.36
4 44.7 46.0 36.1 33.06
5 61.3 62.8 52.2 35.53
6 -10.4 -10.3 -11.5 4.04
7 -64.4 -64.4 -64.7 0.93
8 -18.4 -18.5 -18.0 -1.63

The enthalpy changes in reactions 4 and 5 repre-
sent the heat of dissociation of the N -F and N-O
bonds in FNO2 It was thought instructive to
compare these values with the corresponding bond
energies in C1NO2 Cordes and Johnston12 have
reported the heat of the reaction

CINO2= NO2+ ClI AHC = 295 kcal./mole

Using this value together with the thermodynamic
functions for nitryl chloride Band nitrosyl chloride, 4
as well as the known heat of formation of nitrosyl
chloride,bthe heats of the reaction

CINOa = CINO + O

(9) D. R. Stull and G. C. Sinke, “Thermodynamic Properties of the
Flements,” Advances in Chemistry Series, No. 18, American Chemi-
cal Society, Washington, D. C., 1956.

(10) A. P. Altshuller, «7. Phys. Chem., 61, 251 (1957).

(11) C. V. Stephenson and E. A. Jones, J. Chem. Phys., 20, 135
(1952).

(12)
(1954).

(13) G. Geiseler and M. Ratzsch, Z. physik. Chem., 207, 138 (1957).

(14) W. G. Burns and H. J. Bernstein, J. Chem. Phys., 18, 1669
(1950).

H. F. Cordes and H. S. Johnston, Am. Chem. Soc., 76, 4264
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Table V
Equilibrium Constants
— log Kp
T, °K. Reaction 2 3 4 li 6
200 -7.72 -25.34 -42.96
298.16 -4.77 -15.63 -26.48 -38.23 8.44 47.55 13.21
300 -4.73 -15.5i -26.28 -37.95 8.39 47.12 13.13
400 -3.25 -10.57 -17.88 -26.49 6.51 35.38 9.77
500 -2.38 - 761 -12.83 -19.60 5.38 28.34 7.76
600 -1.81 - 5.63 - 9.46 -14.99 4.62 23.65 6.43
700 -1.41 - 4.23 - 7.05 -11.70 4.07 20.29 5.48
800 -1.13 - 3.19 - 5.24 9.22 3.66 17.77 4.79
900 -0.89 - 2.36 - 383 - 7.30 3.34 15.81 4.23
1000 -0.72 - 171 - 271 - 5.75 3.08 14.25 3.80
1100 -0.58 - 1.8 - 179 - 450 2.87 12.97 3.44
1200 -0.46 - 0.74 - 1.02 3.45 268 !’ 11.90 1 3.15
have been calculated at 0 and 298°K. These data The equilibrium of the reaction between nitryl

also are listed in Table II1.
Discussion

In making the thermodynamic calculations our
aim was to make a prediction of the feasibility of
investigating the kinetics of some of these reactions.
In particular we were interested in the thermal
decomposition of nitryl fluoride and its reaction
with nitric oxide. In the seemingly analogous case
of nitryl chloride the thermal decomposition has
been studied successfully.22% At 250° and low
pressures (order of a few mm.) the reaction pro-
ceeds at a comfortable rate via the mechanism

(@)
(b)

CINO2= NO2+ CI

CINO2+ CI = NO2+ CI*

with an over-all observed stoichiom etry

CINO2= NO2+ y ZTI2 (c)

Reactions a, b, and c are analogous to our reactions
4, 2, and 3, respectively. Whereas in the case of
nitryl chloride the equilibrium of reaction b lies
on the right-hand side even at 1000°K.,13the equi-
librium ofreaction 2lies on the side of the reactants.
The equilibrium of the unimolecular decompo-
sition of FN 0 2 eq. 4, as compared to that of CLNO2
eg. a, lies on the side of the reactants by at least
6 orders of magnitude at 500°K. and 2 orders of
magnitude at 1000°K. As aresult of this the equi-
librium of the resulting stoichiometric reaction,
eq. 3, is also to the left, i.e., on the side of the re-
actant even at 1200°K. In contrast to this the
equilibrium constant of reaction c is of the order
103 to 104 over the temperature range. We
therefore must conclude that the homogeneous
thermal decomposition, such as found in the
case of nitryl chloride, cannot be studied in the case
of FN O 2at temperatures below 1200°K.

Bensonl7 has suggested that the decomposition
of FNO2 might possibly occur through an N -0
rather than an N -F bond rupture, eq. 5. Because
of our calculated results, we must rule out this sug-
gestion, since the N -0 bond in FN O 2appears to be
stronger by some 15kcal.

(15) C. M. Beeson and D. M. Yost, J. Chem. Phys., 7, 44 (1939).

(16) H. J. Schumacher and G. Sprenger, Naturwiss., 17, 997 (1929);

Z. physik. Chem., B12, 115 (1931).
(17) S. W. Benson, private discussion.

fluoride and nitric oxide, eq. 6, lies comfortably
on the side of the reaction products. Here we note
that the equilibrium shifts from right to left
(toward the reactants) with increasing temperature.
Reaction 6 finds its counterpart in the case of nitryl
chloride, where the reaction CINO2+ NO C1NO
+ NO2has been shown to be a fast, homogeneous,
elementary bimolecularreaction.B

The oxidation of carbon monoxide to carbon
dioxide by nitrogen dioxide has been studied
guantitatively.® It was thought of interest to
predict the possibility of a similar reaction between
FNO2and CO, eq. 7. As may be seen from Table
V, the equilibrium of this reaction lies overwhelm-
ingly on the side of the reaction products. Here
again, the equilibrium shifts toward the reactants
with increasing temperature, nevertheless, even
at 1200°K. the reaction is essentially 100% com-
plete. One would expect the rate of this reaction
to be extremely fast and probably of an explosive
character.

The equilibrium constant for reaction 8, which
is equal to the product of the equilibrium constants
of reactions 1and 6, decreases with increasing tem-
perature; however, the equilibrium lies safely on
the side of the reaction products throughout our
temperature range. This reaction is of interest
since it probably represents the inviai step in the
formation of nitrosyl fluoride from nitric oxide
and elemental fluorine.

The kinetics of reaction 1, which is, of course,
the reverse of reaction 2, have been studied. 2 A
combination of the measured rate constant, fci,
with our calculated equilibrium constant for re-
action 2 enables us to evaluate the rate constant
k2 If we write k A exp(-E/RT), then

Kp —k/I\ = Z cxp(—/V Ei)/RT

from which it follows that
h = A,Z exp(~Eo/RT)
and
E2= Ax + RT(n Z - In 7%)
(18) E. C. Fretting, H. S. Johnston, and R. A. Ogg, Jr., J. Chem.
Phys., 20, 327 (1952).

(19) G. M. Calhoun and R. H. Crist, ibid., 5, 301 (1937).
(20) R. L. Ferrine and H. S. Johnston, ibid., 21, 2205 (1953).
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where Z is the ratio of partition functions, i.e., Z =
QNOIQFS/QFNOsQF. At 300°K., assuming ideal
gas behavior and pressures of 1 atm. for all species
participating in the reaction, Z is found to be
11.612. Using this value, together with the cor-
responding Kp at 300°K. (log Kp = -4.73) and
the reported value for ki = 159 X 10Rexp-
(— 10470/727)]D we obtain the rate constant for
reaction 2
h = 185 X 1013exp(-18,430/.R:r)

Turning our attention to Table IIl we observe
that the nitrogen-halogen bond energy in FN O 2is
about 15 kcal. higher than in C1NO2 whereas the
nitrogen-oxygen bond energy is larger in the case
of nitryl chloride by about 3 kcal.

It is interesting to note that the dissociation
energy of 46.0 kcal. of the N -F bond in nitryl
fluoride is about 9 kcal. less than the dissociation
energy of the N -F bond in nitrosyl fluoride, 554
kcal.,6which in turn is about 9 kcal. less than the
average single bond energy of 64.6 kcal. for the
N -F bond in nitrogen trifluoride (one-third the
energy for the dissociation of NF3into N and 3F).
The N-F bond dissociation energy in FNO2is
thus 18 kcal. less than the normal N -F single bond
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energy. We may attribute this difference to the
“reorganization energy” of the NOZ2 radical 62l
that is, the N O 2radical in FN O 2is less stable than
is the free NO2molecule. Qualitatively speaking,
the odd electron “used up” in the N -F bond forms a
resonating three-electron bond in free NO2 thus
stabilizing the molecule with a gain of 18 kcal.

The energy values given for FN 0 2in Tables |11
and IV are, of course, approximate values with an
inherentuncertainty of £2 kcal. This uncertainty
resides in the reported value for the standard heat
of formation of nitryl fluoride, i.e., — 19 £ 2 kcal.
The same uncertainty is carried over to the equi-
librium constants in Table V. Thus the equi-
librium constant could be off, in the worst case,
by asmuch as abouttwo orders of magnitude. The
conclusions reached earlier, however, would remain
essentially the same.

In conclusion we may note that all reactions 2 to
8 show a strong temperature dependence and the
reaction which is promising for kinetic studies is
reaction 6, i.e., nitryl fluoride plus nitric oxide.
The study of the kinetics of this reaction is presently
being carried out at this Laboratory.
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(21) M. Szwarc and M. G. Evans, J. Chem. Phys., 18, 618 (1950).

DYNAMIC MECHANICAL PROPERTIES OF POLYVINYL CHLORIDE GELS1

By Stephen D. Morton and John D. Ferry

Department of Chemistry, University of Wisconsin, Madison, Wisconsin
Received March 5, 1962

The storage and loss compliances, J* and ./", have been measured between 0.05 and 160 cycles/sec. and between —40
and 45° for five gels of polyvinyl chloride: in di-2-ethyl hexyl phthalate (DOP) at polymer concentrations of 5, 7.5, and
10% by volume, and in two polyester plasticizers of high viscosity, G50 and G54, at 5% polymer by volume. The tempera-
ture dependence of viscoelastic properties was satisfactorily described by the method of reduced variables with shift factors
calculated from the temperature dependence of the solvent viscosity, except for certain anomalies in G50 and G54. The
monomeric friction coefficients in G50 and G54 were much smaller than would be calculated from that in DOP on the basis
of direct proportionality to solvent viscosity, indicating that in the former solvents (molecular weights 2000-3000) the local
effective viscosity is smaller than the macroscopic viscosity. The friction coefficient in DOP increased somewhat with
polymer concentration. The relaxation spectra of the DOP gels exhibited unusual inflections which could be attributed to
contributions from molecular strands with free ends; the latter contributions vanish at long times while some from the gel

network persist.

Introduction

In some earlier studies,2-4 the viscoelastic prop-
erties of a gel of polyvinyl chloride in dimethyl-
thianthrene containing 10% polymer by volume
were measured over a very wide range of time and
frequency. Less extensive measurements5 were
made on a much more dilute gel of polyvinyl chlo-
ride in di-2-ethyl hexyl phthalate. The observed
behavior was compared with the Bueche6theory for
cross-linked systems, and the relation of relaxation
times to the solvent viscosity was discussed.

H) Part XXX 1X of a series on Mechanical Properties of Substances
of High Molecular Weight.

(2) E. R. Fitzgerald and J. D. Ferry, J. Colloid Sci., 8, 1 (1953).

(3) J. D. Ferry and E. R. Fitzgerald, ibid., 8, 224 (1953).

(4) J. D. Ferry, D. J. Plazek, and G. E. Heckler, J. chim. phys., 55,
152 (1958).

(5) M. H. Birnboim and J. D. Ferry, J. Appl. Phys., 32, 2305
(1961).

(6) F. Bueche, J. Chem. Phys., 22, 603 (1954).

The present studies were undertaken to provide
some comparative data for polyvinyl chloride gels
of different concentrations and in different solvents
covering a range of viscosities. They provide some
information on the dependence of monomeric
friction coefficient on concentration and solvent
viscosity, and reveal some unexpected phenomena
which can be attributed to the presence in these
gels of a substantial proportion of strands attached
atonly one end to the gel network.

Experimental

Materials.—The polyvinyl chloride (VYNV-1524) was
kindly furnished by Mr. A. T. Walter of Union Carbide
Chemicals Co. It was actually a copolymer with about 2.5
% of polyvinyl acetate. It was subjected to a rough fraction-
ation by dissolving in tetrahydrofuran and precipitating
with water; ahigh cut of about 11% and a low one of about
22% were rejected. The remaining central fraction had an
intrinsic viscosity at 25° in cyclohexanone of 1.71 dl./g.,
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corresponding7 to a molecular weight of 1.0 X 10s.
Huggins constant was 0.39.

The solvents used for preparing gels were di-2-ethyl hexyl
phthalate (DOP), also generously furnished by Union Car-
bide Chemicals Co., and Paraplex G50 and G54, manu-
factured by Rohm and Haas Co. The latter are polyesters
of moderately low molecular weight. The molecular weights,
densities (p), thermal expansion coefficients («), and viscosi-
ties (jj) at 25° are given in Table I.

The

Table |

Properties of Solvents

a,
Mol. p. 25° deg. V, 25°, cs,
wt. g./cc. X HR poise cl deg.
DOP 390 0.986 1.00 0.57 3.56 139
‘G50 2200 1.08 0.87 21.9 4.41 133
G54 3300 1.08 0.87 57.6 4.41 139

Viscosities of the solvents were measured by the falling
sphere method, using spheres of steel and of synthetic ruby,
over a temperature range from —25 to 25° for the DOP and
7.5 to 59° for the two others. The calculations were made
by the Faxén equation. Identical results were obtained in a
number of cases where different sphere sizes, or both steel
and ruby, were used at the same temperature. The tem-
perature dependence of the viscosity could be quite well rep-
resented for each solvent by an empirical equation of the
WLF form8

log (v/r,) = c(T - To/(2+T - To) (1)
where €0 is the viscosity at a reference temperature To,
chosen here as 25.0°. The values of G and ci are included in
Table 1. Equation 1 fits the data for DOP over the entire
temperature range; although the constants differ slightly
from those derived from fitting previous capillary viscosim-
eter measurements6between 2 and 70°, the calculated viscos-
ities in the overlap of the two temperature ranges agree
very well. Equation 1 fits the data for G50 and G54 only at
12.5° and above. Below 12.5°, the viscosities of these liquids
increase extremely rapidly with decreasing temperature.

_Each gel was prepared by thoroughly mixing the finely
divided polymer with solvent at room temperature and
heating at 175° for 45 min. A stabilizer (Union Carbide
Chemicals Co. D-22), in amount equal to 4% of the polymer
present, was used to inhibit decomposition. The gels were
molded into disks for transducer and torsion pendulum
measurements. Densities were measured pycnometrically
and agreed with calculated values assuming additivity of
volumes with a polymer density of 1.41. Concentrations
were chosen to correspond to volume percentages of polymer
of 5, 7.5, and 10% in DOP, and of 5% in the other solvents.
Molded samples were aged at room temperature for at least
three days before making measurements.

Methods.— The Fitzgerald transducer2and Plazek torsion
pendulum8 methods were used to measure the storage and
loss_eompliances, J' and J” , over afrequency range between
0.05 and 160 cycles/sec. The upper limit was severely re-
stricted by the low rigidities, because of which the correc-
tions for driving tube impedance2became too large for ade-
quate precision above the limit cited.

Since changes of mechanical properties of polyvinyl
chloride gels implying gradual structural changes with time
have sometimes been observed,E° check runs at 25° were
made on every sample at the beginning, near the middle,
and at the end of the sequence of measurements at different
temperatures. The duration of the sequence was usually 10
to 15 days. In the transducer (15 to 160 cycles/sec.) the
initial and final measurements always agreed; in the torsion
pendulum (0.05 to 1.6 cycles/sec.), measurements at 25°
before and after a sequence at higher temperatures agreed,
but after a sequence at lower temperatures the storage and

(7) F. Danusso, G. Moraglio, and S. Gaz.zera, Chim. ini. (Milan)
36, $83 (1954).

(8) M. L. Williams, R. F. Lande], and ,T. D. Ferry, .7. Am. Chem
Soc., 77, 3701 (1955).

(9) D. J. Plazek, M. N. Vrancken, and J. W. Berge, Trans. Soct
Rheol., 2, 39 (1959).

(10) A. T. Waltet, J. Polymer Sci., 13; 207 (1954);
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loss compliances usually were smaller by about 5%. This is
well within the absolute accuracy .of these measurements,
and it can be concluded that there were no irreversible
changes which significantly affected the results. An earlier,
more detailed study of thermal history for a 10% gel in
dimethylthianthrene led to the same conclusion.2

The disk-shaped samples are subjected to compressions of
the order of 5 to 15% in installation in both instruments,
and in gels the compressive stresses do not relax. A few
measurements therefore were made at different degrees of
compression in both instruments on 5% gels in DOP and
G54. These indicated that both J1and J" increased about
1.2% for a 1% decrease in sample thickness, without any
significant change in their frequency dependences. Com-
pressions in the torsion pendulum ranged from 5 to 12%;
5% appeared to be the minimum for ensuring good contact
with the sample faces. No attempt was made to take the
effect of compression into account within this range. In the
transducer, compressions were somewhat greater, and the
values of J’ and J" were in fact somewhat larger when
matched to the torsion pendulum data after frequency re-
duction; the differences in magnitude were absorbed in an
empirical correction applied to the transducer data as de-
scribed below. Thus all the data reported refer to an aver-
age compression of about 8%.

To save space, the details of sample dimensions and tem-
perature sequences which usually are given for such experi-
ments1l have been relegated to a more detailed unpublished
report.12 At least two samples of different shapes were
measured for each gel in the torsion pendulum, and usually
one pair of samples in the transducer. The values of J'
and J " calculated from different sample shapes in the torsion
pendulum were generally in good agreement. The tempera-
ture sequence was usually 25° followed by a series at lower
temperatures, check at 25°, series at higher temperatures,
and finally check at 25°. The actual temperatures for the
gels in DOP are listed in the legend of Fig. 1. For the 5% gel
in G50, the torsion pendulum measurements ranged from
—35 to 25°; transducer measurements are not reported be-
cause of uncertainty in the sample coefficient. For the 5%
gel in G54, measurements in the torsion pendulum covered
a temperature range from —40 to 45°, and in the transducer
from 0 to 35°.

Results

The data, which are tabulated in detail else-
where,2 are shown here only after temperature
reduction. For this purpose, the shift factors ot
were not determined in the usual empirical manner,
because the curves for J' were in many cases too
flat and the individual frequency ranges were
rather small. Instead, it was assumed that in
these rather dilute systems the shift factor would be
governed by the ratio of solvent viscosities, y]Jvso,
at the temperature of measurement (T) and the
reference temperature of 298°K. (To). If the local
friction is proportional to 73, the shift factor should
be ijsToPo/ijsoTp, where p and pOare the gel densities
at T and TQ respectively. The results were quite
satisfactory, as shown in Fig. 1and 2. Here J' and
J", after multiplication by the usual magnitude
factor Tp/Topo, are plotted logarithmically against
ar = @/BToPoA?soTp for the three gelsin DOP; wis
the radian frequency.

When originally plotted in this way, both torsion
pendulum and transducer data reduced satisfac-
torily to give composite curves which for each gel
overlapped over a substantial frequency range.
The transducer values of logarithm of compliance
were higher by an amount which was the same for
both log 3" and log J" and equal to 0.15, 0.22, 0.22,
and 0.21 for the 5, 7.5, and 10% DOP gels and the
5% G54 gel, respectively. The identity of the dis-

(11) R, F. Landel and J. D. Ferry, J. Phys,
%(12) S. D. Morton, PhnD, Thesis University

60, 294 (1956).
Wisconsin, 1962,
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log cv r.

Fig. 1.— Storage compliance reduced to 25°, plotted logarithmically against reduced frequency, for three gels in DOP at
concentrations (volume % polymer) indicated: 5%, pip up at highest frequency, —25.0°, successive 45° rotations clockwise
correspond to —15.0, —10.0, —5.0, 5.0, 15.0, 25.0, and 35.0°; 7.5%, corresponding temperature sequence of —25.0, —15.0,

—5.0, 5.0, 15.0, 25.0, 35.0, and 45.0°; 10%, corresponding temperature sequence of —25.0, —15.0, —5.0, 5.0, 15.0, 25.0,
and 35.0°.

Fig. 2.—Loss compliance reduced and plotted as in Fig. 1 for three gels in DOP.
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Kg. 3.—-Storage modulus plotted logarithmically against
reduced frequency at 25° for five gels: 5, 7.5, and 10 denote
volume percentages in DOP; G50 and G54, 5% gels in those
solvents.

Fig. 4.—Loss modulus plotted as in Fig. 3 for five gels.

Fig. 5.—Relaxation spectra of four gels in DOP reduced
to 25°. Numbers denote concentration of polymer in
volume %; 1.6isfromref. 5. DMT is 10% gel in dimethyl-
thianthrene from ref. 3 and 4. Points top black, from O';
bottom black, from G".

crepancy for./' and J" indicates an error in sample
coefficient, though the difference probably is due in
part to differences in compression as described
above. Since the transducer samples underwent
more distortion (and were unequally compressed
because of the weight of the floating mass cylin-
ders), and the torsion pendulum data for different

Stephen D. Morton and John D. Ferry
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sample shapes agreed so well, the latter were as-
sumed to be correct and the transducer data were
empirically corrected by subtracting the logarithmic
differences listed above. After this correction, the
data all coincide very well as seen in Fig. 1 and 2.
For example, for the 10% gel the region of log ur
from 1.5 to 3.0 includes overlapping points from
both experimental methods.

The reduced data for the gels of G50 and G54 are
not shown. In these solvents, reduction in terms of
the temperature dependence of solvent viscosity
failed below 12.5°. The enormous increase in
viscosity at lower temperatures evidently was not
accompanied by a corresponding increase in relaxa-
tion times, since use of wr as calculated above re-
sulted in an overcorrection. For G54, the reduction
was nevertheless quite satisfactory above 12.5°, and
even at lower temperatures the data could be
superimposed by empirical a? shifts. For G50, the
reduction was not quite successful even above 12.5°,
and only the data measured directly at 25° are used
in subsequent comparisons. The anomalous be-
havior of these polymeric solvents is further dis-
cussed below.

Complex Modulus.—The components of the
complex shear modulus, G'p and G"p, were cal-
culated from J'p and ,/"p (where the subscript p
indicates reduction to 298°K. by the factor
Tp/Topo), and are plotted logarithmically in Fig. 3
and 4 for all five gels. The data comprise the
pseudo-equilibrium zone, where marked differences
in equilibrium modulus are evident, and the begin-
ning of the transition zone where both G' and G"
rise substantially with frequency.

Relaxation Spectra—The relaxation spectra (H)
were calculated from the data of Fig. 3 and 4 by
the Williams-Ferry approximation method13 in
view of the unusual shapes of these functions for the
DOP gels, calculations also were made in the range
of log r from —15 to —0.5 by the Schwarzl-
Staverman and Fujita methods,13 and all the
methods agreed quite well. The results for the
DOP gels are shown in Fig. 5. At long times, H
can be obtained only from G" because the frequency
dependence of G' is too small. Curves for a 1.6%
gel6 (volume %) in DOP and a 10% gel in dimethyl-
thianthrene4 (DMT) are included for comparison.
The curves for the two 10% gels lie near each other.

The spectra for the DOP gels show a curious in-
flection, especially marked at a volume concentra-
tion of 5%, which will be discussed further below.
This cannot be ascribed to any artifact caused by
the empirical correction applied to the transducer
data, since it is entirely encompassed by data
derived from the torsion pendulum. Its probable
significance will be discussed below.

The relaxation spectra for the three 5% gels are
compared in Fig. 6. They lie surprisingly close
together, considering the wide range of solvent vis-
cosities as seen in Table I.

Retardation Spectra—The retardation spectra
(L) were calculated from the data of Fig. 1 and 2,
and similar data for the G50 and G54 solvents, by
the Williams-Ferry method. The results for the

(13)
and Sons, New York, N. Y., 1961, Chapter 4.

J. D, Ferry, “Viscoelastic Properties of Polymers," John Wiley
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DOP gels are shown in Fig. 7, where the maximum
characteristic of network structures is apparent.
It becomes markedly broader and flatter with in-
creasing polymer concentration. The spectrum for
a 10% gel in dimethylthianthrene,4 included for
comparison, lies close to that for the 10% gel in
DOP.

The retardation spectra of the three 5% gels are
compared in Fig. 8. In the polymeric solvents, the
spectra are sharper than in DOP, and the maximum
is more nearly symmetrical.

Monomeric Friction Coefficients.—By matching
the logarithmic relaxation spectra to a slope of
—Vs, choosing the region above the inflections in
Fig. 5, the monomeric friction coefficient was
calculated from the modified theory of Rouse,4in
which the density p appearing in the equation for
undiluted polymers is replaced by c, the polymer
concentration in g./cc.

= 2logH + log r + log (6/K'T) + 2 log
(2kMdfocNi)  (2)

where MO is the monomer molecular weight, NO
Avogadro’'s number, and a the root mean square
end-to-end distance per square root of the number
of monomer units, taken to be 6 A. The results are
given in Table 11, the units of fObeing dyne-scc./cm.

log

Tabte |l

M onomeric Friction Coefficients at 25°

Gel log fo log folit»
5% DOP -6.34 -6.09
7.5% DOP -6.20 -5.95
10% DOP -5.90 -5.65
5% G50 -6.04 -7.38
5% G54 -5.58 -7.34
10% DMT4 -5.36 -6.36
Stokes’ law -6.31

Relation of Local Friction to Solvent Viscosity.—
At a concentration as low as 5%, it might be ex-
pected that the monomeric friction coefficient
would be governed primarily by solvent viscosity
and proportional to it. For the two polymeric sol-
vents, G50 and G54, the ratio is in fact almost
the same, as shown in the third column of Table II.
However, that for DOP is far larger. The discrep-
ancy almost certainly means that the local effective
viscosity in the polymeric solvents (even for molec-
ular weight as low as 2000) is considerably smaller
than the steady-flow viscosity, so that division by
1js gives an overcorrection. This effect is of course
related to the failure of temperature reduction in
terms of the solvent viscosity, where enormous vis-
cosity increases with decreasing temperature below
12.5° are accompanied by much milder changes in
local friction.

Comparing the two 10% gels, the ratio foAs is
considerably higher in DOP than in dimethyl-
thianthrene. However, at this concentration the
polymer component is playing a bigger role in the
local friction, so that direct proportionality of to
% is not expected.

Relation of Local Friction to Polymer Concentra-
tion.—-In the DOP series, there is a moderate

(14) Reference 13, p. 255.
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Fig. 6.—Relaxation spectra of three 5% gels in the solvents
indicated.

Fig. 7— Retardation spectra of three gels in DOP at con-
centrations indicated. Dashed line is 10% gel in dimethyl-
thianthrene as in Fig. 5. Points top black, from bottom
black, from J".

Fig. 8.— Retardation spectra of three 5% gels in the solvents
indicated; points refer to G54.

increase in fo with polymer concentration, as would
be expected since there is an increasing contribu-
tion to frictional resistance from neighboring poly-
mer segments. The results, extrapolated to zero
concentration, correspond to a value of log pQ vRof
about —6.2. This is not far from the value cal-
culated from Stokes’ law on the basis of the radius
(r) of a sphere with volume equal to that of a mono-
mer unit: log & = —6.31. No attempt is made
at present to analyze the concentration dependence;
it is probably related to the concentration depend-
ence of effective local viscosity found in dynamic
measurements on dilute uncross-linked polymer
solutions.

Analysis of Relaxation Spectrum in Terms of
Contributions from Network and Free Ends.—The
pseudo-equilibrium shear modulus, Ge, is given in
Table 111 for each gel. If the average molecular
weight between cross-links, Me, is calculated by the
simple formula of rubber-like elasticity (Mc =

(15) R. B. DeMallie, Jr., M. H. Birnboim, J. E. Frederick, N. W.
Tschoegi, and J. D. Ferry, J. Phys. Chem®66, 536 (1962).
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log T at Z5C.

Fig. 9.— Analysis of relaxation spectrum of 5% gel in
DOP: curve 1, observed H; curve 2, contribution of net-
work, calculated as Hm = 0.23H (long dashes) and extra-
polated (short dashes); curve 3, contribution of free ends
obtained by difference.

Fig. 10.— Analysis of storage modulus of 5% gel in HOP:
curve 1, total observed G'\ curve 2, contribution of net-
work, from trifurcate branching formula of Blizard, fitted
to log Ge = 4.04 at low frequencies and G'm = 0.23G' at
high frequencies; curve 3, contribution of free ends obtained
by difference; cross F, origin of dimensionless plot of
Blizard free end theory matched to curve 3; cross N, origin
of dimensionless plot of Blizard trifurcate network theory
matched to curve 2.

cRT/Gc), meaninglessly large values are obtained
which for the 5% gel in DOP actually exceed the
polymer molecular weight. It is necessary to take
into account the free ends and the sol fraction, ws,
in the system by the formula®

(K= (1 -

W){CRT/Me{1 - 211IM) (3)

A rough estimate of the magnitude of ws can be
obtained from Flory’s treatmentX of post-gelation
statistics even though the cross-links in polyvinyl
chloride gels are not expected to have the tetra-
functionality on which his theory is based. For a
polymer initially homogeneous with respect to
molecular weight, the average number of cross-
linked units per initial molecule in the gelled system
is 7 = —In tty/(1 — wa); the average density of
cross-links in the gel fraction is higher than this by
a factor of 1 + ws. Accordingly, Mc can be esti-
mated as M/y (1 + ws). By combining these rela-
tions with eq. 3, we find for the 5% gel in DOP ws
= 0.12, ivm = 0.23, and W[ = 0.65. Here wm =
1 —wB (1 —2Me/M), the fraction of the network

(16) P. J. Flory, “Principles of Polymer Chemistry,” Cornell Uni-

versity Press, Ithaca, N. Y., 1953.
(17) P. J. Flory, J. Am. Chem Soc., 69, 30 (1947).
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contributing to the pseudo-equilibrium modulus,
and ws = 1 —ws —wm the fraction of the network
in free ends.

Since ws in this gel is small, and in the other gels
smaller still, it has been lumped together with wy in
the subsequent calculations, and Mc has been ob-
tained from eq. 3 with w3assumed zero. The results
are given in Table 11l. The proportion of polymer
in the network is relatively small for the dilute gels,
as expected.

Table 111

Weight Fraction of Polymer in Network (Uu>m) and

Average Molecular Weight between Cross-Links

Gel log ff0 Whn
5% DOP 4.04 0.23 38,000
7.5% DOP 4.63 .45 28,000
10% DOP 5.03 .60 20,000
5% G50 4.26 .34 33,000
5% G54 4.34 .38 31,000

As a first approximation, the closed network and
the free ends are associated each with its own relaxa-
tion spectrum, as described in an early treatment by
Blizard.B A crude attempt to separate them for
the 5% gel is shown in Fig. 9. Curve 1 represents
H, the experimentally determined total spectrum.
At short times, the individual spectra should be
identical in form and the magnitude of each pro-
portional to the weight fraction of the corresponding
component, since short-range configurational
motions are oblivious of cross-links or free ends.
Hence, at short times, Hm = wnH, and this is
drawn as curve 2 at the left in Fig. 9. At longer
times, on the other hand, the spectrum for the free
end component should vanish, while on the basis of
experience with cross-linked systems, the spectrum
for the network should persist so that at long times
H becomes equal to IIlm This feature provides a
plausible explanation for the inflection in Il and the
fact that its magnitude decreases with increasing
polymer concentration (Fig. 5). Curve 2 therefore
is extrapolated in the region of the inflection (short
dashes) to join the experimental curve for Il at
long times. The difference, H — IIm is plotted as
curve 3 and represents the contributions of free
ends.

For a quantitative analysis of the network con-
tributions, it is better to use the storage modulus,
since the theory of Blizard18predicts the frequency
dependence of the different contributions in the
form of continuous functions which serve to guide
the separation procedure. Equation 17 of reference
18 is based on a model in which each network strand
is linked to others through a series of trifurcate
branchings, and the mechanical impedance of a
single strand corresponds in molecular terms to the
normal-mode model of Rouse.® A numerical
evaluation of this equation has been madedon a
high-speed computer and expressed in terms of
dimensionless variables based on the Rouse theory,
in the manner described recently for linear mole-

(18) R. B. Blizard, J. Apg*'rxn , 22, 730 (1951).

(19) P. E. Rouse, Jr., J. , 21, 1272 (1953).

(20) S. E. Lovell, unpublished calculations. A table of values may
be obtained on request.
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cules.2l The results can be expressed in dimension-
less form

G'nMc/wneRT = G @)

where ti,, is the terminal relaxation time for the
viscoelastic contributions of the network.

In Fig. 10, curve 1 represents the observed total
G' for the 5% gel in DOP. At high frequencies,
G'mshould be simply wni' just as Hm = wnH at
short times. Curve 2 is drawn as wniG' above log
® = 4. The remainder of curve 2 is the theoretical
function, eq. 4, with its logarithmic scales adjusted
to match wnG' at high frequencies and the limiting
value of log Ge = 4.04 at low frequencies. The
cross N indicates the origin of the dimensionless
function, eq. 4; its abscissa is therefore —log nm
and its ordinate log wntRT/Mc.

Subtraction of G'm from G' at all frequencies
gives G'i, which is plotted logarithmically as curve
3 in Fig. 10. It conforms quite closely in shape to
the Blizard theory for free ends, calculated® from
eq. 16 of reference 18. The cross F denotes the ori-
gin of the dimensionless plot for free ends, corre-
sponding to eq. 4, matched to curve 3; its abscissa is
—log rls, the terminal relaxation time for the free
ends, and its ordinate is log WfcRT/Mi, where M f
is an effective molecular weight for the free ends.
A similar analysis of G" for the 5% DOP gel is
impractical because G" is dominated by the free
ends throughout the frequency range.

The ordinate of cross N corresponds of course to
Mc = 38,000 because it is determined by the value
of Ge, from which the latter value was calculated in
Table Il1l. The abscissa gives log rim = —3.67.
This may be compared with a value calculated on
the basis of the Rouse theory, nm= azZ Z jfo/tiir\cT.
Here a2is the mean sjquare chain length per mono-
mer unit, taken as 6 A., Z0is the degree of polymer-
ization between cross-links (= M J62.5), and

(21) S. E. Lovell and J. D. Ferry, J. Phys. Grem, 65, 2274 (1061).
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is taken from Table Il. The calculated value is
log n,n = —2.60. This is a rather large discrep-
ancy, but there is some uncertainty about the
numerical factor in the above expression applied to
networks and also a distribution of strand lengths
which the theory does not account for.

The ordinate of cross F corresponds to Mt =
210,000, which is much too large; it should be
similar in magnitude to Mc. However, a small
amount of sol fraction whose average molecular
weight must be above 100,000 because of aggrega-
tion has been lumped with this component. The
abscissa of the cross gives log m = —i1.65. If n
is calculated from the equation in the preceding
paragraph, with Zcreplaced by Zf (= mf/62.5), the
resultislog m = —2.11.

It is puzzling that ry is considerably larger than
Tim implying either that the free ends are longer
than the strands of the closed network or that they
participate in entanglement coupling. Better
knowledge of the gel network topology is needed
for clarification. It also should be pointed out that
there are small additional network contributions to
the relaxation spectrum beyond the nominal ter-
minal relaxation time rlm, which appear in Fig. 5, 6,
and 9 for log t> 0. Such contributions at very
long times are observed in all cross-linked networks
and are not yet explained by any theory.2 They
are not apparent in the storage modulus because
their contributions to G' are very small compared
with Ge-
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Introduction

The only common metallic oxides which have
the cuprite structure are Cud and Ag2.34 Al-
though possessing cubic symmetry, the cuprite
structure consists of atoms arrayed on two inter-
penetrating sublattices which are displaced from

(1) This work was supported by the U. S. Atomic Energy Commis-

sion.
(2) International Business Machines Corporation, Thomas J. Wat-

son Research Center, Yorktown Heights, New York.
(3) R. W. G. Wyckoff, . J. i, 9, 184 (1922).
(4) P. Niggli, Z Krist., 3/, 253 (1922).
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each other by aQ the edge length of the cubic unit
cell. Thus the atoms on one sublattice are situated
in the voids of the second, and the two interlaced
substructures are not connected by primary
chemical bonds. A second unusual feature is the
low degree of coordination. Each metal atom has
two nearest-neighbor oxygen atoms linearly ar-
ranged and each oxygen is surrounded tetra-
hedrally by four metal atoms.5

(5) R. W. G. Wyckoff, “Crystal Structures,”
Publishers, Inc., New York, N. Y.. 1948, Chapter IV.
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The symmetry of the crystal structures at room
temperature indicates that the mean positions of
the atoms on one sublattice are at the centers of
the “holes” in the second. It is conceivable,
however, that at low temperatures the vibrational
frequencies of the lattice may be diminished to
such an extent that the potential energy minima are
shifted slightly off center. Thus a slight distortion
of the crystal structure would produce a lowering
of the free energy. There are several instances of
this type of distortional behavior in ionic solids.6
The anomalous “hump” between 20 and 50°K. in
the heat capacity of unannealed Agd, first ob-
served by Pitzer and Smith,7 apparently is as-
sociated with some sort of structure alteration and
is a function of the size and perfection of the
crystals of AgD.89 The heat capacity of Cud has
been measured by Hu and JohnstonDfrom 14 to
300°K., and no anomalous behavior was observed
comparable to that of AgXd. The present re-
search was undertaken to extend the range of heat
capacity observations on Cud to lower tempera-
tures.

Experimental
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Results

The heat capacity of Cud was measured be-
tween 2.8 and 21°K. in two runs. First, the sam-
ple was cooled to 2.8° and measurements made to
21° (run 1). Because of apparatus difficulties, a
gap was left between 17 and 20°. The sample then
was cooled to 16° and more observations were
made (run 2). This served to cover the gap and
also to determine if there were any supercooling
effects detectable in the heat capacity; such effects
had been noticed in unannealed Ag2d.7 The data
are given in Table I. The uncertainty in a given
measurement is estimated as +2% below 20°K.

The measurements of Hu and Johnston at their
lowest temperatures are considerably higher than
that observed here. This may be due to the in-

(6) For a recent review, see J. D. Dunitz and L. H. Orgel, “ Ad-
vances in Inorganic Chemistry and Radio-Chemistry,” Vol. 11, edited
by H. J. Emelfus and A. G. Sharpe, Academic Press, New York, N. Y.,
1960, Chapter 1.

(7) K. S. Pitzer and W. V. Smith, J. Am. Chrem Soc., 69, 2633
(1937).

(B) L. V. Gregor and K. S. Pitzer, ibid, 84, 2664 (1962).

(9) R. E. Gerkin and K. S. Pitzer, ibid., 84, 2662 (1962).

(10) J. H. Hu and H. L. Johnston, ibid., 73, 4450 (1951).

(11) L. V. Gregor, Ph.D. Dissertation, University of California,
Berkeley, May, 1961.
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Table I
Molar Heat Capacity of CuO

C

cal.%gg. 1 cal. dgg._l

av, °K. mole -1 2sv, °R. mole"|
Run |

2.794 0.00451 8.718 0.1364
3.087 00595 9.269 1554
3.375 00922 9.811 1880
3.635 01102 10.385 2106
3.931 01363 11.019 2416
4107 01352 11.723 2910
4.406 01901 12.462 3330
4,662 02284 13.196 3921
4,943 026% 14.951 9432
5.313 03506 15.975 1070
b.671 04149 17.076 8305
6.384 05747 20.207 1476
6.760 06654 21.090 1611
1.138 07895 Run 2
7.496 08767 16.423 0.7648
71910 1049 17.793 0.9901
8.335 1173 19.081 1.1185

creasing uncertainty of their data below 20°K.
The two sets of data agree at 19°K.; the disagree-
ment above this point may be due tc the decreas-
ing sensitivity above 20° of the carbon resistance
thermometer used in the present measurements.
For this reason, no data were obtained above 21 °K.

The entropy of Cud, iISZRBi6 was determined by
Flu and Johnston from their heat capacity observa-
tions and a Debye extrapolation below 16°K.
Since the experimentally determined heat capacity
below 19° is less than that given by the Debye ap-
proximation, ¢1I° was re-evaluated by graphical
integration of Co/T vs. T from 2.8 to 19°I\., and
the previous observations of Hu and Johnston
above 19°K. were added to give a slightly revised
value of (SXBibfor Cud. The results are given in
Table 1I.

Table Il

Molar Entropy of Cud (s)

[lu and JohnstonIL

T, °K. £°, cal. deg."- nole
0-16 0.41 £ 0.04
16-19 0.17
19-298.15 21.80 =+ 0.03

298.15 22.44 + 0.07

This study
0-19 0.40 £ 0.02
19-298.15 21.86 + 0.03
298.15 22.26 + 0.05
Discussion

It has been established that unannealed Cud
has no anomalous heat capacity “hump,” at least
above 2.8°K., analogous to the region of high heat
capacity observed for unannealed Ag2 between 20
and 50°K. The Agd “hump” has been tentatively
attributed to a transition from a slightly distorted
low-temperature state to a more symmetric high-
temperature state, associated in some manner with
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the low degree of coordination and the absence of
primary chemical bonding between the inter-
penetrating substructures comprising the cuprite
lattice.8 This transition hypothesis also is en-
couraged by the observation of a high-pressure
transition in Ag2D between 4000 and 8000 kg./cm.2
at 30° by Bridgman.12 However, Cud showed no
such transition up to 12,000 kg./cm.2

High-temperature annealing of Ag-.O under
high 02 partial pressure has a considerable effect
on the heat capacity. The anomaly disappears,9
and there are other similarities to the heat capacity
of Cud. The variation of the Debye charac-
teristic temperatures to is given in Fig. 1. There
is a qualitative similarity and a resemblance, per-
haps fortuitous, to the ODvs. T curve calculated by
Blackman13 for a square two-dimensional lattice
with nearest and next-nearest neighbor interac-
tions. Also, there are short temperature intervals
over which the heat capacity increases approxi-
mately as T2for both substances, 4-8 °K. for Cud
and 2-7°K. for Agd.

Both AgD and Cu? are highly covalent, being
more stable by about 130 and 100 kcal./mole,
respectively (Born-Haber cycle), than calculated
on the basis of the observed interatomic distane s
and simple ionic bonding.4 Cu? appears to be
slightly more ionic than Ag2, which may account
for its greater thermal stability. On this basis
alone, it would be expected that Cud would have
a greater tendency to achieve a higher effective de-
gree of coordination by a structure alteration.
This is not observed, an indication that the phenom-
enon in unannealed Agd is not a simple second-
order structure change. Both compounds are
semiconductors, Cud being well known as p-type,
indicating a slight deficiency of Cu. However,
AgdD is undoubtedly n-type, for it has a slight ex-
cess of Ag. The excess Ag atoms probably are ac-
commodated interstitially, with consequent local-
ized disturbance of the regularity of the crystal
structure. It is possible that the presence of inter-

(12) P. W. Bridgman, Ree. trav. chim, 51, 827 (1932).
(13) N. Blackman, Proc. Roy. Soc. (London), Al49, 117 (1937).
(14) J. Sherman, Crem Rev,, 11, 93 (1932).
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"SONT cufve s Schematic Wil &rpi rary A T axs.
stitial Ag atoms is responsible for the occurrence of
the structure change responsible for the heat
capacity anomaly in unannealed Agd. If so,
then Cu® would not undergo a similar change
readily since its characteristic defects are lattice
vacancies, rather than interstitial atoms. The
behavior of highly annealed Ag2 then is explained
by the removal of structural defects and the decrease
in the number of excess interstitial Ag atoms during

the annealing process.

From these considerations, it appears that the
cuprite lattice itself is not primarily responsible
for the transition in Ag2, though it probably is
conducive to the transition. Further elucidation
of the role of this structure in the lattice heat
capacity might be obtained by investigation of
lead suboxide, Pb2, which is reported to have the
cuprite structure, a0 = 5.38 A.6 The relative in-
stability and greater interatomic distances might
lead to an anomalously high heat capacity in un-
annealed Pb2; if annealing is possible without
decomposition, annealed Pb2D might be expected
to have a T2 heat capacity dependence and a
variation in ODsimilar to AgD and Cud.

Acknowledgment.—The author is indebted to
Professor K. S. Pitzer for valuable discussions and
encouragement.
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Introduction

Organic sulfur compounds are of considerable
interest in petroleum technology. The electron
impact study of such molecules can provide
significant information concerning these sulfur
compounds and their gaseous ions. Gallegos and
Kiser23 recently have reported ionization poten-
tials and heats of formation for a number of ions
formed from various saturated heterocyclic sulfur
compounds. The ionization potentials for a few
of the straight-chain sulfides and disulfides have
been reported, but no detailed investigation of the
appearance potentials and heats of formation of
the various ionic products of the ionization and
dissociation process has been made. We have,
therefore, initiated a program to study a number
of the sulfur compounds by electron impact meth-
ods.

In this paper we report information obtained in
a study of three sulfur-containing molecules; 2-
thiabutane, 2-thiapentane, and 2,3-dithiabutane.
We have determined mass spectral cracking pat-
terns for these compounds and find good agreement
with the data reported in the API tables.4 (Serial
numbers 473, 476, 496, 498, 588, and 913.) lon-
zation and appearance potential data were de-
termined for the principal ions formed from these
three sulfur compounds. The measured ionization
potentials are compared to those calculated using
a group orbital treatment and interaction param-
eters previously given.3 From the experimental
data, the proton affinities of hydrogen sulfide and
methanethiol are calculated.
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(1) This work was supported by the U. S. Atomic Energy Commis-
sion under contract No. AT(11-1)-751 with Kansas State University.
A portion of a dissertation to be presented by B. G. Hobrock to the
Graduate School of Kansas State University in partial fulfillment of
requirements for the degree of Doctor of Philosophy; presented at the
141st National Meeting of the American Chemical Society, Wash-
ington, D C., March 20-29, 1962.

2 E.J Gallegos and R. W. Kiser, J. Phys. Chem65 1177 (1961).

(3) E. J. Gallegos and R. W. Kiser, ibid., 66, 136 (1962)

(4) “Mass Spectral Data,” American Petroleum Institute Research
Project 44, National Bureau of Standards, Washington, D. C.

(5) E. J. Gallegos and R. W. Kiser, J. Am. Chem Scc,, 83 773
(1961).

Gas-liquid partition chromatographic analysis_of 2-thia-
butane and 2,3-dithiabutane revealed no impurities. The
analysis of 2-thiapentane revealed approximately 2 mole
% impurity of higher molecular weight. It is believed
that this small impurity affected neither the mass spectral
cracking pattern determinations nor the appearance poten-
tial measurements.

Mass spectra were obtained at nominal electron energies
of 70 e.v. The voltage scale in the determination ~of
ionization and appearance potentials was calibrated using
xenon mixed intimately with the compound under investi-
gation. The extrapolated voltage difference method8
was used for determining appearance potentials. loniza-
tion potentials also were determined using the technique
of Lossing, Tickner, and Bryce,7 and were checked by
means of the energy compensation method.6

Results

The mass spectral cracking patterns and ap-
pearance potential data for the three compounds
investigated are given in Tables I-+1l. The rela-
tive abundance of the principal ions formed at
70 ew. is given in column 2. The measured
appearance potentials are summarized in column 3
and the probable processes for the formation of the
ions are given in column 4. The heats of forma-
tion consistent with the proposed processes for the
various ions are given in the last column.

The heats of formation of the sulfur-containing
molecules were determined by the U. S. Bureau
of Mines workers and were employed consistently
in all of the thermochemical calculations. The
heats of formation for 2-thiabutane,9 2-thiapen-
tane, and 2,3-dithiabutanell are —14.22, —
19.51, and —5.75 kcal./mole, respectively. The
heats of formation of various radicals involved in
the dissociation processes were taken from those
summarized by Gallegos.12

Discussion

lonization Potentials.—The ionization poten-
tials determined for the three molecules investigated
are shown in Table IV, where a comparison with
other experimental results and calculations using

(6) J. W. Warren, Nature, 165, 811 (1950).

(7) F. P. Lossing, A. W. Tickner, and W. A. Bryce, J. Chem. Phys
19, 1254 (1951).

(8) E. J. Gallegos and R. W. Kiser, J. Phys. Chem., 66, 947 (A}é%i

(9) W. N. Hubbard and G. Waddington, Rec. trav. chim., 910
(1954).

(10) W. N. Hubbard, W. D. Good, and G. Waddington, J. Phys.
Chem., 62, 614 (1958).

(11) W. N. Hubbard, D. R. Douslin, J. P. McCullough, D. W. Scott,
S. S. Todd, J. F. Messerly, 1. A. Hossenlopp, A. George, and G.
Waddington, ,/. Am. Chem. Soc., 80, 3547 (1958).

(12) E. J. Gallegos, “Mass Spectrometric Investigation of Satu-
rated Heterocyelics,” Doctoral Dissertation, Kansas State University,
Manhattan, Kansas, January, 1962.
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Table |

M ass Spectrum and Appearance Potentials of the Principal lons of 2-T hiabutane

Relative Appearance

mle abundance potential (tl.V)) Process kcal./mole

15 7.8 176 + 0.5 CHE -*CH3+(?)

26 9.7 178+ 5 ch2++ ch3+ sh + h2 332
-* CH2+ + CH3+ HB + H 315

27 42.4 16.0 + .4 — ch3+ chd + h2 316

29 21.9 141+ .2 — ch5+ ch3+ s 225

34 35

35 16.4 151 + .2 HsS+ + CH2+ CH, + H 160

4 5.8

44 4.2

45 24.4 159 + .4 — CHS+ + CH4+ H + H2 287

46 11.6 136+ .3 — CHX++ CH5+ H 225

47 36.5 147 + .2 — ch3++ ch3+ ch2 226

48 55.6 1.8+ 2 — CH&+ + CH2+ H» 204

49 5.8 120+ 3 — CHS+ + CH2+ H 157

57 2.6

58 4.8

59 6.7 134+ 4 — CAST4 OH3+ 112 262
=+ 0H3B]l £ cHE4-H 260

60 3.1

61 100.0 1.8+ 2 CAS + 4 CH3 225

62 4.0

63 4.4

75 3.8

76 58.4 8.70 + 0.10 -+ CHs+ 186

77 3.6

78 25

Tabte Il

M ass Spectrum and Appearance Potentials of the Principal lons of 2-Tiiiapentane

Relative Appearance Ailf+

m/e abundance potential (e.v.) Process kcal./mole

15 8.8 16.6 £ 0.5 CH, 8 CHs+4 (?)

26 3.3

27 34.7 158 + 4 — C.It3+ 4- CH44- HS 4- H 285

29 7.0 153+ 5 — CHb+ + CH24 HS 4- H 233
— CH6++ CH3+ SCHi 235

35 10.5 156 + .3 >aH®B+ 4 CH, 4 c3sd H 174,

39 17.9 184+ 5 — CalI3+ 4- CHX 4- H 4- 2H2 277

40 3.3

1 36.6 14.8 + 2 -* CHS5+ 4- CH24- SH 4- H» (?) 223

42 13.5 125+ 4 -* C3l6+ 4- CH4+ S 234

43 27.0 123+ 4 — CH ,+ 4- CH3S 226

45 22.2 152 + 4 — CHS+4- CH6+ HA4H: 274

46 10.2 141 + .3 — CHX+ 4- CH54- H 4- H2 222
— CHXI+ 4- CH3+ CH5 252

47 21.7 140 £+ .2 — CH3X+ 4- CH64- CH2 214

48 45.5 11.3 + .2 CH4s+ 4- CH24- CH4 205

49 23.7 11.0+ .2 — CHIS+ 4- CH24- CII3 147

58 4.1

59 3.4

61 100.0 119 + 2 -* CAS + 4- CH6 233

62 8.7

63 4.7

75 12.0 11.7 + .2 CH,S+ 4- CH3 219

89 1.1

90 47.7 8.8 + .15 CHIB+ 184

91 3.3

92 2.3

the group orbital method13 is made. It is seen thiabutane is in good agreement with the other
that the ionization potential we determined for 2- result reported in the literature and with the cal-
03) j. I.Franklin, j . chem. Phys., 22, 1304 (1954). culated value. The ionization potential for 2-
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Table Il

M ass Spectrum and Appearance Potentials of the

Principal lons of 2,3-Dithiabutane

Rela-
tive  Appearance AHf+,
abund-  potential kcal./
m/e ance (e.v) Process mole
15 14.0 15.7 £ 0.3 CrHsSj— CH,+(?)
44 3.5
45 58.6 155 + 3 > CHS+ + CHS + H 299
46 395 122 & ,2 > CH2S+ + CH, + S 240
47 274 130 = .4 CHaS+ + CHIiS 255
48 148 115+ .2 — CH.S+ + CS + H2 205
49 53 119+ .2 — CHIS++ CS + H 175
61 16.7 109 + .2 — C2H55+ + SH 213
64 9.6 154+ 3 — S2+ + 2CH. 285
78 3.1
79 543 121+ .2 — CHaS,+ + CHi 240
80 2.6
8l 4.9
93 1.9
94 1000 91 + .2 — CHSsSSCIIi + 204
95 5.6
96 9.3
thiapentane agrees with the calculated value. No

previous experimental determination of the ioni-
zation potential of 2-thiapentane has been made.
Our value of 9.1 + 0.2 e.v. for the ionization
potential of 2,3-dithiabutane does not agree very-
well with the experimental result of 8.46 e.v.
determined by the photoionization method.}4
Using Watanabe’s value of 8.46 e.v., we calculate
an S-S interaction parameter of 1.14 e.v., and
using this, we further calculate an ionization po-
tential of 8.36 e.v. for 3,4-dithiahexane. This
calculated value agrees with the 8.27 e.v. reported
by Watanabe.1l4 (We note that d(S-S) = 1.32
if 8.27 e.v. for 3,4-dithiahexane is used to evaluate

Table IV

Molecular lonization Potentials of Some Sulfur

Compounds

—--—- lonization potential (e.v.)— ]
Molecule Caled. Measd.

b 1.55¢

¢ 1.99'

d 1.14

€ 13.31a

f 10.46e
CH3SH (9.44) 9.44a
chi-s-ciizchs S.65 S.55Ff 8 VvV
chis-chi-chichs 8.64 8.80e
chi-s-s-ch3 (8.46) 8.46a 8.53r 9.
chisciiz-s-s-chiciis 8.36 8.27a

0 These parameters are given by Franklin.3 b See ref. 2.

Watanabe, J. Chem. Phys., 26, 542 (1957). ~See ref. 14. e Data
reported in this work. ” See ref. 15.
d; this leads to /(2,3-dithiabutane) = 8.34 e.v.)

Since the electron impact ionization potentials
correspond to vertical transitions according to the
Franck-Condon principle, it would be better to
compare our results to values determined by others
using mass spectrometric methods. A value of
8.53 e.v. for the ionization potential of 2,3-dithia-
butane has been reported by Varsel, et al,,Busing

(14) K. Watanabe, T. Nakayama, and J. Mottl, “Final Report on
lonization Potentials of Molecules by a Photoionization Method,”
December, 1959. Department of Army #5B99-01-004 ORD-#TB2-
001-00R-#1624. Contract No. DA-04-200-ORD 480 and 737.
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the electron impact method with argon as the
calibrant gas. We could not, however, obtain a
value lower than 8.9 e.v. for the ionization potential
in any determination. We do not have an explan-
ation for this apparent discrepancy.

m/e = 15—In each of the three molecules
studied, the m/e = 15 ion is Cli3+. We have
determined and reported in Tables I+l the ap-
pearance potentials of the m/e = 15ion in each case,
but we are not able to arrive at a singular process
for their formation since energetic considerations
indicate that a number of processes may contribute.

m/e = 26.—From 2-thiabutane, the only ion of
m/e = 26 that could be formed is CH2+ and we
find that two processes could be involved in its
formation. The processes are those shown in
Table I. The first involves the formation of the
neutral fragments CH3+ SH + H2and thus AZ/f+-
(CH2 = 332 kcal/mole. The second process
provides for the formation of CH3 -~ HS + H
and has A/[f+(CH2 = 315 kcal./mole. Both
are in fair agreement with the value of 317 kcal./
mole given by Field and Franklin®D and it is not
possible to differentiate between the two processes.

m/e = 27.—The ion of m/e = 27 is CH3+ and is
believed to be accompanied from 2-thiabutane by
the neutral fragments CH3S + H2 The heat of
formation of this ion for this process is 316 kcal./
mole. This is high in comparison to the literature
value of 280 kcal./mole,6but it is the most reason-
able process for the formation of this ion from 2-
thiabutane, as is shown by the energetics.

From 2-thiapentane, this ion is observed with
the accompanying formation of CH4+ HZXS + H,
according to the energetics. A/[f+(CH3 = 285
kcal./mole is calculated. This agrees with the
value determined for this ion from 2-thiabutane.

m/e = 29.—The formation of CHs+ from 2-
thiabutane appears to occur by the process shown
in Table I. The heat of formation of this ion ac-
cording to the proposed process is 225 kcal./mole.
This is in good agreement with the literature value
of 224 kcal./mole. B

In the study of 2-thiapentanc, the energetics
indicate two equally plausible processes for the
formation of the m/e = 29 ion. These are shown
in Table Il. Another possible process would be
CJIB C216+ + CH2 + CH3X. Considering
the uncertainty assigned to the determined ap-
pearance potential, the average A//+(CZTi§ =
234 kcal./mole, calculated, is in good agreement
with the literaturel6and the value determined from
2-thiabutane.

m/e = 35.—The ion of m/e = 35 can only be
H3+, analogous to H3 +, and must be formed as
a result of rearrangement. The neutral fragments
formed from 2-thiabutane are believed to be CH2+
CH2 + H,; therefore Af/f+(HX) = 160 kcal./
mole.

From the 2-thiapentane study, the appearance
potential of 15.6 * 0.3 e.v. for this ion leads to
AiZf+(H3S) = 174 kcal./mole if the neutral frag-

(15) C. J. Varsel, F. A. Morrell, F. E. Resnik, and W. A. Powell,
Anal. , 32, 182 (1960).

(16) F. H. Field and J. L. Franklin, “Electron Impact Phenomena

and the Properties of Gaseous lons,” Academic Press, Inc., New York,
N. Y., 1957.
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ments are CH2 + C3H4+ H. The results are in
reasonably good agreement; an experimental heat
of formation of this ion has not been reported
previously. The ionization efficiency curves for
this ion from both molecules were found to resemble
closely an ionization efficiency curve for a parent
molecule-ion, each having a small “foot.” The
average Al7f+(H3) is 167 kcal./mole. This leads
to a proton affinity of HZ of 195 + 7 kcal./mole,
using Aiif+(H) = 367 kcal./mole and A77f(HX) =
—4.8 kcal./mole. Lampe and Field1718 have
studied the reaction of the HXS + ion with both HZ=S
and CH4 to form H3XE+. Assuming that these
reactions have a zero heat of reaction, one calcu-
lates the heat of formation of HsS+ to be equal to
or less than 186 kcal./mole. This substantiates
our average value of 167 kcal./mole. Lampe and
Field also give an approximate value of >175
kcal./mole for the proton affinity of HX. This
tends to substantiate our value of 195 + 7 kcal./
mole. The determination of a more accurate value
from additional data is presently underway in our
Laboratories, and hopefully will lead to a reliable
proton affinity for hydrogen sulfide.

m/e = 39.—The C3 3+ ion was observed in suf-
ficient quantity to allow an appearance potential
determination only in the 2-thiapentane spectrum.
Energetic considerations lead to a choice of CHZXS
+ H + 2H2as neutral fragments, and therefore
we calculate a value of Alif+(CsH3 = 277 kcal./
mole, in reasonable agreement with other determi-
nations.13

m/e = 41.—CH 6+ also was observed only in the
2-thiapentane spectrum in quantities sufficient for
appearance potential measurements. The process
given in Table Il is considered reasonable, leading
to A/l,-"(CsHs) = 223 kcal./mole; however, an-
other process which is possible is the formation
of this ion accompanied by CS + 2H2 + H as
the neutral fragments, leading to A/if+(C3H§Y =
217 kcal./mole.

m/e = 42 —The spectrum of 2-thiapentane in
the region of m/e = 40 indicates that the m/e =
42 ijon is due to CHG6+. Assuming the neutral
fragments to be CEL + S, A//f+(CEb) = 234
kcal./mole, in agreement with the literature.’6
Although the processes involving neutral fragments
of CHX + H and CHZXS + H2seemed more
reasonable, energetic considerations cause us to elim-
inate them as probable processes.

m/e = 43.—Taking CHS as the singular neutral
fragment involved in the formation of C3H7+ from
2-thiapentane, a AHf+(C3H7 = 226 kcal./mole is
calculated. Although this value is higher than
the “best value” of 190 kcal./mole listed by Field
and Franklin,®6better agreement is obtained if the
error assigned to the appearance potential is con-
sidered.

m/e = 45—If the formation of CHS+ from
2-thiabutane is accompanied by the neutral frag-
ments CH4+ H + H2 A/Yf+(CIIft) is calculated
to be 287 kcal./mole, in fair agreement with the
heat of formation for this ion obtained by Gallegos

(17) F. W. Lampe and F. Il. Field, J. Am G®M Soc., 79, 4244

(1957). -
(18) F. W. Lampe and F. H. Field, ibid, 80, 5583 (1958).
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and Kiser2 from various sulfur-containing hetero-
cyclics. Afff+(CHS) = 299 and 274 kcal./mole
are calculated from the studies of 2,3-dithiabutane
and 2-thiapentane, respectively, as shown in
Tables Il and I11.

m/e = 46.—This ion is CHZ+ and is believed to
be formed by the processes indicated in Tables
1— IIl. We calculate A/7f+(CHZX) = 222-241
kcal./mole, about the same as values given by
Gallegos and Kiser.2 However, the energetics
eliminate other processes, although the formation
of accompanying neutral fragments of CII3 +
CH5from 2-thiapentane is considered possible.

m/e = 47.—Heats of formation of 226 and 214
kcal./mole are determined for CH3X+ from the ap-
pearance potentials of 2-thiabutane and 2-thiapen-
tane, respectively, employing the processes given
in Tables | and Il. These results are in near
agreement with those reported by Franklin and
Lumpkin.® However, the value of AHf+(CH3)
determined from 2,3-dithiabutane is 255 kcal./
mole, and essentially reflects a difference of 1.6
e.v. in the appearance potentials for the same ion
and process reported by us and by Franklin and
Lumpkin. Using the average AHf+(CH3) =
220 kcal./mole and AHf(CH3) = 35 kcal./mole
(essentially the same value obtained by Franklin
and Lumpkin) we calculate that the appearance
potential of CH3+ from 2,3-dithiabutane would be
Il. 3 ewv., in agreement with that reported by
Franklin and Lumpkin.9 We can offer no explan-
ation for our apparent failure to determine cor-
rectly the appearance potential for CH3+ from 2,3-
dithiabutane.

m/e = 48.—A value of 204 kcal./mole is calcu-
lated for Ai/f+(CH4) assuming that CH2 + H2
are formed as the neutral fragment from 2-thia-
butane. A//f+(CH4) = 205 kcal./mole is cal-
culated if the neutral fragment of the dissociation
in the case of 2-thiapentane is CH2+ CH4 Both
of these values are only slightly lower than the
value of 212 kcal./mole calculated from J(CH3H)
= 9440 ewv.4 and AHf+(CH3XSH) = —556
kcal./mole.®d AHf+(CH4) = 190 kcal./mole
was determined in the 2,3-dithiabutane study.
It is apparent from energetic considerations that
the process in the latter case must be written
asCH4&++ CS+ H2

m/e = 49.—The heat of formation of the very
interesting ion CH6+ has not been reported pre-
viously. We calculate from the 2-thiabutane study
a AHf+(CHe) = 157 kcal./mole, taking the neu-
tral fragments to be CH2+ H.

Assuming that a similar process occurs in each
of the other two molecules studied, the neutral
fragments CH2 + CFI3and CS + 1l should be
formed in the dissociation processes in the cases of
2- thiapentane and 2,3-dithiabutane, respectively.
These are the processes shown in Tables Il and
I1l. From the appearance potentials, A//f+-
(CH®) = 147, 157, and 175 kcal./mole. The in-
ternal agreement is fairly good. We shall take
AFf+(CH®) = 160 + 10 kcal./mole. From this

(19) J. L. Franklin and H. E. Lumpkin, ibid., 74, 1023 (1952).
(20) J. P. McCullough and W. D. Good, J. Phys. Chem., 65, 1430
(1961).
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result, and using ARf+(H) = 367 kcal./mole and
Afff+(CHEBH) = —5.56 kcal./mole, we calculate
the proton affinity of methanethiol to be —201
kcal./mole.

m/e = 59.—This ion, which is CH3®E+, is rather
small in the mass spectrum of 2-thiabutane and
is believed to be formed by the processes shown
in Table 1. The two processes are thought to
have about equal probability. They lead to
Afff+(CHIFB) = 262 and 260 kcal./mole, with the
accompanying formation of the neutral fragments
CH3+ H2and CH4+ H, respectively.

m/e = 61l—A#f +({CHSD) = 225 and 233 kcal./
mole, as determined from the appearance potentials
of m/e = 61 from 2-thiabutane and 2-thiapentane,
respectively. (See Tables I and Il for the processes
involved.) These results agree fairly well with
the value of 213 kcal./mole listed by Field and
Franklin.®6 The Ai7f+(CH®E&) = 213 kcal./mole
determined from the appearance potential of m/e =
61 from 2,3-dithiabutane is in excellent agreement.
The process shown in Table I11 is the only one pos-
sible for this ion, based on the observed energetics,
and this process involves a somewhat unusual rear-
rangement. It would be of special interest to
study the analogous ions in other alkyl disulfides.

m/e = 64.—The appearance potential of m/e =
64 from 2,3-dithiabutane leads to a Ai7f+(S9 =
285 kcal./mole. The neutral fragments are two
methyl groups. This result for ARf+(S2 is in
agreement within the experimental error with a
value of Ai/;+(S3 = 279 kcal./molel¥ determined
directly from the ionization potential of S2g).2

(21) 11. D. Smyth and J. P. Blewett, Phys. Rev,, 46, 276 (1934).
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Our result leads to an ionization potential of S2
equal to 11.0 £+ 0.2 e.v., which agrees with 10.8
+ 0.3 e.v. reported by Blanchard and LeGoff.2

m/e = 75.—The CH 7S+ ion originates by cleav-
age of the CH3S bond in C4H1B+. The appear-
ance potential of this ion, given in Table Il, leads
to Afff+(CHTS) = 219 kcal./mole.

m/e = 76.—This is the 2-thiabutane parent
molecule-ion, CHE+. Using the heat of forma-
tion of the gaseous molecule and the observed
ionization potential, a value of 186 kcal./mole is
calculated for the heat of formation of this ion.

m/e = 79.— CHSsS2+ originates by ionization and
a subsequent S-CH3bond cleavage in 2,3-dithia-
butane. The appearance potential of 12.1 + 0.2
e.v. gives AFf+(CHXE2) = 240 kcal./mole. From
an estimated AHT(CHZS2 = 21 kcal./mole, we
calculate the ionization potential of CH32 to be
95 = 0.3e.v.

m/e = 90.—This ion was observed only in
thiapentane and is the parent molecule-ion. From
the ionization potential of 8.80 + 0.15 e.v., we
calculate AfliE+(C41%kS) = 184 kcal./mole.

m/e = 94.—From our studies, the ionization
potential of 2,3-dithiabutane is 9.1 e.v. This
gives Ai/f+(CHEB2) = 204 kcal./mole. If the

value of 8.46 e.v.M4 is taken for the ionization po-
tential, Afff+(CH&2 = 189 kcal./mole.
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Appearance potentials and relative abundances are reported for the principal positive ions in the mass spectra of 3,4-

epoxy-1-butene, |,2-epoxy-3-methoxypropane, epichlorohydrin, and epibromohvdrin.
processes are given consistent with computed energetics from the electron impact data.

lated for the various ions as derived from the energetics.

Probable ionizaticn and dissociation
The heats of formation are tabu-

Molecular ionization potentials are calculated using the group

orbital method and the results are used to calculate heats of formation for some of the parent molecule-ions.

Introduction

We have determined the mass spectral cracking
patterns and the appearance potentials of the prin-
cipal ions from 3,4-epoxy-l-butene, [,2-epoxy-3-
methoxypropane, epichlorohydrin, and epibromo-
hydrin. The results for these derivatives of ethyl-
ene oxide are compared to information reported for
various oxacycloalkanes23in the literature in an

(1) This work was supported by the TJ S. Atomic Energy Com-
mission under Contract No. AT(11-1)-751 with Kansas State Univer-
sity. It is taken in part from a thesis submitted by Y. Wada to the
Graduate School of Kansas State University in partial fulfililment of the
requirements for the M.S. degree, January, 1962.

(2) E. J. Gallegos and R. W. Kiser, J. Am Chem Soc., 83, 773
(1961).

(3) E. J. Gallegos and R. W, Kiser, J. Phys. Chem, 66, 136 (1962)»

attempt to determine the fragmentation processes
occurring at electron energies at or slightly above
the appearance potentials.

Experimental

The mass spectra and the appearance potentials of positive
ions reported here were obtained using a time-of-flight mass
spectrometer. The instrumentation has been described.2-%6
Mass spectra were determined at nominal electron energies
of 70 e.v. Appearance potentials were determined from the
ionization efficiency curves using the technique of extrapo-
lated differences described by Warren8and the critical slope
method given by Honig.6 Krypton or xenon, mixed with
the compounds being investigated, was used to calibrate

(4) E. Gallegos and R. W. Kiser, ibid., 65, 1177 (1961):
(5) J. W. Warren, Nature, 165, 811 (1960).
(6) R; E. Honig, J. Chemy Phys.; 16; 105 (1948);
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the ionizing voltage scale. Known spectroscopic values
for the ionization potential of krypton and xenon were used
for calibration.7

3,4-Epoxy-l-butene was obtained from Matheson Cole-
man and Bell. No significant impurities were noted either
in the mass spectrum or during gas chromatographic analy-
ses. Similarly, the |,2-epoxy-3-methoxypropane, obtained
from K & K Laboratories, showed no significant impurities.

Epichlorohydrin and epibromohvdrin were obtained from
Eastman Organic Chemicals. The mass spectra and gas
chromatographic analyses showed no gross amounts of
impurities using a Fisher-Gulf model 150 partitioner;
consequently, the compounds were used as received.

Results

The results of the determinations of the mass
spectral cracking patterns and appearance poten-
tials of various ions from 3,4-epoxybutene-l,l,2-
epoxy-3-methoxypropane, epichlorohydrin, and epi-
bromohydrin are summarized in Tables | to IV.
In the first two columns are given the principal
ions formed by 70 v. electrons from each compound
and their relative abundances. In the next two
columns are listed the appearance potentials and
the probable processes by which the various ions
were formed, consistent with measured and ex-
trapolated energetics. The calculated heats of
formation of the ions are given in the last column.

In the thermochemical calculations, NBS8values
of the heats of formation for various molecules
and radicals were used where available. The
value of AI7f(CH50CI)(g) = —27 kcal./mole
employed was evaluated from the reported9 heat
of combustion at 20° for the liquid compound,
423.0 0.1 kcal./mole, determined with a moving
bomb calorimeter (to give HC1-600HXD in an
excess of water); this agrees satisfactorily with an
estimated value of —22 kcal./mole calculated by
the method of Franklin.0 The values of A/Z/Ch
HBOBr)(g) = -6 kcal./mole, AZf(CHI 2(g) =
—43 kcal./mole, and AiZf(CH®)(g) = 10 kcal./
mole were evaluated by the method of Franklin.10
Other heats of formation employed are: CZH3
64 kcal./molell; C3H2 87 kcal./molell; and
CHI, —11 kcal./mole.2

Discussion

Mass Spectra—The 70 e.v. mass spectra of these
compounds are shown in Fig. 1. Each of these
compounds has three dominant groups in its mass
spectrum. The mass spectrum of epichlorohydrin
is quite similar to that of epibromohydrin. In
these two halogen-containing compounds, the
most abundant specie is formed by the removal of
the halogen from the parent molecule and cleavage
of the oxacyclic group. However, in the mass
spectra of the 3,4-epoxy-l-butene the dominant
ionic species are formed by breaking the oxacyclic

(7) C. E. Moore, “Atomic Energy Levels,” Natl. Bur. Std. Circ. 467,
Vol. 111, 1958.

(8) F. D. Rossini, D. D. Wagman, W. H. Evans, S. Levine, and I.
Jaffe, "Selected Values of Chemical Thermodynamic Properties,”
Natl. Bur. of Std. Circ. 500, U. S. Govt. Printing Office, Washington,
D. C., 1952.

(9 L. Bjellerup and L. Smith, Kgl. Fysiograf. Salkkap. Lund,
Fork,, 24, 21 (1954).

(10) J. L. Franklin, Ind. Eng. Chem, 41, 1070 (1949).

(11) F. H. Field and .T. L* Franklin, “Electron Impact Phenomena
and the Properties of G&seotls lotis,” Academic Press, Inc., New
York, NFY., 1957.

(12) P; Gray and A. Williatnsj Chem Rev-, 59, 239 (1959).
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Fig. 1.—Mass spectral cracking patterns of some substituted

Fig. 2— lon abundance as a function of the electron energy
for some substituted oxiranes.

group and by cleavage of the vinyl group from the
molecule.

In both epichloro- and epibromohydrin, the ion
abundances of the species formed by the removal
of the halogen atom are large and the parent ion
abundances are very small. However, 3,4-epoxy-
I-butene has a significant parent-molecule-ion
peak. These data suggest that in the case of
epichlorohydrin and epibromohydrin, the halogen
atom is removed first and then the oxacyclic
group is dissociated. The greater relative abun-
dance of m/e — 57 in the epibromohydrin mass
spectrum compared to that in the epichlorohydrin
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Table |
Appearance Potentials and Heats op Formation of the Principal lons of 3,4-Epoxy-1-butene
Relative Appearance potential Allf+
mle abundance (e.v.) Process (kcal./mole)
26 5.2 13.8 + 0.3 CJToO CA12+ + CH2+ HD 332
27 14.1 12.6 + .3 — CH3++ CHD 293
28 11.4
29 12.4 12.9 + CHO+ + CH4+ H 210
31 5.8 13.3+ 5 CHY+ + cH2+ H 178
38 10.4 158+ .5 —ch2++ chd + h2 402
— CH2++ CHO + H2+ H 325
39 100.0 135+ 3 CH3++ co + h2+ h 297
— CH3++ CHD + H 297
40 39.0 1.3+ .3 — CHA + co+ n2 298
—ch,++ chd 298
41 32.4 1.1+ .2 — CHs++ CO+ H 241
42 74.1 9.8+ .4 —chd++ chidd 224
43 6.2 105+ .2 *chd++ ch3 188
70 19.6 9.7+ 3 — CHo+ 234
Table Il
Appearance Potentials and Heats of Formation of the Principal lons of 1,2-Epoxy-3-methoxypropane
Relative Appearance potential A+
nk abundance (e.v.) Process (kcal./mole)
14 9.5 213 + 0.5 C,H®2-* CH*+ CH® + CHO + 2H 339
15 55.0 16.0 + .3 CH3++ CHD + CHO + H 269
26 9.3 16.2 + .3 — CH2+ + CHO + CH®O + H2 323
27 34.9 163+ .2 -* CH3+ + 2CHO + H2+ H 287
CH3++ CHD + CHO + H 274
28 30.7 135 + .2 — CH4+ + CHO + CHD 261
— CH4++ 2CHO + H2 274
CO+ + CH4+ CHIOH 305
CO+ + CHD + cnhd 299
29 58.2 14.4 + 2 — CHO+ + CH2+ CHD + H+ H 211
30 10.1 109 £+ 2 — chd++ chd+ chd 224
31 30.4 13.9 + 4 CHY+ + CH2+ CHD + H 199
39 7.3 15.9 + .4 C3H3++ CHO + OH + H2+ H 264
CH3++ CHO + O+ 2H2 267
41 6.6 13.0 + .3 CHO++ CH3+ CHD + H» (?) 252
42 8.3 123 + .3 — CHD+ + CH34- CHD 198
-> CHD + + CHS+ CHO + H2 211
43 33.4 13.1 £+ .2 CHD+ + CH3+ CHO + H 177
CHD+ + CH2+ CHID 181
45 100.0 12.1 + .15 -* CH@®+ + CHO + CH2 170
57 19.9 1.2+ . —chh++ cHD 205
58 42.9 102 £ .2 —chB++ cho 220
88 2.2 — ch &+
Table Il
Appearance Potentials and Heats of Formation of the Principal lons of Epichlorohydrin
Relative Appearance potential A+
me abundance (e.v.) Process (kcai./mole)
14 15.2 216+ 05 CHICI -* ch2++ CO + CH2+ H + Cl 350
15 24.9 146 + 5 “mCH3++ CO + CH2+ ClI 241
26 30.2 166 + 1 — CH2++ CIRO+ H + Cl 303
27 100.0 14.0 + 4 CH3++ CH,0 + Cl 295
28 52.1 136 + 4 -* CH4+ + CHO + clI 259
29 68.3 120+ 5 — CHO+ + CH4+ cl 208
— cHo+ + cH4l 226
31 43.0 13.4 = 2 — chd++ CH2+ cl 199
42 10.3 121 + . chb++ ch3+ Cl 101
49 22.8 125 + 1 — CHoCl++ CO + CH3 256
— CHoCl+ + CHD 226
57 79.7 11.4 + .3 Achh++ cl 207
92 0.4 — CsH,0OCl +

94 0.2 — cHDBC1+
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Table IV
Appearance Potentials and Heats op Formation op the Principal lons op Epibromoiiydrin
Relative Appearance potential ABt*
mv/e abundance (ev) Process (kcal./mole)
14 10.7 214+ 05 CjHsOBr *m CH2+ + CO + H + CH2+ Br

15 138 156+ 5 — CH3++ CO + CH2+ Br 287

26 26.4 167+ 6 — CH2++ CHD + H- Br 328

21 100.0 144+ 2 CH,+ + CHD + Br 320

P 718 118+ 2 — CHO+ + CH4+ Br 227

» CHO+ + CH®Br 230

3l 56.8 125+ 2 — CHD ++ CH2+ Br 201

5 93.0 108+ 1 — CcHD++ Br 216
136 0.05 — cHDBr+
138 0.05 — CH®Br+

spectrum reflects a somewhat smaller dissociation
energy for a C-Br bond compared to that for a
C-Cl bond. Figure 2 shows how the ion abundance
varies with energy for a number of the ions of each
of the compounds studied. This figure indicates
how a given ion may further fragment to form a
new ion, but we note that this does not necessarily
correspond to the process at the threshold.

Molecular lonization Potentials.—The calcu-
lated and observed ionization potential for 3,4-
epoxy-l-butene and the calculated ionization
potentials for [,2-epoxy-3-methoxypropane, epi-
chlorohydrin, and epibromohydrin are given in
Table V. Theoretical treatments similar to those
employed by Hall1315 and Franklinl6 were em-
ployed for the calculations. The calculated value
of 9.3 e.v. for the ionization potential for 3,4-epoxy-
1-butene is in fair agreement with our experimental
value of 9.7 £ 0.2

Table V
lonization Potentials of Hile— CH—X
X = 'CH:CHS 'CHT&HI -caci 'CHTBr
le 10.57 1057 1057  10.57
Parameters"<f 10.51 1000 1128 10.52
ev. 1.23 102 114 11
obsd 1P er\) 9.7 %03
Caled. I.P. (e.v. 9.3 92 97 94
Ay + Fparent)
(kcal./mole) 234 169 196 218

a The second row, f, gives the parameters due to Franklinly the
first and third rows assume that the -€HCH?20 unit may be treated as

a group and other parameters are those given by FranklinDand in the
Tables of lonization Potentials.T7

3,4-Epoxy-l-butene. m/e = 26.—The ion corre-
sponding to m/e = 26is CH>. If CH2and HD
are the neutral products accompanying the ioni-
zation and dissociation of the parent compound,
A/YT+(CH2D = 332 kcal./mole. This is consider-
ably higher than the value of 303 kcal./mole
determined from epichlorohydrin, and slightly
larger than 323 kcal./mole determined from 1,2-
epoxy-3-methoxypropane, and 328 kcal./mole de-
termined from epibromohydrin, and other re-
ported values.211

(13) G. G. Hall, Proc. Roy. Soc. (London), A205, 541 (1951).

(14) G. G. Hall, Trans. Faraday Soc., 49, 113 (1953).

(15) G. G. Hall, ibid,, 50, 319 (1954).

(16) J. L. Franklin, J. Crem Phys., 22, 1304 (1954).

(17) R. W. Kiser, “Tables of lonization Potentials,” U. S. Atomic
Energy Commission, TID-61/.2, June 20, 1960.

m/e = 27.—AZ7f+(CH3J is calculated to be 293
kcal./mole, considering CH3® to be the neutral

fragment. This value is in agreement with other
reported values. 11
m/e = 29.—This ion is CHO+. From the

energetics, the neutral products are C3H4 and H,
leading to a Afff+(CHO) = 210 kcal./mole.
This value is in agreement with reported values, 11
but lower than the values reported from the ethyl-
ene oxide and propylene oxide studies.2

m/e = 31.—From the similarities in the spectra
and from the appearance potential, this ion is
CH3 +. Considering th3 neutral fragments to
be CH2 + H, Atff+(CH®) = 178 kcal./mole,
in agreement with literature values.211

m/e = 38.—This ion must be C3H2+. But the
energetics cannot distinguish between neutral
fragments of CHD + H2and CHO + H2+ H.
A/If+(CH2 is calculated to be 402 and 325 kcal./
mole, respectively; 360 kcal./mole has been re-
ported.ll

m/e = 39.—This ion is the dominant one in the
mass spectrum: C3H3+. The energetics do not
allow us to distinguish b3we.cn CO + H + H2
and CHD + H as neutral products. AiTf+-
(CH3I = 297 kcal./mole.

m/e = 40.—The neutral groups accompanying
the formation of C3H4+ may be either CO + H2or
CHXD. Both processes give 298 kcal./mole for
Allf+(CH4H. This value is in fair agreement
with literature values.11

m/e = 41.—This ion is CH5+, and very likely
the allyl ion. The energetics suggest that the
neutral products are CO + H rather than CHO.
AHf+(C3HE§ calculated from the observed ap-
pearance potential is then 241 kcal./mole. This is
slightly higher than other reported values.11

m/e - 42.—This ion might be either CH2 + or
CH6+. However, since the ion has such a large
abundance in the mass spectrum and the ap-
pearance potential is only 9.8 e.v., it is concluded
that the ion is CH2 +. The neutral product then
is CH4and A//f+(CHD) is calculated to be 224
kcal./mole.

m/e = 43.—The value of AHf+(CH3J) = 188
kcal./mole determined from the appearance po-
tential of the m/e = 43 icn according to the proc-
ess shown in Table | is in good agreement with
the values of 199 and 188 kcal./mole determined
by Gallegos and Kiser from studies of propylene
oxide2 and tetrahydrofuran,3 respectively.
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m/e = 70.—This ion could only result from
ionization without further dissociation of the com-
pound. Therefore, AHf+(CH®) is 234 kcal./
mole.

1,2-Epoxy-3-methoxypropane. m/e = 14—
Although there are other possible combinations of
neutral fragments which might accompany the
formation of CH2+ in the ionization and dissocia-
tion of I,2-epoxy-3-methoxypropane, the process
shown in Table Il satisfies the energetic require-
ments and leads to a value of A/7f+(CH2 = 339
kcal./mole.

m/e = 15—A value of AHf+(CH3 = 269 kcal./
mole is obtained from the appearance potential of
the m/e = 15 ion with the process shown in Table
Il1.  Other processes are possible; this process was
chosen because of the similarity to the process for
them/e = 14ion.

m/e = 26.—From the proposed process and the
energetics, Aflf+(CH2 = 323 kcal./mole, in
reasonable agreement with the literature.1l

m/e = 27.—Two processes are considered nearly
equally probable for the formation of the m/e =
27 ion, as shown in Table Il. Energetics alone
will not allow a differentiation to be made.

m/e = 28.—The appearance potential of the
ion suggests the possibility that this ion is due to
CO+; either of the processes shown in Table 11
agree with literature values of Afff+(CO). We
note, however, that on energetic grounds we can-
not dismiss the possibility that m/e = 28 also may
be due to CH4+.

m/e = 29.—A//[f+(CHO) is calculated to be 212
kcal./mole, assuming that the neutral products
are CH5 + CHO + H. The energetics do not
allow us to distinguish the neutral fragments from
the possible fragmentation to give CH2+ CH2D +

H2 + Il, which would lead to A//f+(CHO) =
211 kcal./mole.
m/e = 30.—The appearance potential of 10.9

e.v. for m/e = 30 suggests that this ion is CHD +.
AHf+(CHD) is calculated to be 224 kcal./mole,
assuming the neutral products to be CH4+ CH3.
This value is in agreementwith Field and Franklin.1l

m/e = 31.—The relative abundance of this ion
at 70 e.v. rules out any significant contribution
from CIHD, as does also the appearance potential.
Thus the ion is considered to be CH3® +. This
suggests that the neutral products are either C2H8+
CHO + Hor CH2+ CHXD + H. AH;+(CHJ)
= 199 kcal./mole is calculated using the latter
group of neutral fragments.

m/e = 39.—This ion is C/H3+. Assuming that
the neutral products are CHO + OH + H + H2
Al7f+(CH?I is calculated to be 264 kcal./mole.
However, the neutral fragments CHO + O +
2H2 considered unlikely, would lead to AHf+-
(CH3I = 267 kcal./mole.

m/e = 41.—This ion may be CHO+, assuming
CH3+ CHD + H2to be the neutral fragments.
This ion may also possibly be CHG6+ but by anal-
ogy with the m/e = 42 ion, CHD+, it is believed
that CHO+ is the more reasonable assignment for
the m/e = 41 ion. The energetics then give
AHf+(CjHO) = 252 kcal./mole.

m/e = 42.—The appearance potential of the
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ion with m/e = 42 indicates that thision isCH2 +.
Then, A//f+(C2HD) is calculated to be either 198
or 211 kcal./mole, as indicated in Table Il; there-
fore, the energetics do not allow us to distinguish
between the two possible processes.

m/e = 43.—A7/f+(CHI) is found to be 177-181
kcal./mole. This value is in agreement with
values for C»H3 + given in Field and Franklin.1l

m/e = 45—This ion is CH® +. AHf+(CH50)

is 170 kcal./mole, in agreement with literature
values.ll
m/e = 57.—The neutral product accompanying

the formation of the C3H50+ ion is CHJ.
(CHD) is 205 kcal./mole.

m/e = 58.—This ion is likely produced by the
rupture of the oxacyclic group, rather than by
cleavage of a CH3® group and H atom transfer.
We calculate AHf+(C3H®) = 220 kcal./mole, a
value somewhat greater than that found from the
study of propylene oxide.2

Epichlorohydrin and Epibromohydrin—m/e =
14—This ion is CH2+. From the epichlorohydrin
data, Afft+(CH2 = 350 and from the epibromo-
hydrin data, AHf+(CH2 = 369 kcal./mole, using
identical fragmentation processes.

m/e = 15.—The methyl ion is abundant in the
spectra of both epichlorohydrin and epibromo-
hydrin. Using similar ionization and dissociation
processes, AHf+(CH3 = 241 and 287 kcal./
mole, as determined from the reported energetics
for epichlorohydrin and epibromohydrin, respec-
tively. It is possible that other processes may be
written as well.

m/e = 26.—The ion corresponding to m/e = 26
is apparently CH2+. Neutral products are C-
HD + H + halogen. A/[fJCBEH) is calculated
to be 303 kcal./mole from the epichlorohydrin
data and 328 kcal./mole from the epibromohydrin
data. These values are in fair agreement with
the literature.2-11

m/e = 27.—The ion is CH3+ AH{+(CH3J is
calculated to be 295 kcal./mole (from epichloro-
hydrin) and 327 kcal./mole (from epibromohydrin);
the latter value is not in good agreement with other
workers. 11

AH{+

m/e = 28.—This ion from epichlorohydrin is
CH4+. Assuming neutral products of CHO and
Cl, Ai/I'f+(CH4 is 259 kcal./mole. This is in

good agreement with values in the literature.2-11
The appearance potential for m/e — 28 was not
determined in the study of epibromohydrin.

m/e = 29.—The large abundance of this ion in
the spectra of both epichlorohydrin and epibromo-
hydrin indicates that the ions are identical, and
that it is CHOU However, the energetics do not
allow us to distinguish between C2H4 4- Cl and
CHAL, and between CH4 - Br and CH4Br
as neutral fragments. AHf+(CHO) calculated
from the appearance potentials is 208-230 kcal./
mole. This is in agreement with values reported
from ethylene oxide and propylene oxide,2 and
given by Field and Franklin.1l

m/e = 31.—The only possible ion for this mass
from epichlorohydrin and epibromohydrin is O-
H®+. AW)+(CHI) calculated from the ap-
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pearance potentials are 199 and 201 kcal./mole,
respectively. These values are higher than that
of 173 kcal./mole,1but agree with those determined
from the ethylene oxide and propylene oxide study?2
and the above study of I,2-epoxy-3-methoxypro-
pane.

m/e 42—CHD + is formed from epichloro-
hydrin with the neutral products CH3 + CI.
Aflif+(C2HD) is calculated to be 191 kcal./mole.
This is somewhat lower than values reported in
the literature.211

m/e = 49.—The only possible ion is CHX1+,
since from Fig. 1 it can be seen that the ratio of
/4951 is about 3. But the energetics do not

THERMODYNAMIC PROPERTIES AND PHASE RELATIONS

distinguish between the neutral products CO +
CH3 and CH3. AHf+(CHXI) is calculated to
be 226-256 kcal./mole. For the present, we tend
to favor the greater value. The heat of formation
for this ion, to our knowledge, has not been reported
previously. The corresponding ion in epibromo-
hydrin was not observed.

m/e 57.—This ion is formed by removal of
halogen from the parent molecule-ion in both
epichlorohydrin and epibromohydrin. Ai7f+(C3
HR0) are 207 kcal./mole for epichlorohydrin and
216 kcal./mole for epibromohydrin. Although in
fair agreement, these values are a little higher than
that reported from a study of propylene oxide.2

IN THE

SYSTEM HYDROGEN-HAFNIUM12

By Russell K. Edwards and Ewald Veleckis3

Department of Chemistry, Illinois Institute of Technology, Chicago 16, Illinois
Received March 10, 1962
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Introduction

The system hydrogen-hafnium has been studied
by Sidhu and co-workers,4 who made a thorough
investigation of phase and structural relations by
metallographic and by X-ray and neutron diffrac-
tion techniques at room temperature. A hexagonal
primary solid solution was found to transform into
a tetragonal (deformed cubic) phase in the range
from <2.25 to 60.5 atom % hydrogen. At this
latter composition the tetragonal phase gradually
deformed into a face-centered cubic phase which
extended to 64.8%. A second tetragonal phase,
homogeneous from 65.3%, extended up to the di-
hvdride composition.

Alore recently, Espagno, et al.f studied the sys-
tem by dilatometric and X-ray methods. Analo-
gous to Sidhu’s findings, their X-ray patterns re-

(1) Based on a thesis by Ewald Veleckis submitted to Illinois
Institute of Technology in partial fulfillment of the requirements for
the M.S. degree, January, 1957.

(2) Presented at the April, 1957, Meeting of the American Chemical
Society.

5) Both authors now at Argonne National Laboratory, Chemical
Engineering Division, Argonne, lllinois.

(4) S. S Sidhu and J. C. McGuire,  Appl. Phys23, 1257 (1952);
S. S Sidhu, J. Chem Phys., 22, 1062 (1954); S. S. Sidhu, Acta
7, 447 (1954); S. S. Sidhu, L. Heaton, and D. 1). Zauberis, ifnd., 9
607 (1956).

(5) L. Espagno, Pi Aaou, and P; Bastiem Compl. rend., 250, 4352
(1960).
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vealed a tetragonal (deformed cubic) phase at 50
atom % hydrogen and a face-centered cubic struc-
ture at 62.2%. The transition from the tetragonal
to the cubic structure could be effected either by
increasing the hydrogen content or by raising the
temperature. This latter behavior was com-
pletely reversible between 85 and 100°. They also
obtained a solubility isobar at 1 atm. from which
they inferred the existence of two heterogeneous
regions, one at 950° between 16.7 and 33.3 atom %
hydrogen and the other at ~400° in the vicinity
of 63%.

The purpose of the work reported here was to
obtain thermodynamic data and to elucidate the
phase relations in the unexplored regions of the
hydrogen-hafnium phase diagram.
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Results
The pressure-temperature-composition data are

shown in Fig. 1 as \/Pnmmvs. composition isotherms
ranging from 250.7 to 871.9°. Above 594.8° the
isotherms are comprised of two rising portions that
are separated by horizontal lines. The composi-
tion ranges of the first and second rising sections
correspond to homogeneous phases designated a
and 8, respectively; constant pressure plateaus
define the (a + 8) coexistence region. Through-

osition g)la e {et the ?%St hydrogﬁn -hafnium. out the «-phase_the i_sotherms are linear. This is

as e rves Indica COEXIS n(; in accordance with Sieverts’ general law for metal
H F Shows an ene}ér ed F(g gﬁlg hydrogen systems
| er hé/ mgea a%58$n {gn mea uremenon : 8650!’

measurm bkt P pu VPN\ = kNu

where P h, is the pressure of hydrogen, At is the

atom fraction of hydrogen in the condensed phase,

(0 52 I%I meaglsjrt%dﬁ |th aCPro | ngthCeOrrmro%% and k is a temperature dependent factor peculiar to
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Reversibility of the reaction of hydrogen with
hafnium was confirmed by desorption measure-
ments as indicated by the additional points on the
826.8 and 250.7° isotherms of Fig. 1.

To preserve clarity three isotherms (at 365.1,
322.0, and 271.6°) were omitted from the main Fig.
1. However, they are included in the low tem-
perature data alternatively presented in the inset of

Fig. 1 as log v /f 'mMm vs. log c plots, where c is the
atom % hydrogen in the condensed phase. Dis-
cernible in these plots are significant changes in the
pressure-composition relationships that are indica-
tive of phase transformations or distortions in the
vicinity of 64 atom % hydrogen (a similar observa-
tion was made by Espagno, et al..6at about 63%).
No truly horizontal sections are apparent in these
isotherms. The inflections in the curves could
indicate that a two-phase region exists here but is
too narrow for direct observation, or that such a
region exists at temperatures somewhere below
250° and the inflections are typical of isotherms
just above the critical temperature. We have
proposed a tentative partial phase diagram, shown
in Fig. 2, which assumes the first of these interpreta-
tions. The composition range of the two-phase
region was inferred from our single boundary and
from the X-ray diffraction results of Sidhu, et al.4
Thus at a composition of about 64%, the 6-phase
begins to undergo a transformation into a new phase
(e) which becomes homogeneous from about 65%
and extends to 66.3% for our lowest temperature
and a pressure of 1 atm. The shoulder points in
the inset of Fig. 1 (“plateau pressures”) of the
(6 + e) field conform surprisingly well to the equa-
tion

5.950 -

log VPmm = 2926T-1(+0.005, std. dev.)

in spite of the fact that they do not occur at exactly
the same composition.

Phase boundary points at room temperature re-
ported by Sidhu, et al.,4 also are shown in Fig. 2.
Their point at 2.25 atom % hydrogen (obtained
from a mctallographic examination) corresponds to
the lowest composition for which two solid phases

Table I

Compositions” of the Phase Boundaries in the
Hydrogen-H afnium System

0- Isobar at

Temp.. « —(@af5H @+9-S (s+0 1atm.

°C. +3% +5% +1% +1%
871.9 10.64 239 52.1
826.8 9.95 28.9 55.1
7985 9.29 32.2 56.4
119.4 8.69 344 57.3
145.2 1.55 38.0 58.5
711.8 6.92 40.1 59.3
682.7 6.15 423 9.9
5948 3.55 478 61.5
396.5 56.2 64.0
369.1 64.2 64.5
322.0 63.7 65.1
297.9 04.2 6.9
211.6 64.0 66.1
2507 64.2 66.3
Compositions in atom % hydrogen.

ATOM RATIO. H/Hf .
(0] 0? 03 05 10 15 20

rtjal phase diagram of hydrogen-hafnjum.sys-
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B rP theeh ed area méo céites bas

Tnet rﬁ) oreg reglon i qh ydarogen pIrEssure” excee

were found to coexist; thus one may make the
interpretation that the primary solid solution
phase extends to some lower composition. The
phase boundary compositions are listed in Table I.

The shaded area in Fig. 2 represents an unin-
vestigated region in which hydrogen pressures
exceed 1 atm. The boundary line between the
shaded and unshaded areas then corresponds to the
solubility of hydrogen at a pressure of 1atm. On
the average, our values (listed in the last column of
Table 1) are 2.5% higher than those reported by
Espagno, et al.6

The thermodynamic data are presented in Table
Il. Throughout the a-phase and in the (a + 5
two-p'hase region such data may readily be cal-
culated from the knowledge of the temperature de-
pendence of the Sieverts’ law constant and from
the variation of plateau pressures with tempera-
ture. In the 5-phase, the relative partial molal
data were also of sufficient quality so that the
Gibbs-Duhem equation could be used to obtain
the related quantities reported.6

The standard heat and entropy of formation, AHf
and AiSf, correspond to the formation of one gram
atom of solution from solid hafnium and gaseous
diatomic hydrogen at a pressure of 1 atm.

The data beyond 57 atom % hydrogen are
considered too uncertain from a standpoint of
phase boundaries and from an exceedingly sensi-
tive pressure variation to warrant reporting of the
complete thermodynamic results.

Discussion

The phase diagrams of the systems H-Ti and
H-Zr are regarded7 to be of the eutectoid type.
The H-Hf system would be expected to show an
analogous behavior. The partial phase diagram of
Fig. 2 does not exclude the possibility of having a
eutectoid transformation outside the temperature

(6) For a discussion of the methods involved in the evaluation of
similar thermodynamic data see, €.g., C. Wagner, “ Thermodynamics of
Alloys,” Addison-Wesley Press, Inc., Cambridge, Mass., 1952, Chap. 1.

(7) A review of literature on the H-Ti and H-Zr systems may be

found in M. Hansen and K. Anderko, “ Constitution of Binary Alloys,”
McGraw-Hill Book Co., Inc., New York, N. Y., 1958, pp. 799, 808.
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Table ”
Thermodynamic Quantities for the System Hydrogen-H afnium
Atom —{RH —\2I"H)). -(Sh - V'K, AHic - ASfe
% H kcal./g.-atom H cal./deg. g.-atom' H kcal./g.-atom cal./le
0.00 899+ 08 % 0
2.00 899+ .8 3. 14 0.3 0.180 0.023
4.00 899+ 8 449+ 3 399 102
6.00 899+ 8 530+ 3 939 at 9.5% 202 £ 7.0%
8.00 899+ .8 587+ .3 119 317
8.69“ 899+ 8 6.04 3 181 359
1566+ .8a 1234 £ 34 ; -
34.40 1519+ 12 1195+ 5 497" 13"
37.00 1569+ 11 1245+ 4 539 4,07
38.00 1588+ 1.1 1265+ 4 5.59 4.20
39.00 1613 + 1.0 1290+ 4 5.12 4,34
40.00 1642 + 1.0 1320+ 4 5.89 4.48
41.00 16.73 £ 0.9 1351+ 4 6.07 4.63
42.00 1703+ .9 1383+ 4 6.25 478 o+ 2.0%
43.00 1732+ 9 1414+ 4 0.44 4,94
44.00 1762+ 9 1448+ 4 6.64 511
45.00 1886+ .9 1567+ 3 6.84 1+ 5.6% 5.29
46.00 1915+ .8 1601 + .3 7.06 5.48
47.00 1950+ 8 1641+ 3 1.29 5.68
43.00 1979+ 8 1678+ 3 1.52 5.88
49.00 2002+ .6 il 2 7.76 6.10
50.00 2019+ 8 1739+ 3 8.00 6.32
51.00 2029+ .9 1763+ 3 8.2 6.54
52.00 2056+ 1 1808+ 3 8.50 6.71
53.00 2026+ .8 1800 3 8.74 7.00
54.00 2014+ 1 1813+ 2 8.98 1.23
55.00 2042+ 8 1870+ 3 9.22 1.48
56. 00 2043 + 1.3 1905+ 6 9.47 1.13
57.00 20.75 ¢ 2.0 19.82 + 1.0 9.73 8 00
Wi o at Vi i R e R e A
n WI Pthln"}?ae X erlmeq I'OI' Lﬁ eg at em rat e d cepo 1 Se
P % arf %rre enggcson n th|r C IcaItI at|veesea ] Otrjaﬁﬂp Lresa lcular num ers 56‘6 an Qﬁ
reporte drv¥ teWO pnase region correspon ms'[]ea e Nea an en ropy an’t e reaction
— -—— Imi,. + - h2m HfHm
r —r' 2
WQFerqerft?H I taﬁ t}gragnggﬁlté%sc e(H/Hf) atthe a —(a + sand (a + s —shoundaries, respectively. The numbers

range of this study (Espagno, el al.,6 e.g., found
evidence for a phase transformation at ~ 100°).
The closure of the (a + o) miscibility gap, suggested
by the rapid increase in mutual solubilities of the
a and 5-phases with temperature, is not likely be-
cause of the presumably different crystalline struc-
tures of these two phases.

The two-phase region at 950° extending from
16.7 to 33.3 atom % hydrogen reported by Espagno,
at al.,5is wider than would be expected from an
extrapolation of our data to that temperature.
In view of a perceptible temperature dependence of
composition in the plateau portion of their isobar,
we feel that their data would permit narrower
limits. The second heterogeneous region ob-
served by Espagno, et al.,6 in their 1 atm. isobar
(~400° and ~63 atom % hydrogen) is in good
agreement with our phase diagram (376° and
' '64%).

The extrapolation of the phase boundaries to-
ward the lower temperatures is rather arbitrary.
Nevertheless, the correspondence with the room

temperature limits of Sidhu, ct a/.,4 is reasonable
and aids in the structural identification of the inter-
mediate phases. Thus the a-phase would have
the hexagonal structure of the primary solid solu-
tion of hydrogen in a-hafnium. The 5-phase would
correspond to the tetragonal (deformed cubic) or
the face-centered cubic structures, assuming that
these two structures actually represent a single
phase of continuous distortion.4 The e-phase
would correspond to the face-centered tetragonal
structure.

Neutron diffraction studies of metal-hydrogen
solid phases have gone far in clarifying the some-
times ambiguous interpretation of the role of
hydrogen in metals. Rundle’'s8 stressing of the
importance of metal-metal bonds in the inter-
stitial compounds points also to similar considera-
tions in the metal-hydrogen systems. Sidhu,
ct al.,* have shown that significant structural
changes take place in the hafnium metal lattice as
hydrogen is introduced. It is clear that the

(8) R. E. Rundle, J. Am. Chem Soc,, 69, 1719 (1947).
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entrance of hydrogen brings about disturbances of
the M-M bonds. Some of the changes show
lengthening of some M-M bond classes along with
a shortening of other M-M bond classes. The
hexagonal structure of pure hafnium is of non-ideal
axial ratio. Since initial directional preferences
are present in the pure metal, it is not surprising to
see the distortion which is met in the face-centered
cubic structure. One can infer that the distortion
of the M-M bonds by hydrogen is itself endother-
mic since the sign of the relative partial molal
enthalpy of hafnium is positive.

Both deformation and energetics indicate that
the process is much more than a simple filling of
interstitial holes. The fact that diatomic hydrogen
enters a number of metals exothermally while at
the same time undergoing dissociation has always
seemed somewhat startling from an energetic point
of view to those thinking in terms of a simple “solu-
tion” of a gas in a solid. The bonding of a hy-
drogen atom to its surrounding metal atoms is thus

MERCURY(Il) HALIDE MIXED

Mercury(ll) Halide Mixed Complexes in Solution
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even stronger than its covalent bonding to another
hydrogen atom in diatomic hydrogen. Sidhu,
et aL,4have stated that the M-H bonds are stronger
than M-M bonds, but this is misleading. The
important factor is that the hydrogen atoms within
the interstitial positions yield additional bonding
beyond the normal M-M bonding. That is, due
to the small size of the hydrogen atom, one gains
M-H bonding while retaining most of the M-M
bonding. If the assumption is made that the
hydrogen bonding energy is divided among four
bonds associated with its four nearest metal
neighbors, use of the thermodynamic data here
obtained, the dissociation energy of diatomic hy-
drogen, and the sublimation energy of hafnium
leads to a greater energy for the M-M bond than
for the M-H bond.

Acknowledgment.—The support of the ONR and
XAFOSR during the course of this study is grate-
fully acknowledged. We wish to thank Prof.
S. E. Wood for valuable discussions.
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Introduction

The stability of ternary complexes MAH,- as
compared with that of the binary complexes MA,,
and MB,,, where n = i + j, has not been studied
much as yet but the basis for its theoretical treat-
ment was laid by Bjerrum in his study of the ratio
between consecutive formation constants of binary
complexes.2 Bjerrum divided the factors in-
fluencing the complex formation constants into a
“statistical effect” and a “ligand effect” further sub-
dividing the latter into an *“electrostatic effect”
and a “rest effect.” Of late Kida has discussed
some of the above factors.3

The mixed complexes of mercury(ll) with ClI,
Br, and | have been thoroughly investigated by one
of us,4-7 while very recently Hume and Spiro8
studied spectrophotometrically the uncharged
mixed mercury halides confirming the results ob-
tained inref. 5.  We have tried to ascertain to what

(1) Presented at the 7th International Conference on Coordination
Chemistry, Stockholm, June, 1962.

(2) J. Bjerrum, “Metal Ammine Formation in Aqueous Solu-
tion,” P. Haase & Sons, Copenhagen, 1957.

(3) S. Kida, Bull. Chem Soc. Japan, 34, 962 (1961).

(4) Y. Marcus, Acta Chem Scand., 11, 329 (1957).

(5) Y. Marcus, ibid., 11, 599 (1957).

(6) Y. Marcus, ibid., 11, 610 (1957).

(7) Y. Marcus, ibid,, 11, 811 (1957).
(8) T. G. Spiro and D. N. Hume, J. Am. Chem Soc., 83, 4305

(1961).
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an extent the experimental results can be explained
by applying theoretical considerations along the
lines mentioned above.9

Theory, a Definitions.—We can write for
the formation of the mixed complex from the
parent complexes

- MA,, + - MB,
n n

MAH,

equilibrium constant KM

M

Using the conventional®over-all stability constants
f3one obtains
Km = £UX /3no~/" X pm- i/ (I

Let us now analyze Am somewhat similarly to
Bjerrum’s ideas. We can write

log Am = log Astat + log Aei + log Kr (111)
where A stat = the value of Am if formation of the
mixed complex proceeds statistically; Kei = the
stabilization constant of the mixed complex due to
the electrostatic effect; AR = any additional sta-
bilization, which Bjerrum calls the rest effect.

(9) Y. Marcus, Bull. Res. Courcil Isregel, 10A, No. 3, 2 (1961).

(10) J. Bjerrum, G. Sellwarzenbach, and L. G. Sillén, “Stability
Constants,” The Chemical Society, London, 1958.
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We shall now discuss each of these in turn.

b.—'-Kstat can be evaluated as follows: Let us
assume that M has N coordination positions. Let
us denote the probability of a ligand A or ligand B
to be found at a coordination position by a or b,
respectively, which are assumed to be independent.
Then the probability of a solvent molecule S
being at the coordination position will be 1 —a —b
and the number of molecules MATtSv-n will be
proportional to

aVv (1l - S5)y~<-W/ _ a/Vjl -
iljr (N —i —j)!

a - a - b)N~nN!

itj! (N — n)!

Writing similar expressions for the number of MA«
and MB,, molecules and introducing them into the
expression for the stability constant (1), we obtain

K stat (1v)

that is Aaat is independent of the coordination
number, of the occupation of coordination positions
by solvent molecules, and of the affinity of the
ligands for the central metal ion. The number of
complexes for which the experimental value of Am is
found identical with Astet is rather small. Usually
AmU

c. The Electrostatic Effect.—The model on
which the following treatment is based is depicted
in Fig. 1 for the case of the MAB linear ternary
complexes. The following symbols will be used:
AFd = difference in electrostatic energy of interac-
tion between the ternary complex and the binary
complexes, thus In Ae = AEei/kT
zm,za,zb = charges on the metal cation and anion
A and B (in units of electron charge)

d,dx = distance between the centers of the ions
M-A, and M-B, respectively

« = dielectric constant

We shall write + for attraction and — for repul-
sion.

The molecule will be treated11-16 as a system of
point charges and point dipoles at the center of the
ions given by fi = aF where F is the field strength at
the center of the ion in which y. is induced and a its
polarizability. We then obtain for the ion-dipole
interaction energy

IF = VinF = '/jaF2
(11) E. S. Rittner, J. Crem Phys,, 19, 1030 (1951).
(12) S. A. Rice and W. Klemperer, ibid., 27, 573 (1957).
(13) K. P. Lawley, Trans. Faraday Soc., 57, 1809 (1961).
(14) G. M. Rothberg, J. Chem Phys., 34, 2069 (1961).
(15) K. S. Krasnov, Dokl. Akad. Nauk SSSR, 128, 326 (1959).

(16) C. J. F. Bottcher, “Theory of Dielectric Polarization,” Elsevier,
1952, pp. 143, 150.
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The energy for dipole-dipole interaction was found
to be quite small and therefore we shall neglect it in
the following treatment. We shall assume the di-
poles at the anion centers to be due solely to the
cation charge.

We shall deal first with the linear17-21 uncharged
complexes as shown in Fig. 1

AEei will be given by

AEe, Ee (MAB) - y 2Aed (MA) -
LZu 2b2m zazb
y 2el(MB2 d dx dix + 1) "
«aZm2 N « b2m" au / Za w12
2di 2(dx)* + 2 d2  (dx)

/ zaZm Za 6aZm N 2o Zb N
VvV d U 2d4 dx 4dx

On2m ZjF dj ZaZb .
2(dx)i)J e M M x dx + 1)

a pi W

T 32 (dx)° €

In the case of the halides za = zb 1 so that we

obtain finally
eAAei x—1)2

+
4dx(x + 1)

CLup2 — 1)2 V)
2(dxY

In the case of the tetrahedral complexes of the
type MA3B we obtain

eAAd zal o0
2 1 2d  2dx
3zaZb «M  za Zb

+ (V1)
d2  Jdx)2
‘Hx2T 3—x

Neglecting polarization effects and putting x =
land e = 1we obtain

AAC = 3VO

a —_— 2
&2 8d ™
which is the expression obtained by Kida in his
discussion of the problem.3 For the case of the

mercury halides (za = zB = 1) we obtain

The same expression, of course, holds for the MAB3
complexes. For the MAZB2 complexes we obtain

(17) P. A. Akishin, V. P. Spiridonov, and A. N. Hodchenkov, Zh.
Fiz. Khim,, 33, 20 (1959).

(18) C. L. van P. van Eck, Thesis, Leyden, 1958.

(19) J. D. E. Mcintyre, Dissertation Abstr., 22, 754 (1961).

(20) A. R. Tourky and H. A. Rizk, Can. J. Chem, 35, 630 (1957).

(21) A. R. Tourky, H. A. Rizk, and Y. M. Girgis, J. Phys. Chem,
64, 565 (1960).
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AAG(MAB?2 —-OAEZ:i(MAGB) (1X)

Assuming for the MAZB complexes a pyramidal
structure such that the metal is at the center of a
tetrahedron three of the corners of which are
occupied by the halide ions we obtain

ALEI(MAB) = AKA(MABD = ? AAe(MAB)

X)

Comparison with the Experimental Results.—
In order to calculate numerically the stabilization
constant, values have to be chosen for the dielectric
constant, the distances between the metal and the
halide ions, and the polarizability of the metal ion.
For our calculations we put « = 1, which seems not
unreasonable. For the distances between the
various atoms we chose Akishin’s values obtained
from electron diffraction,7 which seem to be the
most accurate and which are in good agreement
with previous values.182 They are

¢Hg-ci = 229 A.; ¢(Hg-Br = 2.41 A,
dygi = 259A

From these the appropriate values for x were cal-
culated in each case.

For the polarizability of Hg2+there isno generally
accepted value. We chose two rather different
values: 1.244 X 10~2cm.3B and 2.45 X 10-24
cm.32and calculated a separate set of results for
each. The reasons for this will be discussed later.

The results of the calculations are given in Table

Table |
log ifel log 5 m (ealed.) log Km (obsd.)

log aM= <M= = amM= Mar-
Complex Xatat 1244 245 1244 245 cust7 Hume8
HgCIBr 0.30 0.09 0.13 0.39 0.43 0.6 0.57
HgCll .30 .45 .70 .75 1.00 1.0 .68
HgBil .30 .14 .22 .44 0.52 0.54 .54
HgBrX .48 .24 .30 72 .78 .99
HgBrfi- .48 .24 .30 72 .78 .81
HgBra - .00 .37 44 .97 1.04 1.3
HgBrls2* .60 .37 44 .97 1.04 1.10
HgBra2_ .78 .49 .59 1.27 1.37 1.80

(22) D. W. Allen and L. E. Sutton, Acta Cryst., 3, 46 (1950).

(23) E. A. Moelwyn-Hughes, “Physical Chemistry,” 2nd Ed.,
Pergamon, 1961, p. 400.

(24) J. A. A. Ketelaar, “Chemical Constitution,” 2nd Ed., Elsevier,
1958, p. 91.
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I together with the experimental results avail-
able.4-8

Discussion

From Table I we can see that there is a large
measure of agreement between the theoretical
and experimental values. However the following
points should be noted.

The theoretical considerations include many
simplifications. The “polarized-ion” model used
(Fig. 1; ref. 11-16) cannot take the partly covalent
nature of the bonding fully into account. Some
secondary effects, which would make the calcula-
tions very tedious, have been neglected.

The effects of the solvent have not been intro-
duced explicitly, but some are implicit in the value
of a. The distances are strictly applicable only to
the gaseous neutral molecules, and they were as-
sumed to apply also to the complexes in solution.18
That an effect of the solvent exists may be shown
by the differences in stability of the ternary com-
plex in aqueous and benzene solutions.6 Hume
and Spiro8report E. L. King’s suggestion that this
is due to the interaction of the dipole of the ternary
complex with the solvent. As long as such inter-
actions cannot be calculated explicitly, they might
be included in a “rest effect.”

There is no agreement on the value of «m for
mercury. The value 1.244 obtained by Pauling26-27
has been criticized by Fajans® and a value ap-
proximately twice as large suggested by him was
arrived at also by Ketelaar.24 Recently, Murgu-
lescu® gave the value 3.18, while Berry3®thinks 1.0
to be still too high. Fortunately, the calculated
values of K.\ are not too sensitive to the value of
«m (Table 1).

Calculations on other metal-ligand systems are
now in progress.

Although there is obviously much room for im-
provement of the theory and removal of the various
approximations and assumptions, this would seem
of doubtful value unless at the same time more
accurate experimental data become available.

Acknowledgment.—We thank Prof. L. G. Sillén
for helpful discussions.

(25) L. Pauling, Proc. Roy. Soc. (London), A114, 181 (1927).

(26) J. H. Van Vleck, “Electric and Magnetic Susceptibilities,”
Oxford, 1932, p. 225.

(27) A. Heydweiller, Physik. Z., 26, 526 (1925).

(28) K. Fajans, et al., Z Physik, 13, 1 (1924); Z physik. Chem,
B24, 103 (1934); J. Am Chem Soc., 64, 3023 (1942).

(29) J. G. Murgulescu and E. Latiu, Rev. chim Acad. rep. populaire
Rourmaire, 2, 27 (1954).

(30) R.S. Berry, J. Crem Phys., 30, 286 (1959).
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The interaction of CO and I12on solid catalysts is
most familiar as the Fischer-Tropsch synthesis.12
This reaction has been the subject of many studies,
including kinetic, radioactive tracer, and adsorption
studies. In spite of the great effort, the mech-
anism remains uncertain. Recently, infrared tech-
niques have been applied to the study of adsorbed
molecules. It is our purpose to examine the re-
sults of an infrared study of the interaction of CO
and H2 on silica-supported iron. Fischer and
Tropsch3 originally proposed that the reaction
proceeded by the formation of a carbide, which was
hydrogenated to methylene group, which in turn
polymerized. Storch, Golumbic, and Anderson2
proposed oxygenated intermediates containing
mainly OH groups. Emmett and co-workers,145
in a series of tracer experiments on the incorpora-
tion of alcohols in the synthesis products, have
found evidence supporting the idea of oxygenated
intermediates. An infrared study can give infor-
mation as to whether an appreciable number of
oxygen containing complexes are on the surface
at various conditions. The question always arises
as to what, if anything, observed surface complexes
have to do with the reaction. The reaction may
proceed through a small number of active sites, in
which case observed complexes are not involved
directly in the reaction. However, the reaction
also may proceed through the commonest species
on the surface. With this difficulty in mind, cau-
tion should be exercised in drawing conclusions
about reaction mechanisms from infrared studies.
In any case, valuable information can be gained
about the nature of adsorbed species and this in-
formation can be used to help understand reaction
mechanisms.

A number of workers6‘'5 have found that in ex-

(1) P. L Emmett, Ed., “Catalysis,”
Corp., New York, N. Y., 1956.

(2) H. H. Storch, N. Golumbic, and R. B. Anderson, “ The Fischer-
Tropsch and Related Synthesis,” John Wiley and Sons, Inc., New
York, N. Y., 1951,

(3) F. Fischer and H. Tropsch, Brennstoff-Chem, 7, 97 (1926).

(4) J. T. Kummer, H. H. Podgurski, W. B. Spencer, and P. H. Em-
mett, J. Am. Chem Soc., 73, 5641 (1951).

(5) (@ J. T. Kummer and P. H. Emmett, ibid., 75, 5177 (1953);
(b) W. K. Hall, R. J. Kokes, and P. H. Emmett, ibid., 79, 2983 (1957);
(©) R. J. Kokes, W. K, Hall, and P. H. Emmett, ibid., 79, 2989 (1957).

(6) C. W. Griffin, ibid., 59, 2431 (1937).

(7) M. V. C. Sastri and T. S. Viswanathan, ibid., 77, 3967 (1955).

(8) S. Brunauer and P. H. Emmett, ibid., 62, 1732 (1942).
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periments from —80 to +97° on various iron,
nickel, and cobalt catalysts, preadsorption of a
small amount of CO enhances the quantity of H2
subsequently adsorbed, while a large CO pre-ad-
sorption inhibits H2 adsorption. The enhance-
ment effect has led to the proposal that complexes
H2

such as M-C-OH are formed on the surface.
Eischens,9in an investigation of the effect of hy-
drogen on CO chemisorbed on silica-supported
iron, found no infrared bands in the 2 to 7.5 p range
which could be attributed to such complexes.

In this study we have examined the spectra ob-
tained when CO and H2 are present over an iron
catalyst at 20 and 180° this latter temperature
being in the range of temperatures used for Fischer-
Tropsch synthesis.
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(9) R. P. Eischens, “Advances in Catalysis,”
Press, New York, N. Y., 1958.

(10) G. Blyholder and L. D. Neff, J. Phys. Chem, 66, 1464 (1962).

(11) Donated by Godfrey L. Cabot, Inc., Boston, Mass.
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Results and Assignments
When CO and H2are added to a sample of iron
at 20°, no interaction is observed. Various

amounts of H2and CO were added to the cell and
allowed to stand for several hours. In those cases
where CO was added to the cell before the H2was
admitted, a larger chemisorbed CO peak resulted
than if the gases were mixed prior to introduction
to the cell. Thisisshown in Fig. 1. There is some
guestion as to the reality of this effect, as surfaces
can hardly be reproduced within 5% of each other
and differences in CO intensities vary as much as
5% from each other. Each adsorption must be on
a new sample, as the heating necessary to remove
chemisorbed CO considerably deactivates the sur-
face. This experiment was carried out several
times with the same qualitative result each time.
Chemisorbed CO here refers to CO which is not
removed by evacuation for 5 min. at 20°. On our
samples, CO which does not desorb immediately
upon evacuation at 20° is found to be stable for at
least several days.

When the gas mixture is admitted to a clean iron
surface and the temperature increased to 180°,
interaction of CO and H2is observed. Curve c of
Fig. 2 shows the spectrum recorded 30 min. after
the cell heaters were turned on, starting with 8 cm.
of CO and 14 cm. of H2in a closed cell. The cell is
within a few degrees of its final temperature of 180°
after 10 min. As well as the usual bands for gas
phase, physically adsorbed, and chemisorbed CO at
4.5 to 5.5 ju an increase in the OH stretching band
at 2.8 u and the appearance of 3 bands near 3.3 iu
in the C-H stretching region are noted. The back-
ground OH band is from the silica support. The
three bands near 3.3 n correspond rather exactly to
the published2 spectrum of gas phase methane and
so are assigned as gas phase methane. The spec-
trum recorded 1 hr. after turning on the heaters is
shown as curve d of Fig. 2. The principal dif-
ference here, aside from the disappearance of CO, is
the growth of aband at 3.4 x When the gas phase
was pumped out and the spectrum immediately
recorded on this sample, all CO bands disappeared,
the OH band remained more intense than the back-
ground had been, and a small band at 3.4 ™ re-
mained. Using Bellamy’s assignments13which Eis-
chens’9 work has indicated are valid for chemi-
sorbed hydrocarbons, the 3.4 ji band is assigned to

(12) R. H. Pierson, A. N. Fletcher, and E. St. Clair Grantz, Anal.
Chem, 28, 1218 (1956).

(23) L. J. Bellamy, “Infrared Spectra of Complex Molecules,”
Methuen and Co., Ltd., London, 1958
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a C-H stretching mode where the carbon is satu-
rated and has two or three hydrogen atoms bonded
to it. In particular here, we wish to distinguish
between the carbon atom icing unsaturated, in
which case a band around 3.3 g should have ap-
peared, and its being saturated, in which case a
band at 3.4 X is expected. With the Q branch of
methane to key from, there seems little doubt that
the band is at 3.4 n and consequently represents a
saturated carbon atom.

The result of heating a sample for 6 and 11 hr. is
shown as curves b and c, respectively, of Fig. 3.
In this experiment, the manifold of the vacuum sys-
tem was filled with 10 cm. of CO and 18 cm. of H2
and the cell was left open to the manifold so that
reaction did not seriously change the CO partial
pressure. This time the OH and C-H bands are
larger and a small band at 4.31 4 indicates the
presence of C02in the spectrum recorded after 11
hr.

In Fig. 4 the full range of the spectrum permitted
by the silica support from 2 to 7.5 xis shown for
this sample after 15 hr. of heating. Two distinct
bands at 6.4 and 6.96 g, which began to develop
appreciably after 5 hr., are shown. When this
sample is evacuated at 183°, the CO and CO02
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Fig. 4—Spectrum of ?]aergﬁrl]egsgtoxﬁ/ébgn Fig. 3 after 15 hr. of

bands disappear while the others remain in part or
entirely. A band at 6.4 p has been foundDto de-
velop when CO02or a mixture of CO and 02 are
heated over a silica-supported iron catalyst. In
that study this band was tentatively assigned to
C02chemisorbed by a metal-carbon bond to form a
carboxylate type structure. No combination of
heating oxides of carbon either alone or with 02
was foundDto produce a band near 7 p. Although
one does not usually find the C-H deformation
band more intense than the C-H stretching band,
for lack of anything else and because it is in the
right place, part of the 6.96 x band might be
tentatively assigned as a C-H deformation band.
One difficulty with assigning much of this band to
carbon-hydrogen bending is the fact that while the
6.4 and 6.96 ix bands remain unchanged upon
pumping out the cell at 180°, the intensity of the
3.4 p band is reduced to about one-half its former
value. Even after 2 hr. of evacuation at 180°, the
6.4 and 6.96 n bands are unchanged.

It is possible that a carbide structure contributes
to the bands at 6.4 and 6.96 p since nothing is
known about the infrared spectra of carbides.
However, it has been shownDthat heating C02or
CO and 02at 180° over silica-supported iron pro-
duces a band at 6.4 p, whereas heating CO alone at
180° over the same samples produces no band in
this region. It has been demonstratedlthat heat-
ing CO over iron catalysts at 200 to 270° carbides
the catalyst. It therefore appears more likely that

G. Blyholder and Laurence D. Neff
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at least the band at 6.4 xis due to an oxide rather
than a carbide structure.

Several experiments were performed to see if
hydrogen would interact with CO chemisorbed
on the surface with no gas phase CO present. In
these experiments CO was chemisorbed, the gas
phase CO was pumped out, and then H2was ad-
mitted to the cell. No interaction was observed
at 20 and 150°. When this technique was used at
180°, a tiny amount of C-H formation was ob-
served, but at this temperature CO immediately
desorbs so that it is not possible to say that H2
reduced chemisorbed CO.

Discussion

In agreement with Eischens,9we find no interac-
tion between CO and H2to the extent of C-H or O-H
bond formation at or near room temperature. In
fact, no interaction was found until the iron surface
was hot enough to desorb chemisorbed CO rapidly.

The infrared spectra obtained can be interpreted
as giving evidence for the existence of oxygenated
complexes on the surface. This arises from the
fact that bands indicating the presence of C-H and
O-H bands in species on the surface are observed.
It has been shownD that water or mixtures of
water and hydrogen do not give O-H bands on
silica-supported iron at either 20 or 180°. There-
fore, the O-H groups are presumed to be attached
to carbon atoms. The spectra may be accounted
for by the assumption of surface complexes such as
H OH

/
R-C—M, where R can be a hydrogen atom or an
alkane group. As well as this structure, there
H H

\

may be complexes such as R-C-M, where R is,
as before, contributing to the C-H band at 3.4 x
There is no evidence in our spectra as to whether or
not R is bonded to the surface at any place other
than the carbon atom shown. There also could be
contributions to the C-H band of carbon, hydrogen,
and oxygen complexes attached to the surface by
oxygen-metal bonds as suggested by Blyholder
and Emmett.4 There may, of course, be all kinds
of interesting intermediate reaction complexes in
gquantities too small to detect.

The size of the chemisorbed CO band in Fig. 4
has some interesting implications with regard to
the nature of the surface after 15 hr. reaction.
The intensity of this band is about three-quarters
of that formed by the same amount of CO over a
clean iron surface at 180°. This indicates that the
surface is still largely free. From the studyD of
chemisorbed CO on iron, it is known that the
chemisorbed CO at 180° is in rapid dynamic
equilibrium with the gas phase. It also is noted
that the three bands observed®for interaction of
oxygen with an iron surface are absent. The shape
of the gas phase CO bands at 4.6 and 4.7 mindicates®b
the presence of physically adsorbed CO on the
iron surface.

(14) G. Blyholder and P. H, Emmett, J. Phys. Chem, 63, 962

(1959).
(15) G. Blyholder and L. D. Neff, J. Chem Phys., 36, June (1962).
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While the exact nature of the surface structure
represented by the bands at 6.4 and 6.96 n is some-
what of a mystery, their outstanding characteristic
is their inertness. We therefore assume that they
are too stable to be part of the reaction path.
This assumption belongs to the pragmatic philos-
ophy that “if you don’t understand it, ignore it,”
which we may live to regret.

At this point it seems appropriate to consider
the course of the reaction. With the reservations
expressed in the Introduction, it is assumed that
oxygenated intermediates indicated by our spectra
belong to the main course of the reaction. Most
of the reactive oxygenated intermediates originally
proposed by Storch, Golumbic, and Andersonl2
contained double bonds between the carbon and
the surface. Our study indicated the presence only
of saturated intermediates. Considering all of
their intermediates to be saturated results in no
fundamental change in their proposed mechanism.
There are some differences in conditions and
catalysts which will raise the question of the ap-
plicability of our observations to the usual Fischer-
Tropsch synthesis. While our silica-supported
iron is not the usual Fischer-Tropsch catalyst, it
should be quite similar to singly promoted catalysts
which contain no alkali but are promoted with
stable oxides like Si02 A1D 3 and Th02 The gas
pressures used in this study are about one-third of
an atmosphere, whereas the usual synthesis is at one
atmosphere or higher. Offhand, we see no reason
why these differences should change the mech-
anism.

In one of the early experiments which lent sup-
port to the idea of oxygenated intermediates,
Kummer, et at.,4 observed the incorporation of
radioactive methanol in the synthesis products.
The increasing radioactivity of the products
indicated participation of the methanol or its
derivative in the chain growth step, but a question
arises as to whether the methanol is dehydrogenated
to CO before incorporation. The gas phase CO
was found to contain too little radioactivity for it
to account for the activity of the products. How-
ever, if it is assumed that radioactive CO can be
formed from the methanol and does not readily de-
sorb from the surface, the incorporation of methanol
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could proceed via CO formation rather than through
an alcoholic intermediate. However, our experi-
ments indicating that the surface CO is in rapid
dynamic equilibrium with the gas phase suggests
that dehydrogenation of methanol to CO w'ould
result in the gas phase CO being radioactive, which
was observed not to be the case, so the methanol
seems likely to have added via an alcoholic inter-
mediate as Kummer, et al., assumed.

In view of the fact that methanol was much bet-
ter at chain initiation than chain growth, the
question still remains as to whether physically ad-
sorbed CO, chemisorbed CO, and alcoholic species,
or all, are the species added in chain growth. The
small chain growth caused by added methanol
could be interpreted as indicating CO is one of the
principal adding species. The pattern of Kum-
mer’'s46chain growth steps proceeds unaltered with
the assumption of hydrogenation of the chain add-
ing species after rather than before addition.

In the experiment which produced Fig. 2, meth-
ane is observed to be the primary product. This is
believed not to be particularly significant with re-
gard to Fischer-Tropsch synthesis because a small
amount of reaction greatly reduced the CO pres-
sure. This resulted in there being little CO for
chain building, so the principal reaction was re-
duction of surface complexes to methane.

In the previously proposed mechanisms it has
generally been assumed that the chain and chain
adding species are adsorbed on adjacent metal
atoms. While this is entirely possible, it also is
possible that they are bonded by different d orbitals
of the same metal atom on the surface either in
their initial states before reaction or in the transi-
tion state. In this case the reaction would have
many considerations in common with substitution
reactions of coordination compounds. This, how-
ever, is a subject in itself and will be dealt with in a
subsequent publication.
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In recent communications we have reported some
new thermochemical information on the various
binary liquid systems formed among the alkali
metal nitrates, i/'Z silver nitrate,3 and thallium
nitrate.4 Since all cations have the same charge
in these salts, there probably is no profound struc-
tural change associated with the formation of the
mixture from the two pure components. In the
liguid mixtures considered in the present work,
on the other hand, there is an asymmetry in the
charge structure of the two solution partners. This
introduces an element of complexity which is ab-
sent in the simpler systems explored previously.

It is an unfortunate fact that the nitrates of the
divalent metals usually decompose more readily
at elevated temperatures than do the corresponding
monovalent nitrates. For example, we have noted
that in calcium nitrate, which melts at about 560°,
significant thermal decomposition already sets in
between 350 and 400°. In strontium and barium
nitrates, with nominal melting points of 645 and
590°, respectively, decomposition starts between
450 and 500°. In view of these complications, we
have been unable to study the complete liquid
range from pure monovalent nitrate to pure divalent
nitrates, and we have confined our attention to
liquid solutions which contain up to 30-50 mole
% of the alkaline earth nitrates.

Recently we gave a first report on some of this
work.6 This covered the solutions of calcium
nitrate in lithium, sodium, potassium, and rubidium
nitrates at 350°. In the present paper we consider
the solutions of strontium and barium nitrates in
sodium, potassium, rubidium, and cesium nitrates
at 450°. The higher operating temperature was
chosen because of the lower solubility and higher
stability of the strontium and barium salts. Un-
fortunately, lithium nitrate is thermally unstable
at 450°. Therefore, we have no information on the
solutions of barium and strontium nitrates in this
salt.

Experimental and Chemicals

In. the coerse of the resent mvestlgatlon we carried out
two types of calorimetric measuremen

(1) O.J. Kleppa, J. Phys. Chem, 64, 1937 (1960).

(2) O.J. Kleppa and L. S. Hersh, J. Cem Phys., 34, 351 (1961).

(3) O. J. Kleppa, R. B. Clarke, and L. S. Hersh, ibid., 35, 175
(1961).

(4) 0. J. Kleppa and L. S. Hersh, ibid., 36, 544 (1962).

(5) O. .1 Kleppa and L. S. Hersh, Discussions Faraday Soc., 32, 99
(1961).
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Results

Our experimental results are presented in graphi-
cal form in Fig. 1 and 2. In these graphs we have
plotted the mole fraction of the alkaline earth
nitrate along the abscissa, and the quantity AHM/X
along the ordinate axis. AH Misthe molar enthalpy
change associated with formation of a liquid
mixture of mole fraction X from pure liquid alkali
nitrate and solid alkaline earth nitrate. The
function, /(X) = AHM/X, and its derivative are
particularly useful for calculating partial molal
heat quantities.5 Direct experimental information
on df/dx (actually on A//AX) is provided by the
dilution experiments. These data are given in
separate inserts in the figures.

The two limiting values of AHM/X at X = 0
and at X = 1 are of special interest. The value
at X = 0 is the partial molal enthalpy associated
with the transfer of one mole of alkaline earth
nitrate from the pure crystalline state into the
pure liquid alkali nitrate at the considered tem-
perature. The (extrapolated) value at X = 1
represents the heat of fusion of the salt at 450°.

Although all our experimental results refer to
solutions with solute mole fractions X < 0.5, the
data for the binaries involving a single alkaline
earth nitrate permit us to extrapolate our several
curves for AHM/X to X = 1 with reasonable con-
fidence. In this manner we have obtained the
values 10.65 and 9.95 kcal./mole for the heats of
fusion of strontium and barium nitrates at 450°.

(6) K. K. Kelley,
Metallurgy,” Bureau of Mines Bull. No. 584, 1960.

“Contributions to the Data on Theoretical
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These figures should be compared with our earlier
value of 5.7 kcal. for calcium nitrate 350°.5 The
significance of these results is discussed elsewhere.7

Discussion

Our earlier work on the binary alkali nitrates
showed that the following approximate relation
holds for the dependence of the heat of mixing
on the size of the two cations

AHMS —140X0 - X)52kcal./mole (1)

Here X and (1 — X) are the mole fractions of the
two components. The size parameter 5 = (dj —
d2/(di + dz), where di and d2 are the sums of the
Pauling ionic radii in the two salts. Since the ionic
radius of the anion cancels in the numerator, we
may also write 5 — Or — r2/(d, + d2, where n
and r2are the ionic radii of the two cations.

In our study of the alkali nitrate-calcium nitrate
solutions we found an empirical expression for
the limiting heats of solution of calcium nitrate in
the alkali nitrates

A770a(No§Zsi 350°) = 6.0 — 2255'2kcal./mole (2)

Here the parameter S' = (r++/2 —r+/l)/(di +
d?; r++ are r+ and the ionic radii of the two cat-
ions (which have charges of +2 and + 1, respec-
tively). Correcting for the heat of fusion of cal-
cium nitrate (5.7 kcal.) we obtained for the limit-
ing heats of solution of undercooled, liquid calcium
nitrate in the considered salts

Ai2ca(NO)2(1, 350°) = 0.3 - 2255'2kcal./mole (3)

Figures 1 and 2 contain the experimental informa-
tion which is required in order to check whether
relations similar to (2) and (3) hold also for the
considered strontium and barium nitrate systems.
For this purpose we have in Fig. 3 plotted the ob-
served limiting heats of solution of calcium, stron-
tium, and barium nitrates vs. the square of the size-
charge parameter 5'.

These three salts have different heats of fusion.
Therefore the curves plotted in Fig. 3 cannot super-
pose. However, it is apparent that the three curves
have very similar slopes. Thus, we find that all
the data contained in Fig. 3 can be represented to a
good approximation by a general empirical expres-
sion

AMe(NO)> = A ~ 22552 kcal./mole (4)

The parameter A varies from system to system,
and depends on the reference state adopted for the
solute. When the reference state is the pure, under-
cooled liquid solute (at the considered temperatures)
the experimental values of A are +0.3, +0.6, and
+ 0.8 kcal./mole for calcium, strontium, and barium
nitrates, respectively.

So far we have been unable to give any really
satisfactory theoretical justification for this rela-
tion. Its principal merit rests in the fact that for
the special case where the charge on the two cations
is the same, the size-charge parameter 5' reduces to
the pure size parameter 5of eq. 1. This latter pa-
rameter occurs in several different theoretical ap-

(7) O.J. Kleppa, J. Phys. Crem Solids, 23, 819 (1962).
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proaches to the problem of the heat of mixing in
simple fused salt systems.289

As a result of recent theoretical and experimental
work on simple fused salt mixtures, it is believed
that the following three factors make the most
significant contributions to the enthalpy of mix-
ing.
g(a) There is a negative contribution arising to a
large extent from the reduction in second nearest
neighbor Coulomb repulsion.2

(b) Similarly, there is a negative contribution
which is due to the polarization of the common
anion. This polarization is in the main caused by

(8) H. Reiss, J. L. Katz, and O. J. Kleppa, J. Chem Phys,, 36, 144

(1962).
(9) J. Lumsden, Discussions Faraday Soc., 32, 138 (1961).
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the unsymmetrical field produced by the neighbor-
ing cations.9

(c) Finally,
which is related to the change in van der Waals
energy on mixing. This term probably is largely
caused by changes in the second nearest neighbor
populations.910

All the binary alkali nitrate systems exhibit
negative enthalpies of mixing. Thus, the contri-
butions from (a) and (b) outweigh those of (c).
On the other hand, in mixtures of monovalent
nitrates involving the more highly polarizable cat-
ions Ag+ and T1+, one sometimes finds positive
and sometimes negative enthalpies of mixing.
Positive values are common for systems with rela-
tively small values of 8, i.e., in the cases where (c)
outweighs the combined negative effects of (a)
and (b).

So far our discussion has completely neglected
possible structural factors. This perhaps may be
justified in mixtures of salts of similar charge
structure which have a common anion. However,
it seems obvious that in the type of solution system
covered in the present work we must consider, in
addition to the interionic forces, the possible in-
fluence of the charge asymmetry on the mixing
enthalpy. Here our results demonstrate that for
systems with large negative enthalpies of mixing,
the magnitude of the limiting heat of solution is
determined largely by the square of the difference
(r+/\ — r++/2). This quantity is simply related
to the difference between the “ionic potentials”
(Zi/q) of the two cations.

In a qualitative sense we believe that the nega-
tive term in eq. 4 may be given the following tenta-
tive interpretation. When we mix two fused salts
which have a common anion, a certain structural
rearrangement must occur unless the two cations
happen to be identical. In the first approximation,

(10) M. Blander. J. Crem Pkys., 36, 1092 (1962).

there is a positive contribution
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this structural rearrangement presumably involves
the local organization of the anions around the cat-
ion with the higher ionic potential. If this view is
correct, we might expect the structural organiza-
tion of the mixture to be dominated by the high
field cation, and this should be the case even in
mixtures where the two salts have the same charge
structure. In all the systems considered in the
present work, the higher ionic potential of the di-
valent ion is believed to represent the organizing
force. When the difference in ionic potential
becomes sufficiently large, the structural organiza-
tion centered on the high field ion may be consid-
ered to take on the character of “complex” for-
mation. It is noteworthy that the heat of solution
rapidly becomes more exothermic with increasing
size of the lower charged ion. This is consistent
with similar trends frequently observed in the inor-
ganic chemistry of ionic salts, e.g., in the stability
of double salts.

Associated with the structural reorganization
there will be a negative change in enthalpy. Due
to the long range nature of the Coulombic forces, it
is difficult to attribute this enthalpy change to a
particular mode of interaction, such as nearest
neighbor, second nearest neighbor, polarization,
etc.

We turn next to the positive term A in eq. 4.
It will be noted that when the solutes are in the
undercooled, liquid state, the magnitude of this term
increases in a regular manner as the size of the di-
valent cation increases. In fact, there is a reason-
able correlation between this term and the polariz-
ability of the divalent cation.1l

This suggests that the term A may be related to
the change in van der Waals energy on mixing.
In view of the structural difference between the
solution partners it is difficult to make quantitative
numerical estimates. This difficulty is compounded
by the fact that this energy contribution, due
to the r-6 dependence on distance, is extremely
sensitive to the proper choice of interionic separa-
tion. However, the magnitude of A is consistent
with estimates of the contribution of the van der
Waals energy to the heat of mixing in structurally
simpler systems.90

It remains to consider briefly the heat of dilu-
tion data. The most striking feature of these data
is the pronounced maximum in AHM/ X found in all
systems which exhibit strong interaction. This
maximum is particularly evident for the solutions
of strontium and barium nitrates in rubidium and
cesium nitrates. Previously, we found similar
maxima in the calcium-potassium and calcium-
rubidium nitrate systems.6

It should be recognized that the maximum in
AHM/X corresponds to a maximum in the second
derivative of AHM, i.e., in the curvature of the
AHM-X curve. This suggests that the mixture at
this composition has a special stability compared to
mixtures of other compositions. Frequently such a
curvature maximum occurs at or near the composi-
tion of the enthalpy minimum for the homogeneous

(1) J. H. Van Vleck, “The Theory of Electric and Magnetic Sus"
ceptibilities,” Oxford University Press, 1932.
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(i.e., liquid-liquid) mixing process. However, this
does not seem to be the case for the mixtures consid-
ered in the present work. Thus, we see from Fig. 1
and 2 that the curvature maximum appears to fall at
solute mole fractions of the order of 0.2 to 0.3.
There is seme doubt about the location of the en-
thalpy minima. However, they probably all
occur at significantly higher solute concentrations.
It should be noted also that for a given solute
(e.g., strontium nitrate) the curvature maximum
tends to shift to a higher solute concentration as
the liquid-liquid mixing enthalpy becomes more
negative.

Previously we attempted to relate the location of
this maximum to the existence of a solid state
double salt at the same composition.6 In the light

Thermal Isomerization of Vinylcyclopropane
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of the information now available we have some
doubts about this relation. On the other hand, all
the systems with heat of dilution maxima appear
to have solid state double salts at some composition.

Finally, we should like to mention that the magni-
tude of the heat of dilution of course is related to
the limiting heat of solution and to the size-
charge parameter 8. However, the extent and
gquantitative character of these correlations are
very sensitive to the actual choice of solute con-
centration.

Acknowledgments.—This work has been sup-
ported by the Office of Naval Research under
Contract No. Nonr 2121(11) with the Univer-
sity of Chicago, and by the National Science
Foundation under grant No. G 19513.
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Introduction

Previous work on the pyrolysis of vinylcyclo-
propane had indicated that the main product was
cyclopentene. Vogel2 has stated that vinylcyclo-
propane and 1-phenyl-l-vinylcyclopropane iso-
merize thermally into the corresponding cyclo-
pentenes. He discusses the similarity between a
double bond and a cyclopropane ring and he draws
an analogy between the vinylcyclopropane iso-
merization and the reversible isomerization of
cyclopropanecarboxaldehyde to 2,3-dihydrofuran.
Furthermore, the pyrolysis in a flow system at 500-
520° of a solution of 3 g. of a mixture of 68% vinyl-
cyclopropane, 31% cyclopentene, and 0.3% 1,4-
pentadiene in 15 ml. of acetic acid gave 70% cyclo-
pentene, 28% vinylcyclopropane, and 3% 1,4-
pentadiene.3 This indicated that the vinylcyclo-
propane had been converted to cyclopentene and
perhaps to a little 1,4-pentadiene.

However, passage of vinylcyclopropane over
kieselguhr at 120-150° produced piperylene, the
catalyst losing its activity after one pass.4 Since
in this latter experiment the reaction took place on
the surface, it probably would not be of great signifi-

(1) Shell Foundation Postdoctoral Research Fellow.

(2 E. Vogel, Angew. Cham, 72, 4 (1960).

(3) C. G. Overberger and A. E. Borchert, J. Am. Chem Soc., 82,
4896 (1960).

(4) B. A. Kazanskii, M. Yu. Lukina, and L. G. Cherkashina, lzvest.
Akad. Nauk S.S.S.R. Otckl. Khim Nauk, 553 (1959); Chem Abstr., 53,

21701li (1959).
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cance in the decomposition in the gas phase.
Thus an investigation of the gas phase reaction
was undertaken with a view to determining if the
ring expansion reaction was a homogeneous gas
phase process and determining the Kinetic param-
eters of all the processes that occur.

While this work was in progress, Flowers and
Frey6 reported that vinylcyclopropane undergoes
a first-order thermal isomerization to cyclopentene.
Investigation at four temperatures in the range 339-
391° gave a good Arrhenius plot from which they
obtain k = 10135 exp(—49,600/7i77 sec.-1. At
390.5° they report that 1% of the product was a
mixture of 1,4-pentadiene, isoprene, and cis- and
trans-1,3-pentadiene.
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(5) M. C. Flowers and H. M. Frey, J. Chem Soc., 3547 (1961).
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Thermal

over-all rate constant calculated. The products of the
second reaction were analyzed on the dimethyl sulfolane
column only. In this latter case small amounts of cis- and
tram-1,3-pentadienes contributed to the cyclopentene peak.
However, the response of the chromatograph was almost the
same (1%) toward the 1,3-pentadienes as to cyclopentene,
and so from the size of this composite peak and that of the
peak for 1,4-pentadiene, the total amount of product was
estimated and the rate constant calculated. The difference
between the over-all rate constants from the two methods
of analysis was only 1 part in 2,000, which showed that the
method used for analysis was adequate.

Results

Order of the Reaction.—A number of experi-
ments at five different temperatures in the range
332.6 to 375° were conducted at different reaction
durations at initial pressures of 4.6 to 12 mm.
Some of the results of these experiments are given
in Table | where, in the fourth column, the values
of the rate constants calculated assuming first-order
kinetics are given. At each temperature the first-
order rate constants are constant within experi-
mental error at increasing times of reaction,
showing the decomposition to be first order.

Table |

Order of Reaction of Vinylcyclopropane

10X k
Temp. Duration (over-all)
(°Cc.1 (sec.) % Reaction (sec.“®
332.7 3601 15.9 4.80
7200 28.9 4.73
344.6 1569 15.3 10.59
2826 26.0 10.66
350.2 1080 15.0 15.01
2160 27.8 15.06
361.5 300.0 8.70 30.5
1080.0 27.8 30.2
375.0 312.0 19.6 69.8
595.8 35.1 70.1
903.0 46.9 70.0

On varying the initial pressure of vinylcyclo-
propane from 24 to 0.14 mm. at 361.5° the fall-off
in the first-order rate constant, as expected for a
unimolecular reaction, was observed and the re-
sults are given in Table I1.

Tabte Il
Fall-off of First-Order Rate Constant

Initial pressure (mm.) UP X k (over-all) (sec,-1)

24.7 3.06
8.13 3.05
8.01 3.02
4.57 3.03
1.17 2.88
0.43 2.64
0.14 2.30

The fall-off curve of log(k/kn) against log pOfol-
lowed closely that of methylcyclobutane.9

Effect of Temperature.—The effect of tempera-
ture from 324.7 to 390.2° on the reaction was
studied at initial pressures in the range 10-11.5 mm.
in the unpacked reaction vessel in order to deter-
mine the activation energies and pre-exponential

(9) Experiments conducted by W, D, Walters and A, Pataracehia in
these Laboratories,
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1.55 1.60 1.65
ioyr.
Fig. 1.—Temperature dependence of the first-order rate
constants: A, over-all isomerization; B, formation of cyclo-

pentene; O, no additive; +, NO added; O— packed bulb.
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6.4

c A
6-5 Jf

6.1
5.7
5.3

4.9

4.5

Fig. 2.—Temperature dependence of the first-order rate
constants: C, formation of 1,4-pentadiene; D, formation of
frans-1,3-pentadiene; E, formation of cfs-I,3-pentadiene;
O, no additive; +, NO added; O —, packed bulb.

factors for each of the processes occurring in the
reaction. The Arrhenius plots of (—log k) vs. I/'T
are shown in Fig. 1 for the over-all isomerization
(plot A) and for the formation of cyclopentene
(plot B), and in Fig. 2 for the formation of 14-
pentadiene (C) and cis- (E) and frans-pentadienes
(D). The Arrhenius plots for all five processes
show good straight lines, the greater spread of



1674

points for the latter three compounds being due to
the difficulty of measuring accurately the very
small amount of each formed in the reaction.
A least squares analysis of each set of data was
performed on an 1.B.M. 650 computer to deter-
mine the activation energy. The activation en-
ergies (kcal./mole) were found to be: over-all
process, 50.0 + 0.8; formation of cyclopentene,
49.7 + 0.3; 1,4-pentadiene, 57.3 + 1.0; cfs-1,3-
pentadiene 56.2 + 0.8; ;rans-l,3-pentadiene, 53.6
+ 0.8. With these activation energies, the rate
constants (sec.-1) with the corresponding standard
deviations for the various processes could be ex-

pressed by: over-all process, (5.3 + 0.1) X 1013
exp(—50,000/721"); formation of cyclopentene,
(4.09 £ 0.05) X 1013 exp(-49,700/72T); 1,4-

pentadiene, (2.7 £+ 0.2) X 1014exp(-57,300/72T);
cfs-1,3-pentadiene, (8.0 £+ 0.5) X 1013 exp(—¥56,-
200/72T); trcms-l,3-pentadiene, (1.01 + 0.06)
X 10Bexp(—53,600/727T).

Effect of Nitric Oxide and Surface.— Since the
parent compound was itself unsaturated, it seemed
probable that if radicals were present during the
reaction, addition to the unsaturated linkage would
take place. However, no product of molecular
weight higher than that of the parent compound
was found on analyzing the products by gas
chromatography and by mass spectrometry on a
Consolidated 21/620 instrument. On addition of
small and large amounts of nitric oxide at four dif-
ferent temperatures, the over-all rate was not
affected. The relative rates of formation of the
various products also were unaffected. The re-
sults are shown in Fig. 1 and 2. It was concluded
that there was no effective radical participation in
the reaction.

On studying the reaction in a Pyrex reaction
vessel packed with thin-walled Pyrex tubing (re-
sulting in an increased surface to volume ratio of
about 27), a significant increase in the over-all
reaction rate was observed when no conditioning
of the packed vessel was made. The increase in
the over-all reaction rate did not seem to decrease
significantly on doing four successive experiments
and was not reproducible. However, after three
decompositions of 3,4-dihydro-2H-pyran, which
yield acrolein and ethylene, had been carried out in
the vessel, it was found that the reaction rate of
vinylcyclopropane was reproducible and only
slightly greater than that in the unpacked vessel
which previously had been used to study the decom-
position of 3,4-dihydro-2H-pyran. The results are
shown in Fig. 1and 2. It was concluded from these
results that the contribution from a surface re-
action in those experiments in the unpacked vessel
was negligible.

Discussion
The foregoing results show that the isomerization
of vinylcyclopropane is a unimolecular, first-order,

essentially homogeneous process which is unaffected
by additions of nitric oxide and yields mainly cyclo-

C. A w ellington

Yol. 66

pentene together with very small amounts of 1,4-
pentadiene and cis- and irons-1,3-pentadiene. It
has been shown that cyclopentene does not form
vinylcyclopropane under the conditions of this
work and so the isomerization of vinylcyclopropane
is not complicated by an equilibrium between vinyl-
cyclopropane and cyclopentene as exists between
cyclopropane carboxaldehyde and 2,3-dihydro-
furan.7 No isoprene could be found under the
conditions of the present investigation. If iso-
prene is not a product, the minor products do not
necessarily result from the usual rupture of the cy-
clopropane ring as has been suggested,6 but may
result from a process involving a transition state in
which the -r-orbital of the vinyl group interacts
with the partial delocalized electron cloud associ-
ated with the cyc.lopropyl ring in the vicinity of
the two bonds of the ring adjacent to the vinyl
group.1l This probably is not possible with the
third bond which probably is too far removed from
the #-bond. The possibility of this type of tran-
sition state may be the reason why this compound
can isomerize at temperatures much lower than
those associated with the isomerizations of cyclo-
propane and the alkyl cyclopropanes. The rela-
tive ease with which vinylcyclopropane isomerizes
may be due to the fact that for the formation of the
main product, cyclopentene, hydrogen migration
is not necessary and moreover for those products
where it is necessary, namely the pentadienes
formed, the activation energies are significantly
higher than that for cyclopentene formation.

While in the addition of methylene radicals to
butadiene, Trotman-Dickenson, et al.,m reported
no cyclopentene as a product, Freyll has more
recently reported that cyclopentene is formed from
the decomposition of the excited vinylcyclopro-
pane produced. The results of Frey show that,
although the decomposition of the latter species
also produces 1,4-pentadiene and cis- and trans-1,3-
pentadiene, no isoprene is produced. This is con-
sistent with the results of the present work and with
the mechanism suggested above, and so the results
of the decomposition of vinylcyclopropane may
not be directly applicable to a consideration of the
decomposition of cyclopropane and methylcyclo-
propane.

Note Added in Proof.—The small entropy of activation
of 0.28 cal./deg. mole at 390° for the formation of cyclopen-
tene indicates that the difference in rigidity between the
normal and activated states of the molecule may be less
than for the isomerization of cyclopropane. This is consist-
ent with the mechanism for the isomerization suggested in
the Discussion.
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this work and also Mr. Carl Whiteman, Jr., for mak-
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lations.

(10) B. Grzybowska, J. H. Knox, and A. F. Trotman-Dickenson.
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(11) H. M. Frey, Trans. Faraday Soc., 58, 516 (1962).
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THE STABILITY CONSTANT OF THE HX04HS04 ION AND ITS MOBILITY
IN ACETONITRILE1

By I. M. Kolthoff and M. K. Chantooni, Jr.

School of Chemistry, University of Minnesota, Minneapolis If, Minn.
Received March 21, 1962

From the electrical conductance at 25° of mixtures of tetraethylammonium bisulfate and sulfuric acid in acetonitrile

(AN) a value of 65 for the mobility at infinite dilution of the conjugate ion, HSU4HS04X has been derived.

From the

solubility in AN of sodium bisulfate in the presence of various concentrations of sulfuric acid, the solubility product of sodium
bisulfate and the stability constant of the conjugate ion have been calculated to be 3 X 10-J and 1.0 X 103 respectively.
Knowing the mobility of the conjugate ion, a value of 1.0 X 103for the stability constant was calculated from conductance

data in pure sulfuric acid solutions in AN.

The value of 1.0 X 103is in excellent agreement with the value 1.15 X 103

obtained from indicator equilibria in solutions of sulfuric acid.2

Introduction

Spectrophotometric and conductometric studies
in acetonitrile of the dissociation of uncharged
weak acids2 have been interpreted on the basis of
self-conjugation, i.e., association of an anion with
its conjugate acid.

HA + A- <*A-HA-
For sulfuric acid

_ = [HZS04-HS04-]fHB0O.Hs0,- =

VAHA [HS04][HS04 ]/ hSo4
[HS04-HS04]
[HXS04][HS04N
assuming/ n04-ns04" = / hso4_- The value of the

stability constant, « ...~ of sulfuric acid (eq. 1)
was calculated from spectrophotometric data;
only an approximate value could be derived from
conductometric data because the mobility of the
HX04-HS04 ion is not known. In the present
paper, the electrical conductance of solutions of
tetraethylammonium bisulfate in the presence of
sulfuric acid has been determined and from these
data the mobility of HS04-HS04_ has been cal-
culated.

This enabled us to calculate A mia- from the
conductance data of solutions of sulfuric acid2
and to compare this value with those obtained
spectrophotometrically and from the solubility
of sodium bisulfate in sulfuric acid solutions.

The solubility of sodium bisulfate in solutions of
sulfuric acid in acetonitrile increases with increas-
ing concentration of added sulfuric acid.

NaHSCh st Na+ + HS04
hso4 + hZodec*hZodhsod
NallS04+ 11504 Na+ + HXS04-11504°

From the solubility data, the solubility product
of sodium bisulfate and A aha~could be calculated.
Finally, the conductance of solutions saturated
with sodium bisulfate in the presence of varying

(1) This research was supported by the U. S. Air Force through
the Air Force Office of Scientific Research of the Air Research and
Development Command, under Contract No. AF49-(638)519. Re-
production in whole or in part is permitted for any purpose of the U. S.
Government.

(2) 1. M. Kolthoff, S. Bruckenstein, and M. K. Chantooni, Jr.,
J. Am. Chem. Soc., 83, 3927 (1961).

concentrations of sulfuric acid has been determined.

Solubility of Sodium Bisulfate in Solutions of
Sulfuric Acid,—The solubility product of sodium
bisulfate is

K= [Na+][HS(V]/2 ()

inwhich/ =/ Nat+=/hso4"®

In any solution of sodium bisulfate in the presence
of sulfuric acid, the electroneutrality rule states

[Na+] + [H+] = [HS04] + [HZ04-HS04]

®)

The dissociation of sulfuric acid is greatly re-
pressed by the presence of bisulfate, hence [H+] <<
[Na+] (see Table 1). Under this condition
we find from eq. 1, 2, and 3

[2[Na+]2= Ajl+ Aana- [11504} (4)

where [Na+] = s — [NaHSO04], s being the solu-
bility and [NaHSO04] the concentration of undis-
sociated sodium bisulfate in saturated solutions.
An effort has been made to determine the dissocia-
tion constant of sodium bisulfate by measuring the

= [Na+][HS04]/2=
d [NaHS04]

K,P
[NaHS04~]

conductance of a set of dilutions of the saturated
solution. Unfortunately, some disproportionation
of the bisulfate ion in the saturated solution
without added sulfuric acid prevented a simple
interpretation of the solubility data. No dispro-
portionation was found when the analytical con-
centration of sulfuric acid added was equal to or
greater than 0.01 M. Fortunately, the correction
for [NaHSCh] is small and almost negligible at the
higher concentrations of sulfuric acid added. As-
suming a reasonable value of Kd of sodium bisul-
fate of the order of 5 X 10-4, a correction for
[NaHSO04] could be calculated.

It is shown in Table | that the average value of
Ksp changes very little only when the assumed
value for [NaHSO04] in the saturated solution is
varied from 2.5 X ICU4to7 X 10~4di.

As a first, but close approximation we can write

[HZS04] = ca- s

assuming that all bisulfate ions are present in
conjugated form AHA~. At ca greater than 0.02
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Table |
Solubility of Sodium Bisulfate in Acetonitrile in Presence of Sulfuric Acid
[Hisor - Aep X 107—
HZ04 Total [H+]° [HSO«]a  HSOi-]* [NaHSOi]  [NaHSOi] [NaHS04]
added acidity Solubility (M X 10»), (M X 10%, (M X 10!). = 25 X 10-* = 5 X 10~4 =7 X 10"4
(moles/1.) (moles/1.) (M X 103 calcd. calcd. calcd. M M M
0.018 0.0131 2.34 0.36 1.92 1.88 2.8 2.2 1.7
.0237 .0264 3.92 0.93 1.74 3.50 4.2 3.5 3.2
.0470 .0490 4.57 3.5 1.00 4.27 2.7 2.4 2.2
.0964 .0976 7.45 11.2 0.81 7.25 3.2 3.0 2.9
.248 .251 12.4 55.6 0.51 12.14 2.9 2.9 2.8
Av. 3.1 2.8 2.6 (x i0-9
0 Values calculated using i?AHA = 1.0 X 103and [NaliSOi] = 25 X 10 4
M the error thus introduced becomes smaller than {[H+] + C}
5%. hso4l 1 kahaega o] ©
A plot of / Z2vs. ca — s was made and tentative
values of K and A aha- were obtained from the From
intercept and slope of the best straight line (see [H+][HBQ4HS04]/2
eq.4). A 2Zha) = 55X 10 62
The activity coefficient, /, in eq. 4 was calculated [HS04]2
from the limiting Debye-Hiickel relation, —log/ = (10)
1-52\/’?1 n algletontmle at 25°, where fi = ionic 54 eq, 7, [H+] is calculated, assuming [HZS04-
strength = [Na+] = s. HS04 ] = cs as a first approximation. For the

After finding the approximate values of A aha-
and Ksp, a new plot was made of /s — [Na-
HS04]}2vs. [HZS0 4] taking

[HX04 = c;a- s+ [NaHS04] (5)
The values of Aaha- and K thus found did not
need further correction.

Mobility of HS04-HS04 from Conductance of
Mixtures of Tetraethylammonium Bisulfate and
Sulfuric Acid.—In such mixtures the electroneu-
trality rule is

[Et*N+] + [H+] = [HS04\] + [HS0.rHS04]

(6)

Under our experimental conditions sulfuric acid
was in large excess over tetraethylammonium bi-
sulfate and all bisulfate was essentially present as
H2S04-HS04_(see Table I1), hence
[HS04] = ;a—ca (7)
where caand cs denote the analytical concentrations
of acid and salt, respectively. Because tetra-
ethylammonium bisulfate is extensively dissociated
in the concentration range studied,2 [EtAN+] was
taken equal to csin eq. 6. In a few instances it
was necessary to take Et AN +<«1S04 formation into
account, using the constant2

_ [EtAN+][HS04)/2
T [EtAN+-HS04]

Ad' 14 X 10-3

Substituting eq. 1and 7 into eq. 6 yields

{[H+] + @} {ca — GjAahA-

1+

[hZo4hsod] =
A anA- {ca— cs}

8

Introducing the relations in (7) and (8) into eq.
1lyields eq. 9

calculation of [HZS04-FIS04_ ] and [HSO04_] from
eq. 8 and 9, respectively, a value of Aaha- =
1.0 X 103(see sections on Experimental Results and
Discussion) was used. The calculated values of
[H+], [HSO04], and [HZS04-HS04'] are given
in Table 11.

Equation 11 is found from Kohlrausch’s law of
independent ion migration

1000Z/obsd. — Xh+[H+] + XEtN+[Et4N +] -f-
Xhso4[HS04_] + Xhxosnhsos [HS04-HSO.,-]
(11)

where L¢bsd and X with the appropriate subscript
refer to the specific conductance of the solution
and equivalent conductance of a given ion at the
prevailing ionic strength, respectively. The equiv-
alent conductance of the solvated proton at infinite
dilution is 80,3 of tetraethylammonium ion, 86.1,4
and of bisulfate ion, 90.2 The value of the equiva-
lent conductance of each ion at a given ionic
strength was calculated from the Onsager relation6

X =

X0- [0.735X0+ 115]Vc  (12)

the constants of which were calculated using the
values of 364and 0.345 cp.4for the dielectric constant
and viscosity of acetonitrile, respectively, at 25°.

From the difference between 1000Lobsd. and
the sum of the first three terms on the right hand
side of eq. 11, Xrescuhso* was found at the
known ionic strength. With the aid of the Onsager
relation, the value at infinite dilution, Xomscn-HSOi-,
was calculated. The conductance of the mixtures
then was calculated and the values obtained com-
pared with the experimental data in Table 1.

Conductance of Solutions Saturated with So-
dium Bisulfate and Containing Various Concen-
trations of Sulfuric Acid—The conductivity of

(3) I. M. Kolthoff and J. F. Coetzee, 3. Am. Chem. Soc., 79, 61.10
(1957).

(4) P. Walden and E. J. Birr, Z. physik. Chem., 144, 269 (1929).
(5) L. Onsager, Physik. z., 27, 388 (1926); 28, 277 (1927).
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Table |l
Conductance of Mixtures of Sulfuric Acid and Tetraethylammonium Bisulfate
Specific conductance
) G ca. [H+], [HzSOi-HSO,], [HSO4],  [EtN+], (ohm 1cm.“ = © .

Series1 Mx 103 M X 1« M X 04 MX 18 MXx16 Mx 106  Caled. ad 2in %
i 2.04 2.0 0.13 1.92 12.3 1.93 21.85 29.0 +4.1
2.04 5.0 0.92 2.10 5.0 2.00 29.40 30.0 +2.0

- 2.04 8.0 2.41 2.25 3.3 2.02 31.33 315 +0.5
i 1.02 2.0 0.24 0.98 59 0.97 1451 145 0.0
1.02 5.0 1.06 1.09 2.6 1.00 15.81 15.1 4.4

hi 0.204 0.51 0.066 0.170 41 0.20 3.14 3.10 -1.3
0.204 1.0 0.27 0.207 2.4 0.20 3.45 336 -3.2

In series I, Xh+ Xaha-, Xa-, and XEtaN+ equal 72.5, 57.6, 81.8, and 78.0, respectively; series 11, 74.9, 59.8, 84.3, and 80.4; series I11, 77.

WL -
L Scaled. J

bA Scaled.l x 10()

r, 87.5, and 83.6.
saturated solutions of sodium bisulfate containing
various amounts of added sulfuric acid was meas-
ured. From the known solubility and eq. s, s, and
10, the concentrations of HZ04«HS04 , simple
bisulfate ion, and hydrogen ion were calculated,
taking cs = s — [NaFIS04], [NaHS04] = 25 X
104, and ifaha' = 1.0 X 103. Mobilities of the
ions were calculated as before. AOMSCX- hscu®
and xona+s Were taken equal to es.0 and s9.s,
respectively. From the difference between the ob-
served conductance of the saturated solution and
the sum of the first, third, and fourth terms on the
right hand side of eq. 11, the sodium ion concen-
tration was calculated (sodium ion replaces tetra-
ethylammonium ion in eq. 11).
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Experimental Results

Solubility of Sodium Bisulfate.— Solubility data
of sodium bisulfate in sulfuric acid solutions in
AN are presented in Table I. The slope and
intercept of the plot of /s — [NaHS04]!2 vs.
ca — s + [NaHS04] are 3.1 X 10~4and 3.0 X
10" 7, respectively, from which Kana* is found to
be 1.0 X 103 taking [NaHS04] equal to 2.5 X 10“4
M. Since the intercept, Ksp, is very small, the
solubility product was calculated from the solu-
bility at each concentration of sulfuric acid added,
assuming three different values of [NaHSO04].
The results are found in the last three columns of
Table 1. It is seen that the average value of Ksp
changes only from 3.1 X 10-7 to 2.6 X 10-7 when
[NaHSO04] is assumed to vary from 2.5 X 10“4to
7 X 10“4M in solutions saturated with the salt.

Conductance of Mixtures of Tetraethylam-
monium Bisulfate and Sulfuric Acid—Using a
value of 1.0 X 103for ifana*, the concentrations
of the various ionic species in mixtures of tetra-
ethylammonium bisulfate and sulfuric acid are
calculated and listed in Table Il. Satisfactory
agreement between calculated and observed con-
ductance of the mixtures given in Table Il was ob-
tained when Aomsou nsoi was taken equal to
65.0.

Conductance of Solutions Saturated with So-
dium Bisulfate in Presence of Sulfuric Acid.—
The sodium ion concentrations as calculated from
the conductivity of saturated sodium bisulfate

S0l c
n jhe pre ence
m

EUrﬁSUIIC
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solutions in presence of sulfuric acid were found to
agree within 5% with the values obtained from
solubility determinations.

Discussion

Knowing the mobility at infinite dilution of
the HZBCH4-HS04~ (AHA-) ion to be 65, and that
of the proton, 80,3we find a value of Aoh+aha_ =
145. It is now possible to obtain A ana- and the
first dissociation constant of sulfuric acid, A ha,
from previously2 determined conductance data of
pure sulfuric acid in AN using the plot of A-

Vcjl + 1/Aana-}vs.c. Thisplotyields avalue for
A aha- of 1.03 X 103and for A ha of 5.0 X 10-8,
in excellent agreement with the values of 1.15 X
103 and 4.8 X 10~8 obtained from spectrophoto-
metrically determined2 equilibrium data of indi-
cators in solutions of sulfuric acid in AN. The
value of 1.0 X 103for K aba~ obtained in the pres-
ent paper from solubility data of sodium bisulfate
in solutions of sulfuric acid in AN lends strong
support to the claim that the assumptions made
in the calculations are justified.

The stability constant of 1.0 X 103 for HXCHA-
HSO4 is considerably greater than those of 1.7 X
102 and 2.8 X 102 for hydrochloric and hydro-

G eorge M. Fleck and Robert A. Alberty

Vol. 66

bromic acids, respectively.2 Presumably, strong
hydrogen bonding between bisulfate and sulfuric
acid occurs in acetonitrile as well as in nitrometh-
ane.7

OH\

OX O

0—H-—0 0"
\ S/

X
OH 0
In a discussion of bilateral triple ion formation

3AB ABA+BAB"

in solutions of tetraisoamylammonium nitrate in
water-dioxane mixtures, Fuoss8 estimates that
Acaba- + Aobab+ IS equal to one-third to one-half
of AGab- This estimate may be valid when dealing
with the large size complex ions he used, but it is
clear that his estimation should not be generalized
for ions of much smaller size. As a matter of fact,
the difference between the mobilities of HSO4
(80) and HXS04-HSO0 4~ (65) is remarkably small in
acetonitrile.

(7) H. Van Looy and L. P. Hammett, .7. Am. Chem. Soc., 81, 3872

(1959).
(8) R. M. Fuoss, ibid., 66, 1857 (1934).

KINETICS OF THE 1IEACTION OF PYRIDOXAL AND ALANINE1

By George M. Fleck2and Robert A. Alberty

Department of Chemistry, University of Wisconsin, Madison, Wisconsin

Received March 22, 1962

Kinetics of the reaction of pyridoxal and alanine in aqueous solution have been studied at 25° by observing the changes

in visible and ultraviolet absorbancy and optical rotation which occur following mixing of the reactants.

When the initial

alanine concentration is much greater than the initial pyridoxal concentration, the absorbancy, -4t, due to pyridoxal, inter-
mediates, and products, is given as a function of time by At = BO + Bie~nd + B2~mit + B3~n8, where mi, m2 and

m3are pseudo first-order constants in the order of decreasing magnitude.
one of these pseudo first-order rate constants on pH, initial reactant concentrations, and ionic strength.

Detailed studies are reported of the dependence of
It is concluded

that at least three compounds which are distinguished spectrophotometrically are formed by the reaction.

Introduction

Pyridoxal reacts with amino acids in a variety
of biologically important enzymatic reactions, and
analogous non-enzymatic reactions have been re-
ported. It is believed that the aldehyde group of
pyridoxal reacts with the a-amino group of the
various amino acids to form imines, with subse-
guent rearrangement of the imines.3 Several in-
vestigators4 have reported absorbancy changes
with half-lives of a few minutes when pyridoxal
and certain amines are mixed or when the pH of the
resulting solutions is changed.

The present kinetic study of the reaction of
pyridoxal and alanine was conducted to gain in-

(1) From a thesis submitted in partial fulfillment of the require-
ments for the degree of Doctor of Philosophy at the University of
Wisconsin, 1961. This research was supported by grants from the
National Science Foundation, the National Institutes of Health, and
the Research Committee of the University of Wisconsin from funds
supplied by the Wisconsin Alumni Research Foundation.

(2) William H. Danforth Graduate Fellow, 1956-1961.

(3) E. E. Snell, Vitamins Hormones, 16, 77 (1958).

(4) J. B. Neilands and V. Williams, Arch. Biochem. Biopnys., 63,

56 (1951); D. E. Metzler, 3. Am. Chem. Soc., 79, 485 (1957); H. N.
Christensen, iOi'i.. 80, 99 (1958).

formation regarding the mechanism of the non-
enzymatic reaction. Reported in this paper are
results of investigations on this reaction, in aqueous
solution at 25.0°, studied by observing changes in
visible and ultraviolet absorbancy and optical
rotation.

Experimental

Reagents.—All water used had been redistilled from al-
kaline permanganate solution in a Barnstead still. The
redistilled water was boiled in glass to drive off dissolved
gases just before being used to prepare solutions, and pre-
cautions were taken to exclude carbon dioxide.

For studies of the variation of pseudo first-order rate
constant m2with alanine concentration, ionic strength, and
pH, C.p. D,L-ar-alanine from Pfanstiehl Chemical Co. was
used. Alanine from five different lots was separately recrys-
tallized from 1 volume of 95% ethanol and 3 volumes of
water. The mother liquor was yellow. These recrystallized
products were pooled and twice recrystallized from 7 volumes
of ethanol and 3 volumes of water. The crystals were
washed with ethanol and then dried in a vacuum desiccator
over phosphorus pentoxide.6 Alanine for all other spect.ro-
photometric measurements was D,L-a-alanine from Mann
Research Laboratories. This product was recrystallized

(5) F.J. Gutter and G. Kegeles, ibid., 75, 3893 (1953); P. K. Smith
and E. R. B. Smith, J. Biol. Chem., 121, 607 (1937).
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Results

Determination of and m2 require reaction
times of the order of weeks. The dependence
of these pseudo first-order rate constants on ala-
nine concentration at ionic strength 0.05, pH
8.00, was investigated. Detailed studies of the
dependence of m2 on alanine concentration, pH,
and ionic strength have been made. Due to the
higher rate of reaction, rather limited information
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about mi could be obtained.
8.00 are reported.

Calculation of m2—The quantity In A#T —
AN\ was plotted vs. time. Values of both At and
At+T were read directly from the spectrophotom-
eter recorder chart. At almost all wave lengths
employed, the relative absorbancy indices are such
that a rapid decrease in absorbancy is associated
with pseudo first-order rate constant mi followed
by a slower increase in absorbancy associated with
m2 The plot of absorbancy vs. time therefore has
a minimum early in the reaction, a few seconds
after mixing. In determinations of m2 no absorb-
ancy readings were recorded until after this mini-
mum.

The magnitude of the arbitrary constant time
interval . was chosen small enough so that no
correction had to be made for absorbancy changes
associated with m3 It was ordinarily possible for
r to be equal to at least two half-lives of the reac-
tion.

At low pH values, the fastest absorbancy change
produced a detectable downward curvature in some
of the plots of In |H+T — d t]vs. time during the
first 10% of the time period. A substantially
greater departure from linearity in the same direc-
tion was observed at pH 8.00 at the highest alanine
concentration, 0.17 M, indicating that difficulty
in separating these two absorbancy changes would
be expected in extending the experiments to lower
values of pH and to higher values of alanine con-
centration.

To obtain a measure of the deviation of the data
from linearity in plots of In [Ht+r — At]vs. time,
the deviation of each point was computed in terms
of uncertainty in the readings of absorbancy.
The average of the computed absorbancy uncer-
tainties for a kinetic run is termed AA. At pH
8.80, ionic strength 0.10, the average value of AA
for 15 kinetic runs was 0.0003; at pH 9.20, ionic
strength 0.10, AA averaged 0.0006 for 15 runs.
The smallest division on the recorder chart corre-
sponds to an absorbancy of 0.001 and intermediate
values of absorbancy can be estimated to about
+ 0.0001.

All determinations were performed in sets of
three or four identical runs, and the deviation from
mean values of m2averaged 2.8% for 300 experi-
ments at seven pH values.

At each value of pH and of ionic strength studied,
m>can be represented by an equation of the form

Some data at pH

w2 = aXA)0+ b2 @)

where (A)Ois the initial alanine concentration, and
a2and 52are pH-dependent parameters. Values at
seven pH values are given in Table I.

Deviations from linearity of plots of m2vs. (A)O
at ionic strength 0.05 at each pH value were calcu-
lated as average deviations of experimental points
from a straight line, and comparison was made
with the average of mean deviations in sets of
identical kinetic runs and with the average uncer-
tainty arising from an uncertainty of + 0.02 in
adjustment of pH. In each case it was shown that
the plots are linear within the limits of experimental
error.
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The experimental value of m2 was verified as
being independent of initial pyridoxal concentra-
tion in the range 10-6 to 10~4M at pH 9.20.

Dependence of both a2and b2on pH was deter-
mined with pH adjusted by addition of sodium
hydroxide. Both kinetic parameters increase with
increasing pH in the pH range studied, as shown in
Table I.

Table |

Dependence of the Kinetic Parameters 02 and b2 on

lonic Strength and p

)
lonic M~I (0] (A)o range.
pH strength see. ~I sec.-1 M
10.40 0.050 1.17 0.065 0.0086 to 0.059
10.00 .050 0.63 .041 .0090 to .064
9.60 14 53 .022 .020 to .093
.10 .50 .021
.075 .49 .021
.050 .46 .021
9.20 .10 26 .0122 .0096 to .087
.075 .26 .0106
.050 .28 .0093
.025 27 .0091
8.80 .10 .083 .0083 019 to .13
.075 .080 .0078
.050 .079 .0072
.025 .072 .0068
8.40 .10 .038 .0045 .030 tc .15
.075 .034 .0046
.050 .036 .0041
.025 .037 .0038
.0075 .034 .0044
8.00 .10 .023 .0031 .030 to .17
.075 .016 .0034
.050 017 .0034
.025 .019 .0032
.0075 .020 .0033

The effect on the kinetic parameters a> and b2
of changing ionic strength was studied at five
values of pH from 8.00 to 9.60 with ionic strength
adjusted by addition of sodium acetate. Results
are shown in Table I. Any effects due to chang-
ing ionic strength are in most cases less than the
experimental error in determining the Kinetic
parameters. The only trends apparent are seen in
values of b2at pH 9.20 and 8.80, where h>shows an
increase with increasing ionic strength.

Calculation of m3—The quantity In jl1t+T —
At] was plotted vs. time. The constant time
interval t was taken to be more than two half-lives
of the slow reaction; its magnitude is arbitrary,
but in the event that no subsequent reaction occurs,
the plot is most accurate when t is large com-
pared with the half-life.7 Separate plots were
made from data at each of four different wave
lengths. Values of m3obtained at various initial
alanine concentrations are shown in Table I1.

Several complications enter into an analysis of
these data. The plots used to calculate m3 are
concave downward, with only slight deviation
from linearity appearing at the lowest alanine con-
centrations, more marked deviations appearing at
the higher alanine concentrations. The observed
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Table Il
Variation of m3with (A)Oat pH 8.00, lonic Strength
0.05

Wave length,

(A)o, M ms X 106 SeC.~

0.172 4400
4100
3800

3200

N
]

.213 4400
4100
3800
3200

.254 4400
4100
3800

3200

.290 4400
4100
3800
3200

o ® O N oo o WAMNAENNRN
O W N O OFRF O W ONND MO O

value of o3 determined at 3200 A. is consistently
lower than values determined at higher wave
lengths, and the difference becomes greater at
higher alanine concentrations.

Previous investigators have reported instability
of aqueous pyridoxal solutions under certain con-
ditions.9 In conjunction with experiments on the
determination of m3 controls revealed that a
sterilized pyridoxal solution at pH 8.00 undergoes
spectral changes over periods of days, even in
total darkness. The magnitudes of the changes
were not reproducible with duplicate samples.
The total magnitude of these absorbancy changes
per mole of pyridoxal at wave lengths being used
to determine m3was about 5% of the changes ob-
served when alanine also was present at concen-
trations of about 0.2 M.

Estimation of m\— The existence of the spectral
change associated with mi can be demonstrated
using the Cary Model 14 spectrophotometer at pH
values lower than 9.20. However, the reaction is
too fast for detailed study using manual mixing
techniques.

An experiment was performed at pH 8.00, initial
alanine concentration 15 X 10-4 M, initial
pyridoxal concentration 4 X 10-5 M, 25.0°. The
quantity In JAt+r — Ht] was plotted vs. time.
The average of eight determinations at eight wave
lengths from 3100 to 4100 A. was mx = 0.11 + 0.04
sec.-1.

Calculation of ma— Determination of ma from
measurements of optical rotation was made by
plotting In (at — at+r) vs. time. Values obtained
at pH 8.00, ionic strength 0.05, are recorded below
at several initial concentrations of alanine: 0.176
M, 21 X 10-6 sec.-1; 0.274 /If, 1.0 X 10-6
sec.-1; 0.488 M, 2.8 X 10-6 sec.-1; 0.772 M, 5.4
X 10-6sec.-1.

No optical rotatory changes were detected corre-
sponding to spectral changes associated with
pseudo first-order rate constant m2

9) E. Cunningham and E. E. Snell, J. Biol. Chem., 158, 491 (1945);

L. Davis, F. Roddy, and D. E. Metzler, J. Am. Chem. Soc., 83, 127
(1961); D, Heyl, S. A. Harris, and K. Folkers, ibid., 70, 3429 (1948);
H. N. Christensen, ibid., 80, 99 (1958).
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Optical rotation changes occurring in these
solutions could not reasonably be anticipated to be
due entirely to a racemization of uncomplexed
alanine in solution, since a residual rotation equal
to that expected for alanine alone remained after
the reaction characterized by ma had passed
through several half-lives. A control experiment
was performed in which a sterilized solution of
alanine at pH 8.00 was placed in a one-decimeter
tube and optical rotation readings taken over a
period of one month. No significant change in
rotation was detected during this time.

Discussion
Existence of the three spectral relaxation times
requires that the chemical mechanism involve, in
addition to pyridoxal and alanine, a minimum of
three other species. One of the most reasonable
of such mechanisms can be formulated as

kx
a+p Xi
fc-1

k2
X x”™X 2
Ic2

kz
X2n £ X 3
fc-3

Here A and P are alanine and pyridoxal. Sug-
gestions about the chemical nature of Xi, X2 and
X 3will be made below. The integrated rate equa-
tion for this mechanism can readily be obtained for
the case where initial alanine concentrations are
much greater than pyridoxal concentrations so that
one has a set of first-order and pseudo first-order
reactions. If the small changes which do occur in
the concentration of alanine are not detectable
spectrophotometrically, one obtains®Dthe following
equation for the absorbancies

Atir - At = E (5)
r=1

where B/ is a function of r, initial reactant concen-

trations, absorbancy indices, and rate constants for

the mechanism. The set of pseudo first-order

rate constants is related to the rate constants of

the mechanism by the equations

mi + m2+ m3= fci(A)O+ fc-i + k2 +

k—=+ fo+ kz
minii + mims + mms = (A)o [[ci(fez + fc 2 + k3+
fc 3] + foilc2+ k—Fa+ fcifc 3+ fA3+ /[ 3

mim2m3 = (A)o[fci(/c2fc3 + h2fc-3 +

lc Xc-3] + k_ik-Jis (6)

(10) For methods employed in this derivation, see: A. Rakowski,
z. physik. Chem. (Leipzig), 57, 321 (1907); T. M. Lowry and W. T.
John, J. Chem. Soc., 97, 2634 (1910); E. A. Guggenheim, Phil. Mag.,
[7] 2, 538 (1926); F. A. Matsen and J. L. Franklin, ~ Am. Chem. soc.:
72, 3337 (1950).
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If a time interval exists during which changes in
the quantity (At+T— At) are due to contributions
of but one term of the right member of eq. 5, then
eq. 2 will be valid in that time interval and it will
be possible to determine mr from the slope of plots
such as have been described in this paper. Having
obtained a set of to's, one can in principle get unique
values for all rate constants of the mechanism by
plotting each of the quantities (toi + t2 + 3,
(0T + TgIB + wiao3d, and (T3 vs. (A)Q
The three slopes and three intercepts suffice to
determine the six rate constants.

For the case in which mx>> m2>> o3 one can
readily obtain the equation

uA)g T bi
c2AA)o+ 1

U

where

Hh T k=2 3+ k-i)
ki1+ fo+ k2+ ks+ ks

k-Xk-2 + f3T k-$) -f- ki(ki -f- k_3
k~1+ f2+ k=2+ kz - k-3

= h
k-1+ k2+ fo2 + kz + k-3

The observed concentration dependence of rm
within the range of initial alanine concentration
employed, given by eq. 4, is consistent with eq. 7
if c<AA)0 is small compared to unity. An upper
limit for c2thus is established at each value of pH
listed in Table I.

The dependence of ta2on (A)0Ois not an effect of
changing activity coefficient. The experiments
were performed at constant ionic strength, and
since the major anionic species contributing to the
ionic strength are the alaninate and acetate ions, the
requirement of constant ionic strength is equivalent
to the requirement of constant total carboxylate
concentration. The fact that neither a2 nor b2is
strongly dependent on ionic strength adjusted with
sodium acetate is evidence that the dependence of
t2 on (A)Ois due neither to changes in ionic en-
vironment of the reactants nor to a specific de-
pendence on carboxylate ion or sodium ion concen-
tration. Activity coefficient datall for the zwit-
terion form of alanine in aqueous solution demon-
strate that alanine solutions show no significant
departures from ideality at concentrations used in
these kinetic experiments. It therefore appears

1)
(1937); R. A. Robinson, ibid., 199, 71 (1952).
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justifiable to seek an explanation of the observed
dependence using a chemical reaction mechanism
written in terms of molar concentrations.

Structures of species X I X 2 and X 3in the above
mechanism cannot be determined from these ex-
periments. However, previous studies of this and
related reactions provide rationale for suggestions
regarding the chemical nature of the three com-
pounds. The first step is similar to one proposed
for analogous reactions by Jencks,2 and Xj may
be an addition compound of the structure

COOH
C—N-C—H

CH3 ohoh"1h.

Heyl, Harris, and Folkers13have reported isolation
of acompound formed from potassium alaninate and
pyridoxal in ethanol, giving evidence for the struc-
ture

chZoh

/ H coo ~H~
NA3 -C =N —C—]
ch3 oh ch3

It therefore seems reasonable that X2 may be
formed from Xi by the loss of water to give a
carbon-nitrogen double bond. Loss of optical
activity in the final step of the reaction suggests
that asymmetry is lost at the a-carbon, possibly
by X 3having the structure

chZ2h
COOH
HN )=C—N=C
. H
ch3 OH &HS

According to this mechanism, the pseudo first-
order rate constant determined from optical rota-
tion experiments should be equal to one of the
pseudo first-order rate constants from absorbancy
measurements. However, maand t3do not show
the same dependence on (A)0 Water has not been
included in the formal mechanism, since these
kinetic experiments could not detect the participa-
tion of water in any of the steps.

Acknowledgment.—The authors are indebted to
Drs. E. L. King and L. Peller for helpful discussions.

(12) W. P. Jencks, J. Am. Chem. Soc., 81, 475 (1959); B. M. Ander-

P. K. Smith and E. R. B. Smith, J. Biol. Chem., 121, 607 son and W. P. Jencks, ibid., 82, 1773 (1960).

(13) D. Heyl, S. A. Harris, and K. Folkers, ibid., 70, 3429 (1948).
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The kinetics of discharge of the alkali metals on their amalgams was studied at 24 + 0.6° by faradaic rectification from
0.25 to 3 megacycles sec.-1 in 0.498 M MCI + 0.002 M MOH. The metal was generated in situ (Cm <K Cm* at electrode

surface), and no supporting electrolyte (tetraalkylammonium salt) was added to avoid interference with kinetics.
rate constants were corrected for the double layer structure.

sorption of Cs+ was neglected.

Standard
Correction for Cs is very approximate because specific ad-

It was concluded from previous work and from polarograms of 2.5 mM MCI without sup-

porting electrolyte that hydrogen evolution did not interfere to an appreciable extent with metal ion discharge except pos-

sibly for Li.
0.2, 0.05, 0.05, 0.09 cm. sec.-1.

Transfer coefficients from Li to Cs: 0.65, 0.61, 0.59, 0.58, 0.57.

Apparent standard rate constants: 0.09,

Standard rate constants: 0.02, 0.04, 0.01, 0.01, (0.02) cm. sec.-1 (Gouy-Chapman theory);

0.002, 0.01, 0.005, 0.005, (0.007) cm. sec.-1 (Brodowski-Strehlow theory).

The method of faradaic rectification for the study
of fast electrode processes23 is applied in this
paper to the kinetics of discharge of the alkali
metals on their amalgams. These electrode proc-
esses were studied by faradaic impedance by Ran-
dles and Somertondéfor Na, K, and Csin 1 M
tétraméthylammonium hydroxide. Only approxi-
mate apparent standard rate constants (k& «0.4,
0.1, and 0.2 cm. sec.-1 for Na, K, and Cs, respec-
tively) were obtained, as the upper limit of rate
constants was reached which could be measured
by faradaic impedance with the equipment used
by these authors. Further, discharge kinetics was
undoubtedly complicated by adsorption of tétra-
méthylammonium ion and the resulting coverage
of the electrode and influence on the double layer
structure. The present study was undertaken for
the following reasons: (a) Values of f&® are of
interest in establishing correlations between kinetic
parameters and atomic and ionic properties for the
series Li to Cs, especially since appreciable com-
plex formation and ionic association can be ruled
out, at least for chloride medium in water.6 (b)
Correction of /o° for the double layer structure
allows comparison of the Gouy-Chapman theory
of the diffuse double layer with the recently de-
veloped treatment of Brodowski and Strehlow6 at
very cathodic potentials, at which the two theories
give significantly different results, (c) Data on
fea® for Li to Cs are indirectly of interest in the
elucidation of the not yet fully understood mech-
anism of hydrogen evolution in the electrolysis of
alkali hydroxide solutions.7 (d) The kinetic study
of these processes should show the usefulness of

(1) Postdoctoral research associate 1960-1962;
Minami College, Hiroshima University, Hiroshima.

(2) (a) P. Delahay, M. Senda, and C. H. Weis, J. Am. Chem. Soc.,
83, 312 (1961); (b) M. Senda, H. Imai, and P. Delahay, J. Phys,
Chem., 65, 1253 (1961); (c) H. Imai and P. Delahay, ibid., 66, 1108
(1962); (d) for areview, cf. P. Delahay in “ Advances in Electrochemis-
try and Electrochemical Engineering,“ P. Delahay, editor, Inter-
science Publishers, New York, N. Y., 1961, pp. 279—300.

(3) See also related papers: (a) M. Senda and P. Delahay, J. Am.
Chem. Soc., 33, 3763 (1961;; (b) M. Senda and P. Delahay, J. Phys.
Chem., 65, 1580 (1961).

(4) J. E. 3. Randles and K. W. Somerton, Trane. Faraday Soc., 48,
951 (1952).

(5) J. Bjerrum, G. Schwarzenbach, and L. G. Sillén, “ Stability Con-
stants. Part |1, Inorganic Ligands,” The Chemical Society, London,
1958, p. 93.

(6) H. Brodowski and H. Strehlow, Z. Elektrochem., 63, 262 (1959);
64, 891 (1960).

on leave from

faradaic rectification. A novel feature in this
work is the elimination of supporting electrolyte
and the concomitant interference by tetraalkyl-
ammonium ion.

Experimental

Solutions.-—The alkali chloride solutions were prepared
from analytical reagents. The hydroxides were obtained
by decomposition of electrolytically prepared amalgams by
water. Distilled water which had been redistilled over
KMnCh was used. Solutions were treated with activated
charcoal as recommended by Barker,8and charcoal was re-
moved by centrifugation. High area platinum black might
have been better than charcoal, as noted by the reviewer of
this paper, to avoid contamination by dissolution in alkaline
solution of oxidation products of charcoal. Oxygen was re-
moved by nitrogen which was purified by pyrogallol, vana-
dous sulfate, and activated charcoal at Dry Ice temperature.

Cell.—The microcell previously describedDwas used with
a capillary length of 35 mm. The electrode area was ap-
proximately 0.01 cm.2at the time the a.c. pulse was applied.
This areawas not so large as to make power consumption too
high for the a.c. signal generator, but it was large enough to
correspond to a cell resistance of approximately 100 ohms
with the solutions being used, i.e., below the resistance for
for which stray capacity interfered. The non-resistive com-
ponent of the cell impedance was nearly proportional to
frequency up to 6 Me., and consequently the effect of stray
capacity was negligible.

Faradaic Rectification.—Rectification voltages were de-
termined indirectly by compensation with a voltage step by
means of equipment previously described.23° Ringing in
the network of the low-pass filter prevented observations for
the first 50 Msec. Compensation was not achieved for ap-
proximately 100 “sec. because the transient characteristics
of the compensation circuit were not the same as for the
rectification process. Perfect compensation was achieved
for t > 100 Msec. (Fig. 1).

Double Layer Measurements.—Equipment for differen-
tial capacity measurements and determination of electro-
capillary curves was quite conventional and was pre-
viously described.9 Differential capacities of the double
layer at the potential at which rectification voltages were
determined were extrapolated from values at less negative
potentials at which there is practically no metal deposition.
Extrapolation was satisfactory because of slow variation of
the double layer differential capacity with potential. The
following values were used: 16.8, 16.9, 16.8, 17.6, and 18.0
nL cm.-2 from Li to Cs.

Polarographic Measurements.—A Sargent polarograph,
model XX 1, which had been fitted with a 1-sec. full scale
deflection pen-and-ink recorder, was used according to

(7) For a recent review, cf. A. N. Frumkin in "Advances in Elec-
trochemistry and Electrochemical Engineering,” Vol. 1, P. Delahay,
Ed., Interscienoe—Wiley, New York, N. Y., 1961, pp. 65-121.

(8) G. C. Barker, “Transactions of the Symposium on Electrode
Processes, Philadelphia 1959,” E. Yeager, Ed., John Wiley and Sons,
New York, N. Y, 1961, pp. 325-365.

(9) K. Asada, P. Delahay, and A. K. Sundaram, J. Am. Chem. Soc.,
83, 3396 (1961).



1684

H ideo

2 milliseconds
hp---- 1

Fig. 1.—Tracings of current-time curves in the determina-
tion of rectification voltages by compensation for discharge
of Na+in 0.498 M NaCl, 0.002 M NaCl at 24 + 0.6°: i,
rectification current; fa,, compensating current for voltage
step AV = —1 mv.; and ic current after compensation.
Equilibrium potential —1.95 v. vs. pool,/ = 2 Me.; ampli-
tude of cell voltage, 4.52 v.; amplitude of current density,
3.74 amp. cm.”2

standard procedure.
life were measured.

Generation in Situ.— Metals were generated in situ be-
cause dropping amalgam electrodes for the alkali metals
plug very easily and are not reliable, as noted by Randles
and Somerton.4 The cell circuit was the same as that used in
previous work on rectification by the double layer.D The
generation circuit was open with a relay, which was syn-
chronized by the signal operating the magnetic hammer 5
msec, before drop fall and was closed 0.1 sec. after drop fall.
Continuous variation of the capillary characteristics resulted
when generation was not interrupted.

The concentrations of alkali metal were calculated from
polarographic theory by reckoning that the current includes
a migration component but that diffusion is the sole mass
transfer process for metal M. It was assumed that the
current for hydrogen evolution was negligible (see below,
however). Thus

Maximum currents at the end of drop

i = KD”Cu 1)
where K represents all the coefficients in the Ilkovic equa-
tion1 except for concentration and diffusion; cm is the
alkali metal concentration in the amalgam at the electrode
surface; Dm the diffusion coefficient of M in the amalgam;
and i is the current. Diffusion coefficientsl DM, except for
Rb, were taken from Schwarz2and are based on the experi-
mental values of Wogau.13 We took Dab = Dc, at 25° since
these diffusion coefficients are nearly the same at 10° ac-
cording to Wogau and the temperature coefficient should not
vary much from Rb to Cs. (This coefficient is relatively
small, anyhow.) Concentrations CM are listed in Table I.
The concentration Cm, is only approximate because of inter-
ference by Ho evolution (see below), and the value in Table I
was estimated from the metal concentrations calculated
below from the Nernst equation. Thus, CEb = (¢(Rb'/
cm"cm Where the (C')’s are from the Nernst equation, cm
is calculated from the current as indicated above, and M =

(10) This is only approximate because the Ilkovic equation holds for
diffusion toward an expanding sphere, whereas there is diffusion
of metal M toward the center of the drop. This approximation is
usually made in the theory of polarography.

(11) We did not use the values of Dm from A. Vicek, Collection
Czech. Chem. Commun., 20, 413 (1955), which were calculated from
Stokes’ law (0.82, 0.68, 0.51, 0.49, and 0.45 X 10~5cm.2sec. -1 for Li to
Cs) for two reasons: (a) Application of Stokes’ law is not rigorous
and (b) Djsain Table I agrees well with the more recently determined
value (0.80 + 0.04) X 10~5cm.2sec.-1 at 22°, from M. v. Stackelberg
and V. Toome, Z. Elektrochem., 58, 226 (1954).

(12) K. Schwargz, ibid., 39, 553 (1933).

(13) M. v. Wogau, Ann. Physik, [4] 23, 345 (1907).
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Li, Na, K, Cs. The average value of Cab was taken. No
correction was attempted for any possible abnormal concen-
centration of the metal at the interface. (This possible error
was pointed out by the reviewer of this paper.)

Table |

D ata for Calculation of Alkali Metal

Concentrations at Electrode Surface at 24 + 0.6°
Be. i,b Dm X 10+ Cm.

Metal v. VS, pool* Pa. cm.2sec.-1 mM
ud -2.16 1.26 0.92 0.87
Na 1.95 1.70 .86 1.2
K -1.94 0.98 77 0.74
Rb -1.96 .63 (0.76)
Cs -1.97 1.36 .63 1.1
" E of pool vs. s.c.e., +0.048 v. hPronounced inter-

ference by H2evolution for Rb.
in situ.
evolution.

0 See section on generation
dSee discussion of the possibility of hydrogen

The concentrations Cm were also estimated from the
potential on the assumption that the Nernst equation can be
applied.ll (Electrode processes are fast enough.) These
values of CMwere not used because the calculation appeared
more uncertain than application of eq. 1 because of uncer-
tainty on the standard potentials and activities of the
amalgam for Li, Rb, and Cs.

Description and Discussion of Results

Rectification Data and Kinetic Parameters.—
Results are summarized in Fig. 2, and the corre-
sponding kinetic parameters are listed in Table II.
The data of Fig. 2 were analyzed by means of the
general equation for the rectification voltage pre-
viously derived.2 One has for charge transfer
without complication for Cm* » Cm and ctn

9» 1 (9is phase angle between current and po-
tential)

RTAIL 2a-1_ (- aL° J

nF Fa2 “ 4 ZFCmDmMIl o2 (0

where AE, is the rectification voltage; Fa is the
amplitude of the alternating voltage across the
electrode impedance; a is the transfer coefficient;

Table Il
Kinetic Data for Discharge of the Alkali Metals
on their Amalgams at 24 + 0.6°"
B, vV, &,
V. w. ma. cm. k°,b K\c
Metal s.c.e. a om.~2 sec. 1 cm.sec.-1 cm. sec. -1
Lie -2.11 o0.65 72 0.09 0.022 0.002
Na -1.90 .61 219 +8 040 .009
K -1.89 59 53 .052 .on .005
Rb -1.91 .58 57 .052 .Oil .005
Cs -1.92 &7 123 .087 ( .016)" ( .007)"

° See values of CM in Table I.
0.498 M MCI, 0.002 M MOH.
by Gouy-Chapman theory. 0Double layer correction by
Brodowski-Strehlow theory. dDouble layer correction is
quite approximate because specific adsorption of Cs+ was
not considered. e See discussion of the possibility of hydro-
gen evolution.

Solution composition
6 Double layer correction

7&° is the apparent exchange current, density, i.e.,
not corrected for the double layer structure; ® =
2irf, f being the frequency; and n, F, R, T are as
usual. Fa was calculated from the amplitude of
the cell current and the differential capacity of the
double layer. This was feasible since, except for
0.25 Me. (note slight curvation in plots of Fig. 2),
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the double layer impedance was much smaller than
the faradaic impedance. It was assumed on the
basis of previous experimental results®d that the
double layer capacity was frequency-independent.
Values of 7& in Table Il were converted to the
apparent standard rate constant /ca® by

la°® = 3)

The fc”s in Table 1l for Na, K, and Cs are some-
what smaller than the values reported by Randles
and Somerton,4namely, 0.4, 0.1, and 0.2 cm. sec.-1,
but our fc”s are almost in the same ratio of 4:1:2
as the data of these authors. It should be noted
that, in their case, fcs were measured in 1 M
tetramethylammonium hydroxide.

Double Layer Correction.—One has on the as-
sumption of no specific adsorption

fo = fPexp[(an — z)FA<p/RT] 4)

where f©° is standard rate constant; z (= + 1) the
ionic valence of the discharged species; and A{pthe
difference of potential across the diffuse double
layer from the plane of closest approach to solution.
One has here (an — 2)A<p > 0, fea® > fc°, and the
double layer effect accelerates the discharge proc-
ess. Specific adsorption is negligible for Li+ to
R b+ but must be considered for Cs+ as pointed out
by Frumkin and co-workers.4 Standard rate
constants are listed in Table Il for values of A
calculated’6 by the Gouy-Chapman theory (G.C.)
and the modified form of this theory by Brodowski
and Strehlow6 (B.S.). Data for the calculation of
A<are given in Table 111.187 It is seen that the
double layer correction is relatively large and that
the discharge of alkali metals is not particularly
rapid, especially if one considers the k*s corrected
by the B.S. theory. Further, values of Ajp, and
consequently of k°, obtained by this theory and the
G.C. theory differ markedly for a given metal.
The G.C. and B.S. theories yield much closer
values of Agfor ionic radii of 2-3 A. at potentials
not as cathodic as those prevailing in the discharge
of the alkali metals. Note that fc°, as corrected by
the B.S. theory, for Li has the lowest value of the
series while this is not so for k® with correction by
the G.C. theory. Sodium has the highest k>—an
observation which will not be interpreted here.

Possibility of Interference by Hydrogen Evolu-
tion—Reduction of water with hydrogen evolu-
tion at an appreciable rate would interfere because
the calculation of the concentration of metal for
generation in situ would be seriously in error and
faradaic rectification measurements would be
affected. Interference, except possibly for Li,
however, appears to be negligible on the basis of
two arguments: (a) The current density for hydro-

(14) For a review of evidence for Cs+ adsorption on Hg, see A. N.
Frumkin, Electrochim. Acta, 5, 265 (1961).

(15) lonic association, which must be considered in the calculation
of Ap (c f P. Delahay and A. Aramata, J. Phys. Chem., 66, 1194
(1962)), was neglected for LiOH and NaOH because of the low con-
centration of hydroxide in comparison with the chloride. There is no
evidence of ionic association for KOH, RbOH, and CsOH according
to ref. 5, p. 2.

(16) For radii of solvated ions, see C. B. Monk, “Electrolytic Dis-
sociation,” Academic Press, New York, N. Y., 1961, p. 271.

(17) Dielectric constants calculated according to J. B. Hasted. D. M.
Ritson, and C. H. Collie, J. Chem. Phys., 16, 1 (1948).
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32 Brabr SO

Fig. 2—Plot of AE~/Va2 against « ‘A for discharge of
alkali metals on their amalgams for 0.498 iff MCI, 0.002 iff
MOH at 24 + 0.6°.

Fig. 3.—Polarograms of 2.5 miff LiOH and 2.5 miff NaOH
without supporting electrolyte at 24°. Potentials are cor-
rected for ohmic drop; cell resistance, 25,500 ohms for
LiOH; 14,700 ohms for NaOH; drop time with magnetic
hammer, 3.33 sec.; rate of flow of mercury, 0.68 (LiOH)
and 0.95 (NaOH) mg. sec.-1; current corrected for residual
current.

Table I”

Data for the Calculation of Ap

E, g.a
V. Vs /icoulombs r,b

Aqpd Apb
Metal s.c.e. cm. "2 L e V. V.
LiIA -2.11 30.1 2.50 71.5 -0.103 - 0.275
Na -1.90 28.5 2.17 73.0 - .100 - .193
K -1.89 26.7 1.75 73.5 - .097 149
Rb —1.91 27.9 1.75 73.5 - .099 .152
Cs -1.92 29.0 1.53 (73.5)7 (- .101)» (- .158)0

“ Charge on the electrode. 6 Radius of solvated ion ac-
cording to Monk.®¥ c Dielectric constant of 0.5 iff MCI
solution calculated according to ref. 17. dGouy-Chapman
theory. <Brodowski-Strehlow theory. 1Taken as being
the same as for RbCIl. 8 Not corrected for specific adsorption
of Cs+. hSee discussion of the possibility of hydrogen
evolution.
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gen evolution in KOH solution at the potential used
in this work (Table 1) is much smaller than the
current density for metal deposition. Calculations
were based on the data of Kaptsan and lofa78for
the Tafel line, (b) Polarograms for dilute solutions
of MOH (Fig. 3) exhibit a well defined plateau ex-
cept for LiOH, and it is concluded that reduction of
H2D at current densities of the order of those used
for metal deposition in generation in situ requires
appreciably more negative potentials than the
potentials prevailing in faradaic rectification
measurements.9 Evidence for lithium is not con-

(18) O. L. Kaptsanand Z. A. lofa, Zh. Fiz. Khim.,26,193, 201 (1952)*
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elusive, and the data in Tables | to Ill for this
metal should be regarded as tentative. There was
some evidence of H2evolution for Rb, and this is
why the method used in the calculation of the
concentration Cub at the electrode was devised
(see Experimental). It should be noted that the
k®s for Li and Rb are not out of line with respect to
the other metals.

Acknowledgment.—This investigation was sup-
ported by the National Science Foundation.

(19)
same in the polarographic and faradaic rectification measurements.

Further, the OH~ concentration at the electrode increases with the
current for H2evolution in the polarographic experiments.

A GENERALIZED RELATION BETWEEN REDUCED DENSITY AND
TEMPERATURE FOR LIQUIDS WITH SPECIAL REFERENCE TO LIQUID
METALS1

» By P. J. McGonigal?

Research Institute of Temple University, Philadelphia 44, Pennsylvania

Received March 29, 1962

A correlation exists among various liquids in regard to their reduced density vs. temperature behavior.

quantity A is defined.
curves is obtained.
critical densities is described.

The density vs. temperature behavior of liquid
metals has recently been the subject of extensive
investigation at this Institute. A consideration of
the results obtained from these investigations as
well as those reported by other workers shows that
there is a broad spread in the densities of different
liquid metals as well as in the values of the tempera-
ture coefficient of density. To date there has been
no general correlation among the density data for
different metals.

In an attempt to produce such a correlation, use
was made of the reduced properties of metals. It
has been shown by Grosse3 that reasonable esti-
mates of the critical temperatures of metals can be
made by application of the law of corresponding
states to the entropies of vaporization. Critical
densities may be estimated if reliable liquid density
data are available by evaluation of the equation of
the rectilinear diameter at the critical temperature.
In many cases the density vs. temperature behavior
of a metal between its melting point and normal
boiling point can be represented by a straight line
well within the limit of experimental error. The
equation of the rectilinear diameter is then one-half
of the density vs. temperature equation. In cases
where the density vs. temperature behavior is best
represented by a curve, the rectilinear diameter may

(1) (a) This work was supported by the National Science Founda-
tion under grant 18829; (b) presented before the Division of Physi-
cal Chemistry, 142nd National Meeting of the American Chemical
Society, Atlantic City, N. J., September, 1962.

(2) A report of this work will constitute a portion of a dissertation to
be submitted by the author to the Graduate Council of Temple Uni-
versity in partial fulfillment of the requirements for the degree of Doc-

tor of Philosophy.
(3) A. V. Grosse, J. Inorg. Nucl. CKem., 22, 23 (1961).

The dimensionless

When the reduced variable Ared is plotted against reduced temperature, a series of quite similar
The correlation is shown for fifteen liquid metals and seven other liquids.

A method for estimating

be constructed by using one-half the sum of the
liquid and vapor densities at various temperatures.
Critical densities then may be obtained by evaluat-
ing the rectilinear diameter equation at the critical
temperature.

If reliable estimates of the critical temperatures
and critical densities are available, the density vs.
temperature behavior of liquids may be compared
on the basis of reduced variables. Such a compari-
son is most conveniently made by utilizing the re-
duced rectilinear diameters, since these are straight
lines which all begin at the point (D 6)red = 1, Trad
= 1, where (D s)rdis the reduced rectilinear diam-
eter and Tred is the reduced temperature. The
variation in the slopes of these lines for different
liquid metals is considerable. In a previous
publication4 the density of magnesium at the nor-
mal boiling point and the density at the critical
point, as well as the slope of the density vs. tem-
perature line between the melting point and the
normal boiling point, were predicted with a fair
degree of accuracy (relative to the values of these
gquantities as determined by experiment and extrap-
olation of experimental data) by using an average
reduced rectilinear diameter based cn data for six
metals. The use of such a method is, of course,
justifiable only in the absence of experimental data
or, as in the case of magnesium, in cases where avail-
able experimental data disagree to a very large ex-
tent.

The concept of the reduced rectilinear diameter,
as such, does not indicate the general relation be-

4) P. J. McGonigal, A. D. Kirshenbagm, and A, V. Grosse, J, Phys.

Chem., 66, 737 (1962).

It must be noted that the solution composition was not the
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Fig. 1.—Ared vs. Fred, for liquid metals.

tween reduced density and temperature that exists
for liquids. This relation was arrived at by use of
the dimensionless variable (dD s/d T)(T/D & which

Table |

Summary of Pertinent Data for Liquid Metals

-b X 10,

g./cm.3 Do,
Metal a g.J/cm.3  °K. Ta, °K. QJcm.3 —Ac  Ref.
Ag 5.232 4.534 7460 1.85 1.83 6
Na 0.510 1.234 2780 0.17 2.05 7
T1 6.094 7.67 4830 2.39 1.55 8
K 0.454 1.194 2440 1.63 1.79 7
Au 9.44 6.00 9460 3.76 1.51 9
In 3.658 3.400 6680 1.39 1.63 10
Mg 0.917 1.324 3850 0.41 1.24 4
Pb 5.734 6.587 5400 2.18 1.63 11
U 9.678 5.164 12500 3.22 2.00 12
Hg 7.19 14.38 1733 4.70 053 1314
Cd 4.33 5.37 2970 2.75 0.58 7
zn 3.78 4.61 3430 2.20 0.72 15
Li 0.273 0.4125 4110 0.10 164 7
Sn 3.642 3.00 8720 1.03 255 16
Ga 3.12 2.88 7620 0.93 236 17

is termed A (by analogy to the x of Codegone,6who
proposed a dimensionless expression relating the
temperature and pressure of saturated vapors).
The use of the rectilinear diameter permits the eval-

(5) C. Codegone, Allgem. Waermetech., 9, 58 (1959).

(6) A. D. Kirshenbaum, J. A. Cahill, and A. V. Grosse, J. Inorg.
Nucl. Chem., 22, 33 (1961).

(7) “Liquid Metals Handbook,” 2nd Ed., R. N. Lyon, Editor-in-
chief, sponsored by the Committee on the Basic Properties of Liquid
Metals, Office of Naval Research, Department of the Navy, in Col-
laboration with the Atomic Energy Commission and the Bureau of
Ships, Department of the Navy, Washington, D. C., June, 1952,
NAVEXOS P-733 (Rev.).

(8) A. Schneider and G. Heymer, Z. anorg. allgem. Chem., 286, 111
(1958).

(9) W. Krause and F. Sauerwald, ibid., 181, 347 (1929).

(10) P. J. McGonigal, J. A. Cahill, and A. D. Kirshenbaum, J.
Inorg. Nucl. Chem., in press, 1962.

(11) A. D. Kirshenbaum, J. A. Cahill, and A. V. Grosse, ibid., in
press, 1962.

(12) A. Y. Grosse, J. A. Cahill, and A. D. Kirshenbaum, J. Am.
Chem. Soc., 83, 4665 (1961).

(13) J. Bender, Physik. Z., 16, 246 (1915).
(14) J. Bender, ibid., 19, 440 (1918).

(15) P. Pascal and A. Journaux, Compt. rend., 158, 414 (1914).

(16) A. L. Day, R. B. Sosman, and J. C. Hostetter, Am. J. Set., 37,
1 (1914).

(17) W. H. Hoather, Proc. Phys. Soc. (London), 48, 699 (1936).
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Fig. 2.— Ardl. vs. t'rd. for other liquids.

Table Il

Summary of Pertinent Data for Other Liquids

-b

X 104,
0, g./cm.8 To, nc,

Liquid g./em.3  °K. "K. g./em.3 —Ac Ref.
so02 1.059 12.45 430.4 0523 1.025 18
n-Butane 0.408 4.30 426 225 0.814 18
Cco02 .815 11.40 304.3 .468 .740 18
H2D .632 4.75 647.4 .324 949 18
chbh 546 5.23 516.2 .276 978 18
Perfluoro-2-n-

butyltetra-
hydrofuran 1.358 15.4 500.21 .588 1.309 19

uation of A at the critical point, whereas the actual
density vs. temperature curve would have an in-
finite slope at the critical point. In order to com-
pare the behavior of different liquids, the quantity
Ard is plotted against Tred. Ared is simply A/Ac

(18) “Handbook of Chemistry and Physics,” 35th Ed., Chemical
Rubber Publishing Co., Cleveland, O.

(19) R. M. Yarrington and W. B. Kay, J. Chem. Eng. Data, 5, 24
(1960).

where Ac is the value of A at the critical point.
Figure 1 shows Ared vs. Tred plots for liquid metals
and Fig. 2 shows the plots for several other liquids.
Table I is a collection of numerical values pertinent
to this work for liquid metals and Table Il gives
similar information for several other liquids. The
a and b refer to the constants in equations of the
form

D6(g./cm.3 = a —bT(°K))

The literature references are for density data.
Critical temperatures for the metals were estimated
according to the method described by Grosse with
the exception of that for mercury, which was experi-
mentally determined.D Rectilinear diameter equa-
tions for the metals were calculated as necessary
from the original data.

The data for argon are omitted from Table 11
since A and Ared were calculated from the reduced
density equation of Guggenheim.2L The references
in Table Il are for tables of thermodynamic func-

(20) F. Birch, Phys. Rev., 41, 641 (1932).
(21)iE. A. Guggenheim, J. Chem. Phys., 13, 253 (1945).
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tions or density data from which the rectilinear
diameter equations were calculated.

The agreement shown in Fig. 1 among the liquid
metals is considered good since, with the single ex-
ception of mercury, the critical temperatures are
estimated and evaluation of the critical densffies
involves extrapolations which are large compared
with the temperature range over which experimen-
tal measurements were made. Two curves are
shown in Fig. 1 since the behavior of the group 11B
metals, although internally consistent, appears to
be rather different from that of the other metals.
The agreement in Fig. 2 is better since the critical
temperatures and critical densities for these liquids
have been experimentally determined.

The correlation illustrated in Fig. 1 and 2 may be
presumed valid for other metals and liquids in
general, at least in the absence of experimental evi-
dence to the contrary. The Argj vs. Tred curve may
be used to estimate critical densities for those
metals and other substances for which adequate ex-
perimental data are not available. Since the carve
for the group IIB metals is so distinct, it is con-
sidered reasonable not to refer to it in making the
estimates.

If the density of a liquid is known at only a single
point between its melting point and normal boiling
point, its critical density may be determined to a
first approximation from the average value of Ared
at Fred corresponding to the temperature at which
the density is known. Knowledge of the two den-
sity values permits estimation of the slope of the
rectilinear diameter and hence that of the density
vs. temperature line between the melting point and
the normal boiling point.

As an example of the application of the method
described herein, the critical densities, densities at
the normal boiling points, and slopes of the density
vs. temperature lines have been calculated for rubi-

Kinetics of the Reversible Hydration of 2-Hydroxypteridine
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dium and cesium, two metals for which re-
liable density data are available only at the
melting points.7 Results of experimental measure-
ments on the densities of liquid rubidium and
cesium will be reported in a subsequent publication
from this Institute. The calculated values, which
agree rather closely with those predicted by Grosse2
on the basis of an average ratio of density at the
normal boiling point to critical density for several
metals,3are shown in Table I1l. The recent values
of WeatherfordZ in Table 111 were taken from a
density vs. temperature plot for the alkali metals,
apparently constructed with the assumption that
the slopes for rubidium and cesium would be quite
similar to the slopes for sodium and potassium.
The true situation is more complicated, however,
since even in the case of elements in the same group
of the periodic table, comparisons should be made
only on the basis of reduced properties.

Tabie Il

Density Data for Rubidium and Cesium

—dD/dT

X 10h
Db.p., g./cm.3 g-/

M.p., Dn.p. B.p.. This Weathera T, Do, cm.3
Metal °K. g./cm.3 "K. work ford OK. g./em.3 °K.

Rb 312 1.475 974 1.16
Cs 301 1.84 958 1.44

1.33 2190 0.29 4.8
1.68 2150 0.36 6.0

Acknowledgment.—The author gratefully ac-
knowledges the encouragement and guidance of
Dr. A. V. Grosse.

(22) A. V. Grosse, “The Liquid Range of Metals and Some of Their
Physical Properties at High Temperatures,” Paper No. 2159, A.R.S.,
Space Flight Report to the Nation, New York, N. Y., Oct. 9-15,
1961.

(23) W. D. Weatherford, Jr., paper presented at the Symposium on
High Temperature Properties and Applications of Liquid Metals,
Fifty-fourth Annual Meeting, A.I.Ch.E., New York, N. Y., Dec. 2-7
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KINETICS OF THE REVERSIBLE HYDRATION OF 2-HYDROXYPTERIDINE
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Rapid-reaction methods have been used to study the Kinetics of reversible hydration of 2-hydroxypteridine across the

C(4, N(3 double bond.
20° range from 0.5 to 375 sec.

Introduction

Although reversible hydration across 0=0
bonds, for example in aldehydes and some keiones,
is well known, similar reactions involving 0=N
bonds have been much less investigated. Known
examples where such hydration occurs include
pteridine (cation and neutral molecule),22-hyc.roxy-
and 6-hydroxypteridine (neutral molecule and
anion),3-6 2-mercaptopteridine (neutral molecule

(1) Australian National University Scholar.

(2) D. D. Perrin, J. Chem. Soc., 645 (1962).

(3) A. Albert, ibid., 2690 (1955).

(4) D. J. Brown and S. F. Mason, ibid., 3443 (1956).
(5) D. D. Perrinand Y. Inoue, Proc. Chem. Soc., 342 (1960).

The reaction is acid-base catslyzed and, over the pH range 4.55 to 12.4, times of half-completion at
A possible reaction mechanism is suggested.

and anion),6 1,4,6-triazanaphthalene (cation and
neutral molecule),67 and quinazoline (1,3-diaza-
naphthalene) (cation and neutral molecule),89 as
well as some of their methyl and other derivatives.
In each case, the first of the forms given in paren-
theses exists mainly as the hydrate while the second
form is mainly anhydrous.

Covalent hydration and dehydration of 6-hy-
droxypteridine (across positions 7 and 8) proceeds

(6) Y. Inoue and D. D. Perrin, J. Chem. Soc., 2600 (1962).

(7) A. Albert and C. Pedersen, ibid., 4683 (1956).

(8) A. R. Osborn, K. Schofield, and L. N. Short, ibid., 4191 (1956).

(9) A. Albert, W. L. F. Armarego, and E. Spinner, ibid., 5267
(1961).
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sufficiently slowly in neutral or weakly alkaline
solutions that a hysteresis loop can be demonstrated
by rapid potentiometric titration with alkali
followed, after some minutes, by rapid back-titra-
tion with acid. D 2-Hydroxypteridine behaves
similarly,6 adding water across positions 3 and 4.4
uUntil now, the kinetics of such hydration reactions
have not been studied except for qualitative ob-
servations that dehydration of the hydrated form
of 6-hydroxypteridine is catalyzed by hydroxyl
ion,6and hydration-dehydration of pteridine shows
acid-base catalysis.21l The present paper de-
scribes the results of potentiometric and spectro-
photometric studies at 20° of the reversible hydra-
tion of 2-hydroxypteridine (which exists in solution
predominantly as the amide (lactam) tautomer (I)
rather than the enol (lactim) form4 to give 3,4-
dihydro-2,4-dihydroxypteridine (11).

H OH

Experimental

Materials.— 2-Hydroxypteridinel2 was generously pro-
vided by Professor A. Albert. All other reagents were of
C.p. grade. Buffer solutions in the pH range 3.4-6.2 were
prepared by mixing 0.05 M sodium borate and 0.05 M suc-
cinic acid solutions. Similarly, in the ranges pH 6.3-9.2 and
9.4-10.6, 0.05 M sodium borate was added to 0.1 M potas-
sium dihydrogen phosphate and 0.1 M sodium carbonate,
respectively. Above pH 10.6, 0.1 M sodium hydroxide was
added to 0.1 M disodium hydrogen phosphate.

Methods.— Potentiometric titrations were carried out
under nitrogen in a magnetically-stirred, thermostated reac-
tion vessel using a Vibron.model 33B Electrometer pH meter
(Electronic Industries Ltd.) fitted with a saturated calomel
electrode and an internally shielded glass electrode. The
output of the pH meter was applied directly to a Rectiriter
recording milliammeter (Texas Instrument Co.). Standard
0.100 M acid or alkali (carbonate-free) was added by microm-
eter syringe.

Ultraviolet spectra were recorded continuously on either
a Perkin-Elmer Spectracord or a Shimadzu model RS 27 re-
cording spectrophotometer, the optical density scales of
which were calibrated against standard potassium chromate
solutions. Into the cell compartment of each instrument was
fitted a 1-cm. silica cell attached to a modified ChanceB
rapid reaction apparatus which consisted essentially of two
10-ml. nylon syringes connected to a perspex tap, in the
barrel of which a mixing chamber had been constructed.
The syringes and cell were water-jacketed in metal blocks
to maintain solutions at 20 + 0.05°. Each of the syringes
could be filled independently of the other. One of them con-
tained an approximately 9 X 10“5 M 2-hydroxypteridine
solution in either 0.004 M hydrochloric acid or”0.008 M
potassium hydroxide (depending on whether the initial
species was to be mainly hydrated or anhydrous); the other
syringe held a buffer solution to which the corresponding
amount of alkali or acid, respectively, had been added. The
barrels of the two syringes were depressed simultaneously by
a metal plunger, so that the reactant solutions were mixed in

(10) A. Albert, D. J. Brown, and G. Cheeseman, J. Chem. Soc., 1620
(1952).

(11) J. Komenda and D. Laskafeld, Collection Czech. Chem. Com-
mun., 27, 199 (1962).

(12) A. Albert, D. J. Brown, and G. Cheeseman, J. Chem. Soc., 474
(1951).

(13) B. Chance, “Rates and Mechanisms of Reactions,"” "Tech-
nique of Organic Chemistry,"” Vol. VIIl, Ed. S. L. Friess and A.
Weissberger, Interscience Publishers, Inc., New York, N. Y., 1953, p.
690.
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the mixing chamber and placed in the cell. Using a “ stopped
flow' technique, optical density readings at a selected wave
length could be recorded continuously from about 1 sec.
after mixing. The region near 370 m/t was convenient be-
cause both anhydrous 2-hydroxypteridine and its anion
absorbed strongly, whereas its hydrated species had negligible
absorption. The pH's of the final solutions were checked
against the standards, freshly-prepared 0.05 M potassium
hydrogen phthalate (pH 4.00 at 20°) and 0.05 M sodium
borate (pH 9.23 at 20°). Extinction coefficients and maxima
of stable or only slowly changing species were checked on a
Hilger Uvispeck spectrophotometer. Replicate kinetic ex-
periments gave first-order rate constants agreeing within
+5%. .o
Calculation of Reaction Velocities.—The equilibria in 2-
hydroxypteridine solutions can be summarized by the scheme

HX + Hz0 HY

)

(fast) (slow) (fast)

1 ]
H++ X~+ HD H+ + Y

where HX is (anhydrous) 2-hydroxypteridine and HY is the
hydrated form. (Lactam-lactim tautomerism, involving
only a proton transfer between a nitrogen and an oxygen
atom, is probably too fast to be detected by the methods used
in this work.) At any given pH the ratios [H X]/[X~] and
[HY]/[Y~] are constant and equal to (an+)/K"x, {an+)JK"Y,
respectively, where K,x and K J are “practical” acid dis-
sociation constants. Also, X - and HX are in dynamic
equilibrium, and so are Y _ and HY. Under these condi-
tions, the system can be treated as if it were

kh
A+ HO ~ B
h

where [A] = [X“] + [HX], and [B] = [Y~] + [HY],
Assuming that the forward- and back-reactions obey first-
order rate equations, the composite constants, kh and fca, in
the equation
—d[A]/di = kh[A] - kd[B] = d[B]/di (1)
can be evaluated as described below.
Because [A] + [B] = [Alegn + [B]0OmM eq. 1 can be

written as
— d[A]/df = (kh + kd) [A] — /td([Alegm + [B]egm)
- d[B]/df = (kh + fed)[B] - /Ch([Blegm +

[Aleqm)

But, at constant wave length and constant pH, the optical
density, D, of the system is given by D = a[A] + jS[B],
where a and 3 are constants. Making use of the values of
d[A]/df and d[B]/df given above, it may readily be deduced
that

— dD/dt = kob”D — Degrn)

where kob, = fch+ kd. Also, because kd/kh = [A]leg[B Jegm
it can further be deduced that

K2dH+Y) + KXa
kh — kohs . (2
NK2+ 1)(«hH + (Ki + 1)KexX.

' («h») dr K ax
kd —kohs — — 3
<(K2+ T)aH+) + (Kd- DK bx

where the constants X, = [Y'-Jeqm/[X“]Jegm, X2= [HY Jegm
[HX]egm and Xax = (ohH[X_]/[H X]. As discussed else-
where,66 these constants cnn be evaluated from rapid- and
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equilibrium-titration data (or, alternatively, they can be
obtained from analysis of rapid-flow and equilibrium absorp-
tion spectra).

Confirmation that the hydration-dehydration reaction of
2-hydroxypteridine obeys a first-order rate equation over at
least the first nine-tenths of the reaction is provided by
typical results shown in Fig. 1, where the plots of log ((D—
j5egm)/Hegm) vs. time are good straight lines.

Results

Table | shows the pH-dependence of rates for the
reversible hydration of 2-hydroxypteridine at 20°.
The primary salt effect on faddbs was small and no
attempt was made to extrapolate values to zero
ionic strength. Thus, over the pH range 7.9 to
11.8, increasing the ionic strengths listed in Table
I (0.054 to 0.087) to 0.100 by addition of sodium
chloride gave no perceptible change in fos. Be-
tween pH 6.4 and 7.6 log kabs increased by about
0.05. Differences became greater at lower pH
values. The rate constants for hydration and
dehydration, kh and kd, were obtained from kabs by
using eq. 2 and 3, respectively, and values of Kx =
0.14, K2= 320,K * = 20 X 10~8and KJ = 9.0
X 10" 126

Table |

Velocity Constants fob Hydration and Dehydration
of 2-Hydroxypteridine in Buffer Solutions at 20°

pH lonic strength  gobs° ine kah
4.55 0.017 1.43 1.43 0.00447
4.79 .019 1.01 1.01 .00316
4.93 .021 0.700 0.696 .00218
5.16 .024 .483 481 .00150
5.39 .028 .293 .292 .000913
5.60 .030 .189 .188 .000590
5.89 .032 .108 .108 .000343
6.18 .038 .0532 .0530 .000171
6.43 .053 .0420 .0418 .000138
6.62 .059 .0326 .0324 .000110
6.82 .062 .0248 .0246 .0000870
7.02 .063 .0179 .0177 .0000669
7.23 .067 .0124 .0123 .0000513
7.48 .070 .00864 .00861 .0000432
7.63 071 .00682 .00676 .0000391
7.89 .075 .00568 .00562 .0000448
8.31 .076 .00342 .00341 .0000541
8.46 .075 .00278 .00271 .0000572
8.56 .074 .00265 .00257 .0000661
8.70 .071 .00228 .00219 .0000751
8.84 .070 .00235 .00225 .000104
8.98 .066 .00221 .00208 .000130
9.16 .060 .00216 .00198 .000183
9.29 .054 .00185 .00165 .000203
9.76 .056 .00376 .00280 .000967
10.32 .059 .00305 .00145 .00161
10.59 .063 .00241 .000857 .00156
10.84 .077 .00267 .000722 .00195
11.28 .080 .00354 .000647 .00289
11.44 .082 .00439 .000725 .00366
11.76 .087 .00814 .00117 .00697
12.01 .093 .0122 .00164 .0105
12.38 .044 .0293 .00375 .0256

“ foos = first-order velocity constant, in sec.-1, from rate
of change of spectrum. b kh, Ad = composite rate constants
for hydration and dehydration reactions, respectively, in
sec.-1.

From results in Table 11, the reaction is catalyzed
by borax buffer: at constant ionic strength and

Kinetics of the Reversible Hydration of 2-Hydroxypteridine
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Time, sec.

Fig. 1.—Representative plots of log ((D — Docgm)/Z)eqm)
vs. time for hydration of 2-hvdroxvpteridine at 20° in
buffers: 1, pH 7.58; 2, pH 8.43; 3, pH 9.25; 4, pH 10.19.
Wave length, 370 mu.

(approximately) constant pH, k@s increases with
the concentration of borax buffer. As discussed
below, specific catalysis by boric acid is involved.

Tabie Il

Variation of Velocity Constant with Concentration

of Borax Buffer"”

B6 0.01 0.02 0.03 0.04 0.06 0.07 0.09
pH 9.16 9.20 9.21 9.23 9.27 9.29 9.34
1038aks,

sec.-1 2.0 3.5 4.0 4.6 5.2 5.6 6.3

“ lonic strength constant at 0.200 by addition of NaCl.
6 Total concentration of boric acid and borax, expressed as
Na2B4 7, in moles/1.

Discussion

The pH-dependence of fth and kd suggests that
they are composite constants for the following
simultaneous reactions which represent catalysis of
hydration of HX and X - and dehydration of HY
and Y - by solvent and by hydronium and hydroxyl
ions.

h
HX + HD + HD+ 7 HY + HD +
k-1
N2 k-2
HX + HD + HD —~ ...» <— HY + HD
k3 77 k=3
X-+ hd + hd+— L<-Y-+ HD+
ki Ic 4
HX + HD + OH- —~ _u ®— HY + OH-
I
X- T ITO - HD Y-+ HD
loe

X-+ HD + OH-7=17 Y- + OH-

The rate constants for reactions 2 and 3, and 4 and
5, cannot be evaluated separately because of the
dynamic equilibrium between neutral species and
their anions. Further reactions can be written to
take account of catalysis by other species such as
buffer ions. Thus, at very low reaction rates, ca-



1692 Y.

-ANo__
6 8 10 12
pH.

Fig. 2.—-Log khCKsl + (on+)) vs. pH for hydration of
2-hydroxypteridine: solid curve, eq. 5; dashed line, eq. 5
+ 4.3 X 10--oH3803],

talysis by boric acid and bicarbonate ion is signifi-
cant.
Rearranging the equation for ku, and substituting

[X-] = Xax([X-] + [HX]D/I(X] + (aH+)
[HX] = (oH)([X-] + [IIX]D/(Xax + (aH+)

gives

KWKax + (uh®) = ki(@an+)2+ (f2+ AKan) (ftHH)
- (KiKy, + kfKax) [HD] -)- k&K xKv/(@HK (4)

Values of log kh(K& + (an+)) from the results in
Table | are plotted against pH in Fig. 2. Over the
pH ranges 4.5 to 8.5,10.6 to 12.4, fch(Xax + (fiH*)),
which varies by a factor of 3 X 106 can be well
represented by the equation

Ah(XaY + (& +) = 6.3 X 104h+)2 +
11 X 10~2(aH+ + 1.0 X 10~n +
3.0 X 10~2Z3(an+) (5)

The deviations between pH 8.5 and 10.6 can be
explained quantitatively if the additional terms, 4.3
X 10- wHBO3 + 2.8 X 10-9[HCO03], are in-
cluded in eq. 5. That specific catalysis by boric
acid, and not borate ion, is involved in the reaction
is supported by the absence of any con-elation be-
tween the extent of the deviation and the borate
concentration of the buffer solutions used. Simi-
larly, for solutions where bicarbonate ion is present
(pH 9.8 to 10.6 in Fig. 2), deviations correlate with
bicarbonate, but not with carbonate, concentra-
tion. Below about pH 8.5 the effect of boric acid is
swamped by hydrogen ion catalysis, and above
pH 10 boric acid is largely ionized to borate (pXa =
9.2). The highest point for the borax buffers in
Table Il gives Ah(Aax + (aH+) = 115 X 10“10
in fair agreement with the value calculated from
eq. 5 only if the term for boric acid is included (7.8
X 10~n as against 1.6 X 10-u).

By equating coefficients in eq. 4 and 5, and taking
[HD] 55.5 M, we obtain (insec.-0, ka = 6.3 X
104 h 022, k2+ 2X 10-% = 11 X 10-2 /A

Inoue and D. D. Perrin

Vol. 66

+ 3 X 10% = 27. Hence, at 20°, the rate con-
stants for the hydration of 2-hydroxypteridine and
its anion are given by

fth = 6.3 X 104@H+) + <2 X 10~4[HZ2O] +
<1.5 X 103(ooh-) (for HX)

= <5.5 X 105«h+H + <9 X 10-6[H20] +
0.22(aocH-) (for X~)

The corresponding constants for the dehydration
reaction are obtained by dividing by 320 and mul-
tiplying by 7.1, respectively.

Because the pyrimidine portion of the nucleus
appears in 2-hydroxypteridine, as in pteridine it-
self,2to have little aromatic character, considerable
charge localization is likely in the bond joining
N(3, and 0 4).2 It is known that C(4>has a suffi-
ciently large net positive charge to facilitate attack
by nucleophilic reagents (so that 2-hydroxypteri-
dine readily undergoes Michael addition reactions)
whereas N 3 can add electrophilic reagents. A com-
parable situation exists for the carbon and oxygen
atoms of the carbonyl group in acetaldehyde and,
as a tentative hypothesis, we suggest that the acid-
base catalyzed hydration of 2-hydroxypteridine
proceeds by a mechanism similar to that for acet-

Acid-catalyzed reaction

R1 /H
0 V h
NN |~ n
H
anhydrous x (™ H H. M /<&\ hydrated
V v -H
‘N
H

activated complex

Base-catalyzed reacti >n

|
H

activated complex

(14) A. Albert and C. F. Howell, J. Chem. Soc., 1591 (1962).
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aldehyde,5 and also that the structures of the
activated complexes from 2-hydroxypteridine are
analogous to those postulatedl6 for the acid-base
catalyzed hydrolysis of esters and amides. Thus,
the reactions for the neutral molecule with hydro-
nium and hydroxyl ions would be as set out below.
The steps (ii) and (iv) involve simple proton trans-

(15) R. P. Bell and W. C. E. Higginson, Proc. Roy. Soc. (London),
A197, 141 (1949).

(16) K. J. Laidler and P. A. Landskroener, Trans. Faraday Soc., 52,
200 (1956).
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fers to and from oxygen atoms and would be very
fast, so that the steps (i) and (iii), which require
more extensive structural rearrangements, would
become rate-determining. The reversible acid-
base catalyzed hydration of pteridine21l and 2-
hydroxypteridine across their 3:4 double bonds
would be expected to involve similar mechanisms
and analogous activated complexes. This accords
with the view that the oxygen atom of 2-hydroxy-
pteridine is not directly involved in the formation of
the activated complex.

TEMPERATURE DEPENDENCE OF THE KNIGHT SHIFT OF THE
SODIUM-AMMONIA SYSTEM

By J. V. Acrivos

Lawrence Radiation Laboratory, Berkeley 4, California

AND K. S. PITZER

Department of Chemistry, Rice University, Houston 1, Texas
Received March 29, 1962

The Knight shift of Na2 and N 4 in sodium-ammonia solution was measured over the temperature interval —33 to

+22° and in the concentration range corresponding to mole ratio 5.7 to 700 (NHSNa).
R > 300, were interpreted in terms of the equilibrium constants Ki and K, for the reactions Na(am) =

and Na(am) = VsNa”am).

fa = (0.034 + 0.005)T~land ki = (13.5 = 1)?1-1.

ASi°® (298°) == —34 and AS2 = —24.1 + 3 cal./deg. mole.

solutions (R & 300), respectively.

The study of the electromagnetic properties of
the alkali and alkaline earth metals in liquid am-
monia has supplied a great deal of information
about the chemical nature of these solutions. As a
result of conductivity measurements, Krausl has
proposed that there exist, present in solution, sol-
vated atoms, positive ions, and electrons. The
presence of paramagnetic species was indeed veri-
fied by Huster2and Freed and Sugarman8from the
static magnetic susceptibility, x, and by Hutchison
and Pastor4 from the paramagnetic absorption by
means of e.s.r. The main conclusions to be drawn
from these measurements are: (a) the magnetic
susceptibility of the metal in ammonia solution al-
ways lies below the expected Curie value, which is
approached asymptotically only as the dilution in-
creases to infinity, and (b) the \/T temperature
dependence of x is not obeyed. Becker, Lindquist,
and Alder5explained these results by assuming the
existence of four different species, solvated metal
dimers, atoms, and positive ions and electrons in
the dilute solutions, and then proceeded to evaluate
the chemical equilibrium constants for the dis-
sociation and dimerization of the solvated metal

(1) C. A. Kraus, J. Am. Chem. Soc., 43, 749 (1921); for review work
also see J. Chem. Educ., 30, 83 (1953).

(2) E. Huster, Ann. Physik, 33, 477 (1938).

(3) S. Freed and N. Sugarman, J. Chem. Phys., 11, 354 (1943).

(4) C. A. Hutchison, Jr., and R. C. Pastor, ibid., 21, 1959 (1953).

(5) E. Becker, R. H. Lindquist, and B. J. Alder, ibid., 25, 971
(1956).

The results in the dilute region,
Na+(am) + e-(am)

The effective Knight shifts, fa for Na2in Na(am) andfc' forN 4in e- (am) were found to be
The measured standard enthalpy and entropy of reaction for the
dissociation and the dimerization equilibria are, respectively, AH,0(298°) =

—6.6 and AHf> = —7.3 + 1 kcal./mole and

The change in enthalpy for the dissociation equilibrium was
temperature dependent and indicated that a large negative change in heat capacity accompanied the reaction.
tron densities at the Na23 nucleus were pNa23) = 0.071 oo~3and 0.00098 a0~3for the concentrated (R =

The elec-
5.7) and dilute

atoms or monomers from the e.s.r. data.4 These
reactions may be written

Na(am) = Na+(am) + e~(am) 1)
Na(am) = 1 2Na2(am) (2)
with the combined reaction

VINa-Cam) = Na+(am) + e”am) (3)
where the respective equilibrium constants are Kh
Ki, and K% The Knight shift (KS) data of Mc-
Connell and Holm6for the NaZ3 N MH3 solutions at
room temperature in the concentration range R =
5-500 supported these views. Pitzer7 and Blum-
berg and Das8 were able to explain some of the
features of the KS data6 by calculating the distri-
bution of electron densities in the solvated paramag-
netic species. Moreover, both Dye, Smith, and
Sankuer9 and Evers and Frank® derived sets of
equilibrium constants from conductance measure-
ments of Krauslat t = —33° together with trans-
ference number data. Their respective results are
in fair agreement.

(6) H. M. McConnelland ¢. H. Holm, ibid., 26, 1517 (1957).

(7) K. S. Pitzer, ibid., 29, 453 (1958).

(8) W. D. Blumberg and T. P. Das, ibid., 30, 251 (1959).

(9) J. L. Dye, R. F. Sankuer, and G. E. Smith, 3. Am. Chem. Soc.,
32, 4797, 4803 (1960).

(10) E. C. Evers and P. W. Frank, J. Chem. Phys., 30, 61 (1959).



1694

40 -
-—52mm-— —

Fig. 1.—Rf. permeable dewar flask.

m
10 10 01

Fig. 2.—Isothermal concentration dependence of the Knight
shift in the Na-NH Ssolutions.

The vapor pressure studies of Dewald1l and the
calorimetric results of Gunn and Green12also sup-
port the proposed equilibria of Becker, etal.6 How-
ever, the equilibrium constants Kx and K2 as ob-

(11) J. F. Dewald, Ph.D. Thesis, California Institute of Tech-
nology, 1948.

(12) R. S. Gunn and L. R. Green, J. Chem. Phys., 36, 363, 368
(1962).
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tained from e.s.r.6are larger, by a factor of three,
than those computed from the conductance experi-
ments.910 However, Ks has substantially the
same value from either source. In this work, the
KS of NaZBand N 4in the Na-NH3solutions has
been determined in the temperature interval —40
to 22°. In the concentration range where the
chemical equilibria given in eq. 1 and 2 are valid,
the constants K xand K-2are evaluated from the KS
data together with the activity coefficient of the
charged species obtained from the Debye-Huckel
theory. Although the relative accuracy of the
measurements is very low at —33°, fair agreement
is obtained with the values obtained from the con-
ductance measurements. FQ1

Experimental Results

The KS’s of the Na-NH 3solutions with respect to a stand-
ard of 0.5 m NaCl in NH3were measured with a Varian V-
4200 wide line n.m.r. spectrometer operating at 10.0 and
2.77 Me./sec. for NaZBand N 4resonance, respectively, in a
constant magnetic field of 8881 oersteds.

The stabilities of the magnetic field and radiofrequency
were the determining factors in the experimental accuracy.
The radiofrequency was determined with a Hewlett-Packard
counter No. 524B to +2 c.p.s. while the field, stable to +5
p.p.m., was swept with a linear potentiometer. The spectra
were recorded by means of the sideband techniquel3with a
modulation frequency vm = 412 c.p.s. The separation
between the sidebands of 824 c.p.s. was then used to cali-
brate the potentiometer reading.

The temperature of the samples was measured to +0.5°,
by means of a eopper-constantan thermocouple in contact
with the sample tube. The sample tubes were immersed in a
freezing mixture and contained in a dewar flask which
allowed the rf. to penetrate. The constant temperatures
were obtained as follows: 0° with an ice-water mixture,
—15.3° with a solid-liquid mixture of benzyl alcohol,
—30.6° with a solid-liquid mixture of bromobenzene, and
below —33° with acetone-Dry Ice mixtures. The samples
then were allowed to attain the equilibrium temperature in-
side the closed dewar. The dewar flask is shown in Fig. 1.
The tip which contained the samples was not silvered but
was covered with a thin layer of Pt (Hanovia) in which a
cross and lengthwise grill was cut at 2 mm. intervals in such
a manner that the inner and outer surfaces would be con-
centric so as to allow perfect rf. penetration.

The Na-NH3 samples were prepared in vacuo by first
distilling a known weight of Na into the side arm of a sample
tube and then distilling the required volume of NH3from a
Na-NH3 solution. The sample tubes were first aged in
dilute HC1, then passed through hot cleaning solution, and
finally steamed and dried in the absence of dust. No de-
composition was noticed when warming the samples to room
temperature for long periods, as shown by the reproducibility
of the n.m.r. measurements within the expected accuracy.
The samples were stored in liquid nitrogen when not in use.
The concentration of the Na-NH3 solution is reported in
terms of the mole ratio, R, or the sodium molality, m.

58.7 Knh3 X pnhj

Ij<’ = [NHS]I: — l.do--------mmm -2

[MaJ m

where V is the volume of ammonia determined before the
solution was made, p its density at that temperature (see,
for instance, Yost and Russeill4), and w is the weight
of sodium. For the more dilute samples, a chemical analysis
for total sodium was carried out after the measurements were
finished. For R = 730, the nuclear resonance signal to
noise ratio at room temperature for Na23 was barely unity
but rose to 10 at —33°. The KS data are given in Table I.
Figure 2 shows the isothermal concentration dependence of
the KS, according to the data given in Table I. The

(13) J. V. Acrivos, ibid., 36, 1097 (1962).
(14) D. M. Yostand A Russell, Jr., “ Systematic Inorganic Chemis-
try,” Prentice-Hall, New York, N. Y., 1948, p. 138.
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Tabie |
K night Shift of NaZand N14in Na-NH3Solutions with
Respect to 0.5 Motal NaCl in NH3

Temperature Dependence op Knight Shift of Sodium-A mmonia System

4(Na) ¢(N)
Sample X 104 X KB R|C{N)
no. R m  tccy +0.10 d=0.10 X 10
1 5.7 10 9.5  1.40 a a
0 1.25
20 12.2 4.8 22 1.45
0 1.06 5.58 68.07
27 1.00
46 0.94
18 25 2.4 22 87 3.62 91
0 68 3.46 87
27 63 2.78 70
.30 f .35%
1.78
31 2.82 71
-60 0.26d 7d
10 46 1.3 22.5 61 a A
0 56
15 49 1.2 0 51 a a
25 52 1.1 26.3 68
22 2.55 133
14 48
5 2.23 116
0 29 2.05 107
15 16 1.61 84
31.2 .06
47 0.28 15
D 00 0.98 0 34 1.54 80
-19.5 1.40 84
24 27
-65 .40 24
0 1.20c 72
1.73 104
12 78 75 22 52 a a
-7 31
20 90 06 25.1 55
23 1.87 168
15.5 50
4 1.14 103
0 27 1.06 95
12 0.82 74
22 13 47 42
39 07
56 .03 20 18
1 no 53 22 56 a a
17 in 53 22 51 1.00 184
-7 26
-19.5 .89 99
24 21
7 118 50 22 46 a a
10 37
0 29
46 .03
13 210 28 - 7 28
31 323 18 22.8 64
21 il 358
135 1.14 368
9 42
4.5 0.90 291
0 35 81 262
-9 46 149
22 15
_27.5 44 142
31 , 37 120

1695
-52 .29 94
13 22 .53 .83 374
0 .31 .78 351
-7 .30
-17 .48 216
-24 .20
-29 .55 247
-4 4 .07
-46 .07
-63 .10 45
080 18.5 .62 .53 387
11.5 .53 .60 438
4.2 .49 .57 416
0 .42
-20 .18
-22 .43 314
-28.5 .18
-30.5 .30 219
-34 .13 95
-43 .02 15
-51 .02

“ Poor annealing of the glass led to cracks at liquid nitro-
gen temperature and not all the runs could be completed.
6 Here the NaZresonance shows two absorption lines. Al-
though the temperature is above the critical value, the cause
may be a different phase adsorbed on the surface of the sam-
ple tube. The N 14absorption gave a single line at this tem-
perature. ' Here the N X4 resonance shows two absorption
lines. Shaking the sample produced no effect; however,
upon refreezing and warming up to 0° only one absorption
was observed. The NaZabsorption was a single line at this
temperature. d Measured for the dilute phases in the two-
phase region.

isotherm at 243°K. was obtained by interpolating or extrap-
olating the data in Table I. The values at room tempera-
ture are in agreement, within the experimental accuracy,
with the results of McConnell and Holm,6when a correction
is made for the chemical shift of Na+(am) with respect to
Na+(aq) of 17 p.p.m.

Knight Shift
The value of the effective field at the nucleus un-
der observation, He is in general different from
that of the externally applied one, HO Thus,

H6= Ho+ Hs+ Hd+ H, (4)

where Hsis the contribution due to the magnetiza-
tion, M 1Bk

M + <M

Here the Lorentz cavity field, (4ir/3)M, arises
from the induced dipoles on the surface of a micro-
scopic hypothetical sphere which contains the
nucleus, a is the bulk diamagnetic correction fac-
tor, a = 4ir/3 or 2w respectively, for a sample
shaped as a sphere or an infinite cylinder. For x
« 10~74and infinite cylinder sample shape, the first
term is of the order of 0.1 p.p.m. qisa steric factor
which depends on the anisotropy of the electronic
g factor of any paramagnetic species present in
solution.

q = (16w/45)(b/a)3™ ~ gLk

(15) N. Bloembergen and W. C. Dickinson, Phya. Rev., 79, 179
(1950). .
(16) W. C. Dickinson, ibid., 81, 717 (1951).
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where b is the radius of the paramagnetic species
and a is its distance from the nucleus under obser-
vation, Ouand gj_ are, respectively, the O-factors
in the directions parallel and perpendicular to the
applied field. The O-factor for the Na-NH3solu-
tions is 0 = 2.0012, which is lower than the free
electron value of 2.0025. Since g2 = (1/3)(20j_2
+ OP in solution, if one assumes g+ = 2.0025,
the anisotropy in the g factor gives a negligible
contribution, gM ~ 0.003 p.p.m. Hd is the field
due to the orbital motion of the electrons in the in-
dividual species. For Na+(am) it may be assumed
that Hd is constant and independent of the anion as
is the case for aqueous solutions of different so-
dium salts.I7 However, the diamagnetic correction
for Naam) and Na(am) is likely to be different
from that for Na+(am) and the estimate of this
value is probably the largest source of error. The
diamagnetic contribution from the electrons in ex-
panded orbitals in the Na(am) and Na-i(am)
species is thus (sec for instance Pople, Bernstein,
and Schneiderly

Hd e-
Ho

pi
3mc2 er

where pi is the electron density and e the dielectric
constant, which is larger than unity but smaller
than the value for the bulk material. If ((l/«r))
~ OlGto-1, the diamagnetic shift at the central
atom is of the order 2 p.p.m. for each electron, and
zero at the coordinated NH3molecules. HOis the
field at the nucleus due to the Fermi contact term19
in the paramagnetic species. Thus

HO = (8%/3)0B3pYrn) <S>, {PI(rn = (jvMrn|2}

where

<eis the unpaired electron wave function and NOis
Avogadro’s number. This term is now assumed
to give the leading contribution to Hein addition to
HO Thus, the field shift with respect to NaCl in
NIB

He - Ha i7c
Ho ~ IR

8 xirf*

5 no PiM )

is the KS2 and in the case where the chemical
species containing the nucleus, n, under observa-

tion undergoes fast chemical exchange it can be
shown that2l

fon) = Y kiXi (6)

(17) J. E. Wertz and O. Jardetzky, J. Chcm. Phys., 2B, 357 (1956).

(18) J. A. Pople, W. G. Schneider, and H. J. Bernstein, “High
Resolution Nuclear Magnetic Resonance,” McGraw-Hill Book Co.,
Inc., New York, N. Y., 1959, p. 175.

(19) E. Fermi, Z. Physik, 60, 320 (1930).

(20) C. PI. Townes, C. Herring, and W. D. Knight, Phys. Rev., 72,
852 (1950).

(21) H. S. Gutowsky, D. W. McCall, and C. P. Slicliter, J. Chem.
Phys., 21, 279 (1953).
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where ki and X\ are the mole fraction and KS of the
corresponding species.
Chemical Equilibria

In the concentration range where the chemical
equilibria 1 and 2 are valid, R A 150, the observed
KS obey the relationships

k(Naz2) = xoh

R X k(N¥Y = (x<W + xih")

h*((h'/h")x8 + xi) (7)

where kais the KS for NaZ in Na(am), and k0
and W are the KS for N# in the individual
species Na(am) and e- (am), respectively. The
mole fractions of Na(am), e'(am), and Na/am)
within the solute are, respectively, x0 X\ and x2
The volumetric and optical spectral properties of
Na(am) and of Na+(am) + e_(am) are practically
identical. Gold, Jolly, and Pitzer2 concluded
from these facts that Na(am) probably consisted of
ion pairs of solvated sodium ions and electrons.
From this model one would expect the KS for N4
to be substantially unchanged by this ion pair as-
sociation and we shall hereafter assume ko' = W .

The room temperature value of W is obtained by
extrapolating [If X fe(N)] to infinite dilution; see
Fig. 3.

ki = Ilim [A X f¢(N)], as R —
~ 500 X 10*4

or

W = 14.6/7 (8)
when the Curie temperature dependence of the
susceptibility is introduced. In order to deter-
mine ko, the functional dependence of /c(Na) with
respect to m must be known. Thus, if the solu-
tions obey the equilibrium relationships given by
eg. land 2

Al nixi2
mxo2
X+ Xi+ 22—1 (9)

it follows that

a In xO\ Xi — 4x2

alnm) A« 1~hX T 6x2

N J______i_/\

/dIn (xi + xO\ o \ Xi + xq)

\ omm J7#2 1 1 (0A 6X2

(10)

where 7+ is the activity coefficient for the charged
species. Hence, if one assumes that the value of

(22) M. Gold, W. L. Jolly, and K. S. Pitzer, J. Am. Chem. Soc.,

84, 2264 (1962).
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the activity coefficient will not vary appreciably
with concentration, the value of flO may be deter-
mined when Na) attains a maximum value.
Thus, from eq. 9 and 10

=/ [fc(Na)]X/c/ \
\m X /c(N)] - 2fc’A (NaW
fdiIn [R X fc(N)]\
\ dMm [ 7cbr.fe(NB),,,. X
N (io+trrird

At room temperature, (d/f(Na)/dm) = O, for R =
700; see, for instance, Fig. 2. Thus according to

eq. 11
0.035 + 0.005
lo= 12 + 02 X 10 1= (12)
and
foin [R X fc(N)]\
[ (NI = -0.19
\ 0 In to / 7+,r, A(Na)mux

is to be compared with the mean slope

Aln [/? X fc(N)]
= -0.16
Aln

between R = 450 and 730.

Here the error in /0is due to the uncertainty of the
value of [7£/c(N)] when fc(Na) attains its maximum
value. In addition, the values of kOand /c/ were
determined by comparison of the KS data inter-
polated or extrapolated to —33° with the average
values of the equilibrium constants at this tem-
perature9D

Ki

0.013 (moles/kg.)

K> = 19.0 (moles/kg.) ~ 12

Thus, att = —33°

Ao - i.4 x io-J

ki! - 50S X 10

or

fo = 0.034/7
ky =

Here the activity coefficients were evaluated from
the Debye-Huckel theory, making use of the dielec-
tric constantZ and the density of pure ammoniall
together with the distance of nearest approach of
55 A., aschosen by Dye, et ai.9 Hence, the agree-
ment of the room temperature and —33° values of
ko and K\ justifies the assumption that kO' = k/.
The equilibrium constants for eq. 1 and 2 in the
temperature interval 22 to —33° are now obtained
from the KS data together with the average values
(23)
514 (1951).

12.3/7’ (13)

“Table of Dielectric Constants of Pure Liquids,”
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Fig. —Extrapolation of the N X Knight shift to infinite

dilution.

Fig. 4.- -Inverse temperature dependence of the dissocia-
tion and dimerization equilibrium constants of Na(am) m
the Na-NH3solutions. Values of K> and Ki obtained by
other authors are indicated as follows: (-=-) vapor pressure
measurements of Dewald1l, (a, <) conductance and other

measurements by Dye, et al.,aand Evers, el al.w
k! = (135 + 1)/T
o = (0.034 + 0.005)/7' (14)

They are given in Table Il. Figure 4 shows the
temperature dependence of the equilibrium con-
stants.

The chemical equilibria 1, 2, and 3 are not satis-
fied for hi g 111; however, in this concentration
range higher order sodium polymers, leading to a
minimum in the KS, start to appear. As the con-
centration increases, R ~ 90, the appearance of a

NI3s circular Metallic state is evidenced by an increase in the KS,

which for NaZtends to the limiting value of k =
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Table Il
Equilibrium Constants for the Dissociation and
Dimerization of Na(am) in Na-NHs
Asx 1O

T K\ (moles/kg.) Kt (moles/kg.)“¥*  (moles/kg.)8*
295 0.0027 + 0.001 1.6 £+ 0.2 1.7
290 .0035 1.6 2.2
277 .0049 3.4 1.4
273 .0070 * .0005 4.2 1.7
252 .010 12.2 + 0.5 0.84
244 .011 15.8 0.67
240" .013 (0.045/ 19 (67/ 0.69 (0.05/

“ The values of the equilibrium constants at this tempera-
ture are taken from the analysis of the conductance data of
Kraus,1 by Dye, Smith, and Sankuer,9 and Evers and
Frank.10 6 The equilibrium constants obtained from the
e.s.r. datadby Becker, Lindquist, and Alder5are given for
comparison.

1.5 X 10-4 for the saturated solution at room tem-
perature.

Energy Calculations
The standard heats of reaction for the chemical
equilibria 1, 2, and 3 are obtained from the tem-
perature dependence of the respective equilibrium
constant; thus, from Fig. 4

AH/0(298) = —&6.6 kcal./mole

AH2° = —7.3 + 1 kcal./mole

AHI” (298) = AIIX(29S) - Alll ~

0.7 kcal./mole (15)

Here A//2 is found to be constant throughout the
temperature interval whereas AH/O and conse-
quently AHsnhare not. The value of A//)Oat room
temperature is in agreement with the heat of dilu-
tion determined by Gunn and Green,2 A//3=1.2
kcal./mole. Also, the temperature dependence of
A/ll indicates that a large negative change of heat
capacity AC,024% of the order of —100 cal./mole
deg., accompanies the dissociation reaction.

The changes in entropy for the dissociation and
dimerization reactions arc found to be

A/ 0= -3-1 cal./deg. mole at T = 298°K.

AS? = —24.1 + 3 cal./deg. mole

Electron Densities

The parameters kO and W in cqg. 7 arc, respec-
tively, measures of the KS for NaZand N X4in the
single species Na(am) and c“(am). Thus, the
electron densities at the respective nuclei may be
evaluated according to eq. 5 if one assumes xnul
to be the theoretical susceptibility for S = 1/2
In the concentrated region, the density at the so-
dium nucleus was obtained from the KS making
use of the combined Pauli spin susceptibility for a
free electron gas with the Fermi energy evaluated
from the metal electronic heat capacity.® The

(24) K. S. Pitzer, 3. Am. Chem. Soc., 59, 2365 (1937).

(25) H. S. Harned and N. D. Embree, ibid., 56, 1042, 1050 (1934).

(26) W. D. Knight, “Solid State Physics," Voi. 2, Academic Press,
Inc., New York, N. Y., 1956, p. 93.
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measured electron densities are given in Table 111
together with the values for the sodium-free atomz
and the metal. B

Table 111

Electron Densities in the Na-NH3Solutions in Units

of a0~3
pi(Nax3- Pi(N»)
Na-NH»: R Na Na Na+ Na-NHa
5.7 £300 (atom) (metal) (F-ctr.) R £300
ExptL  0.071 0.00098 0.7525e 0.54f 0.014 to 0.39
value 0.009e
Tkeor. .060* 2.1°
value .014'* 1.0¢
.0166 0.027

“ From two different solutions of the wave equation for the
free electron in Na-6NH3 (Blumberg and Das8. 6 From
the solution of the wave equation for e~(am) + Na+(am)
(Jortner3d) where the distance between the ions is 7.2 do-
c From atomic beam measurements (Kusch and TaubZ2).
dFrom KS measurements (Knight®). ‘ From the observed
line widths in NaF and NaCl; F-centers (Lord2. / From
the solution of the wave equation for the electron in e~- NHj
(Pitzer?7).

In conclusion, the variation of the electron
density at the NaZnucleus, from 9% of the value
for the free atom in the concentrated region, R =
5.7, to 0.13% of the value for the free atom in the
dilute region, R ri 300, indicates in the same man-
ner as the conductance measurements of Krausl
the existence of two different types of Na-NH3
solutions. The concentrated solutions possess
properties characteristic of a metal, but in the
dilute solutions the unpaired electrons are not
closely associated with the sodium nuclei and there-
fore must occupy expanded orbitals in the dielectric
medium. This also is evidenced by the high elec-
tron density observed for N213in the dilute solu-
tions. Here (pi(N1)) is the sum of the densities
at the nitrogen nuclei of each of the ammonia mole-
cules coordinated to the paramagnetic species, and
since the unpaired electron moves in an expanded
orbital, it will contribute to the density at several
layers of coordination shells in the same manner
that the electron in an F-centcr contributes to the
density at nuclei removed several lattice distances
from the vacancy. 82 The electron densities can-
not be explained on the basis of the Na-6NIl.t
species, assumed by Blumberg and Das,7since the
values of pi(NaZ) obtained from this model arc
larger than the observed ones by more than an
order of magnitude; see Table Ill. On the other
hand, although the models proposed by Pitzer,7
Jortner,® and Gold, cl al.,2 are more plausible,
the solution of the wave equation for the unpaired
electron has to be refined to determine the extension
of the expanded orbitals in the dielectric medium, in
order to obtain more accurate values of the electron
density.
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CATALYTIC POLAROGRAPHIC CURRENTS FOR THE REDUCTION OF
VANADIUM((I11) IN THE PRESENCE OF VANADIUM(IV)1

By John W. Olver2and James W. Ross, Jr.

Department of Chemistry and Laboratory for Nuclear Science, Massachusetts Institute of Technology, Cambridge 39, Mass.
Received April S, 1962

Polarographic catalytic currents have been treated for the case where the primary reduction product of the diffusing elee-

woactive species is produced via a second reduction path at the electrode surface.
Rate constants for the reaction V(I1) + V(IV) —a2V (l111) have

is assumed to be present at high, constant concentration.

The precursor species for the second path

been calculated from catalytic currents for the polarographic reduction of vanadium(lll) in the presence of vanadium(1V)

in sulfate media.

Introduction

Equations describing polarographic catalytic
currents have been developed by several workers
using a linear diffusion approximation to the
dropping mercury electrode.3'8 Kouteckf67 has
treated the same problem using a more rigorous
expanding sphere approximation. Reaction rate
constants which are in good agreement with those
calculated by independent experimental methods
may be calculated from catalytic currents using
Koutecky’s solution, provided the following con-
ditions are met. The reaction must follow the
path

0 + ne~ —> R at the electrode
R + Z — > 0 in the solution phase

In addition, the second step must be pseudo-uni-
molecular with respect to species R, i.e., Z must be
present at high, constant concentration in the
electrode vicinity.

We have recently examined several inorganic
systems giving rise to catalytic currents in which
the species Z is reduced irreversibly to R when
Z is present in sufficiently high concentration to
ensure unimolecular regeneration of 0. In the
present paper we have developed a method for
correcting catalytic currents for the reduction of
Z and have used the method in calculating rate
constants for the oxidation of vanadium(ll) by
vanadium (1V) in sulfate media.

Theoretical
The reaction scheme considered here is

0 + R at the electrode (1)

rhe~ =

k

R + Z—1ra0o in the soin, phase 2

ZT n2~ = R at the electrode (3)

We assume the concentration of Z is much larger

(1) Taken in part from the Ph.D. thesis of John W. Olver, Massa-
chusetts Institute of Technology, June, 1961. Presented in part at the
September, 1961 National Meeting of the American Chemical Society.
This work was supported in part by the U. S. Atomic Energy Commis-
sion under Contract AT(30-1)905.

(2) American Chicle Co. Fellow, 1959-1960.
Foundation Summer Fellow, 1960.

(3) P. Delahay and G. Stiehl, 3. Am. Chem. Soc., 74, 3500 (1952).

(4) Z. Pospisil, Collection Czech. Chem. Commun., 18, 337 (1953).

(5) S. L. Miller. 3. Am. Chem. Soc., 74, 4130 (1952).

(6) J. Koutecky, Collection Czech. Chem. Commun., 18, 311 (1953).

(7) J. Koutecky and J. Ciiek, ibid., 21, 1063 (1956).
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than O so that reaction 2 may be considered pseudo-
unimolecular in R and concentration polarization
may be neglected in reaction 3. k is the unimolecu-
lar rate constant for reaction 2.

Kouteckf67 has tabulated values of iai\ as a
function of k for the case where Z is not reduced
directly. i0and i\are the experimentally observed
currents for the reduction of 0 in the presence
and in the absence of Z, respectively. In the
present case we consider the expression

I'o __ it iz
id 2d
where i'ais the current due to the reduction of 0
which would be obtained for our reaction scheme
if the direct electroreduction of Z did not take
place, ¢t is the experimentally observed total
current due to the simultaneous reduction of both
0 and Z. iz is the experimentally observed
current for the reduction of Z in the absence of
0. f(it) is the enhancement of the total current
due to the increased rate of regeneration of 0 when
Z is reduced directly at the electrode. All currents
are assumed to be measured at the same potential.
Attempts to extend Koutecky’s treatment to
include the effect of reaction 3 were abandoned due
to the complexity of the mathematics. We have
chosen instead to use the simpler linear diffusion
approximation to calculate Rate constants,
however, are calculated from Koutecky’s tables
using our values of ¢',,Ad-
The boundary value problem which applies to
our model, assuming the diffusion coefficients
D of 0 and R are equal, is

f(u)

x>0,t>0 oCp
. o o T-akCn
ol -» X2
OCr N
.. - D QgC* - kCn
ot J ox2
X —p t—0 Co = Co*x, CR=0
X =0,t>0 Co=0
> dG? |_iy OCr ~ iz —
0X 0X n-iFA

Co* is the bulk solution concentration of 0, F the
faraday, and A the electrode area. Except for the
boundary condition at x = 0 this problem is identi-
cal with that solved by Delahay and Stiehl.3 The



1700

Fig. 1.—Vanadium polarograms in sulfate medium: id =
1.0 X 10~3M vanadium(lIl); i. = 0.010 M vanadium(1V);
it = 1.0 X 1 0 M vanadium(lll) and 0.010 M vanadium-
(1V). All polarograms obtained in 0.4 M HZ0.i and 0.15 M
NaHSO..

Fig. 2.—ki gppas a function of the dimensionless parameter
C7/Co2rki app., showing the approach to pseudo-unimolecular
behavior.

solution is readily obtained by a Laplace transform
mation yielding

oCo oCo it.=0 izo (kt)

0X 0X 2-riiFA g ©)
where gty = {1 — exp(/ci/2)[1oktsr2) -f 7X
(kt/2)1}. 13kt/2) and h(kt/2) are modified Bes-

sel functions, tables of which are readily available.8
The quantity

acol'=0

dx p=o

is identical to the gradient of concentration of O
at the electrode surface if Z were not reduced.
Following Delahay and Stiehl3 we transpose
this result to the case for the dropping mercury
electrode by multiplying (5) by the factor (7/3)11

and replacing tby the drop time r.  Since
bCqt=T
it — L = niFAD
1QT x=0

we have

(8) Janke, Emde, and Lésch, “ Tables of Higher Functions,” 6th Ed.,
F. Losche Editor, McGraw-Hill Book Co., New York, N. Y., 1960.
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Ullzd
2n2

(6)

The last term in (6) represents the enhancement

f(u) evaluated at the end of the drop life. Sub-
stitution in (4) yields
Wii.ii /7\ n .
1+ g(kr)i.
to' \3/
= T — _ )
id id

The unimolecular rate constant k may be cal-
culated from (7) by first assuming g(kr) is zero and
determining a trial k from Koutecky’s tables. Us-
ing this trial k the bracketed terms in (7) may be
evaluated and k recalculated from the corrected
value of i0/id- In the present work one or two
cycles were sufficient to define k to within experi-
mental error.

Experimental

Reagents and Apparatus.—FJectrolyte solutions were pre-
pared from reagent grade sodium sulfate, sodium bisulfate,
and sulfuric acid to give the desired pH values in the range
0 to 2 while maintaining the ionic strength of the electrolyte
at0.6.

A stock solution approximately 0.5 M in vanadium(1V)
and 1 M in sulfuric acid was prepared from reagent grade
vanadyl sulfate. A stock solution approximately 0.5 M
in vanadium(lll) and 1 M in sulfuric acid was prepared
from the vanadium(lV) solution by controlled potential
electrolysis until a polarogram of the solution showed no
vanadium(lV) or vanadium(ll). Both vanadium stock
solutions were standardized by potentiometric titration with
potassium permanganate.

Because vanadium(lll) solutions are oxidized by air,
precautions were taken to minimize air oxidation of the main
V(I11) stock solution although the presence of a small
amount of vanadium(lV) in the vanadium(lll) stock
solutions was not detrimental to the Kinetic interpretation.

All solutions were deaerated with prepurified tank nitrogen
and were thermostated to +0.2° in a water bath before
polarograms were determined.

All polarograms were obtained using an E. H. Sargent
and Co. Model XX polarograph without damping. The
Brown recorder had a full-scale deflection time of 10 sec.
All currents were measured at the maximum deflection of
the recorder pen.

The capillary used had a 6-sec. drop time and an m of
0.92 mg./sec. over the potential range covered in this work.

Experimental Method.—Typical polarograms required
for a single determination of the unimolecular reaction
rate are shown in Fig. 1. The difference between curves
i't —4 and represents the catalytic portion of the total
current due to the regeneration reaction

ki

V() + V(IV) —~ 2v(1II) (8)

The formal second-order reaction rate constant «: —
k/C*Y(iv) may be determined from these polarograms as
outlined in the Theoretical section, provided the C*vuv)
is sufficiently high to ensure pseudo first-order Kinetics in

(8). This condition is satisfied when vanadium(1V) is not
reduced at the electrode, and the following condition holds1l
C*Y(iv
M 0665/t
C*V (iii)2

Since vanadium(lV) is reduced in the present case, this
condition is undoubtedly not sufficiently stringent.

In order to establish that reaction 8 meets the pseudo-
first order restriction, apparent rate constants &fgp were
determined in each electrolyte used for different ratios of
P*v(iv)/IC*v(in). As expected, ktap? values increased with
increasing C*v<iv>/C*v«n>, approaching a limiting value at
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large ratios. When plotted as shown in Fig. 2 all the
experimental values of ki opp in the various electrolytes fell
in the same curve. At values of

C*V(IV)
C~™veni)2 rfcf app

greater than 30, k, gp is equal to 0.95 of its limiting value
k[. All kt values reported in this work were obtained under
conditions where the limiting value is approached to within
the experimental error of 5%.

The validity of the linear diffusion approximation used in
the derivation of /(*,) was tested by determining kf as a
function of %. k, is independent of potential although both
¢t and iz increase with increasing potential. If calculated
values of kt are independent of potential, it may be assumed
that the correction term/(iz) is a good approximation to the
enhancement caused by reaction 3. The results are shown
in Table I.

Tabite |

Variation of Calculated Rate Constants with
Potential
ki,
1 mole-1

E, IT, iz, id.

V. vs. S.C.e. lia. n& fia. sec. 1
-0.68 3.20 0.86 1.23 14.9
- .70 3.59 1.15 1.24 15.3
- .72 4.04 1.51 1.24 155
- 74 4.60 2.00 1.25 15.5
- .76 5.30 2.66 1.25 15.

Although current u varies from 0.86 to 2.66 iia. over this
range, the calculated values of ki are constant to within
experimental error. At potentials outside the range,
there is considerable scatter in calculated values of ki be-
cause of the lower precision when measuring currents in
steeply rising portions of the i? wave.

Results

Kinetic Results.—-The order of reaction 8 with
respect to each of the reacting species was de-
termined by measuring the magnitude of the cata-
lytic contribution to the total current as a function
of the concentration of one reacting species while
holding the concentration of the other species
constant. The reaction was first order with re-
spect to both vanadium(ll) and vanadium(lV)
over 10-fold concentration ranges.

Rate constants obtained at various temperatures
and pH values are summarized in Table I1.

Discussion of Kinetic Results.—From published
hydrolysis data for vanadium(lll) and vanadium-
(1V),9 between pH values of 0 and 2, aguovana-
dium(111) and VO+2greatly predominate. There-

9) T Bjerrum, G, Sohwarzonbach, and L. G. Sillén, “Stability Con-

stants,” Part |, The Chemical Society, London, 1957.
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Table Il

Effect of PH and Temperature on Rate Constants
(in 1 mole-1 sec.”")
Temperature, °C.-

pH 18 25 3

0 3.0 6.4 13

0.2 10 19
.6 6.6 15 25
.8 7.7

1.3 8.9 18 37

2.0 9.5 19 45

fore the several-fold change in the magnitude of the
reaction rate constant over that pH range cannot
be explained by the formation of higher hydrolyzed
species at higher pH values. Furthermore, the
difference in sulfate ion concentration between the
two solutions of lowest pH is practically negligible,
thereby indicating that the variation in rate con-
stant is not a function of sulfate ion concentration.
On the other hand, the variation in bisulfate ion
concentration between the two solutions of lowest
pH is large (0.99 M at pH 0 and 0.54 M at pH
0.2). Also, the concentration of bisulfate ion be-
comes quite small at a pH value of 2 where the re-
action rate is nearly independent of pH.

In view of the above facts, the data can be ex-
plained adequately by postulating the existence
of a vanadium(lV)-bisulfate complex, the stability
constant of which is only of the order of 1. The
proposal that the VO+2is being complexed is sup-
ported by the fact that the Ei/, for VO+2 shifts
anodically with increase in HS04 or H+. The
rate constant for the reaction path involving the
bisulfate complex probably is small compared
with that for the simple hydrolyzed species. Such
a view would be reasonable if one of the hydroxy
groups in the vanadium(lV) species were replaced,
since usually a dihydroxy complex reacts much
more rapidly than a monohydroxy complex of the
same central species,

A rate expression for the reaction between
V(Il) and V(1V) in acidic sulfate media can be
postulated as

Rate = L‘(VO+3(V+2 + fcf2(VOHHS04+2(V+2

In order to say anything more definite about
the rate expression for this reaction, knowledge of
the nature and stability of all possible sulfate or
bisulfate complexes of the reacting species would
lie required.
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A pronounced concentration dependence is observed in the high-resolution proton n.m.r. spectra of D2 solutions of all

five of the alkali metal malates.
tion.

By contrast, the spectrum of tétraméthylammonium malate is independent of concentra-
These observations suggest that there is appreciable ion association in the alkali metal malate solutions.

From the

magnitude of the concentration effects on spin-spin coupling constants and chemical shifts, the dissociation constant of the
complex, CM" (where C is any alkali metal ion), is estimated to be about 10 M.

Introduction

The great sensitivity of n.m.r. chemical shifts to
molecular environments provides still another
method for determining the nature of the ionic
species present in aqueous solutions. Li, Johnson,
and Shoolery2recently reported that added ZnCL
or MgCl2produced a decrease in the CH2 proton
chemical shifts of glycylglycinate and glycineamide
in DD solution. The magnitude of the effect is
greater for Zn+2 than for Mg+2and apparently is
closely related to the relative stabilities of the cor-
responding complexes formed between the metal
ion and the proton-containing ligand. The strik-
ing dependence of the F19chemical shifts of A1F+2
and A1F2+ on Na+ and K+ concentrations probably
also reflects appreciable ion association.3 Hammes,
et al.,4 have concluded that the adenine portion of
ATP probably is not involved in the complexing of
Mg+2and Ca+2 by ATP, since the chemical shifts
of the ring protons are not affected by added M g+2
and Ca+2

On the basis of observed increases in the NaZ
n.m.r. line widths with concentration, Wertz
and Jardetzky6 concluded that several a- and
/3-hydroxy carboxylic acid anions (among them
malate) form complexes with Na+ in concentrated
agueous solutions. These authors concluded that
chloride, acetate, formate, and benzoate do not
form complexes with sodium ion, since the NazZ3
line widths for aqueous solutions of sodium salts
of these anions are identical and are independent
of concentration.

Our studies of the concentration effects on the
high-resolution proton spectra of alkali metal
and tetramethylammonium (TMA) malates con-
firm Wertz and Jardetzky’s conclusions and indi-
cate, furthermore, that all of the alkali metal ions
form complexes with malate in aqueous D2
solutions, while tetramethylammonium ion does
not. Failure to recognize the possibility of the

(1) This research was supported by grants from the National Science
Foundation and the Research Committee of the Graduate School of the
University of Wisconsin (from funds from the Wisconsin Alumni
Research Foundation). A portion of the work was included in the
thesis submitted by L. E. Erickson to the Graduate School of the Uni-
versity of Wisconsin in partial fulfillment of the requirements for the
Ph.D. in Chemistry, 1959.

(2) N. C. Li, L. Johnson, and J. Shoolery, J. Phys. Chem., 65, 1902
(1961).

(3) R. E. Connick and R. E. Poulson, ibid., 62, 1002 (1958).

(4) G. G. Hammes, G. E. Maciel, and J. S. Waugh, J. Am. Chem.
Soc., 83, 2394 (1961).

(5) J. E. Wertz and O. Jardetzky, Archiv. Biochem. and Biophys., 65,
569 (1956).

existence of alkali metal complexes can lead to
serious errors. Tate and Jones6 recently have
demonstrated the magnitude of the effect of the
complexing by alkali metal ions by comparing the
stability “constants” for CAN O3+ in the presence
of a variety of electrolytes, including LINOS3
and NaNO03

Experimental

The alkali metal malate (abbreviated Na2V, K2V, etc.)
samples were prepared by neutralization of recrystallized
L-malic acid with the carbonate or hydroxide of the cor-
responding metal. The samples were dried under vacuum
and solutions of the desired concentration were prepared
in DD. Reagent grade chemicals were used in all cases.
Saturated aqueous solutions of the alkali metal carbonates
were filtered to remove heavy metal impurities as hydroxides.

Cesium carbonate was prepared from Trona CsCl by
treatment with H204 and evaporation of HC1 followed by
precipitation of the sulfate with Ba(OH)2and conversion to
the carbonate with C02 The CsCl was purified initially
by conversion to CsCI2 with CI2 and 12 This was re-
crystallized three times from 6 N HC17 and subsequently
thermally decomposed to CsCl.

Samples of the alkali metal malates were placed in the
inner of two coaxial tubes with benzene, used as a reference
for chemical shift measurements, in the annular space
between the tubes. All spectra were recorded at 40 Me.
using a Varian Associates Y4300 n.m.r. spectrometer and
accessories as described earlier.88 In each case parameters
based on averages of 3-5 sweeps are reported.

The notation used to refer to particular protons and
chemical shifts is in agreement with that used earlier.8
It should be noted, however, that subsequent workD re-
quires that the subscripts b and c refer to methylene protons
which Alberty and Bender designated as ¢ and b, respec-
tively. The subscript a refers to the methine proton.

Results

The changes observed in the proton n.m.r.
spectra of the alkali metal malates resulting from
an increase in concentration are in the same di-
rection as the changes observed in going from the
completely neutralized salt to the partially pro-
tonated species. In general, as the concentration
is increased, the spectrum becomes less spread out.
As shown in Fig. 1, this is particularly evident in
the 2-3, 7-8, and 9-10 separations which change
noticeably with concentration.1 These changes

(6) J. F. Tate and M. M. Jones, J. Phys. Chem., 66, 1661 (1961).

(7) P. Bender and R. A. Strehlow, J. Am. Chem. Soc., 70, 1995
(1948).

(8) R. A. Alberty and P. Bender, ibid., 81, 542 (1959).

(9) The (TMA)sM speetra were recorded under similar conditions
but at Pennsylvania State Univ. during the summer of 1961. Since only
relative chemical shifts are required to reach the conclusion drawn, no
external standard was included.

(10) O. Gawron, A. J. Glaid, Ill, and T. P. Fondy, J. Am. Chem.
Sac., 83, 3634 (1961); F. A. L. Anet, ibid., 82, 994 (1960).

(11) Compare with Fig. 1 and 2 of reference 8.
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reflect changes both in chemical shifts and in spin-
spin coupling constants. Calculations of spin-
spin coupling constants and chemical shifts are
based on the ABX approximationl2 and are sum-
marized in Table I. All chemical shifts are ex-
pressed in p.p.m. relative to a low field reference
peak; i.e,, 5 = 106V;—vnsvT where and vt are
the resonance frequencies of the sample and stand-
ard, respectively. An increase in the chemical
shifts then represents increased shielding.

In every case the difference in the chemical
shift of the two methylene protons increases with
dilution. Similarly, the average chemical shift of
the two methylene protons measured with respect
to the methine proton increases with increasing
dilution. This change is in the direction of the
trend observed in going from H2M (2 M) to Kav
(2 M) and reflects an increase in the difference in
the magnetic environments of the two methylene
protons as the solution is diluted.

Linear extrapolation of the chemical shifts of
all of the alkali metal malates to infinite dilution
resulted in a common value (within +0.3 c.p.s.
at 40 Me.) for each of the chemical shifts of all of
the five alkali metal malates (Table 1). (The
apparent large differences in proton chemical
shifts for the different alkali malates can be ac-
counted for almost entirely by the differences in
bulk magnetic susceptibilities and the use of an
external standard.)

Table |

Concentration and Cation E ffects on Proton

Chemical Shifts and Spin-Spin Coupling Constants

for Malate Salts”

Conen., 7 Sb 5  Aab Aac  Abe

Salt M £0.01 #0.01 #0.01 0.2 0.2 0.2

Lit™M 0.49 2.16 4.09 3.80 104 2.7 153

146 212 4.03 3.77 9.7 3.0 154

2.45 2.09 397 3.74 94 29 153

Nam 0.50 2.14 4.08 379 102 2.8 153

147 212 403 376 100 2.9 155

250 2.08 393 3.72 9.2 31 154

K2m 0.60 2.15 4.06 3.78 9.9 31 155

150 211 399 3.74 9.8 31 153

3.00 205 3.89 3.65 9.0 3.5 156

Rb2M 0.50 215 4.04 376 101 2.8 155

1.00 210 396 3.72 9.7 3.1 154

2.00 2.02 3.86 3.64 9.3 35 153

CssM 0.40 214 403 3.75 9.8 3.0 154

120 2.04 389 3.65 9.7 3.0 154

200 196 379 358 9.4 3.0 155

(+0.960Cl) 048 2.06 392 3.68 9.7 31 153

(+ 2.50CsCl) 050 1.94 3.79 356 95 3.1 154

M-2 0 0& 1.94& 1.64& 103 2.8 15.3

(TMAHM 0.95- 0 194 164 104 2.6 152
1.90

HaM 200 0.17c 1.92c 1.82c 7.1 4.4 171

“ Chemical shifts of alkali metal malates are in p.p.m.
relative to external benzene and are uncorrected for bulk
susceptibility differences of sample and reference. A larger
positive number corresponds to an upheld shift. bOb-
tained by extrapolation to infinite dilution and referred to
aa=0. cChemicalshiftsinp.p.m. relative to external water.

The changes in spin-spin coupling constants with
concentration are similar in magnitude. Of the
three spin-spin coupling constants, Abe is virtually
independent of concentration (15.3 c.p.s.). On
the other hand, Aab increases (from 9.4 to 10.0

(12)
tion Nuclear Magnetic Resonance,MeGrs-W~ Hill Book Co., Inc.,
New York, N. Y., 1959, p. 132,

N uclear Magnetic Resonance of Alkali M etal

J. A. Pople, W. G. Schneider, and IT. J. Bernstein, “ High-resolu-
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M alates

ene proton, lines 5-12 from the methylene protons. Note
changes in relative line spacings with concentration (es-
pecially 2-3, 7-8, and 9-10 separations).

2.—Concentration dependence of proton spin-

Pig.
Liav, O;

spin coupling constants of alkali metal malates:
Na™M, (D; K2M, = ; Rb2M, 0; Cs2M, ©.

c.p.s.) and Aao decreases slightly (from 3.2 to 2.9
c.p.s.) upon dilution from 2.5 to 0.5 M. Similarly
Aa + Aac (which is just the 1-4 separation and is
susceptible to direct measurement) increases upon
dilution. When the spin-spin coupling constants
for all five alkali metal malates were plotted
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against concentration (Fig. 2), there appeared to
be no systematic differences among the metals.
The best straight line drawn through all the points
was used to obtain the spin-spin coupling con-
stants at infinite dilution (Table I).

By contrast, the chemical shifts and coupling
constants for (TMA)2M are independent of con-
centration and are equal to those expected for the
alkali metal malates at infinite dilution. An
inspection of the proton spectrum of 1.9 or 0.95 M
(TMA)2M reveals the increased spreading (again
especially in the 2-3, 7-8, and 9-10 separations)
which would be expected for more dilute solutions
on the basis of the trends indicated in Fig. 1.13
The spectra of 0.95 and 1.90 M (TMA)2M are the
same. Average chemical shifts and spin-spin
coupling constants (based on eight sweeps—four
at each concentration) are compared in Table 1
with the corresponding quantities obtained by
extrapolation of the data for the alkali metal
malates.

Furthermore, the spectrum of 0.95 M (TMA)aV
to which NaCl had been added to the extent of
2 M differs sharply from that of 0.95 M (TMA)2V
and is virtually identical (apart from the TMA+
proton signal) to that of 0.95 M NaZM. Similar
effects were observed when CsCl was added to a
0.5M Cs2M solution (Table I).

Discussion

The significant concentration dependence of the
alkali metal malate proton n.m.r. spectra, in con-
trast to the insensitivity of the (TMA)2M spec-
trum to concentration changes, strongly suggests
that_ a significant amount of ion association in-
volving the malate anion and alkali metal cation
occurs in these solutions.

The n.m.r. spectrum of (TMA)2M (or the com-
mon spectra of the alkali metal malates obtained
by extrapolation) is that of the free malate anion.
KarplusX4has calculated the dependence of proton-
proton spin-spin coupling constants for H-C-C-H
on the dihedral angle, g3 between the protons as
seen along the C-C bond. According to this cal-
culation, the increase in Aab and decrease in Aa
with dilution result from an increase in the pro-
portion of molecules in the conformation in which
the carboxyl groups are irans. This conclusion
depends only on the theoretically calculated
dependence of A hh' on €(Thh' maximum at &=
180°) and does not depend on the less certain
numerical values of Anw- It is reasonable that
the mutual repulsion of the negatively charged
carboxyl groups should be the most important
factor in determining the conformation of the
divalent malate anion in solution. The increase
in the difference of the chemical shifts of the two
methylene protons (5b — A) with dilution is con-
sistent with this interpretation.

For the complex ions (as for the undissociated
acids), the proportion of molecules in which the
carboxyl groups (and the two protons Ha and Hb)
are trans is less than for the divalent anion. The

(13) The strong TM A+ proton signal lies between the methine and
methylene proton signals (~0.6 p.p.m. below the center of the CH2
octet) so that it does not interfere in the interpretation of the spectrum.

(14) M. Karplus, J. Chem. Phys., 80, 11 (1959).
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observed coupling constant T a (averaged over all
conformations) is then less than that of the anion.
This reflects a greater contribution from species
in which the two protons Haand Hb are not trans
($< 180°) as would be expected to result from the
complexing with a cation.

It would be very desirable to be able to determine
the stability constants for the alkali metal malate
complexes from the observed changes in the chemi-
cal shifts or spin-spin coupling constants which
accompany the addition of complexing cation to
ligand. Accurate determinations would require
the characteristic parameters of the complexed
species. However, some idea of the order of mag-
nitude of the dissociation constant of the complex
CM~ (where C is any alkali metal cation) can be
obtained by noting that (5b — 8Q and Aab for a
2 M solution of any of the alkali metal malates
is about y 4 of the way between the values for
M*“2and HM. If we assume that these param-
eters change linearly with % neutralization (at
least approximately true§ and that the chemical
shifts and spin-spin coupling constants of HM"
are very similar to those of CM*, this would cor-
respond to about y 4of the malate in the associated
form, or a dissociation constant, K, for CM*
of ~10 M. This is considerably higher than the
dissociation constants of Ca+2 Ba+2 Mg+2 and
Sr+2 complexes with malate (2-5 X 10“2.%
In this connection, a comparison of dissociation
constants of several relatively weak metal-ligand
complexes reveals that Na+ and K+ complexes
usually have dissociation constants at least 100 to
1000 times greater than Ca+2 or Mg+2 com-
plexes.16' B

The conclusion that TM A+ is much less strongly
bound than the alkali metal cations is consistent
with results reported by other workers for such
widely differing complexing agents as EDTA and
ATP.19D However, in the above cases Li+ and
N a+ complexes are more stable than the other alkali
metal complexes. Attempts to correlate the sta-
bility of alkali metal and alkaline earth complexes
with the ratio e2r (where e is the charge on the
cation and r is its ionic radius) have met with some
success.2l The failure of TMA+ to form signifi-
cant complexes with malate then can be attributed
to its low e2r ratio. In view of the fact that TM A<
is not bound by fairly good chelating agents, it is
particularly valuable as an internal standard in
n.m.r. chemical shift measurements in aqueous
solutions (as used by Loewenstein and Roberts2).

(15) R. K. Cannan and A. Kibrick, J. Am. Chem. Soc., 60, 2314
<1938).

(16) G. Schwarzenbach, E. Kampitsch, and R. Steiner, Helv. Chim.
Acta, 29, 364 (1946).

(17) G. Schwarzenbach, E. Kampitsch, and R. Steiner, ibid., 28,
828, (1945).

(18) T. O. Denney and C. B. Monk, Trans. Faraday Soc., 47, 992
<1951).

(19) G. Schwarzenbach and H. Ackermann, Helv. Chim. Acta, 30.
1798 (1947).

(20) R. M. Smith and R. A. Alberty, J.
(1956).

(21) A, E, Martell and M. Calvin, “ Chemistry of the Metal Chelate
Compo lands,’* Prentice-Hall, Inc., Englewood CIiff?, N. J., 1952, p. 191.

(22) A. Loewenstein and J. D. Roberts, J. Am* Chem. Soc., 82, 2705
<1960).

Phys. Chem., 60. 180
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It provides a single peak (actually a poorly re-
solved triplet due to weak spin-spin interaction
with N®) that can be detected readily at low con-
centrations and apparently is chemically inert.
An internal standard is especially valuable when
small effects on chemical shifts must be measured
accurately and bulk susceptibility corrections are
too uncertain.

Simultaneous Vaporization and Decomposition of Soltd lron(lll) Chioride
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Vaporization characteristics of solid FeCl3 be-
tween 200 and 300° have been investigated by a
number of workers.1*3 These results have been
compared and additional data provided, which
also extend down to 160° in a recent paper from
this Laboratory.9 We now wish to report an effu-
sion study of FeCl3 The vaporization processes
of interest are

2FeCL(s) = FeZCldqg) (1)
and

2FeCl3s) = 2FeCl2(s) + ClZg) (2)

(The work of Kangro and Bernstorffl0 and of
Schaferql indicates that the partial pressure of
monomeric FeCl3(g) is less than 1% of that of the
dimer in the equilibrium vapor in the range of
effusion experiments.) Extrapolation of results
at higher temperaturesl‘9 suggests that at ca.
150°, (1) and (2) can be studied simultaneously in
the same effusion experiment. Inasmuch as equi-
librium data already are available, the principal
objective of the work was to compare condensation
coefficients, calculated from the dependence of
steady state effusion pressures on cell dimensions
following a method described earlier.2 Also, the
applicability of the effusion method for the study
of decomposition reactions such as (2) has been a
question of particular interest in this Laboratory.
It has been shown, for example, that effusion is
not at all suitable for determination of equilibrium

(1) C. Maier, U. S. Bur. Mines Tech. Paper 360, 1925.

(2) E. Stirnemann, Neues Jahrb. Mireral., Geol., Palagont., 52A, 334
(19(%5 )K Jellinek and R. Koop, Z physik. Chem, 145A, 305 (1929).

(4) K. Sano, J. Chem Soc. Japan, 39, 1073 (1938).

(5) H. F. Johnstone, H. C. Weingartner, and W. E. Winsche, J. Am
Chem Soc., 64, 241 (1942).

(6) O. E. Ringwald, Doctoral Dissertation, Princeton Univ., 1949.

(7) W. Kangro and E. Petersen, Z. anorg. allgem Chem, 261, 157
(1922)0 ).H. Schafer and E. Oehler, ibid., 271, 206 (1953).

(9) L. E. Wilson and N. W. Gregory, J. Phys. Chem, &2, 433 (1958).

(10) W. Kangro and H. Bernstorff, Z anorg. allgem Chem, 263, 316
(lii%' H. Schafer, ibid., 259, 53 (1949).

(12) J. U. Stern and N: W; Gregory, J. Phys. Crem, 61, 1226
(1957).
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(13) E. Kay and N. W. Gregory, ibid.. 62, 1079 (1958).

(14) P. Clausing, Ann. Physik, 12, 961 (1932).

(15) 1. M. Kolthoff and E. B. Sandell, “Textbook of Quantitative
Inorganic Chemistry,” Revised Ed., The Macmillan Co., New York,
N. Y., 1947, pp. 493-494, 600, 608-609.

(16) W. B. Fortune and M. G. Mellon, Ind. Eng. Crem (Anal. Ed.),
10, 60 (1938).

(17) G. Wernimont and F. J. Hopkinaon, ibid., 12, 308 (1940).
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Fig. 1 —FeLldg).

Steehd state pressures of each species were calculated

from the usual effusion equation
17.14n(MTy/t
) ajK

wherﬁ » IS the number of m(zles of effusate, tt}e molecular
WtEIﬁ tﬁ]thes eueiln estion,, the ansolute emgerature
of the effusion vessel, and tthe effusion time In seconds.

Results and Discussion

2FeCl3(s) = FeZXllgg).—FeXI6 effusion pres-
sures were dependent on cell geometry, Fig 1
Steady state pressures, P,,, from cell 6 are not sig-
nificantly different from values predicted by ex-
trapolation of the equation reported in ref. 9.
A least squares treatment of data from each cell
was used to establish the lines shown; correspond-
ing constants in equations of the form log P(mm.)
= —AT~Il+ B arelisted in Table Il. Data from
the three cells were correlated by the equation12

Pe = Ps3 (1L + f/a) 3)

where Pe is the equilibrium pressure, / the ratio
orifice area over cell cross-section area, and a the
condensation coefficient. At each of the four
temperatures listed, Table I, values of Pas for each
cell were calculated from the smoothed line (Fig.
1) and a least squares treatment based on (3) was
used to obtain values of Peand a.

Table I

Equilibrium Pressures and Condensation Coefficients
for FeZC|60ver Solid FCC13 from Effusion Data

t °C. Pj X 10" (mm.) a X 10
120 1.0 5.2
130 2.7 6.4
140 1.1 1.1
150 18 9.3

Table ”

E ffusion Steady State Pressures of Fenls over Solid

FeCls

Cell / X 10 -A B
5 135 1790 16.27
3 25 1600 16.15
6 . 6.0 6902 1451
Predicted equil. pressure

efffgsmn data and (3) 6887 14.52
Ref. 1142 1511
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Log Pevalues predicted from effusion results are
about 3% higher than those calculated from the
equation given in ref. 9. a values calculated from
eq. 3 and Pe values from ref. 9 are about 25%
larger than those listed in Table I.

Results in Table | indicate Aa/AT to be positive
for FeZ’le& The treatment described in ref. 12
leads to values for a standard enthalpy and stand-
ard entropy of activation for vaporization at 135°
of 38 kcal. mole-1 and 61 e.u., respectively; AH°
is 33 kcal. and A< 56 e.u. for sublimation. In
earlier work da/AT was found to be negative for
iodine,12 which gave activation enthalpy and en-
tropy less than the sublimation values. The dif-
ferent behavior may be associated with the fact
that Fe2C16 molecules must be removed from an
“infinite sandwich-layer-type crystal” of FeCL
in which each ferric ion is surrounded by six
halogen ions, whereas the iodine crystal is composed
of molecular units of the same type as those in
iodine vapor.

Even though the condensation coefficient of
FeZCI6 is rather small, steady state effusion pres-
sures, when extrapolated to zero orifice area, are
in reasonably good agreement with equilibrium
vapor pressures extrapolated from measurements
by other methods at higher temperatures.

2FeCl3s) = 2FeClZXs) + ClZg).—Steady state
chlorine pressures are shown in Fig. 2. These
points, with the exception of some runs with cell 5
for which insufficient chlorine for analysis was col-
lected, correspond to the same experiments from
which FeZXCl6 pressures plotted in Fig. 1 were de-
termined. Data shown for cell 6 were collected
from 10 independent samples; usually about six
successive measurements at various temperatures
were made with each sample. The first values,
indicated by symbols of the form 9, in such a series
were invariably much lower than subsequent values;
the latter were used to fix the position of the line
drawn in Fig. 2. It will be observed that pressures
corresponding to this line are only ca. 1% of the
equilibrium values (dotted line) predicted by ex-
trapolation of data quoted in ref. 9.

The unusually low value in the initial run for
each series might be associated with the initial
small particle size of FeCl2 In the equilibrium
case at least, chlorine pressures for (2) with Fe-
Cl2in a microcrystalline state would be less than
the value when FeCl2crystals are large enough for
surface free energy effects to be negligible. This
argument does not necessarily apply to the steady
state pressures, however. In one series of measure-
ments, corresponding data labeled o-, ca. 10 mole
% of FeCl2was introduced before the FeCl3 was
sublimed into the cell; the initial point, as well as
subsequent values in this series, was in general
agreement with the cell 6 line. Solubility of FeCl2
in FeCl3would be expected to make initial chlorine
pressures high; actually, no evidence for appre-
ciable solid solution between FeCl2and FeCl3has
been observed.3 In a number of cases in the pres-
ent work, effusion was continued until virtually all
of the volatile material had sublimed from the cell;
other than the effect discussed above, no depend-
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ence of pressures on the relative amounts of FeCl3
and FeCl2was observed.

FeZCl6 pressures did not show a corresponding
anomalous behavior for the initial measurements.
One might expect that as cracks and crevices and
roughening of the FeCl3crystals develop, the rate
of the decomposition reaction would increase.
The effect of such surface changes might be more
readily observed in the case of the decomposition
pressures, which are far below equilibrium values,
than for the FeZXle pressures, which are moderately
close to equilibrium.

Results from cell 3 are lower than those from
cell 6 by another factor of ca. ten.  Pressures shown,
Fig. 2, were obtained from a single sample. Again
the first measured value lies appreciably below the
line drawn through the others. The order in
which the temperature was changed between meas-
urements was varied randomly.

A satisfactory set of steady state pressures was
not obtained from cell 5. The capacity of this
cell is small, which made it inconvenient to use
large samples of FeCl3; usually the sample was
exhausted after three or four measurements;
sufficient chlorine for analysis was obtained only
at the highest temperatures and these results were
widely scattered. In contrast, FeZCI6 data from
this cell were quite consistent, however (see Fig. 1).

If Pe is extrapolated from data at higher tem-
peratures9and eq. 3 applied, both cell 3 and 6 data
give a very small condensation coefficient, 7 X
10~7 and 4 X 10“§ respectively. Even though
these values are in reasonable agreement, the ef-
fusion method does not seem well suited as an
independent means of establishing the equilibrium
pressure in such a case. With . of the order of
10~6 the assumption that the surface area can
be approximated by the cross-section of the cell
is of questionable validity; some change in PS
as the reaction progresses is observed and variation
in the effective value of as from one sample to
another is suggested by the relatively large scatter
of results.

A number of additional experiments with cell
6 were conducted in which chlorine pressures, but
not ferric chloride pressures, were determined.
This permitted a series of successive measurements
to be made without exposing the sample in the cell
to dry air or to an inert gas, as the collecting trap
for chlorine was isolated from the cell by a fluoro-
carbon-lubricated stopcock. The size of the Fe-
CI3 sample initially placed in the cell also was
varied by a factor of the order of ten. Results of
these experiments were similar in every respect to
those shown in Fig. 2; steady state pressures
showed no definite correlation with initial sample
size but, as in earlier measurements, the first
measured chlorine pressure was appreciably lower
than subsequent values.

The chlorine steady state pressure dependence
on temperature is not sufficiently well defined to

Simultaneous Vaporization and Decomposition op Solid Iron(ll1l) Chloride

1707

IOOO/T°
Fig.z.—CIzeffusionpress%f rc]%II '65600115 cell 31

........ VP e,

draw quantitative conclusions about the depend-
ence of the condensation coefficient on temperature.
However, the slopes (Fig. 2) appear similar to
that of the equilibrium line, i.e., = does not appear
to change materially with temperature, which
suggests the small value of a is due mainly to
probability rather than energetic factors.

The value of a for reaction 1 is about ten thou-
sand times larger than that for (2). Since both
processes originate on the FeCh crystal surface,
the large difference between steady state pressures
and equilibrium values must be attributed to a
difference in the kinetics o: the two processes rather
than some factor such as the temperature of the
crystal surface or geometric characteristics of the
effusion cells or vacuum system.

In earlier work the reaction 2FeCl2(s) +C12(g) —
FeXCl6(g) was studied between 160 and 430° by
the transpiration method.9 Equilibrium constants
were obtained from data between 220 and 430° but
the rate of combination of chlorine with FeCIl2s)
between 160 and 220° was so slow that equilibrium
was not established even at a small flow rate
when approached from the high chlorine pressure
side. Neither of the dynamic methods, effusion
or transpiration, is well suited for the study of
reaction 2 at temperatures of the order of 150°.
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Introduction

It is well known that acetonitrile is an excellent
differentiating solvent for acid-basc titrations.
The main cause of the strongly differentiating
nature of acetonitrile is the fact that, the basic and
particularly the acidic2 properties of this solvent
are very weak. The effect of the magnitude of its
dielectric constant (36.0) will be considered later.
In view of the numerous empirical and several
theoretical acid-base studies that have already
been carried out in acetonitrile, the value of the
autoprotolysis constant of this solvent would be
of considerable interest. However, a reliable
value of this constant has not yet been reported.

In a previous communication2 it was pointed
out that several investigators had encountered the
complication that conventional hydrogen ion indi-
cator electrodes did not respond reversibly in solu-
tions of acids in “anhydrous” acetonitrile as sol-
vent. This limitation constituted a serious draw-
back for exact, quantitative acid-base studies in
acetonitrile, and such studies had to be carried out
almost entirely by means of conductometric23
and spectrophotometric3 methods. However,
several authors (notably Hall4 obtained results of
a semiquantitative nature by using the glass elec-
trode, usually in conjunction with the aqueous
saturated calomel electrode as reference electrode.

In this communication we report that the re-
sponse of a conventional) “general purpose” type
glass electrode is reversible both in picric acid-
tetraethylammonium picrate and in 1,3-diphenyl-
guanidine-diphenylguanidinium perchlorate buf-
fers in anhydrous acetonitrile as solvent. From
glass electrode measurements in these two types
of buffer solutions, in conjunction with the results
of conductometric studies of solutions of 1,3-
diphenylguanidine2 and conductometric as well
as spectrophotometric studies of picric acid
solutions,3 the autoprotolysis constant of aceto-
nitrile is calculated.
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Results and Discussion

The Reference Electrode—In preliminary ex-
periments, an aqueous saturated calomel electrode

(5) . M. Kolthoff and J. F. Coetzee, J. Am. Crem Soc., 79, 870
(1957).
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(s.c.e.) was used as the working reference electrode,
together with a device (described before for voltam-
metric measurements in acetonitrile)6 intended
to prevent accidental introduction of water into
the buffer solutions. This device consisted of a
conventional aqueous potassium chloride-agar
salt bridge dipping into a 0.1-vY solution of tetra-
ethylammonium perchlorate in acetonitrile con-
tained in a fritted sealing tube, which in turn dipped
into the buffer solution under investigation. How-
ever, in cells in which this assembly served as salt
bridge, the glass electrode appeared to give drifting
potentials. The cause of the drift was traced to
the interface between the agar salt bridge and the
acetonitrile solution, as shown by the following two
experiments.

For the first experiment, one working (vertical)
compartment of the H-cell described above con-
tained an Ag/(0.01 M AgNO3 in acetonitrile)
electrode as reference (described before by Ples-
kov§. The remaining two compartments con-
tained a 0.1-ilf solution of tetraethylammonium
perchlorate in acetonitrile, with the agar-potassium
chloride salt bridge of an s.c.e. dipping into the
second working compartment. The e.m.f. of this
cell increased with time. Representative e.m.f.
and resistance data for several series of experi-
ments are presented in Table I. It is evident that

Table |

Apparent Potential op Aqueous Saturated Calomel
E lectrode ps. Pleskov Reference Electrode in Aceto-

nitrile
Expt. A° Expt. B6 Expt. Cc
Timl, —E Roms —E Roms -E, Rons
mn mv. X 01 mv. X 01 mv. X 01
0 291.0 465 293.5 435 297.7 425
2 291.0 467 2935 440 299.5 428
4 294.0 474 293.3 442 300.0 435
6 302.3 489 293.3 450 302.0 450
8 3115 550 297.0 468 310.0 473
10 319.0 598 304.4 483 323.5 525
12 321.3 635 309.7 505 329.1 550
15 3225 660 329.1 550
22 324.3 665
30 3235 695
35 3285 710
\: Fcell seet salt i
oore cell. see text. a ridge
'é) ? ﬁUe us?&rae@kép @' J
m|n fins WI a er, q with gcetonitrile, a
éurn e cell (gare e|t|od1 ? penmehL| .
me as Tor ex er ment B, but in g 01 M
dto ce com ar e delv Ing agar oricge.

the increase in e.m.f. is caused neither by a change
in the Pleskov reference electrode (since all three
experiments were carried out without changing the
silver nitrate solution), nor by the effect of water
extracted by the acetonitrile (since addition of a
large amount of water had a comparatively slight
effect). It is seen that the increase in e.m.f. is
accompanied by an increase in cell resistance. We
attribute the drift in e.m.f. to gradual deposition
of a plug of solid potassium chloride and/or dehy-
drated agar at the tip of the salt bridge. Forma-
tion of such a plug, creating a constrained diffusion

(6) V. A. Pleskov, Zh. Fiz. Khim, 22, 351 (1948).
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boundary, could change the liquid junction poten-
tial appreciably.

A second experiment was carried out, in which
all three compartments of the H cell contained a
0.1-M solution of tetraethylammonium perchlorate
in acetonitrile, with the agar-potassium chloride
salt bridges of two saturated calomel electrodes
dipping into the two working compartments. After
measuring the cell e.m.f. (which was virtually zero),
one salt bridge was left in position, while the other
was reconditioned by the series of operations de-
scribed for experiment B in Table I. After re-
turning the reconditioned salt bridge, the cell
e.m.f. was remeasured. The above sequence was
repeated a number of times. Once again, it was
found that the potential of the s.c.e. with the sta-
tionary salt bridge gradually became more nega-
tive, with a total drift of approximately 40 mv. in
30 min.

The aqueous saturated calomel electrode has
been used extensively as a convenient working
reference electrode for non-aqueous voltammetry,
and its more general use in such studies has been
advocated.7 The use of the s.c.e. for such purposes
is based on the implicit assumption that the liquid
junction potential introduced will not change
significantly during a given experiment, and will
be reproducible (at least to within +10 mv.)
from one experiment to another in the same sol-
vent. It was recognized before6 that an aqueous
agar-potassium chloride salt bridge should not be
kept immersed unduly long in a solvent such as
acetonitrile, because formation of a plug would
increase the cell resistance and therefore the
“iI'R-drop” in voltammetric measurements. To
this must now be added that unless such measure-
ments are completed very quickly (within 5 or 6
min.), potential values may be in error by as much
as 0.04 v. or more, even after proper correction for
the increased (R-drop in the cell.8

It can be concluded that even for those potential
measurements for which an accuracy of +10 mv.
will suffice (e.g., the majority of voltammetric
studies), an agqueous agar-potassium chloride salt
bridge should be used in acetonitrile with extreme
caution. For more accurate potentiometric stud-
ies, such a salt bridge definitely should not be used
in acetonitrile.9

All further measurements reported in this com-
munication were made in an all-acctonitrilc cell
with the Pleskov Ag/(0.01 M AgNCb in aceto-
nitrile) electrode as reference, and with a 0.1-M
solution of tetraethylammonium perchlorate in
acetonitrile serving as salt bridge between the two
working compartments of the H-type cell described
before. It was realized that this salt bridge would
not eliminate the liquid junction potential between
the two working compartments, because the
mobilities of tetraethylammonium and perchlorate

(7) R. C. Larson, R. T. Iwamoto, and R. N. Adams, Anal. Chim
Acta. 25, 371 (1961).

(8) In the voltammetric studies in acetonitrile as solvent reported by
Kolthoff and Coetzee, J. Am Chem Soc., 79, 870, 1852, 6110 (1957),
all measurements were made as quickly as possible, generally within
5 min.

(9) An aqueous agar salt bridge containing sodium or tetraethylam-

monium perchlorate, rather than potassium chloride, may be more
satisfactory in acetonitrile.
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tetra%h)élammonium Blicrate concentration constant at 10 2
and 10 S'm, respectively.

ions in acetonitrile differ considerably. Limiting
equivalent conductivity values for several ions in
acetonitrile, recalculated in part from Walden and
Birr'sDresults by using the revised values for the
tetrabutylammonium and several other ions ob-
tained by Berns and Fuoss,11 are the following:

MedN+, 92.5; Etd4N+, 83.0; Li+, 56.2; Na+,
66.7; K+, 82.9; Ag+, 81.6; CI“, 91.9; Br~,
98.8; 1-, 104.1; CKR-, 107.6; and picrate, 80.8.

It is seen that the mobilities of common anions
are generally higher than those of cations in aceto-
nitrile. Tétraméthylammonium chloride is only
moderately soluble in acetonitrile. Furthermore,
for the present purpose it was advisable to avoid
the use of anions with appreciable basic properties.
Hence a perchlorate salt was used, on the assump-
tion that the liquid junction potential introduced
would remain essentially constant.

Calibration of the Glass Electrode in Picric
Acid Buffers—In principle, many weak acid-salt
combinations should be suitable as buffers in aceto-
nitrile as solvent. Perchloric acid is the only
strong (completely dissociated) acid in acetonitrile.
However, the dissociation of only a few weak acids
has been studied quantitatively in acetonitrile
as solvent. Such studies are much more compli-
cated than in water-like solvents.3 In particular,
in more concentrated solutions complexation
(hydrogen bonding) between the anion and un-
dissociated acid may lead to over-all dissociation
reactions such as

2HA -j- solvent ~.> I 1+Sivatdi ~b (HA)A— (A))

or even

3HA + solvent H+,0iTaed + (HA)2A~ (Kt)
However, in sufficiently dilute solutions simple
dissociation occurs

HA + solvent < > H +§jiated + A- (Ki)

The dissociation constant of picric acid in aceto-

nitrile, for simple dissociation in dilute solution
(10) P. Walden and E. J. Birr, z. physik Grem, 144, 269 (1929).

(11) D. S. Berna and R. M. Fuoss, 3. Am. Chem Soc., 82, 5585
(1960).
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(p/Ci = 8.9), has been determined by Kolthoff,
Bruckenstein, and Chantooni,3 using conducto-
metric and spectrophotometric methods.

Not many salts are completely dissociated in
acetonitrile up to moderate concentrations (10~3
to 10-2 M).10 Although incompletely dissociated
salts could be used in buffer solutions, calculation
of the hydrogen ion activity of such solutions would
require knowledge of an additional equilibrium
constant, namely the dissociation constant of the
salt (in addition to the simple dissociation con-
stant of the acid, Kh as well as the formation con-
stants of any anion-undissociated acid complexes
that may be formed, given by K2/K1 or K3/K1).

The use of picric acid-tetraethylammonium
picrate buffers seemed most promising for the
present purpose. Picric acid undergoes simple
dissociation up to relatively high concentrations,312
and tetraethylammonium picrate is one of the
strongest of the large number of electrolytes studied
by Walden and Birr®D (experimental slope of A vs.
C./ plot = 373; Onsager slope = 351); this salt
is virtually completely dissociated up to 10~2 M
concentrations.

For picric acid undergoing simple dissociation,
it follows that

[HPI]

Uh+ — Kv [Pi-]

1)
where all symbols have their customary meaning.
At constant ionic strength the activity coefficient
ratio, fo/fi, should remain essentially constant.
Hence, if the glass electrode measures hydrogen
ion activity reversibly, it follows from eq. 1 and
the Nernst equation that a plot of the potential
of the electrode as a function of the quantity log
([HPi]/[Pi-]) should be linear with a slope of
59 mv. at 25° (provided junction potentials remain
essentially constant).

Three glass electrodes used in several series of
buffers came to equilibrium in a relatively short
time (within 5 to 30 min.). The results obtained
with one of the electrodes in two series of buffers,
one at a constant concentration of tetraethylam-
monium picrate of 10“ 2M and the other at 10~3M,
are represented in Fig. 1 by lines A and B, respec-
tively. The quantities Caand CBrefer to the total
(analytical) concentrations of acid and salt, re-
spectively, and were varied only within that region
where the effect of the additional complicating
reactions described above would be insignificant.

It can be concluded that the response of the glass
electrode in picric acid-tetraethylammonium pic-
rate buffers in acetonitrile as solvent is reversible.

The hydrogen ion activity of the buffer solutions
used (at least for the series at ionic strength 1C)-§
can be calculated from eqg. 1 and the “reduced” 13
Debye-Hiickel equation, which becomes for 25°

)

For a singly-charged ion in acetonitrile (dielectric
constant D — 36.0) at an ionic strength S = 1.0 X

(12) Unpublished results from this Laboratory (G. Cunningham).

(13) The extended form of the Debye-Hiickel equation could not
be used, since ion size parameters for acetonitrile as solvent are not
yet available.

logR = —355ziD _a/,(SVf
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10~3 it follows that the activity coefficient /1 =
0.89. Substituting Ki — 1.26 X 10~9 and as-
suming that/o ~ 1, eq. 1gives for S = 10' 3

aH+= 1.41 X 10-9CJCe ©)

From line B in Fig. 1, the potential of the glass
electrode vs. the Ag/0.01 M AgNO3 reference
electrode at CJCs = 1 was equal to +67 mv.4
Hence the following equation represents the re-
sponse of the particular glass electrode used

Agiass (in mv. vs. Ag ref. el.) = 590 + 59 log an +

4)
The same electrode then was used in buffers of the
type B + BH+CI104.

Response of the Glass Electrode in Diphenyl-
guanidine Buffers.—-Several solutions of 1,3-di-
phenylguanidine were titrated with perchloric
acid in acetonitrile as solvent. After each addi-
tion of titrant, the electrode came to equilibrium
very quickly. The shape of the titration curves
was that expected for a typical weak base-strong
acid titration.

Since perchloric acid behaves as a strong (com-
pletely dissociated) electrolyte in acetonitrile, its
reaction with 1,3-diphenylguanidine (B) can be
represented by the simple equation

(14)
at ionic strength values of 10”8and 10~2 (67 and 73 mv., respectively,
at C&—QCB is in good agreement with the 7 mv. difference predicted

by eq. 2, which can give only very approximate results for an ionic
strength as high as 10”2in a solvent such as acetonitrile.
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%%ﬁbwnﬂ Zplogr, aﬁgﬂaceton H

add

B + CHXNH+ BH+ + CHXN (5)

For a base as strong as diphenylguanidine, the
equilibrium lies very far to the right. Results pre-
sented later indicate that for solutions as dilute
as those titrated, BH+CKR" ion pair formation
need not be considered. The dissociation constant,
A bu ", of the protonated base is given by

[]X7th+ (6)

+
Abh [BH+]

It follows from eq. 6 and the Nernst equation that
a plot of the potential of the glass electrode vs.
the quantity log [P/(100 — P)], where P = per-
centage of B titrated, should be linear with a
slope of 59 mv., provided (a) the electrode responds
to hydrogen ion activity in a reversible manner,
(b) neither B nor BH+ is involved in additional
reactions, (c) the ratio f/fi does not change sig-
nificantly during the titration, and (d) the algebraic
sum of all liquid junction potentials involved does
not change significantly during the titration. Sev-
eral such plots are shown in Fig. 2.

It has been shown by conductance measurements
that in acetonitrile, hydrogen bonding occurs
between 1,3-diphenylguanidine and its protonated
form, resulting in the species BHB+ with a forma-
tion constant of 20.2 The effect of this complexa-

The difference between corresponding potential values obtained tion reaction will be to increase the slope of the E

vs. log [P/TOO — P)] plot to values greater than
59 mv. However, for solutions as dilute as those
titrated the effect will be small. For example,
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consider the titration of 6.3 X 10-3 M B with 7 X
10~2M perchloric acid.
At 9.1% Titrated.—

[BH+] + [BHB+] = 57 X 10~4
[B] + [BHB+] = 5.7 X 10~3

J51”"L =20
[BI[BH+]

Solving, [BHB+] = 6 X 10“§ [BH+] = 5.1 X
ICR4, and [B] = 5.6 X 10~3sothat [B]/[BH+] =
11, rather than the value of 10 which would apply
if the species BHB +were not formed.

At 50% Titrated— [B]/[BH+] =
not BHB+ is formed.

At 90.9%. Titrated.— [B]/ [BH+] = 1/11. Hence,
the slope of the plot between 9 and 91% titrated
= (log 11) X 59 mv. = 61 mv.

A second type of hydrogen bonding reaction also
must be considered, namely that which stabilizes
the ion pairs of the salts of incompletely substi-
tuted ammonium bases in a hon-hydrogen bonding
solvent such as acetonitrile, which (unlike water-
like solvents) does not mask this effect. It can
be shown that such an ion-association reaction
will decrease the slope of the E vs. log [P/(100 —
P) j plot. However, since addition of a common
ion (as 0.1 M tetraethylammonium perchlorate) did
not cause a significant change in the slope of the
plot (line C in Fig. 2), it seems that 1,3-diphenyl-
guanidinium perchlorate is extensively dissociated
in acetonitrile.

Finally, it is to be expected that if the ionic
strength increases significantly during the titration
(lines A and B in Fig. 2), the activity coefficient
ratio fo/fi will increase; hence eq. 6 predicts that
the slope of the E vs. log [P/ (100 — P)] plot will
decrease. However, the liquid junction potential
may also change. In the titration represented
by line C in Fig. 2, the activity coefficient ratio,
as well as the liquid junction potential, should have
remained constant. It is concluded that the re-
sponse of the glass electrode was reversible.

Since the titrant was prepared from 70% aque-
ous perchloric acid, it introduced appreciable
amounts of water into the systems studied.b
For example, in the titration of 6.3 X 10-3 M
base, 7 X 10~3 M water had been introduced at
the “half-neutralization” point, in addition to the
approximately 1 X 10~3M water originally present
in the solvent. However, line C in Fig. 2 shows
that addition of even much larger amounts of
water has little influence on the slope of the line

1, whether or

(15)
prepare anhydrous solutions of perchloric acid in acetonitrile without
introducing additional (more or less undesirable) substances. An-
hydrous solutions of perchloric acid in acetic acid as solvent can be
used for certain studies in acetonitrile, but are obviously not applicable
for the present purpose. Generation of perchloric acid directly in
acetonitrile by treating a solution of silver perchlorate with hydrogen
chloride gas is not completely satisfactory, because the solubility of
silver chloride in acetonitrile (particularly if excess chloride is present)
is appreciable, owing to the stability of silver chloride complexes in
acetonitrile. Likewise, on addition of anhydrous sulfuric acid to an
equivalent amount of barium perchlorate in acetonitrile, a considerable
amount of bisulfate is formed, since sulfate ion is a relatively strong
base in acetonitrile.
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and only a moderate effect on the “half-neutrali-
zation” potential.

The Autoprotolysis Constant of Acetonitrile—
Acetonitrile is a comparatively inert amphiprotic
solvent, with relatively weak basic and very weak
acidic properties.2 Hence its self-ionization will
be very limited, and is assumed to occur by the
reaction

2CHXN CHXNH+ + CHXN- (7)
Its autoprotolysis constant is then given by

Ks — QOHNH+ X QG-HEON- (8)
and can now be calculated as follows. The over-all

ionization constant of 1,3-diphenylguanidine, de-
termined conductometrically,2is given by

Kb —«bh+ X = 2 X 10~u (9

In the titration of 6.3 X 10"3M 1,3-diphcnylguani-
dine with 7 X 1 0 M perchloric acid, the “half-
neutralization” potential is equal to —350 mv.
(Fig. 2, line A). From eq. 4 the corresponding
hydrogen ion activity equals 1.3 X 10-16. The
ionic strength at this point is equal to 3 X 10~3M.
Hence, from eq. 2, /bh+ = fi — 0.81, and from
eq. 6, assuming that/e = /o — 1

Kbh+= sb X oH+aBH+ = 1.6 X 10~% (10)

The product of eq. 9 and 10 gives the autoprotolysis
constant of acetonitrile

KbKbh+= Ks= 3 X 1(RZ (11

A value for the autoprotolysis constant of aceto-
nitrile has been reported before by Romberg and
Cruse,6from the results of the titration of various
nitrogen bases with several weak acids, using mainly
a glass electrode as hydrogen ion indicator elec-
trode. The autoprotolysis constant of the solvent
was calculated from the equivalence point poten-
tials of those acid-base pairs which gave sym-
metrical titration curves. Romberg and Cruse’s
value of A's = 3.5 X ICCDis 7 powers of 10 larger
than ours.T7

The autoprotolysis constants of several solvents
are listed in Table Il. It is seen that the value
for acetonitrile is much smaller than that of any
other solvent, listed. The value of the autopro-
tolysis constant of a given solvent depends on the
strength of its acid as well as its basic properties,
and also on the magnitude of its dielectric con-
stant. The weaker the acid-base properties are
and the lower the dielectric constant is, the smaller
the autoprotolysis constant becomes. The di-

There is as yet no simple and convenient method available to electric constant of acetonitrile is somewhat higher

than that of methanol, yet its autoprotolysis con-

(16) E. Romberg and K. Cruse, Z Elektrochem, 63, 404 (1959).

(17) Romberg and Cruse calibrated their glass electrode in unbuff-
ered solutions of picric acid in acetonitrile. However, on changing the
picric acid concentration by a factor of 10, the potential changed by
64 mv., rather than by the 30 mv. associated with reversible response
to simple dissociation (but if unilateral triple ion formation is predomi-
nant, the change would be 59 mv.). Furthermore, the value used for
the (simple) dissociation constant of picric acid (2.5 X 10-7) was
much larger than that accepted by us (1.26 X 10~9. The dissociation
of weak acids in acetonitrile increases with time. Romberg and
Cruse’s value might have been determined for aged solutions.
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stant is smaller by 10 powers of 10. This large
difference is caused by the fact that acetonitrile
is a weaker base and a much weaker acid than
methanol.

Table Il

Autoprotolysis Constants of Various Solvents

Dielectric constant
Solvent (25°) PKb (25°)
W ater 78.5 14.0
Formic acid 58.5 6.2
Acetonitrile 36.0 26.5
Methanol 32.6 16.7
Ethanol 24.3 19.1
Acetic acid 6.1 14.5

“ All values except for acetonitrile were taken from 1. M.
Kolthoff and S. Bruckenstein in “ Treatise on Analytical
Chemistry,” Part I, Vol. 1, Interscience Publ., Inc.,
New York, N.Y ., 1959, p. 484.

The titration of a strong acid (perchloric acid)
with a solution of the lyate ion of acetonitrile
(CHZXN_) should give a very large potential
break at the equivalence point (over 1,000 mv. for
0.1 M solutions, as compared to 350 mv. in water).

THERMODYNAMIC PROPERTIES OF INORGANIC SUBSTANCES.
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However, attempts to prepare such lyate ion
solutions in sufficiently high concentrations for
practical purposes (e.g., by treatment of aceto-
nitrile with sodium or lithium metal) only results
in polymerization of the solvent. Likewise, es-
sentially anhydrous solutions of tetraalkylam-
monium hydroxides in acetonitrile are not stable,
at least not at ordinary temperatures. This lack
of availability of a really strong base constitutes
one of the major limitations of acetonitrile as a
medium for acid-base reactions.

The over-all ionization constants of amines are
approximately 8 powers of 10 smaller in acetonitrile
than in water.2 However, the autoprotolysis
constant of acetonitrile is from 12 to 13 powers
of 10 smaller than that of water. Hence, titration
of amines with perchloric acid gives a potential
break at the equivalence point which is from 250
to 300 mv. larger in acetonitrile than in water,
and very weak bases can be titrated. Finally,
it should be possible to titrate virtually all anion

bases which are soluble in acetonitrile. For ex-
ample, even chloride ion (pK of HC1 = 8: ref. 3)
is a relatively strong base in acetonitrile.

(AVA

THE HIGH TEMPERATURE HEAT CONTENTS OF TeOaAND NaZle041

By Reiji Mezaki and John L. Margrave

Department of Chemistry, University of Wisconsin, Madison, Wisconsin
Received April 6, 1962

The heat contents of Te02and NaZle04contained in gold capsules have been measured in a drop-type calorimeter over

the ranges 446-1146 and 421-804°K., respectively.

Reliable high temperature thermodynamic data
have not been available previously for Te02 or
NaZre04 Estimates for Te02 have been given
by Kubaschewski and Evans3 based on analogies
with other oxides. No information has been
available for NaZre()i.

Experimental Techniques and Material

The calorimeter used in this work has befn described
previously.1 The apparatus has been calibrated electrically
and, in addition, samples of synthetic sapphire from the
National Bureau of Standards have been run for comparison
purposes. The accuracy of the calorimeter is +*0.5%,
while the reproducibility of a given measurement is slightly
better. Several drops also were made with empty pure
gold capsules at various temperatures since the heat con-
tent must be corrected for the containing capsule. The
measured heat content may be compared with calculated
values from Kelley3 and in 43 runs the observed average
deviations were *1% over the range 400-700°K. and
+0.5% over the range 700-1200°K.

The Te02 samples studied were spectroscopically pure
from Johnson, Matthey, and Co., Ltd., and showed only
traces (a few p.p.m.) of Ag, Ca, Na, Si, and Mn. In the
original runs with TeO02 sealed in an argon atmosphere,

(1) For earlier papers in this seriessee: 1. J. L. Margraveand R. T.
Grimley, J. Phys. Chem, &, 1436 (1958); Il. M. S. Chandrasek-
haraiah, R. T. Grimley, and J. L. Margrave, ibid., 63 1505 (1959);
11I. R. T. Grimley and J. L. Margrave, ibid., 64, 1763 (1960).

(2) O. Kubaschewski and E. Evans, “ Metallurgical Thermochemis-
try.” John Wiley and Sons, Inc., New York, N. Y., 1956.

(3) K. K. Kelley, U. S. Bureau of Mines Bulletin 584 (1960).

The heat of fusion of Te02is 6.95 +

0.10 kcal./mole.

some darkening was observed in the sample, but only Te02
(s) showed in the X-ray pattern and gold was present in
trace amounts. The darkening apparently was elementary
Te from the disproportionation of TeO which formed as
TeO02 lost some oxygen at high temperatures. Later runs
with T e02sealed under 0 2did not show this darkening.

The anhydrous NaZl e0O4sample was procured from E. H.
Sargent and Co., Inc. Spectrographic analysis showed
Ca < 0.1% and traces of Ag and Al. An X-ray powder
diffraction pattern of NaZlre04 had the strongest lines at
5.20, 4.60, 3.00, and 2.55 A., but no standard comparison
pattern is available. At 615-635°, NaZle04 was observed
to melt with some decomposition, so measurements were
not extended to higher temperatures.

Results

Data from the calorimeter were processed on an
IBM-650 computer as described by Mezaki4 and
the experimental results are presented in Tables
I and Il. A least squares fit of the experimental
data provided the smoothed thermodynamic func-
tions given in Tables 111 and 1V.

From the data around the melting point of Te02
1006°K., one can determine the heat of fusion as
6.95 = 0.10 kcal./mole. The value 6 = 2 kcal./
mole may be derived from the slopes of vapor
pressure curves for Te02(s) and Te02X() as reported
by Ueno,5 by Soulen, Sthapitanonda, and Mar-

(4) R. Mezaki, M.S. Thesis, University of Wisconsin, 1961.
(5) K. Ueno, J. Crem Soc. Japan, 62, 990 (1941).
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Table |
Experimental Results for Te02

Temperature, °K, Enthalpy, cal. mole 1

Sample (Ti)  Calorimeter (t2) Hi, - Hi, /1Tl — H 2Bk
445.16 298.85 2,297 2,308
551.56 298.90 4,190 4,202
761.46 298.97 7,762 7,775
867.06 298.95 9,703 9,715
877.66 299.09 10,040 10,054
960.36 299.19 11,472 11,488

1018.46 298.91 19,601 19,613

1085.26 298.98 21,472 21,485

1146.56 299.21 23,114 23,130
Tabie |l

Experimental Results for NaZle04

Temperature, °K, Enthalpy, cal. mole 1

Sample (Ti) Calorimeter (T2) »Ti - HT, Hi, = Hm
421.16 298.82 4,062 4,081
459.66 298.85 5,341 5,360
548.46 298.85 8,427 8,446
803.76 299.02 16,780 16,805

grave,6and by Zlomanov, Novoselova, Paskinkin,
Simanov, and Semenenko.7

More complete thermodynamic data for TeC>2X(s)
and NaZlre04(s) are not available presently be-
cause of the lack of low temperature heat capacity
measurements or reliable equilibrium studies to
establish SW  From an approximate fitting of
the high temperature heat contents with a Debye
equation, one estimates i$2Xs (Te02 = 14 + 2
e.u. and S°2 (NaZlre04 = 185 * 2 e.u.4 Kuba-
schewski2has estimated 16.8 = le.u. forTe0ZXs).

Acknowledgments.—The authors wish to ac-
knowledge the financial support of this work by
the American Smelting and Refining Company,
the Selenium-Tellurium Development Committee,
and the Wisconsin Alumni Research Foundation.
Machine computations were carried out in the
University of Wisconsin Numerical Analysis Labo-
ratory.

(6) J. Soulen, P. Sthapitanonda, and J. Margrave, ./. Phys. Chem,
69, 132 (1955).

(7) V. Zlomanov, A. Novoselova, A. Paskinkin, Y. Simanov, and Iv.
Semenenko, Zhur. Neorgan. Khim, 3, 1473 (1958); Chem Abslr.fcs3,
17615h (1959).
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Tabte Il

High Temperature T hermodynamic Functions

for Te02
Si —538B
Temp., Hi — Hnit, cal. mole*1 cal. mole**1

°K. cal. mole"1 deg. deg.-1
300 28 15.28 0.09
400 1,607 16.22 4.63
500 3,261 16.83 8.32
600 4,970 17.33 11.43
700 6,725 17.77 14.14
800 8,522 18.17 16.54
900 10,359 18.56 18.70
1000 12,234 18.94 20.67
1006.16(c) 12,351 18.96 20.79
1006.16(1) 19,297 27.44 33.10
1100 21,874 27.49 35.55
1200 24,625 27.54 37.95

Te02c)
HT—H2.1 = 15.58T+ 1.74 X 10-3T2+ 1.20 X
106T- 1- 5203
(£1-8%, 446-960°K.)
Cp = 1558 + 3.48 X 10~3T - 1.20 X 108T -2

ARiooe.ieCfusion) = 6946
TeO, ()
Hi®B16 = 26.92T + 0.26 X 10~VFE,. @
(£0.2%, 1018-1146°K.)
Cp = 26.92 + 052 x 10+

Hr -

Tabte IV
High Temperature Thermodynamic Functions for
NaZl'e04
Temp., H#T —2816 B —53818
°K cal. mole-1  cal. mole 'deg. 1cal. mole-1 deg. 1
300 61 33.18 0.20
400 3,381 33.22 9.76
500 6,706 33.26 17.17
600 10,034 33.30 23.24
700 13,366 33.34 28.38
800 16,702 33.38 32.83
Ht — 7729816 — 33.07T + 0.20 X 10~3T2- 9877

(+1.9%, 421-804°1v.)
Gp = 33.07 + 0.40 X 10“ 377
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ORTHO-PARA-HYDROGEN CONVERSION BY METAL SURFACES AT 21°K.
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, Ortho-para-hydrogen conversion has been used at 21°K. to study the magnetic properties of Cu, Ni, Fe, Au, Cu-Ni, and

FeAu surfaces, and oxidized Ni and Fe surfaces.
which is not known.

scription given above for copper.
surface.

Introduction

The conversion of ortho to para-hydrogen is
generally recognized to occur by two different
mechanisms. The first involves dissociation of
hydrogen molecules and recombination of the
atoms. The second is purely physical in nature and
is induced by an inhomogeneous magnetic field
such as exists as a result of the paramagnetism
of unpaired electrons, or of nuclear moments.
The magnetic conversion in a homogeneous phase
is understood, as a result of Wigner'sl work, in
terms of the time spent within the perturbing field.
The heterogeneous conversion on surfaces has been
observed in a qualitative way by many workers,
but rarely under conditions permitting quantitative
interpretation and where a clear distinction is pos-
sible between the magnetic and dissociative mech-
anism. In recent years the work of Sandler,2
Harrison and McDowell,3 and Cunningham and
Johnston4 has made substantial progress in the
understanding of the Kkinetics of the magnetic
mechanism on surfaces. As a consequence, the
study of the ortho-para-hydrogen conversion in-
duced by perturbing inhomogeneous magnetic
fields present in solid surfaces is a potentially
powerful tool for improving our understanding
of the magnetic properties and composition of such
surfaces. Particularly important is the conversion
at liquid hydrogen temperatures where the possible
interference of the dissociative mechanism is
virtually non-existent, and the over-all kinetics
are simple by virtue of the presence of a complete
monolayer of nearly 100% ortho-hydrogen on the
surface.

The present work was undertaken to extend the
application of the magnetic ortho-para-hydrogen
conversion at liquid hydrogen temperatures to the
study of metal-alloy surfaces.

Following the line of reasoning put forth by
Harrison and McDowell,3one can visualize a surface
as composed of ¢ paramagnetic sites per cm.2 of
magnetic moment pB  When this surface is covered
by adsorbed hydrogen, the rate of para-hydrogen
production in cc. S.T.P./min./cm.2 of surface is
given by the expression

(1) E. Wigner, Z physik. Chem, B23, 28 (1933).

(2) Y. L. Sandler, J. Crem Phys., 20, 1050 (1952); ibid., 21, 2243
(1953); Can. J. Chem, 32, 249 (1954); J. Phys. Chem, 68, 54 (1954);
ibid., 63, 1101 (1959).

(3) L. G. Harrison and C. A. McDowell, Proc. Roy. Soc. (London),
A220, 77 (1953).

(4) C. M. Cunningham and H. L. Johnston, J. Am. Chem Scoc., 80,
2377 (1958).

Copper and gold surfaces exhibit a slight paramagnetism, the origin of
It can be described in terms of an equivalent surface containing two unpaired electrons per 100 sur-
face atoms in the case of copper and one unpaired electron per 100 surface atoms in the case of gold.
and copper-nickel alloys show a surface paramagnetism which is the same as that found for copper.
for localized moments on the surface of the highest copper-nickel alloy used (~6 %
Iron surfaces exhibit strong localized moments as do iron atoms in a gold-iron alloy
Oxidation produces strong moments on the surfaces of both nickel and iron.

The surfaces of nickel
No evidence was found
Ni) or on nickel itself other than the de-

R={~r} (n(©) 1)

where Kt2/rs is the Wigner probability that an
ortho-hydrogen molecule will be converted to para-
hydrogen as it passes over a paramagnetic site,
r is the distance of the molecule from the site para-
magnetic moment and t is the time of interaction
with the site, n is the number of hydrogen mole-
cules passing over each site per unit time and c
is the number of sites per cm.2 of surface, n
can be expressed as n*a where n* is the number of
ortho molecules passing over each cm.2 per unit
time and a is the site area. Again following Harri-
son and McDowell3we can write

t= bAv @)

where b is the root mean square of all the paths
through the paramagnetic site area, and v is the
velocity of lateral motion of the adsorbed hydrogen
molecules along the surface.

Using Wigner’s expression for K

K = A, 3)

where A is a constant and us is the effective mag-
netic moment of the paramagnetic site in Bohr
magnetons, one can write for the rate

. jb2an*\ ”
- (rv j @)

If one works at one temperature only and under
conditions where the surfaces are covered with at
least one monolayer of adsorbed hydrogen, then
n* and v in the expression will be constant. If the
site has a diameter d and if this d changes as it will
when one measures the conversion rate produced
by different metals, then b2 will vary as di. If
one-half of r varies as d{r = radius of hydrogen
molecule + radius of site) then r8also varies as
d4for small variations in d. Because of this and
because of the difficulty in estimating b, a, and r,
we have assumed that part of (4) in the brackets
to be constant at any one temperature, and have
used the expression

R = B~c )

for interpretation of our results. We have worked
exclusively at 21.5° (vapor press, of H2 = 1000
mm.) and at hydrogen pressures over our sample
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of from 0.3 to 0.7 the vapor pressure at 21.5°K.
so that the surface will be covered5with at least
one monolayer of hydrogen. The hydrogens in
the second layer are not converted due to the
large dependence on distance. The rate has been
found to be independent of total pressure in this
range. It has been shown'®"“8that ortho-hydrogen
is preferentially adsorbed over para-hydrogen, so
that during an experimental ortho-para conversion
run where the gas phase ortho-hydrogen may vary
from 75% to as low as 30%, the surface remains
very nearly completely covered with ortho-hydrogen
so that the rate of para production, R, is constant
with time. Since the equilibrium per cent para
is '*-'99.7% at 21.5°K., one can neglect the back
reaction in the range 75 to 30% ortho. This
means that if one measures the total cumulative
cc. S.T.P. of para made in an experiment in a given
time, as the gas phase ortho concentration varies
from 75 to ~30%, the rate of para production R
that we want to use in eq. 5 is just the cc. of para
made divided by the time of the experiment.

Although the constant B in eq. 5 can in principle
be calculated, we have used the data of Johnston
and Cunningham4 for the conversion of ortho to
para-hydrogen at liquid hydrogen temperature over
surfaces with known Cr+3 content for this purpose.
From their data for 20 Cr-Al in which they have
231 X 10“6g. atom of Cr+£ on the surface and an
initial rate of 1960 cc. S.T.P. of paraproduced/min.,
one can calculate using x = 3.87 Bohr magnetons
thatB = 0.94 X 10* 19

With this value of B in eq. 5 one can find /rx for
a metal surface if one has measured R, the rate of
ortho-para-hydrogen conversion over the surface
at liquid hydrogen temperatures. |If there is
available additional information on either p or c,
the other can be obtained. If no additional in-
formation is available, one can characterize the
surface in terms of an equivalent one in which p =
1.73 and express it in terms of so many unpaired
electrons per cm.2or per 100 surface atoms.

Shallcross and Russell9 have measured the
ortho-para-hydrogen conversion rate over similar
samples of Cu and Ni and alloys at 77°K. and above
and report activation energies of 6-15 cal./mole
for the reaction (chemical mechanism). Their
rate data extrapolated to 21°K. give a value much
too low to be measured, so that at 21°K. we are
measuring a rate due to the magnetic mechanism
only.

R, s e
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parameter of 4.064 A. for the 2 wt% |ron in gold aIon

(5) A Van Itterbeek and J. Borghs, Z pysik Chem, seo, 128
(1941).

6) Y. L. Sandler. J. F’rys e, 58, 58 (1954).

(7) D. White and E. Lassettre J.

(8) E. Cremer, Z k Grem, Ba9, 245 (1941);

(9) P. B. Shallcross and W. W. Russell, J AN
(1959).
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Results and Discussion

Figure 1 shows plots of some of the data. As
can be seen from the graph, the rate is zero order
in ortho-hydrogen as expected467 since 25 cc. of
para-hydrogen represents progress about one-half
the way to equilibrium. Table I summarizes the
data for copper and copper-nickel alloys, Table 11
contains the data obtained for nickel, Table 11l
contains data for iron, and Table IV for an iron-
gold alloy.

Table |
Copper-Nickel Data

Redn.  Surface Conversion
temp., area, rate r, cc. of
Sample °C. m.2g. para/min./cm.2
Cu 360 0,19 0080 X 10-4
Above sample + H-at
19 0065 X 10-4

25°, 41 hr
Cu, COpre- treated at 25°

to remove Fe + Ni 300 19 091 X 10-4
Cu + 0.64% Ni 210 d2 108 X 104
_ 430 19 096 X 104

Cu+ 1.26% Ni 360 21 102 X 10<4
430 18 093 X 10-4

_ 550 16 .087 X 10«4

Cu+ 6.4% Ni 450 28 085 X 104

It has been known since the work of Bonhoeffer1l
that the surfaces of diamagnetic solids ean convert
ortho to para-hydrogen. It has been proposed by
Couper and co-workers2that this may be due to a
surface lattice of unpaired electrons produced as a
result of the projection of a free valency into space.
Our results for copper show a conversion rate

(10) W. K. Hall and L. Alexander, J. Phys. Chem., 61, 242 (1957).

(11) K Boiihoeffer, A. Farkas, and K. W. Hummel, Z. physike
Chem,, B2i, 225 (1933).

(12) A. Cotiper, D. D. Mey, M. J. Hulattd and D; R; Rossingtori*
Bull. Sotii bkiitu Beiges, 67, 343 (1958);
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Table Il

Nickel Data

Reduc- Conversion rate  Area/
tion Surface R, cc. of Ni
temp., area, para/min./cm.2 a mO
Sample C. m.2/g. of surface
Baker'sanalyzed Ni 360  1.60 0.096 X TO-2 11 6
Above sample + Ho
at 25° 160 050 X 10 4
Ni spec, pure 480 014 21 X104
Further reduction 550 12 .32 X 10-¢
Above sample + H
at 25° . 12 23 X 10-4
Further reduction 500 12 41 X 10-4 141
Above sample after\ 360 12 16 X 10-4 119
dilute HN 0swash/ 570 10 .20 X 104
Ni, oxide covered 14 223 X 10-4
“From CO chemisorption at —78° assuming  CO/nickel

atom

Tabie |l
Iron Data

Rate, cc. of para
produced/min./ fieff
cm.2 calcd.

Surface
area

Johnson Matthey iron

sheet dissolved and
reprecipitated
Reduced 490°, 16 hr. 7300 em.fg. 5.5 X 10-4 2.0
Above + Caat25° 7300cm.’lg. 19 X 10« 4.3
Johnson Matthey sponge
Reduced 16hr 490 2100 mVg. 65 X104 22
Above -f 00cmVy. 16 X104 39
Reduced 16 r 490° 1900 cmAg. 59 X 10 21
Cooled inh drogen 1900 ¢m. 2/? 2.6 X 104 14
e oo o D S S on 68
€itopﬁng(zperatom Fone atom per 1at6m$e prong

R of ~0.09 X 104cc. of para produced per minute
per cm.2of surface when the surface is completely
covered with ortho-hydrogen. This would give
pZ of 9.6 X 1013and if we assume sites of a moment
of one unpaired electron, then there would be
3.2 X 1013 of these paramagnetic sites. If we
assume an average area of a copper atom of 7 A.2
then there are 1.4 X 1Q¥atoms/cm.2 or one copper
atom in 50 would have a moment of one unpaired
electron. Our results also could be interpreted as
each copper atom having a moment of 0.26 of a
Bohr magneton, if this were possible, but not by
nuclear moments of the surface copper atoms or of
the ortho-hydrogen (homogeneous liquid phase con-
version), since these would be too small. Ex-
posure of the copper to hydrogen at room tempera-
ture for 41 hr. resulted in a rate of conversion of
7,0 that for the sample as normally prepared by
helium treatment at reduction temperatures. Ap-
parently, the sites that cause ortho-para-hy-
drogen conversion can also chemisorb hydrogen.
The activation energy for this is high enough
(Kwan13 so that this does not take place at 21°K.
The nature of the paramagnetic site on the copper
surface that is responsible for the conversion is not
known. It may be of interest to note that the
lowest value of rate we found on our hydrogen
poisoned copper is similar to that found by Cun-

(13) T. Kwan, Bull. Chem Soc. Javan, 23, 73 (1950).
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ningham and Johnston for pure y-Al»03 which
converts 0.0052 X 10~4cc. of para/min./cm.2 of
surface.

The conversion rates over the Cu-Ni alloys per
unit area are not much different from the value for
pure copper. If each surface nickel atom had a
localized moment of one unpaired electron and if the
surface concentration of nickel were the same as the
bulk composition and the nickel existed as an iso-
lated atom in the surface (without pairing;, then
one would expect for the 6% nickel alloy a rate per
unit area three times that for the copper (the
copper rate corresponded to two unpaired electrons
per 100 surface atoms). Since this is not observed,
we have concluded that, within the limitations
given above, the surface nickel atoms do not possess
localized moments. We have assumed that a
surface nickel atom in a copper matrix does not
chemisorb hydrogen at 21°K. This will be dis-
cussed below with the nickel results.

We were interested in seeing what we might find
out about the magnetic inhomogeneity of a nickel
surface using ortho-para-hydrogen conversion. Our
principal concern was the possibility of hydrogen
chemisorption at 21°K. Although Beeck# has
shown that evaporated nickel films chemisorb
hydrogen at 20°K. and above, other experience
has shown that hydrogen reduced powders chemi-
sorb hydrogen slowly at 77°K. Schuit and de-
BoerX¥ have shown that the amount of hydrogen
chemisorbed on nickel at 77°K. is a function of
the temperature of reduction, being low for re-
duction at 300° and approaching total coverage
after 500° reduction. Accordingly, we have meas-
ured the ortho-para conversion rate over nickel
after various reduction temperatures in order to
see if there were any evidence for a lowering of the
rate after high temperature reduction due to hy-
drogen chemisorption. None was found, so we
concluded that hydrogen does not chemisorb on

(14) O. Beeck, J. W. Givens, and A. W. Ritchie, J. Colloid Sci., 5,
141 (1950).

(15) G. C. A. Schuit and N, H. deBoer, Rec. trav. chim, 70, 1067
(1951).
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our reduced nickel at 21°K. The effect of a small
amount of oxygen left on the surface would be,
as shown below, to increase the rate.

As can be seen from Table Il, the nickel made
by reducing Baker’'s analyzed NiO gave a rate
similar to copper, indicating little magnetic in-
homogeneity of the surface. The rate over
nickel made by reducing spec, pure NiO to a very
small surface area material increased somewhat
with increasing reduction time, which leads us to
suspect that some paramagnetic impurity insoluble
in the nickel was accumulating on the very small
surface of this sample (such as NiS). When this
sample was washed with 0.01 N HNO3in conduc-
tivity water and then re-reduced, the rate was
lower, which would be expected from removal of
surface impurities (see Table I11). CO chemisorp-
tion also suggests removal of surface impurity.
If each nickel atom possesses a moment of 0.6
unpaired electron or ~1 effective Bohr magneton
as judged from the saturation magnetic moment
at 20°K., one would expect a rate of ~1 X 10-4
cc./min./cm.2 which is 10 times the rate found for
the high area nickel. The effect of chemisorbed
hydrogen is very much less in the case of nickel
than in the case of copper.

An oxide was formed on the nickel surface by
exposure to oxygen at room temperature followed
by heat treatment in vacuo at 200° for 15 min. in
order to remove any remaining oxygen. AsS ex-
pected (Table I1), the conversion rate over this
sample was very fast due to the presence of localized
moments of the Ni+2ions. After the heat treat-
ment, the surface probably was covered with
patches of NiO and patches of oxygen chemisorbed
on the nickel surface. If all the nickel were di-
valent, we would expect a rate of ~7.5 X 10-4
cc. S.T.P./min. from eq. 1, instead of the value 2.23
as found. The difference either reflects the in-
accuracy of eq. 1or our method of measuring surface
area, or that the nickel atoms on the surface under
the chemisorbed oxygen have a p less than 2.83.

The conversion rate over iron is very fast. In
fact, one could easily work with single crystals of
iron of ~10 cm.2surface area, particularly if one
worked at p/poof 0.3 and at a lower temperature
so as to lower the amount of gas in the sample bulb.
If one assumes a value of 1.4 X 10%iron atoms/
cm.2of surface, which would seem reasonable, one
can calculate an effective moment for each iron
atom of 2-2.2 Bohr magnetons. This is lower than
the effective moment of bulk iron of 3.1 magnetons.
If, however, one uses the concentration of iron
atoms on the surface as measured by CO and H2
chemisorption®6 of 7.5 X 10X4cm .2 one obtains a
heff of ~2.8 for each iron atom, which is in better
agreement with the bulk value. For the oxidized
sample if one uses 106 ferric ions per cm.2 which
seems reasonable, one calculates a moment of
~4 Bohr magnetons, which again is smaller than
the value of 5.90 for ferric ion. The lowering of the
rate due to chemisorbed hydrogen may be a result
of the involvement of the unpaired electrons in the
chemisorbed bond or it may be a steric effect.

(16)
atom per nickel atom.

J. T. Kummer
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In general, however, one can say that iron gives
high conversion rates in approximate agreement
with eq. 5 and that failure to find agreement in the
case of nickel would indicate that the nickel surface
does not possess localized moments.

The data for gold (Table 1V) show that the
surface paramagnetism per unit area of the high
area gold is considerably higher than for the low
area gold. It is not known whether this is due
to the physical structure of the surface (a large
number of edge and corner atoms) or whether this
is due to some surface impurity. If it were due to
an impurity, then this impurity must have been
removed or altered by hydrogen reduction at 500°
since this treatment resulted in a much lower
surface paramagnetism per unit area. This latter
surface can be described as in the case of copper as
an equivalent surface of one unpaired electron per
100 gold surface atoms.

Table |V

AU, Fe-AU D ata

Area

Rate: cc. of
para/min./em.2

High area gold reduced Lhr.,
° 6800 cm.yy. 0.52 X10-"

Gélaosam&le above reduced 2
hr., 500°

. 230cm.Vg. 036 X 10
6.3 atom % Fe-Au reduced )
° I 110 59 X 10-
Reduced + CO —78.5° 110 A4 X 10<4
Reduced + H>. —78.5° 110 50 X 10-4
Reduced + 02at 250 110 88 > o

The iron-gold alloy after 530° reduction shows
a high ortho-para conversion rate as compared to
pure gold after reduction at a similar temperature.
If one uses 3.1 Bohr magnetons for the effective
moment of the iron atom on the gold surface, then
using eq. 5 one finds that there are 6 X 1013 iron
atoms/cm.2 If one assumes 9 A.2per gold atom
on the surface, then there are 1.1 X 105 gold
atoms/cm.2and the atom % iron on the surface is
5.5 atom %. This is in favorable agreement with
the bulk composition of 6.3 atom % iron. By
carbon monoxide chemisorption, it was found that
the atom % iron on the surface was 6.5 + 0.5%,
again assuming 9 A.2per gold atom.

The effect of CO and H2chemisorption was much
less than expected since it was thought that both
of these would involve bonds using the unpaired
electrons responsible for the magnetic moment of
the iron atom.

The gold-iron alloy after reduction and treatment
with helium was exposed to oxygen at 25° for
~1 hr. and then the oxygen was evacuated. The
conversion rate over this surface increased as for
pure iron. In the case of iron, one undoubtedly
forms an iron oxide lattice perhaps 20 A. thick by
0 2treatment at room temperatures, the surface of
which would contain the required ferric ions for
conversion. In the iron-gold alloy case, the struc-

Assuming one CO molecule per nickel atom or one hydrogen ture of the final product is not known, but from

the rate observed one can say that the ferric ion is
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not sterically hindered from interaction with the
hydrogen molecules any more than in the case of iron
oxide itself.

In summary, one can say that for the diamagnetic
metals copper and gold one observes a small surface
paramagnetism of unknown origin.  For the transi-
tion metals, nickel and iron, one finds the existence
of strong moments at each surface iron atom but no
evidence for any at each surface nickel atom. Upon
oxidation, each surface nickel or iron atom under-

Kinetics of Chlorine Exchange between Chloride and Chloroacetate lons
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goes an increase in magnetic moment. For the
binary alloy copper-nickel, there is no evidence for
local moments at the surface nickel atoms, whereas
for the binary alloy iron-gold, the experiment
indicates that each iron atom has a moment of
~3 Bohr magnetic units. This method of measur-
ing surface paramagnetism can be used to measure
the surface composition of those binary metal
alloys where one of the constituents possesses an
isolated magnetic moment and the other does not.

KINETICS OF CHLORINE EXCHANGE BETWEEN CHLORIDE AND
CHLOROACETATE IONS1

By F. J. Johnston

Department of Chemistry, University of Georgia, Athens, Georgia
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Introduction d(MCA-)* "(CR)* (MCA-)”

In aqueous solutions at temperatures above 70°, di Rx(® . (C1-) (MCA-)J
chloroacetate ion undergoes hydrolysis at a .
measurable rate with the production of chloride (MCA-) @)
and glycolate ions. With chloride labeled with Rh(0 (MCA-)
chlorine-36 present in the system, it is observed 23
that exchange with chloroacetate occurs under OF~
virtually the same conditions as the hydrolysis. _ -

This article reports the results of a kinetics study din@- Fy) = R*(t)(@ + b)
of the simultaneous exchange and hydrolysis dt [a+ p®)]b - Pcor

reactions. The terminology and equations used
are discussed below.
For the hydrolysis reaction

CH2XICOO- + HOH —>

CHXHCOO- + H+ + Cl- (A)
d(sil-) d(M;A-) Rh(O) "
@)t =/ZIrrtydt = a+ PH (@
(MCA-)* = b - P(t) ®)
For the exchange reaction
chXxicoo- + Cl-* —->
CHXI*COO- + Cl- (B)
the rate is
RAt) = *x(Cl-)mMCA-)" (4)
and

1) Presented before the division of Physical Chemistry at the March,SoC., 78 1314 (1956).

1962 National Meeting of the American Chemical Society in Wash-
ington, D. C.

Ft is the ratio of specific activity of chloroacetate
ion at time t to that of total chlorine in the system
at exchange equilibrium, a and b refer to initial
concentrations, (MCA-) is the monochloroacetate
concentration, and the asterisk refers to labeled
species.

If the exchange reaction is first order with re-
spect to each of the exchanging species, eq. 6 be-
comes, upon integration

In(1- Ft) = - fc(a + bt @)

As reaction A progresses, some undissociated
chloroacetic acid is formed by association of the
protons with chloroacetate ions. A Kinetic study
of the system then would be complicated by the
change in concentration of the chloroacetate ion
and by the reactions

CHXICOOH + HOH — +

CHXDHCOOH + h- + CI-

(©)
and
(2) _C. P. Luehr, G. E. Challenger, and B. J. Masters, J. Am Chem

(3) R A Kenney and F. J. Johnston, J. Phys. Chem, 63, 1426

(1959).
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Table |
Data Summary for Experiments at 81.5°
Setl. (CHZICOO-),, = 0.0530, (Ch)o = 0.0077, (CHoCOCT), = 0.0530
Total c/m = 1662
Time hr.  (CH2CICO0-), M 1%, M Um(MCA) F  (r-*) wx (L MOle<1 .
0 0.0530 0.0077 0.8
49.1 .0337 .0270 1 0.120 0.00922 0.0429
73.2 0271 .0336 133 179 .00916 .0444
98.7 .0212 .0395 139 239 .00928 .0456
119.2 .0180 0427 141 .286 .00906 .0467
Av. .00918 .0452
Set. Il.  (CHXICOO-), = 0.02500, (Cl-)o = 0.0211, (CHLOO-)o= 0.0683
Total c/m = 1364
0 0.0250 0.0211 0.0
23.9 .0204 .0256 28.8 0.048 0.00865 0.0445
47.8 .0164 .0298 41.6 .086 .00890 .0408
72.0 .0132 .0330 50.3 126 .00895 .0417
96.0 .0108 .0354 54.9 173 .00882 .0428
119.8 .0088 ,0373 57.0 219 .00875 .0447
Av. .00881 .0429
Setlll. (CIRCICOO-) = 0.0399, (CI-),, = 0.0206, (CHLOO-)o= 0.0500
Total c/m = 2632
0 0.0399 0.0206 0.7
24.0 .0324 .0281 87.0 0.062 0.00870 0.0439
48.0 .0263 .0341 138 120 .00869 .0439
72.0 .0203 .0401 162 183 .00935 .0465
96.0 .0169 .0436 171 232 .00895 .0455
117.8 .0134 .0471 169 .290 .00916 .0479
Av. .00897 .0455
chZXicooh + ci-* — * (specific activity of CIRCICOO )t

CHZXI*COOH + CI- (D)

(The hydrolysis and exchange reactions C and D
have been described in a previous paper.3 For
this reason the chloroacetate-chloride system
was studied in the presence of sodium acetate.
With acetate present, chloroacetic acid formation
is diminished and the total ionic concentration is
very nearly constant throughout the reaction.

Experimental

Sodium chloroacetate was prepared by titration of ehloro-
acetic acid which had been fractionally crystallized from
benzene. Sodium chloride-36 was prepared by titration
of stock chlorine-36 labeled hydrochloric acid, as obtained
from Oak Ridge Isotope Sales Department. Reagent
Srade sodium acetate was used without further purifica-
ion.

Groups of reaction cells of desired composition were
prepared from stock solutions of known concentrations.
Ten-ml. aliquots were introduced into cleaned Pyrex re-
action cells, degassed, and sealed off in vacuo. If not re-
acted immediately, cells were stored at —78° until used.

Reactions were carried out by immersing the cells in an
oil thermostat controlled at 71.5 + 0.05°, and at 99.3 +
0.10°. Following exposure, the cells were opened and the
contents titrated potentiometrically with silver nitrate.
The solution was allowed to stand for 24 hr., filtered, di-
luted to a predetermined volume, and an aliquot taken
for counting. Control experiments showed that negligible
exchange was induced by this procedure. Chloroacetate
fractions were counted as liquid samples of 1 ml. In all
cases a sufficient number of samples was counted to achieve
an expected standard deviation for the net counting rate of
less than 2%. The total counting rate for a cell of a given
set was obtained directly by counting an aliquot of the
original reaction mixture.

The fraction of equilibrium exchange at time t, Ft, was
calculated as

(specific activity of total Cl)t =,

Results and Discussion

Rate constants for the exchange process were
evaluated from eqg. 7. Rate constants for the
hydrolysis reaction were calculated assuming a
pseudo-first-order behavior, i.e.

= A
= 4 ®)

n
b — p(t)
As typical of the data, the results at 81.5° are

summarized in detail in Table |I. The average

rate constants for exchange and hydrolysis at
the several temperatures studied are listed in

Table 11.

The exchange reaction is satisfactorily described
by the second-order rate law at all concentrations
and temperatures studied. In the one series at
99.3° in which no acetate buffer was added, ap-
parent rate constants for the exchange increased
with extent of reaction due to the formation of
chloroacetic acid. The latter species undergoes
chlorine exchange with chloride more readily than
does chloroacetate ion. The reaction rate con-
stants for this series which are listed in Table 11
were obtained by an extrapolation of the apparent
constants to zero reaction time. (The apparent
hydrolysis constants in this series decreased with
time corresponding to a slower hydrolysis rate for
the acid molecule. These constants were not in-
cluded in the averages.)

Since the exchange reaction involves two nega-
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Table ”

Summary of Rate Constants for Exchange and
Hydrolysis

k& 1
Temp., (CHZX1COO-)Q (Cl-h, (CHsCOO-k & mole -1
°K. mole |."1 mole 1.-1 mole 1.-1 hr.-1 hr.-1
372.5 0,1260* 0.0169 0.0668 0.278
1133 .0144 0.1133 .0767 .280
.0567 .0130 .0567 .0760 .286
.0464 .0333 .0336 .0677 287
.0232 .0166 .0731 .0784 .289
Av. 0.0747 0.286
362.5 0.0232 0.0220 0.0690 0.0215 0.098
.0399 .0206 .0500 .0218 .102
.0212 .0048 .0125 .0204 .102
.0332 .0156 .0208 .0210 .106
Av. 0.0212 0.102
354.7 0.0399 0.0206 0.0500 0.00897 0.0455
.0250 .0211 .0683 .00881 .0429
.0530 .0077 .0530 .00918 .0452
Av. 0.00898 0.0445
344.6 0.0250 0.0211 0.0683 0.00267 0.0148
0.0530 0.0077 0.0530 0.00283 0.0158
i . . i Av. 0.00275 0.0153
. Since this series |nvo|viad a non-bufferetd %ygtem, tlﬁ ks
were obtaine X dextrﬂpo ation to zero reaction’fime.” These
Were not Included in the averages.

tively charged ionic species, it is expected that the
rate constants would depend significantly upon
ionic strength. The low specific activity of avail-
able chlorine-36 and the relatively longer half-
times for the exchange compared to that for hy-
drolysis prevented the experiments from being
carried out under concentration conditions where
the Debye-Htickel limiting law is valid. In most
of the experiments, the concentrations were ad-
justed so that the total ionic concentration was
0.114 mole 1.-1. The four series, the first and
second at 99.3° and the third and fourth at 89.3°
in Table Il, studied at different ionic strengths
gave rate constants not significantly different from
those at 0.114. The results suggested that over
these limited concentration ranges (corresponding
to a change in p from 0.114 to 0.241 at 99.3° and
from f, = 0.039 to 0.114 at 89.3°), ionic strength
effects were within experimental variations.

The hydrolysis reaction is adequately described
at the lower temperatures by the pseudo-first-
order relationship. At the highest temperature
studied, 99.3°, the results suggest that this is an
oversimplification. Note that despite the unsatis-
factory behavior of the hydrolysis constants, the
exchange constants are in good agreement.

Activation energies and Arrhenius factors for
both reactions were evaluated in the usual way
from aplot of log kvs. 1771 (Fig. 1). (The hydroly-
sis results at 99.3° were given less weight in making
the plot.)) It was found that kx = 2.26 X 1011
exp[(—26,400//273] 1 mole“1 sec.-1 and fct =
3.83 X 101 exp[(—27,900/RT)] sec.-1. The un-
certainties in the activation energies for exchange
and hydrolysis are +400 and +600 cal. mole-1,
respectively. The entropy of activation for ex-
change, as defined by the expression /cx = kt/h
exp[—AS*/R] exp[-AH*/RT] with AH* =
Ea—RT, is —8.9 cal. mole-1 at 80°.

(4) H. M. Dawson and E, R, Pyeoek, J. Chem. Sec., 153 (1936).
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Dawson and Pycock4suggest that the hydrolysis
rate of chloroacetate ion in neutral solutions is
given by the sum of three terms, one a pseudo-
first-order expression, the second a bimolecular
term involving the square of the chloroacetate
concentration, and the third a bimolecular term
involving the product of the chloroacetate and
glycolate concentrations. That is, the rate ex-
pression would be

rate = falb — p(t)] + k2[b — p(f)]2+

hib - pM®Ip(t) (9)
From their data at 25 and 45°
*i = 8.9 X 100exp(—27,000/72T) sec.-1
h — 2.3 X 100exp(—25,300/727") 1 mole-1 sec.-1
These constants were determined from initial
rates so kswas not measured.

The exchange experiments were not carried out
over a sufficiently wide range of chloroacetate con-
centrations to permit a significant estimation of
the k's in (9). Assuming the above expressions
for ki and k2 are valid at 81.5°, the bimolecular
term involving k2would contribute between 5 and
12% to the hydrolysis reaction at the concentra-
tions studied. The agreement, at the lower tem-
perature, of the pseudo-first-order hydrolysis con-
stants obtained in the exchange studies probably
reflects an insensitivity of the integrated first-order
rate expression to the presence of additional fairly
important terms of different order in the over-all
rate equation.

In Table 111 are summarized the rate constants
for chlorine exchange and the apparent pseudo-
first-order hydrolysis constants for the chloroacetic
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Table |11

Comparison of Exchange and Hydrolysis Constants for Chloroacetate lon and Chloroacetic Acid

Reacting molecule &h (sec.")
CHIICOO- 383 X 10° eXp(-27 900 £ s sorrnn
CHZICOOHa 211 X 109epr—24,800 1 500,/

kx (L mole-1 sec.-1)
2.26 X 10 exp(-26,400 £ 400,/ =+
0.95 X 10u exp(-24,500 £ 400,/« +

alt. A. Kenney and F. J. Johnston, J. Rhys. Chern., 63, 1426 (195 '

acid and chloroacetate systems. In the chloro-
acetic acid system, activation energies for exchange
and hydrolysis were experimentally indistinguish-
able; in the chloroacetate system they are signifi-
cantly different.

Pre-exponential factors for both exchange re-
reactions are within a factor of two of that pre-
dicted on the basis of gas phase collision theory.
The difference in the activation energies for the
exchanges (1900 + 800 cal. mole" 1) is consistent
with electrostatic effects. A value of 1900 cal.
mole-1 is equivalent to the work done in water
at 80° in bringing together from an infinite distance
two unit charges of like sign to a distance of 2.7
A. apart.

The slightly smaller negative entropy of activa-
tion for the reaction involving the two ions (AS*
for exchange of the molecule is —10.6 e.u.) is not
readily explainable. (The uncertainty in both
entropy changes is approximately 1.6 e.u.)

The results are consistent with the assumption

that chlorine exchange in both the chloroacetic
acid-chloride and chloroacetate-chloride systems
occurs by a simple bimoleeular displacement type
reaction. The results obtained in this work indi-
cate that the hydrolysis and exchange reactions
occur quite independently of each other.

Acknowledgment.—This work has been sup-
ported by AEC contract AT (40-1)2826.
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By means of a multiplicative expansion of the distribution functions which describe local ionic concentrations, the 1932
Onsager-Fuoss equation of continuity can be integrated with explicit retention of the Boltzmann factor, instead of approxi-

mating the latter by a truncated power series.
given ion:

The result is expressed in terms of the potential jjy, of total force acting on a
the present approximation to Vmh includes the external field, the forces due to neighboring ions and to the asym-
metry of the ionic atmospheres, and the virtual forces due to local concentration gradients.

The differential equations which

will lead to the forces from the velocity field also have been derived.

The Fuoss-Onsager conductance equationl
A= A0O—iSc/s + Eclogc + Jc (D]

precisely reproduces experimental data for dilute
solutions of symmetrical electrolytes in solvents
of high dielectric constant.2-6 When combined
with the hypothesis of ion association7-9 to pairs,
it leads to the more general conductance function

A= A0—Sc”y'l+ Ecylogcy + Jcy —

KAyfA (2)

which successfully describes observed values of
conductance up to moderate concentrations Ua ~
0.2) in a wide variety of systems10-17 covering the

(1) R. M. Fuoss and L. Onsager, J. Phys. Chem, 61, 668 (1957).

(2) J. E. Lind, Jr., J. J. Zwolenik, and R. M. Fuoss, J. Am Chem
Soc., 81, 1557 (1959).

(3) J. E. Lind, Jr., and R. M. Fuoss, ibid., 83, 1828 (1961).

(4) J. E. Lind, Jr., and R. M. Fuoss, J. Phys. Chem, 65, 999 (1961).

(5) J. E. Lind, Jr., and R. M. Fuoss, ibid., 65, 1414 (1961).

(6) R. L. Kay, J. Am. Chem Soc., 82, 2099 (1960).

(7) R. M. Fuoss, ibid., 79, 3301 (1957).

(8) R. M. Fuoss and C. A. Kraus, ibid,, 79, 3304 (1957).

(9 R. M. Fuoss, ibid., 81, 2659 (1959).

(10) F. Accascina, A. D'Aprano, and R. M. Fuoss, ibid., 81, 1058
(1959).

(11) F. Accascina, S. Petrucci, and R. M. Fuoss, ibid,, 81, 1301
(1959).

range of dielectric constant down to about 12,
below which ionic interactions higher than pairwise
become significant. As frequently happens in
the feedback between theory and experiment, ex-
periments designed to test the generality of the
theory underlying (2) revealed some limitations,
which in turn have suggested further theoretical
studies.

The functional form of (2) appears to be correct,
in that no systematic deviations between calcu-
lated and observed conductances appear within
the claimed range of validity (0 ~ xa < 0.2) of the
equation. Problems have, however, arisen in the
interpretation of the constants. The equation
involves three arbitrary constants: AQ J, and KA.
From each of these, one can compute the center-
to-center contact distance a between the charged
spheres which are used to represent the ions.1821

(12) E. Hirsch and R. M. Fuoss, ibid., 8, 1018 (1960).

(13) D. S. Berns and R. M. Fuoss, ibid., 82, 5585 (1960).

(14) F. Accascina and G. Craia, Sci. Tec., 3, 11 (1959).

(15) F. Accascina and L. Antonucci, Ric. Sci., 29, 1391 (1959).

(16) F. Accascina and S. Petrucci, ibid.,, 29, 1633 (1959); 30, 808,
1164 (1960).

(17) F. Accascina, J. Am. Chem Soc., 81, 4995 (1959).

(18) R. M. Fuoss, ibid., 80, 5059 (1958).

(19) R. M. Fuoss, Proc. Natl. Acad. Sci. U.S,, 45, 807 (1959).

(20) R. M. Fuoss and E. Hirsch, J. Am. Chem Soc., 82, 1013 (1960).

(21) D. S. Berns and R. M. Fuoss, ibid., 83, 1321 (1961).
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For an electrolyte which conforms to the be-
havior theoretically predicted for the model of
charged spheres, one would expect the equality

@)

where the subscripts indicate the source of the a-
values.2 It has been found that condition (3)
is satisfied for a variety of electrolytes in mixed
solvents down to dielectric constants of about
20, where aj begins to increase quite rapidly, while
aa and ok remain constant and equal. The pre-
cision with which J can be determined decreases
as D decreases, because the association term in-
creases exponentially, thereby masking the J-
term, and making the value of aj somewhat un-
certain. Nevertheless, the trend is unmistakable,
and has been observed in systems as different as
potassium chloride-water-dioxane4 and tetra-
alkylammonium tetraphenylborides-aeetonitrile-
carbon tetrachloride.2l These observations, in our
opinion, rule out any attempt to salvage the theory
by changing the model via selective solvation to
account for a variable aj. Also, such an ad hoc
hypothesis would lead to a new dilemma: why
should solvation only affect aj and not sk and aA?
In the range of high dielectric constants, on the
other hand, <k gets into difficulties; according to
theory, a plot of log KA against 1)-1 should be
linear. The plots are indeed nicely linear for KA >
10, but run concave-down in the range below 10,
and the computer has even delivered negative
values of KA for systems in solvents of high di-
electric constant. Again, these values of KA
are uncertain, because here the /-term now masks
the association term, but the trend is clearly ob-
servable.46

These two problems, variable aj at low D and
variable « k at high D, have one element in common.
To first approximation, both the J- and KA
terms of (2) are linear in concentration. This
suggests that the solution of the problems might
be found in a re-examination of the approximations
which lead to the linear termsin (1). Furthermore,
the present theory is mathematically inelegant,
in that the ad hoc hypothesis of ion association
must be invoked in order to convert (1) into (2).
Since ion-pairing is assumed to be a consequence
of electrostatic forces alone,B it should be possible
to deduce a conductance equation in which KA
does not appear as an arbitrary constant.

The purpose of the present series of papers is to
develop a more general theory of the conductance
of dilute solutions of symmetrical electrolytes.
We shall use the same model as beforel2ito repre-
sent the system: charged spheres in a continuum.
The previous theory is based on the following ap-
proximationZfor the Boltzmann factor

aK

«a = «J =

(22) H. Sadek and R. M. Fuoss, J. Am. Chem. Soc., 81, 4507 (1959).

(23) R. M. Fuoss and F. Accascina, “La Conducibilita Elettro-
litica,” Edizioni dell’ Ateneo, Rome, 1959; “Electrolytic Conduc-
tance,” Interscience Publishers, New York, N. Y., 1959, Chapter XVI.
This reference will be cited here frequently as a source of previously
derived equations; the notation FA. 3.29, for example, means eq. 29 of
Chapter I11.

(24) R. M. Fuoss and L. Onsager, Proc. Natl. Acad. Sci. U.S., 41,
274, 1010 (1955).

(25) FA. 12.23: FA.9.17.
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a«l + f+ f22 ()

where f is the ratio of electrostatic potential energy
of one ion in the field of another to the thermal
energy kT. In the present treatment, er will be
retained explicitly in the integration of the equa-
tion of continuity. Anticipating the final result,
it will be found that KA is replaced by an explicit
function of a, which has as its asymptotic limit the
value previously assigned to KA; in other words,
the conductance function is reduced to one in-
volving only two parameters, A0 and a. In this
paper, we present the integration of the equation
of continuity, in order to obtain the potential of the
total force acting on a reference ion, and in subse-
guent papers, we shall use the result to obtain the
various terms of arevised conductance equation.

1. Statement of Problem.—The starting point
for the theoretical study is the Onsager-Fuoss
equation of continuity®

divi (Juvu) + div2 (fuvji) = 0 (1.1)

whereZ’

faira) = ray,(ra) = n>ntj(m) = /«(r)  (1.2)

are the symmetrical distribution functions used
before and v--is the velocity of aj-ion in the vicinity
of an ion of species i. The distribution functions
and the potentials are related through the Poisson
equations3

nMj = - ( 4 , r (1-3)

In order to save space, we shall take as given the
material in chapters 8, 9,10, and 13 of ref. 23. The
velocities which appear in (1.1) are determined by
the external field and the internal forces. The
primary observable is specific conductance, which,
as the ratio of current density to field strength,
depends explicitly on ionic mobilities. Conse-
quently, the problem of calculating conductance
as a function of concentration reduces in principle
to the mathematical problem of solving the dif-
ferential eq. 1.1 and 1.3, subject to the appropriate
boundary conditions.®
The previous attackl?2 began by an additive
expansion of the distribution functions (-= =
feji + f'ji); here, in order to keep the Boltzmann
factor in f°ji = njn” explicit instead of approxi-
mating it by a truncated series,we now make a
multiplicative expansion as
fM

=/°n(r)[1 +xn(r3)] (2-4)

where

Pn{r) = nintexp(—e~/ZcT) = nh(Ef (1.5

is the distribution function®for zero external field
and xji is the perturbation produced in the spheri-
cally symmetrical Pji by the external field X.

(26) L. Onsager and R. M. Fuoss,  Phys. Chem., 36, 2689 (1932):
Equation 2.2.4; FA. 9.6. Further stations from this reference will
be given as OF. 2.2.4, etc.

(27) OF. 2.1.6; FA. 8.3, 8,7, 8.10.

(28) OF. 2.4.2.; FA. 88.

(29) FA. X.

(30) FA. 9.13 and 9.15.
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We shall assume as before that the field X is below
that corresponding to a detectable Wien effect3l'2
and shall therefore drop all terms of quadratic or
higher order in the field.

The potentials are expanded as

2) = VjiT) + (1.6)

where b°j(r) is the potential in the absence of an
external field and \gj is the perturbation, assumed
to be proportional to X . The latter is related to the
corresponding term in the distribution function by
the Poisson equations

= —(4ir/-D)S<i/ 4Xi<  (1.7)

The asymmetry potentials are assumed propor-
tional to the charges by introduction of the func-

tion O(r,d); specializing to the case of a simple
electrolyte (j — 1, i = 2; ei = € = —e2, nx —
n=nl
IT(r) = tior,&) (1.8)
'h*(j) = (1.9)

In terms of 0, the Poisson equations become

nmAd = iirtiPxa/Z/D

(1.10)
270

4:Teif°xn/D (1.11)

on expanding the sums in (1.7) and using the
symmetry properties

Xa(-r) = -Xo(r) = Xn(r) (1.12)
Xn(r) = o (1.13)
= 'I'i'(-l) = -h"(r) (1.14)
where
rl= r = —ri2 (1.15)

Equations 1.10 and 1.11 can be combined by
multiplying the first by n22w@ and the second by
niiiwi and then adding. The result is simplified
by introducing a constant v2defined as

y- = (T o) (rixeidni + n2e2n2)/

(wi + c02 (1.16)
which, for a binary electrolyte, I)ecomes
72= qV = k!/2 (1.17)

where K2 is the familiar Debye-Huckel parameter

K2 = (4x/D/c7)(niei2 + wx2) =

8me*/DKT (1.18)
The result of the above steps is
eie2A0 = 7 2c2fxai (1.19)

Once X2 has been determined by integration of
(1.1), integration of (1.19) will give O, and thence
the relaxation field

AX = -V ,*i'(a) = -ei(de/d.r),

(31) L. Onsager, J. Client. Phys., 2, 599 (1934).
(32) H.C. and C, Schirelzer, Chem Rev., 24, 367 (1939).

(1.20)
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The velocity is given by 3

Wi(n) = Vj(r) + wIK”r) - hTV In/"r)]

(1.21)

and congruently for Vy(rid. Assuming superposi-
tion of the asymmetric parts of the ionic atmos-
pheres, the force34K,,(r) in turn is given by

Ki(r) = ejXi (@) (1.22)

A parenthetic comment on the second term on the
right is necessary. It represents the force on an
¢-ion due to its own atmosphere and is small com-
pared to the third term which represents the force
on the ¢(-ion due to a neighboring j-ion and the
atmosphere of the latter. Formally, the second
term is [—eiVziA«?M)], calculated at r = a; since
a central force can produce no motion, the term

in pi drops out here, leaving [—e,v2*t, (—r)]0.

e,V2/(r)

By the symmetry properties®3 (1.14), this is
UXiipi'iv) Ja; hence the result above where
VaMo) = [V,*/(f)]. (1-23)

The following steps combine the relevant func-
tions to give the starting point for the mathematical
analysis. The force vector (1.22) is substituted into
(1.21) and the resultinto the equation of continuity
(1.1). The expansions (1.4) and (1.6) for distri-
bution functions and potentials are next introduced,
and the various products are expanded, dropping
terms of order X 2 All differentiations® are re-
duced to differentiations with respect to the co-

ordinates of r2l: v2= V = —Vi; Ax= A= A2
The final result of these manipulations is
V'ijc [fillO, &)Xl — (tICov?2 —
6200Vin1 ) — (o1 -f- 0Q)ICTVX: T
[eicoivVhi (of — ev/N2 (a)] -t
M- v3]} =0 (1.29)

On introducing O(r,d) from (1.8) and (1.9),
(1.24) becomes
eAo -

V-[cf(eiXi - K'TVXn + tavo(tt) +

Vi- v2] =0

It will be noted that the Boltzmann factor e
appears explicitly as amultiplier after the divergence
operator. In the earlierwork, was approximated
by the first few terms of its series at this stage of
the analysis, and disappeared from subsequent
equations. The validity of the previous result
for solvents of high dielectric constant and the
eventual failure at low dielectric constants both
thus become clear. The term in Vd(a) is a con-
stant which we shall temporarily absorb as a cor-
rection in the external field X (without change of
notation); it will be calculated later and inserted.

It has been shown3 that v; is proportional to e,;
therefore

(33) OF. 2.3.1; FA. 911

(34) OF. 25.4; FA. 9.35.

(35) FA. 9.38-42.

(36) FA. 9.37.

(37) FA. 13.124; R. M. Fuoss, J. Phys. Crem, 63, 633 (1959).

(1.25)
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Vi —v2= —2vi = —2v (1-26)

Since the velocity is divergence-free, and since f
depends only on r (he., is independent of cos # =
x/r), (1.25) rearranges to

V-er(€IXi - eA0 - hTVxn) =
2é{vxcos # + fr(df/dr) (1.27)

We now require the solution of (1.27) and (1.19),
subject to the boundary conditions2

O(oo,tf) = 0O (1.28)
[r(dOo/dr) —dla= 0 (1-29)
Yai(»,d) = tIXi (1.30)
(r- Y2)0 = 0 (1.31)
where
Y2 = tiXi - t2/0 - KTVx-n (1-32)

2. Integration of the Equation of Continuity.—
First, we define afunctional by

zn= -X21- (é/KT)e
which simplifies (1.27) to

(2.1)

V-ef(ejzi + kTVZn) = V(r) (2.2)

where we have abbreviated the inhomogeneous
term of (1.27) as F(r). The Poisson equation

becomes
A0 _ 7ty = (yVeT/Zenz™  (2.3)
Next,, define Xa by
m = -eIXx - KkTZn (2.4)
so that (2.2) simplifies to
V-(erVME) = F(r) (2.5)

The symbol is used in (2.4) as a reminder that
the quantity there defined is the potential of the
total force acting on an ion of charge ei; it includes
the external potential Xx, the potential due to
neighboring ions and to the asymmetry in the ionic
atmosphere produced by the external field, and the
potential of the virtual forces arising from local
concentration gradients which are expressed by
X2, the perturbation of the distribution function.
The Boltzmann coefficient er of Vn2l in (2.5),
which becomes large when pairwise distances be-
come small or the dielectric constant becomes low
(f ~ 1/rD), explicitly takes into account the large
pairwise interactions at short distances which were
discarded as fluctuation terms by the previous
series expansion of ef, and which had to be restored
by use of the mass action hypothesis in order to
attain a usable conductance function for systems
in solvents of lower dielectric constant.

Integration of (2.5) will be carried out in two
steps. From our previous work,1 we know that
V(r) gives rise to terms of order c log c and c in the
final conductance equation. We first write A
as the sum of two terms
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ML — ML ~1 ii2\" (2.5

and define these terms as solutions of the equations
V-efW = 0 (2.6)
V-er V/ia" = V{r) (2.7)

Here, we shall consider only (2.6), solution of which

will give the leading c1! term in the relaxation

field, part of the c log ¢ term, the pseudo-mass

action term, and a relatively small linear term.

Treatment of (2.7) will be deferred until later.
Expansion of (2.6) gives

A@' + VEVwi' = 0 (2.8)

Now (2.8) is a homogeneous equation of second
order; we therefore need two independent solu-
tions, both of which satisfy the boundary conditions
for r = a and which reduce to the asymptotic
value (—ix x) for large distances. The complete
solution then will be a linear combination of these
two, with coefficients chosen so that the final
expression for /F24 also conforms to the boundary
conditions. The following procedure yields two
independent approximate solutions which will give
results valid through terms of order c in the final
conductance equation. The largest part of n'2
is the contribution from the external field, because
the other term of (2.4) is an effect resulting from
the external field as cause; we therefore approxi-
mate ix2l in the second term on the left of (2.8) by

—Hp1' ~ eiXx =

eiXr cos § (2.9)

In f, we use the Debye -lluckel limiting approxi-
mation for Y&

f=- e~/KT = - tlt2~K/rDKT (2.10)
The abbreviation
B= tyiJkT (2.11)
simplifies (2.10) to
f = /3<T7r (2.12)

For later use, we define at this point the Bjerrum
parameter b
b = t-/al)kT — B/a (2.13)

Using the approximation (2.9) and the above
symbols, (2.8) becomes

Aid' = fieiX d(e” “rA)/d.r (2.14)
A particular integral of (2.14) is found3to be
(2.15)

which, when combined with the solutions of the
homogeneous equation A/FZ = 0 gives a complete
solution

= -GSeXA*)[&(c-,/r)/d*]

m' = -*X[{Air + £fi/r) cos &+ nv] (2.16)
From the condition that /;fifi00#) = —ejXrcos#,
(38) For the method of obtaining particular integrals of equations

of the type (2.14), see equations (43)-(60) of Chapter X1V of ref. 23
and the relevant discussion.
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we see that Ai = 1, and requiring that n'n remain
finite for vanishing concentration, we find Bx =
—/3/x2 by series expansion of the exponential in
xp and inspection of the result

Bi/r2+ (I3AZ2(1 - *222 + «¥33 ..~ @
(2.17)
at k = 0, provided B\ has the above value. We
thus have one solution of (2.8)
Mai,/ = — (fi/n227Ni(r) ] cos # =
—eiXRi(r) cos $ (2.18)
where
OiM = 1 —e~"t(l + xr) (2.19)

To find a second solution, we try e~h\ again using
(2.9) to give an inhomogeneous equation, and apply-
ing the above methods, we find

= —tX[r — (3IKXIE22(N)] cos $ =

—6XRi(r) cos # (2.20)
where
02(r) = 1 —e-* 1+ nr+ kY~ (2.22)
whence
e = —eiXe_r[r — (Blfcx™(r) ] cos 7 (2.22)

Combining (2.18) and (2.22), the solution of (2.0)
then is

MY —  eiA/f(r) cos i} (2.23)

where
R(r) = ARiir) + Be~cRi(r) (2.24)

The constants A and B must be evaluated next.
Boundary condition (1.30) immediately gives

A+ B=1 (2.25)
Boundary condition (1.31) becomes
(r-vMiYa = [r(d/f/dr)], - 0 (2.20)

which, after a tedious but elementary calculation,
leads to

A+ BI\(b) =0 (2.27)
where
Tio>) = e~\Il + b+ 522) + 0{id) (2.28)

The terms in 7\ indicated by 0 (ko) are terms of
order m and higher, which came from the series
expansion of e~min evaluating (2.20); they would
lead to terms of order ¢32in A and are therefore

dropped. Solution of (2.25) and (2.27) imme-
diately gives
A = —2V(1 - Ti) (2.29)
B =1/(1 - TO (2.30)

Raymond M. Fuoss and Lars Onsager
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Summarizing the results, we find for jin
= -eiX[AR/{r) + Re“rf2r)] cos p (2.31)

where the constants are given by (2.29) and (2.30)
and the functions in the brackets by (2.18), (2.19),
(2.20), and (2.21).

For later treatment of the electrophoresis, we
shall also need yy, the potential of the total force
on an ion of a given species when the reference ion

at the origin is of the same species. Since xti — 0,
and
°J) = n2-f (2.32)
in this case, eq. 1.27 becomes
V-e~t(eXi - eA0) = 0 (2.33)
Then njj is the solution of
V-e_iV/% = 0 (2.34)
where
i — —tjXx —edD (2.35)

By methods exactly parallel to those used to solve
(2.6), the solution of (2.34) isfound to be

Hj = —ejXP(r) cos 0 (2.36)
= - §X[MPLr) + WefP2(r)]Jcos d (2.37)
where
Pi(f) = r + (d/Kx2gi(r) (2.38)
Pi(r) = r + (p/KX2gt(r) (2.39)
M = TZ(T2- 1) (2.40)
N = —1/(72- 1) (2.41)
and
N{b) = eh(1 - b+ b-/2) (2.42)

To summarize, integration of the equation of
continuity (1.1), with explicit retention of the
Boltzmann factor es = exp(—erff/kT), gives (2.31)
and (2.37) for the purely electrostatic part of the
potential of total force acting on a given ion when
an external field is applied to an electrolytic solu-
tion, (2.31) valid for unlike charges on the specified
ion and the reference ion, and (2.374 for the case of
like charges. The force Vnf" due to the velocity
field remains to be computed by integration of
(2.7). Then, given the potentials jiji, na, the re-
laxation field and the electrophoresis can be ob-
tained. We may expect the leading terms, Sc,/
and Ec log ¢, of eq. 1to remain unchanged, because
those come from long range interactions of ions;
we also expect the coefficient of the linear term Jc
to appear with an entirely new functional de-
pendence on a, part of which will be through ebdue
to the presence of in the Poisson equation (1.19),
because erbecomes ebatr = a.
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lii this paper we present the conductance in
dioxane-water mixtures of rubidium bromide,
the third member of the group of isoelectronic
alkali halides. Previously, the conductances of
potassium chloride2 and cesium iodide3 have been
reported in this solvent system. The data for
these systems were fitted within an error of 0.01 to
0.05% by the equation45

A = A0O—Sc/~yl2+ Ecy logcy +
J(a)cy + J2AC7) A — KAyPA (1)

where K a, a, and AOare arbitrary constants. Por
all these systems, the contact distance oj ob-
tained from J increases systematically with de-
creasing dielectric constant, the hydrodynamic
radii derived from AO seem unreasonably small,
and Ka deviates slightly from its predicted de-
pendence on the dielectric constant. The varia-
tion of aj with dielectric constant is probably the
consequence of other linear terms which are not
included in the present theoretical treatment;
the slight curvature of the log KAD ~1 plots also
probably arises from approximations made in the
derivation of (1). The unrealistic (smaller than
half the sum of lattice radii) values of the hy-
drodynamic radii are almost certainly a consequence
of the failure of the sphere-in-continuum model
for small ions in water. As might be expected,
the properties of the rubidium bromide system
in general lie between the properties of the potas-
sium chloride and cesium iodide systems.
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(1) Du Pont Postdoctoral Research Fellow 1960—1962.

(2) J. E. Lind, Jr., and R. M. Fuoss, J. Phys. Chem, 65, 999 (1961).

(3) J. E. Lind, Jr., and R. M. Fuoss, ibid., 65, 1414 (1961);,

(4) R. M. Fuoss and F. Accascina, “Electrolytic Conductance,”
Interscience Publishers, Inc., New York, N. Y., 1959. Symbols
used in this paper aré defined in Chapters 15 and 17.

(5) D. S. Berns and R. M, Fuoss, J. Am. Chem Soc., 82, 5585
(1960).
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Table |
Properties of Solvents
No. w & D 101 1060
1 0.0 0.99707 78.54 0.8903 1.14
2 22.2 1.01577 60.26 1.330 0.76
3 45.6 1.03118 39.84" 1.835 130
4 56.4 1.03530 30.43 1.972 702
5 63.0 1.03614 24.81 1.983 .081
6 70 2 l 03675 19 07“ 1.923 151
Z 1.758 .108

3564
Calculated from Wt « dloxane by using previous data s
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Table Il

Conductance of Rubidium Bromide in Dioxane-Water

Mixtures at 25°

10c A 10AA 10'c A 1>AA
D = 7854 D = 2481
102.728 146.487 - 3 30.835 43.823 _ 2
80.993 147370 — 7 24330 44753 + 3
61.22!) i48.341 + 11 18.287 45.79) + 2
41.201 141).524 + 5 12413 47.069 - 4
20.200 151.216 - 8 6.127.1 48.930 + 2
D = 60.26 D = 19.07
75.039 96.288 - 9 26.058 34.823 —7
59.181 96.976 + 10 20.585 35992 + 11
44.935 97.678 0 15551 3733) + 6
29.940 98.597 - 5 10.462 39.117 -15
15.049 99.852 0 5.2133 41801 + 5
D = 39.84 D = 1301
50.219 61958 - 3 15829 21371 -26
39.484 62.652 - 2 14425 21866 + 4
30.300 63.357 7 12422 22662 + 18
20.497 64.256 + 6 9.311 24.214 + 2
9.6136 65.593 7 6.286 26.347 -28
3.101 30.049 + 6
D = 30.43
38.026 50.554 - 5
30.266 51.339 + 9
23.013 52.197 + 3
15.244 53.336 -10
7.826Q 54832 + 4

John E. Lind, Jr., and Raymond M. Fuoss
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Discussion

The data in Table 1l were analyzed on the IBM
computer, using a modified form of Kay’s program6
for eq. 1. At dielectric constants below 30.43,
the equation was fitted to the data by using all
three adjustable parameters, An, a, and KA. At
higher dielectric constants, the association was so
slight that the linear terms in concentration could
not be separated into J and K\ terms. There-
fore, K\ was set equal to zero (7 = 1) and Ac and
a were used to fit the equation to the data. The
results of this analysis are given in Table 111 along
with the standard deviations of the data points
from values given by the equation. The standard
deviations for these runs, in which the maximum
concentration was always less than that cor-
responding to xa = 0.2, increases from 0.006% in
water to about 0.05% at the lowest dielectric con-
stant.

Table I”

Constants for R ubidium Bromide in Dioxane-W ater

Mixtures at 25°

D A g KA a
1301 3992 o0 M 547+ 017 1119+ 35 o.02
1907 4777 £ 06 470+ 15 135t 6 .02
2481 5294 + o1 416 08 30% 1 o0z
3043 5834 + 04 412+ 33 13dt 2 ow
3981 68494 + 007 289+ o2 o 007
60.26 103.048 + 009 321 + .02 0 008
7854 15548 + o1 313t o2 0 009

The contact distance aj increases, as was noted
for the potassium chloride and cesium iodide
systems, as the dielectric constant decreases.
The value of aj varies from 3.13 in water to 5.5
in the solvent with a dielectric constant of 13.01.
There is a slight decrease of aj as the dielectric
constant is decreased from 78.54 to 39.81, but this
is caused by the assumption that the association
constant is zero. When there is a small amount of
association, the value of J and consequently aj
should be increased to compensate for the term
containing K\ which is opposite in sign to ./
Since the variation of aj probably is due to still
missing linear terms which were excluded by ap-
proximations made in the present theory, ar for
those data for which K\ can be determined was ex-
trapolated as a function of 1/Di to infinite di-
electric constant, yieldingoj = 4.0.

The graph of log KA vs. I/D, shown in Fig. 1,
is slightly concave downward and also is displaced
downward from the graph corresponding to the
following equation7in which &= 4.0

Ka = (47tA«V 3000) exp(eZaDkT) (2)

The open circles represent data which could be
analyzed for both KA and a However, the
squares represent data for which K A and aj could
not be determined directly and where & was set
equal to 4.0. The use of an ion size of 4.0 rather
than the value in Table Il does not appreciably
change the fit of the conductance equation to the
data when KA is nearly zero. The vertical dis-

(6) R. L. Kay, J. Am Chem Soc., 82, 2099 (1960).
(7) R. M. Fuoss, ibid., 80, 5059 (1958).
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placement of the graph could correspond to an
ion-solvent, interaction energy Ea as defined by
Gilkerson,8of the order of (—KkT).

The limiting conductance of rubidium bromide
in water is 155.42; it was obtained from the ex-
perimental value of 155.48 by applying a cor-
rection of —0.06 conductance unit to allow for
the impurities in the salt. The conductance of
this purified salt also was compared to another
sample of rubidium bromide received from A. D.
MacKay Co. which was used without further puri-
fication beyond recrystallization from methanol
and drying. This salt contained the following
impurities in wt. % as measured on the flame
photometer: 0.00% NaBr, 0.04% KBr, and 0.18%
CsBr. The corrected value of the limiting con-
ductance is 155.30, which is 0.08% lower than the
conductance of the salt purified in this Laboratory.
The ion size parameters for the two salts are com-
parable, 3.20 for this salt and 3.13 for the puri-
fied material.

From the conductance of the purified salt and
the limiting conductance for the bromide ion9 of
78.17, the limiting conductance of the rubidium ion
is 77.25. While this does not agree well with
Voisinet's value9-of 77.81 from rubidium chloride,
it is in good agreement with Kunze'sll value of
77.20, which was obtained from the conductance
of the chloride.

The Walden product for rubidium bromide is a
monotonic function of the solvent composition,
as shown in Fig. 2. The Stokes radii are calcu-
lated by assuming that the transference numbers
in a solvent mixture are the same as in water.
In Fig. 2 the Stokes radius of the rubidium ion
is plotted as a function of 1I/D. The curve for
the bromide ion lies about 0.02 A. lower than the
curve for the rubidium ion. When the four radii
in the approximately linear portion of the graph
(19 < D < 40) are fitted by alinear equation, these
Stokes radii are given within 1% by the equations

1097 (Rb+) = 0.8565 + 17.79/74

10877 (Br~) = 0.8471 + 17.59/74

The limiting value for the sum of (lie radii aA

(8) W. R. Gilkerson, ./. Qlient. I'hys., 28, 1199 (1956).
(9) B. B. Owen, ./. chim phys., 49, 0-72 (1952).

(10) W. IS Voiwinct, Dissertation, Yale University, 1951.
(11) R. W. Kunze, unpublished observations.
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at infinite D is small, but if the Sutherland co-
efficient of 47m) replaces the Stokes coefficient of
6i), in order to correct for slippage of the solvent
past the surface of the ion, dA becomes 2.56.
This value is still much smaller than the sum of the
crystallographic radii, which is 3.45 A.

The ion size parameters for rubidium bromide,
however, do lie between those for potassium
chloride and cesium iodide; their sequence there-
fore is consistent with the sequence of the crystal-
lographic dimensions. The fact that, the contact-
distance of RbBr should lie between those of
KC1 and Csl also is reflected by the graphs of log
K\ vs. 1/7) which at, D = 20, for example, predict
association constants of 135, 100, and 63 for KC1,
RbBr, and Csl, respectively. The association
constant, for Csl should be lowest, since the elec-
trostatic interaction at, contact is smallest because
the ions are larger.
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RADIOCARBON-LABELLED COMPOUNDS PRODUCED BY THE NEUTRON
IRRADIATION OF CRYSTALLINE ACETAMIDE1
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Introduction

During the neutron irradiation of nitrogen-con-
taining compounds, a carbon-14 atom is produced
with a recoil energy of 40,000 e.v. The Kkinetic
energy imparted to the carbon atom is sufficient
to cause complete bond rupture and projection of
the recoil carbon-14 atom into its surroundings.
This excess kinetic energy is dissipated to the
surroundings in a period of about 10-13 sec., during
which time free radicals and ions are formed in the
regions near the recoil path. The fragmentation
and recombination processes, including the proc-
esses involving the recoil carbon-14 atom, result
in a complex mixture of both unlabelled and carbon-
id-labelled products. Only one labelled product is
formed by each recoil event. In view of the energy
available at the site of entrapment, a variety of
compounds can be formed. This is evidenced by
the observed diversity of products produced in the
neutron irradiations.

Numerous approaches to (he determination of
the reactions and the ultimate fates of the carbon-
14 recoil atoms are possible. The investigation of
specific products and the degree of labelling present
in each product may be carried out; in addition,
a complete product analysis may be made. The
investigation of specific types or classes of com-
pounds produced as a result of the irradiation is
also valuable in attempting to elucidate the proc-
esses occurring during the recombination period.

Wolf and co-workers2 have investigated the
formation of carbon-14-labelled acetamide, pro-
pionamide, and acetone in the neutron irradiation
of crystalline acetamide. The degree of labelling
at various positions in each of the products also
was studied. Tachikawa and Tsuchihashi3recently
have investigated carbon-14-labelled products
produced by the neutron irradiation of solid pro-
pionamide. However, in the latter study, the de-
gree of position-labelling of the propionamide,
butyramido, isobutyramide, and methyl ethyl ke-
tone products studied was not ascertained.

In this study, the approach taken has been two-
fold: first, to separate propionamide, propionic
acid, acetamide, and acetic acid and to determine

(1) This work was supported in part by the U. S. Atomic Energy
Commission under Contract No. AT(11-1)-751 with Kansas State
University. A portion of a dissertation to be presented by T. W. Lapp
to the Graduate School of Kansas Stat« University in paritial fulfill-
ment for the degree of Doctor of Philosphy in Chemistry.

(2) A. P. Wolf, C. S. Redvanly, and R. C. Anderson, J. Am. Chem.
Soc., 79, 3717 (1957).

(3) E. Tachikawa and G. Tsuchihashi, Bull. Chem. Soc. Japan, 34,
770 (1961)
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the activity present in each of these products;
and second, to study the presence of carbon-14
atoms in the “simpler” compounds. In the
present investigation, the target compound was
dissolved in water prior to analysis. The two
specified objectives have been realized, and are
found to aid in arriving at an improved under-
standing of the recombination processes.

The results obtained in this study are in agree-
ment, with those reported by Wolf and co-workers.
In addition, information also has been obtained
concerning the activity incorporated in a number
of “simpler” compounds, as well as other more com-
plex compounds, produced by the neutron irradia-
tion of crystalline acetamide. The term “simpler”
compounds is employed to designate those com-
pounds, containing either one or two carbon atoms,
which could be produced by dissociation of the
acetamide molecule. The specific techniques em-
ployed and a discussion of our experimental re-
sults are presented below?

Experimental
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(4) T. W. Lapp and R. W. Kiser, J. Phys. Chem., 66, 152 (1962),
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The relatively small amount of radiocarbon-
labelling produced in the “simpler” compounds by
the neutron irradiation of solid acetamide has pro-
vided an interesting insight into the species pro-
duced as a result of the recoiling carbon-14 atom
and the associated 7-radiation effects.

In this investigation we have considered only
the final form of the chemical species incorporating
the recoil carbon-14 atom. Yankwich5previously
has suggested that many chemical forms of the
carbon-14 recoil atom are present within the solid
matrix following irradiation. These matrix-st.abi-

5
2096 (1955).
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Neutron Irradiation of Crystalline Acetamide

P. E. Yankwich and W. R. Cornman, Jr., J, Am Chem Soc., 77,
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Table |

Carbon-14 Distribution among Various Compounds

Resulting from Pile Neuteon Irradiation of Acet-

AVIEE
% of Total activity
Fraction Av. Values obtained
C0s-2+ HCN 0.0 0.1,0.0,0.0
HCHO 14 1.7,1.4,131.2
HCOOH 04 0.7,0.3,0.2
CHLH 0.0 0.2,0.0,0.0
chahz 0.0 0.0,0.0
chxhbh 0.0 0.0,0.0
CH«L(0)CHs 05 0.8,0.4,0.2
CHLC(0)NH- 3.6 4.2,3.6,2.9
CHsCOOH 20 3.1,1.51.4
(NH220 0.0 0.0,00
chachZooh 1.0 1.4,1.0,0.7
CHLH:C(0)NH. 50 6.0,4.8,4.2
CHL(0)NHC(0)CHs 3.0 4.6,2.8,15
CHL(0)CHL(0)CHs 42 4539
NH=C(0)CHL(0)NH- 6.1 6.9,6.0,5.3
NH:L(0)CHLHL(0O)NHs 71 65,76

lized forms undergo decomposition, rearrangement,
or further reactions when the irradiated compound
is dissolved in water. Since only the final form
assumed by the recoil carbon-14 atom is actually
determined, the matrix-stabilized species can,
at best, be estimated only by a critical analysis of
the results obtained from a particular study and
the proposition of reasonable intermediates to
yield the products actually observed.

An important and interesting result of this study
is that the recoil carbon-14 atom in acetamide does
not appear to be stabilized within the solid matrix
as a “simple” chemical specie or in a form that
would undergo rearrangement or decomposition
in the presence of water to produce a “simple”
compound. This is demonstrated by the low per-
centage of the total activity present in the lower
alcohols, acids, and amides. This low percentage
of activity in the “simple” compounds suggests
that two possibilities may exist with regard to the
solid matrix-stabilized radicals or ions. First,
the recoil carbon-14 atom, when its energy has
been reduced to where it becomes stable toward
recombination, undergoes reactions with the solid
matrix to produce complex, but stable, chemical
species. Second, the recoil atom may undergo
reactions with the solid matrix to produce unstable
chemical species which, upon dissolution in water,
react either with acetamicb or with other chemical
species to produce the complex compounds ob-
served. The extensive 7-radiation damage (5-
10%) may significantly influence the results as well.

Wolf and co-workers2reported an average value
of 7.1% of the total activity present in acetic acid
and 5.8% of the total activity in the form of pro-
pionic acid. Following tneir method of analysis,
any carbon-14-labelled acetamide and propionamide
present in the sample also would be expected to
be hydrolyzed to the corresponding acids (or salts
of the acids) and therefore would be included in
the percentages reported for the two acids. In
this study, we have successfully separated acet-
amide, propionamide, acetic acid, and propionic
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acid individually by using analytical procedures
entirely different from those employed by Wolf,
et al., and determined the activity present in each
of the chemical species. The results from Table |
show the combined activity present in propion-
amide and propionic acid to be 6.0% of the total
activity. This is in very good agreement with the
value of 5.8% reported by Wolf, et al.'1 The com-
bined activity present in acetamide and acetic acid
was found to be 5.6% of the total activity, also in
fair agreement with the values reported in the
earlier study.2 On the basis of this study, it ap-
pears that in the mechanism proposed by Wolf,
Redvanly, and Anderson2 for the formation of
propionamide and propionic acid, the formation of
propionamide is more dominant than the formation
of the corresponding acid. In the case of acetic
acid and acetamide, it appears that the two chemi-
cal species are formed in approximately equal
amounts, although the amide form is still dominant.

Tachikawa and Tsuchihashi,3in their study of
the (n,p) process on propionamide, recently re-
ported an average value of 3.3% of the total
activity present in propionamide and 2.1% of the
total activity present in the synthesis product,
butyramide. A value of 1.7% of the total activity
was reported in the additional synthesis product
studied, isobutyramide. As a result of their
study, Tachikawa and Tsuchihashi have suggested
that the formation of carbon-14-labelled butyr-
amide and isobutyramide occurs by two processes.
First, the recoiling carbon-14 atom abstracts
hydrogen atoms from its surroundings to form
radiocarbon-labelled methyl radicals, methylene
radicals, and methyl ions. Butyramide and iso-
butyramide then are formed by the simple re-
placement of a hydrogen atom on the propionamide
molecule by a radiocarbon-labelled methyl radical.
Since the butyramide and isobutyramide were
found to contain a low percentage of the total
activity, it appears reasonable to expect that
perhaps some of the radiocarbon-labelled methyl
and methylene radicals remain trapped within
the solid matrix. Upon dissolution in water,
however, these species would be expected to form
methanol and formaldehyde, respectively. The
results of our study show that this does not occur
with acetamide, and by extrapolation, we believe it
probably would not occur with propionamide.

We found radiocarbon-labelled succinamide to
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contain the highest percentage of the total activity
isolated in this study. The formation of the suc-
cinamide may be postulated to occur by eq. 1 and

0 0
| 7-ray or
ch&nh?2 > -CTLCNHi + H-
C Y recoil atom
@
0
|
recoil carbon-14 + -CHZNH2—>
0 0
| |

*CMH2ZCNH2and/or -CHZXZANH2 (2)

2.  The carbon-14-containing -CH2CONH2 radi-
cals might dimerize with other <CH2ZONH2
radicals, produced by the 7-radiation, to form
succinamide. This postulate is supported by the
results obtained by Miyagawa and Gordy6 in
the study of the production of free radicals in
crystalline acetamide by X-irradiation. These
latter authors have shown from their electron spin
resonance studies that the principal free radical
produced is the mCH2ZZONH2 radical. The mech-
anism postulated for the formation of succinamide
is similar to that proposed by Wolf, Redvanly,
and Anderson.2

The results of this study have shown that the
neutron irradiation of crystalline acetamide does
not effect incorporation of carbon-14 into the
“simpler” molecules. We would suggest that
the incorporation of the recoil carbon-14 atom into
the more complex chemical species occurs in many
instances via “knock-on” reactions of carbon-14-
containing radicals with new chemical species which
result from 7-radiation damage. A future study
of the (n,p) process on acetamide in the absence of
large 7-fluxes would enable further clarification of
this suggestion.
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Petroleum Research Fund administered by the
American Chemical Society. Grateful acknowledg-
ment hereby is made to the donors.
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A knowledge of the density of a charged colloid or
macromolecule in solution, aside from its intrinsic
importance, provides an important part of the
bridge leading from weight concentration and mass
to volume fraction and volume. The former are
accessible directly and by light scattering, while
the latter are of importance in the interpretation of
diffusion, ultracentrifugation, viscosity, electro-
phoresis, and many other methods of study. The
estimation of this density involves the typical dif-
ficulties associated with all solutes. To obtain the
true density of the anhydrous solute from the ex-
perimentally accessible partial volumes,3allowance
must be made for solute-solvent interactions, since
the partial volumes can be looked upon as the sum
of the true volumes of the ions themselves and of the
associated volume changes of the solvent.

The present paper attempts to estimate the true
partial specific volume and then the density of
micelles of association colloidal electrolytes (ACE’s)
from the density of micellar solutions by the appli-
cation of our existing knowledge regarding the
structure of micelles and some recent investigations
on the interaction of small ions with water. ACE’s
are one of the simplest and best characterized
colloid systems now available and therefore one of
the most tractable. The values derived in this
paper can be used immediately for a large number
of interpretations.

The currently accepted picture of micelles in
water or salt solutions of not too high concentra-
tions is basically that of Hartley.48 A large num-
ber (30-100) of monomeric ions are aggregated into
a compact spheroidal body on the surface of which
the charged heads remain exposed to the water.
Strong electrical interactions cause about two-
thirds of the counterions to be firmly bound to the
surface of this aggregate, which may be rough.6
The remaining third is in the diffuse double layer
surrounding the aggregate. The colloidal Kinetic
particle consists of the aggregate of the amphipathic

(1) This work was supported in part by the Office of Naval Re-
search and presented at the 132nd National Meeting of the American
Chemical Society in New York* September, 1957. Reproduction in
part or in whole for purposes of the U. S. Government is permitted.

(2) Department of Physical Chemistry, Indian Association for the
Cultivation of Science, Calcutta 32, India.

(3) E. A. Guggenheim, “Thermodynamics/" North-Holland Pub-
lishing Co., Amsterdam, Third Edition, 1957.

(4) G. S. Hartley, “Aqueous Solutions of Paraffin-chain Salts,”
Hermann, Paris, 1936.

(5) G.S. Hartley, Ann. Rep. Cherm» Soc., London, 45, 33 (1948).
(6) D. Stigter and K« Jt Mysels, J. Phys. Chem, 59, 45 (1955).

ions, the firmly bound counterions, and the water of
hydration.

Thus we can distinguish the following entities:
(1) the anhydrous and electrically neutral micellar
component, i.e., the micelle with an equivalent
amount of counterions; (2) the anhydrous micelle,
which includes only the firmly attached counterions:
and (3) the hydrated micelle, which includes the
firmly attached counterions and the firmly attached
water. In this paper we are concerned with the
partial volume of the first, the partial and true
volume of the second, and the électrostriction of the
surrounding water, but not with the volume of
the third one.
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(7) K. A. Wright and H. V. Tartar, 3. Am. Chem Scoc., 61, 544
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(8) R. C. Murray and G. S. Hartley, Trans. Faraday Soc.. 31, 183
(1935).
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?XHTIJaS VOVever We mWIXI(SOS o Ongﬁ dOlrJT] e |a [ The average uncertainties are estimated to be
il nsr?re Y aqbeu L nP uc?r af‘eﬁﬁ "} about 0.5% for VB 1% for VB, and 1-2% for TV and
min the anhydrous micellar density.
?ervenrn 006|€CUIC COﬂS an n é urres d r%d The estimated densities are considerably higher
Og a die ethICdFa ns %U (SJ TT;[ e Jﬁt nc IS than that of liquid dodecane (0.74 g./ml. at 25°.)19
?nePHJJkrﬁ QS"% egr %]ndsevlg if‘ I’d (1I4)Bllj I\édEushgser(lgisz)C Duncan, and J. I. Hoffman, J, Res.
Natl. Bur. 49
HI?% grs ance any resrdua elec rostr | e% ecss oudbe ({15 L. M. Eushner, W. D. Hubbard, and R. A. Parker, ibidl, 5o,

?H er sulpﬁ]ort for assumdpt agr be qnbtarned (16) P. Mukerjee, J. Prys. @em, 65, 744 (1961).
experimental density da 61415 0. 2, e COM-  (17) P. Mukerjee, ibid, 66, 943 (1962).
(18) W. Geffken, Z. rfysrk en, A155, 1 (1931).
(13) H. S. Harned and B. B. Owen, “The Physical Chemistry of (19) F. D. Rossini, et al., “Selected Values of Physical and Thermo-
Electrolytic Solutions,” 3rd Edition, Reinhold Publ. Corp., New York, dynamic Properties of Hydrocarbons and Related Compounds,”
N Y. 1958 American Petroleum Institute, Carnegie Press, 1953.
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Table |
Volumes and Densities of Some Association Colloids in Water and NaCl Solutions
Anhyd of
'ous
micellar  cersity
Term, ity
] Substance Vedium ?gp m% ml.\/gl. m %
Sodium lauryl sulfate ~ Waterand NaCl soin,upto 0.12w 23 0.862 0889 0908 1101 14
Dodecylamine hydrochloride ~ Water and NaCl soin,upto 015w 30 1.088 111 1132 oss2 15
tlodecyltrimethylammonium _
chlofide Water and NaCl soin, upto 01 v 23 1095 L1114 1120 893 B
Tetradeeyltrimethylam- _
monium chloridg Water and NaCl soin, upto 01w 23 1094 1110 1116 8% 15
Sodium lauryl sulfonate Water 40 0901 0931 0950 105 7
0 906 9% 9% 1046 7
00 916 946 966 103k 7
0 9 9% 95 10 7

This density has sometimes been assumed for the
micellesl4and has been derived from intrinsic viscos-
ity data by neglecting all hydration.5 This point
will be examined in greater detail in a subsequent
publication. The difference can be attributed
mainly to the contribution of the effectively denser
polar heads and counterions, which amounts to
30-60% of the total weight for all the compounds
except dodeeylammonium chloride, for which it is
somewhat less. The rather pronounced difference
between the anionic and the cationic electrolytes
stems from the difference in densities between the
sulfate or the sulfonate groups and the ammonium
or substituted ammonium groups.

The decrease in the density of about 3% for
sodium dodecyl sulfonate from 40 to 70° corre-
sponds to about 7 ml. in molar volume and seems
to be real since it is primarily in Fs. The small
effect of temperature on the partial volumes of
ordinary electrolytes® suggests that only a small
part of it is due to the increase in the volume of
charged groups. However, the density of dodecane
changes over this temperature range by about
3.0%.19 Since about 62% of the weight of this
surfactant is hydrocarbon, the contribution from
the expansion of this part of the micelle with tem-
perature should be about 2%, and this accounts for
the major part of the observed change in density.

The final density values show that only a smajl
error is made, 3-5%, on using the experimental Fa
in our systems. Considerably larger errors are
possible, however, in the case of dense or highly

charged counterions. For a quaternary iodide, for
example, TV may differ by 10% from Fs. For
monovalent counterions the électrostriction effects
are small, and hence Vs'isa good approximation for
Fs'. For multivalent counterions, however, Fa may
differ substantially from Fs'".

Finally, we note that the general approach of this
paper also is applicable to other systems of charged
colloids, notably proteins.

Density of Giant Micelles.—In high concentra-
tions of sodium chloride, the Fs of dodecyl am-
monium chloride from the data of Kushner, et ah,5
shows appreciable increases. Thus, compared to
the average value of 1.088 at low salt concentra-
tions, the values at 0.25 and 0.30 M salt concentra-
tions are 1.103 and 1.134, respectively. Over this
same range, the intrinsic viscosities, the molecular
weights of the micelles, and the dissymmetry of the
scattering of light all indicate that very large asym-
metric micelles are present. Kushner, et al.,u
have suggested that in these solutions the first
stages of salting-out are evident, especially since
the limits of solubility are approached and perhaps
even exceeded. The curious decrease in the density
suggests, however, that these giant micelles are not
more solid-like but rather less so. The organization
of the hydrocarbon chains is clearly different from
that in ordinary micelles.

Acknowledgment.—The author is grateful to
Professor Karol J. Mysels, without whose criti-
cism, encouragement, and help this work would not
have been possible.



1736

Notes

Vol. 66

NOTES

A STUDY OF ADSORPTION OF VARIOUS
GASES AT 300°K.

By J. TUUIJ

American Cyanamid Company, Stamford, Connecticut
Received February 5, 1962

While developing a method for a quick estima-
tion of surface areas of catalyst materials by the
use of an air pycnometer, the writer attempted to
find some basic facts about the observed air ad-
sorption. The methodl referred to consisted of
measuring the amount of air adsorbed on the sample
at room temperature when the pressure of air
surrounding the sample was increased from one
to two atmospheres. Under specified conditions
it was possible to correlate this adsorption with the
surface area of the adsorbent. The investigations
to be described here were carried out with the
following three materials, all in the form of y 6in.
extrudates: (1) A1D3 (2) 90% A1D3 + 10%
Mo03 and (3) 82% A1D3 + 15% MoO. + 3%
CoO.

By carrying out measurements with nitrogen and
oxygen separately, it had been foundl that the
amount of oxygen adsorbed was on the average
close to 90% of the amount of nitrogen adsorbed
under identical conditions. In order to illuminate
further the problem of room temperature adsorp-
tion on inorganic oxides, similar measurements
were carried out with carbon monoxide as pycnom-
eter gas. CO adsorption was found to exceed
that of air by about 50%. Otherwise, it was simi-
lar to the adsorption of air, being reversible and
complete in less than 10 sec. Like the adsorption
of air, the adsorption of CO could be increased by
100% or more by suitable heat treatments of hy-
drated samples. However, the ratio of CO ad-
sorption to air adsorption on the same sample was
always approximately 1.5.

When CO02was used as pycnometer gas, it was
found to behave in a rather different manner.
Its adsorption was about an order of magnitude
larger than that of air, and much slower in reaching
completion so that its progress could be conven-
iently followed. The process could best be ap-
proximated by a logarithmic function of time, in-
dicating Elovich-type Kinetics. When plotting
the amount of C02 adsorbed vs. the logarithm of
time, two portions of the curve could be approxi-
mated by a straight line. The first of these was
in the range between 15 sec. and 3 min., and the
second in the region above 5 min. About one
half of the C02taken up at 1 atm. pressure could
be desorbed by 5-min. pumping with a mechanical
pump, whereas the remainder, or at least most of
it, could be desorbed by repeated evacuations
alternated with exposures to atmospheric pressure
of air.

Some samples were exposed to CO02 without air

@ 3. Tuiil and w. B, Innes, Ael. Crem, 34. 818 (1962).

having been evacuated from them. As can be
seen from Fig. 1, the adsorption of C02proceeded
well on these samples and reached about the
same proportions as on samples from which air
had been evacuated prior to exposure to C02
The seemingly larger amount of adsorption on the
unevacuated sample is not real but indicative of
the limitations of the method. Thus, the equi-
librium between gaseous C02and the oxide surface,
partly covered with adsorbed CO02 molecules, is
independent of a relatively small concentration of
nitrogen or oxygen. It could be assumed that C()2
and air are adsorbed on different surface sites.
However, it also is possible that so many sites are
available for the adsorption of CO» that a small
fraction of sites covered by preadsorbed oxygen or
nitrogen molecules would not make an observable
difference with our method. Less C02is adsorbed
on hydrated than on dehydrated samples, but this
effect is only about half as pronounced as in the
case of the previously mentioned gases. As a
consequence, the ratio of C02to air adsorption is
about 7 on dehydrated samples, but as high as 15
on hydrated samples.

An explanation was sought for the differences in
adsorption of the various gases. It is generally
accepted that the following kinds of forces are
operative in physical adsorption: (1) dispersion
forces, (2) repulsive forces, (3) electrostatic inter-
actions with induced dipoles, and (4) electrostatic
interactions with permanent electric moments.
As far as the adsorption of nitrogen and oxygen
is concerned, Drain2 has suggested that the dif-
ference in their quadrupole moments might account
for the difference in their heats of adsorption on
ionic crystals. An inspection of Table | reveals
that there is a positive correlation between the
guadrupole moments and the relative adsorption of
N2 02 CO, and C02 It generally is assumed3
that adsorption on dielectric surfaces is deter-
mined mainly by van der Waals and dipolar
forces. When comparing the data for CO and C02
in Table I, it would seem that the quadrupole
moment plays a more important role than the
dipole moment. However, the overriding factor
may be the polarizability. The principal polariz-
abilities of the molecules under study also are
given in Table I. The relative adsorption coef-
ficients for the four gases correlate with A as well
as 52and 6;i, and also with the arithmetic mean of
the polarizabilities.

In an attempt to determine which of the three
polarizabilities, if any, is determining for the
amount of adsorption, measurements were carried
out with ammonia for which bi is smaller, but 62
and 63are larger than for any of the previously used
gases. Ammonia adsorption was found to be
similar to that of C02 but much larger. When
mammonia was included, the relative adsorption

(2 L. E. Drain, Trans. Faraday Soc., 49, 050 (1953),
<3) A. C. Zettlemoyer, Ch&mi Rev., 59, 037 (J.059).
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Table I

Relative Adsorption, Dipole Moments, Quadrupole

M oments, and Polarizabilities of Gases Studied

tion'e

Quadru-
pole
Relative Dipole moz&ent Polarlzabllltfzs(;)nd
adsorption moment, X 10'«), 6 X 10®, ea X 10®,
Gas coefficient  Debyes cM2 e.s.u. S,
N O I O
02 . 0 .
Co 15 0.1 34 26,0 16.2
co2 15 o 05 410 19.3
c A 912 o 48 561 359
NHs 25200  1.46 28 242 21.9
“ &Ih gsgpdd baare the principal semi-axes of the polariza-

coefficient could be correlated only with 62 and bs.
However, the large dipole moment of the ammonia
molecule might be responsible, at least in part, for
the large amount of adsorption.

Finally, measurements with ethylene proved that
no single property of the adsorbate molecule de-
termines the extent of physical adsorption at room
temperature, but rather a combination of the
properties considered. The adsorption of ethylene
was found to be approximately as large as C02
adsorption, but not as large as its polarizability
would indicate. In addition, ethylene adsorption
was fast, almost as fast as that of 02 N2 and CO.
By the use of ethylene instead of air, the sensitivity
of the previously described method of evaluating
surface areasl could be increased considerably.

The extent of surface coverage occurring with
the various gases in the pychometer measurements
has been estimated. o Using the effective cross-
sectional area of 16.2 A.2for nitrogen, and applying
Henry’'s law, a total coverage of 3-4% was found
for nitrogen at 2 atm. on freshly calcined samples
(the exact figure depends on the type of material).
Similarly, assuming an effective cross-sectional
area of 14.1 A .2for the oxygen molecule, a coverage
of 2-3% was calculated for oxygen under the
same conditions. Using approximate cross-sec-
tional areas for the other four molecules, calculated
from the densities of these gases in the solid state,
the following coverages were estimated at 2 atm.
pressure: 5-7% for CO, 30-40% for C02 40-50%
for C,.H4 and 50-60% for NH3 These estimates
may be too low, since the effective cross-sectional
areas at room temperature may be larger than the
ones assumed in these calculations. Nevertheless,
the quoted figures give an indication of the large
differences in the adsorption of the various gases
under identical conditions of adsorbent, pressure,
and temperature. Measurements with known
mixtures of these gases would be of interest, as
they might give an answer to the question of
whether different gases are adsorbed on different
surface sites.

The influence of preadsorbed water can be cor-
related with the affinity of the respective gases for
water. The solubility of the gas in water may be
taken as a manifestation of this affinity. The
solubilities of N2 02 and CO in water are very low.
The adsorption of these gases on samples which con-
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tain about 10% water is less than 40% of the ad-
sorption on the same samples immediately after
calcination. The influence of preadsorbed water
on the adsorption of ethylene and CO02 is similar
but smaller, since these two gases have consider-
ably higher solubilities in water than the three
above mentioned ones. The solubility of am-
monia in water is about 100 times larger than that
of N2 02 or CO. This fact is reflected in the sin-
gular behavior of ammonia inasmuch as it is ad-
sorbed to a larger extent on hydrated than on dehy-
drated samples. In Table I the adsorption of the
other gases is related to the adsorption of nitrogen.
A range of values of the relative adsorption co-
efficient has been assigned to C02 CH4 and NH3
The lowest value refers to freshly calcined samples,
and the highest to samples hydrated by several
months of atmospheric exposure.

THE PREPARATION OF SOME RARE EARTH
FORMATES AND THEIR CRYSTAL
STRUCTURES

By I. M ayer, M. Steinberg, F. Feigenblatt, and A.
Glasnerl

Department of Inorganic and Analytical Chemistry, The Hebrew Univer-
sity, Jerusalem, Israel

Received March 10, 1962

In the course of the study of the thermal decom-
position of lanthanon salts, a series of formates
was prepared.2 These were crystallized from
formic acid solutions of the oxides or nitrates,
washed with water, and then with ethanol or ace-
tone.

The composition of the salts was determined3by
the following procedures: (a) calcination of the
formates to the corresponding sesquioxides (in the
case of cerium, to the dioxide); (b) titration of the
formate ion with potassium permanganate2; (c)
determination of carbon and hydrogen by micro-
analysis; (d) absorption spectra in the infrared
region (2-16 p).

From the above analyses it was concluded that
our preparations of cerium(l11), praseodymium,

(1) On sabbatical leave at the Department of Chemistry, Princeton
University, Princeton, N. J.

(2) F. Feigenblatt, M.Sc. Thesis, 1961.

(3) A. Glasner, M. Steinberg, F. Feigenblatt, and W* Bodenheimer,
Bull. Res. Council Israel, 10A, s (1961).
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neodymium, and samarium formate all accord with
the formula La(HCOO).v0.2H20. The results are
in good agreement with an earlier report.4 The
fractional water molecule could be removed only at

300° with simultaneous decomposition of the
formate.
Table |
Partial Powder Diffraction Data for Lanthanon
Formates
Ce- Pr- Nd- Sm-
hki hd (HCOOU (HCOO)a (Hcoon (HCOO)a
Hex. Rhomb. d A d A d A
110 101 5.272 5.304 5.241 5.272
101 100 3.727 3.720 3.720 3.674
300, 021 112, 111 3.066 3.055 3.055 3.035
220, 211 202, 201 2.664 2.649 2.649 2.627
131 212 2.169 2.159 2.159 2.139
410, 401 312, 3U 2.012 2.018 2.000 1.987
012 110 1.991 1.983 1.979 1.963
321 302 1.882 1.871 1.868 1.853
202 200 1.860 1.860 1.857 1.836
330 303 1.776 1.769 1.766 1.753

X-Ray Results.—Powdered samples of the form-
ates were examined by the X-ray diffraction
method, using a General Electric diffractometer and
filtered CuK radiation. Only samples that were
proven to have a stoichiometric composition were
taken; none of the lanthanum formate prepara-
tions came up to this requirement.

The powder patterns of the formates may be
indexed on the basis of a hexagonal cell. Further
examination of the hexagonal pattern showed that
only lines of h-I-k = 3n are present, indicating a
rhombohedral lattice. Powder data are listed in
Table 1. The agreement between observed and
calculated d values was +0.015 A. The 012, 202,
122, 312, and 232 lines (hexagonal indices) of
cerium and praseodymium formates overlapped on
the diffractometer pattern at the 410, 321, 330,
241, and 520 fines. They could be observed only by
taking a powder picture with a high resolution
focussing Guinier camera.

Unit cell dimensions of these compounds are
recorded in Table II.

Table ”

Lattice Constants of Lanthanon Formates

" Hexagonal cell Rhombohedral cell
Formates o c, A a, A. a

Cerium(111) 0 67 408 631  115°36'
Praseodymmmﬁlll) 1063 407 628  115°36'
Neodymium(II1) = 1061  4.06 627  115°36'
Samariym(l IP 1053 402 622  115°36'
Gad%hmur]p(5 1® 1044 398 617  115°3('

ee re

Table Il shows the regular decrease in unit cell
dimensions in the order of diminishing crystal radii
of the trivalent rare earth ions. This corresponds
with the analytical results which indicated that the
metal ions in these salts are all in the trivalent state.

Thus, there is ample evidence that the lanthanon

4)
594 11960).

N otes

B. Sahoo, S, Panel#, and D. Patnaik, J. Indian Chem Soc., 37,

Vol. 66

formates here investigated are isomorphous with
gadolinium formate.5 Gadolinium formate has a
trigonal unit cell and its space group is R3m. The
positions in this space group are filled in the gado-
linium formate as

® Gd atom in 000 z X

(b) 3 C atoms in Xxz, XzX, zZXX 0.43 0.85

() 3 Oi atoms in XXz, XzX, zZXX 0.19 0.81
3 02atoms in XXz, XzX, zZXX 0.33 0.58

The oxygen atoms are placed in two non-equivalent
sets of threefold positions, the Oi atoms forming a
ring about each metal atom, whereas the 0 2atoms
form a somewhat closer ring around each threefold
axis, equidistant between two metal atoms.

In order to prove the isomorphism between
gadolinium formate and the formates investigated
in this work, the calculated and the observed inten-
sity values of neodymium formate were compared.
Intensity measurements were made only for this
compound, because the intensities of the reflections
of the different compounds are similar. Intensity
measurements were made with a diffractometer
using filtered CuK radiation. Intensity data were
recorded on a strip chart while scanning the reflec-
tions at V20 (20) per minute, the areas of the bands
then were measured with a planimeter. The cal-
culations were made by taking the same atomic
parameters as determined for gadolinium formate.
Absorption and temperature factors were omitted
in these calculations.

In Table 111 observed and calculated intensities
for the first six reflections of neodymium formate
are fisted. The agreement between the observed
and calculated values leaves little doubt that these
formates have the same structure as gadolinium
formate. While in Pabst’s work with gadolinium
formate lowintensity values were obtained for the
101, 100, 112, 111 reflections, in our case this dis-
crepancy was observed only for the 100 reflection.

Tabte Il

Observed and Calculated Intensities for Neodymium

Formate

Llja Laic
1ol 356. 37
100 30 90
112)
111 85 S } ”
SO A
212 o4 14
312\
3T 100

Acknowledgments.— The authors wish to thank
Mr. Z. Kalman of the Department of Physics for
help in carrying out the X-ray work, and Mrs. M.
Goldstein of the Department of Organic Chemistry
for analyzing the samples.

(5) A. Pabst, J. Chem Phys., 11, 145 (1943).
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RELAXATION TIMES AND “AVERAGED
MUTUAL VISCOSITIES” OF SOME

ALIPHATIC KETONES
By H. N. Srivastava,l K. C. Lal, and M. N. Sharma

Physics Department, Lucknow University, Lucknow, India

Received March 5, 1962

In an earlier communication,2 the relaxation
times of some aliphatic ketones in dilute solutions
calculated from the equations proposed by Debye3
and Wirtz and co-workers46were 10-15 times and
twice the experimental values, respectively. On
the basis of Debye's equation, the relaxation times
of methyl ethyl ketone and methyl n-propyl
ketone also were not proportional to the solvent
viscosities, i.e., benzene and decalin.5

Hill6 has shown that relaxation time in dilute
solution is related to the “mutual viscosity” be-
tween the solvent and the solute. More recently
Vaughan, Purcell, and Smyth7 have derived an
expression for a quantity called “averaged mutual
viscosity,” 7AB, defined by
/a~A + [b~VB +

vm = 2/ Al Bi?AB (1)

where j"mis the viscosity of the mixture, /A and /B
the mole fractions of the solute and the solvent, and
ija and jb the corresponding viscosities. It also
has been shown that “mutual viscosity” 6as well as
“averaged mutual viscosity” have the same order
of magnitude.

Equation 1was rewritten as

Y = £7ab + )b (2)
where
2 A Jm — fjftlk
z =7~y = — 17—
/b Jb2
Table |

Relaxation Times and “Averaged M utual Viscosities”

of the Ketones

Temperature, 30°;. viscosity of benzene = 0593 cp., vis-
cosity of decalin = 2,061 cp,

L N |o$’A X Ho
&

Ketone Solvent  (sec.)6 cp.
Methyl ethyl  Benzene* 37 6.24
ketone Decalin 052 131 519
Methyl ra-propyl - Benzene 45 o 759 834
Mktho?e I Decalin 44 70 215 6.29
ethyl ra-am
Dke%)/ne Y Benzene 56 .64 944 875
I-n-pro
ke 8nepy Benzene 5. (?f 63 t911 fb8 57
g RG] T UL I s
ccuracg ? ?IOH Ime mezgsuremet Was t
* Accuracy of viscosity measurements was £

(1) Meteorological Office, New Delhi, India.

(2) H. N. Srivastava, J. sci. Ind. Res. (India), under publication.

(3) P. Debye, “Polar Molecules,” Chemical Catalog Co., 1929.

(4) A. Spernol and K. Wirtz, z. Naturforsch., 8a, 522 (1953).

(5) A. Gierrer and K. Wirtz, ibid., 8a, 532 (1953).

(6) N. E. Hill, Proc. Phys. soc. (London), 67B, 149 (1954).

(7) W. E. Vaughan, W. P. Purcell, and C. P. Smyth, 3. Am. Chem.
Soc., 83, 571 (1961).
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About five concentrations of different ketones were
taken and from the slope of the straight line (2).
flab was calculated by the least squares method.

Relaxation times were determined by a 3-cm.
standing wave technique as described earlier.8
The viscosities of different solutions were de-
termined by Hoppler's precision viscometer.

The results recorded in Table |1 show that (a)
the ratio of the relaxation time, r, to the “averaged
mutual viscosity” increases with the molecular
size; (b) for the same ketone the ratio t/ tjab
shows better agreement in decalin as well as ben -
zene as compared to r/i?B; and (c) on calculating
the relaxation time by replacing 70 by $Ab in the
Debye equation, the calculated values still are
considerably higher than the experimental results.

Acknowledgment— The authors are grateful to
Dr. P. N. Sharma, D.Sc., Professor of Physics, for
guidance.

8) A. Vyas and H. N. Srivastava, J. sci. Ind. Re*. (India), 18B,

399 (1959).

THE LUMINESCENCE OF
CYCLOPENTANONE

ByS. It. La Paglia and B. C. Roquitte*
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Dayton, Ohio

Received March 20, 1962

In several recent reports on the photochemistry
of cyclopentanone2‘4 Srinivasan has suggested
that the firstoexcited singlet state (exciting wave
length, 3130 A.) of cyclopentanone has three dis-
tinct modes of unimolecular decomposition. Emis-
sion also may occur from the excited state(s);
however, a previous attempt3to observe lumines-
cence in liquid cyclopentanone failed, and only a
weak afterglow was observed in solid solution at
77°K. It was deemed important to examine the
luminescent properties of cyclopentanone as a
solute in liquid and solid phases as a preliminary to
any study of light emission by gaseous cyclopentan-
one. Only the. gas phase luminescence behavior of
cyclopentanone has a very direct bearing on the in-
terpretation of the gas phase photolysis.

Eastman White Label cyclopentanone was an-
alyzed by vapor phase chromatography and found
to consist of only one component. However, be-
fore use, the cyclopentanone was freshly distilled
and a middle fraction was taken. Absorption
spectra of cyclopentanone solution were in complete
agreement with literature spectra.86 The fluores-
cence of cyclopentanone in hexane was observed
spectrophotometrically with a double monochrom-
eter device using a high pressure xenon light
source, a photomultiplier detector, and a recording
galvanometer. To record the phosphorescence
spectrum, a dilute EPA solution of cyclopentanone
was cooled to 77°K. in a quartz dewar. It was

(1) Visiting Research Associate at the Aeronautical Research
Laboratory, 1961-1962.

(2) R. Srinivasan, 3. Am. Chem. Soc., 81, 1546 (1959).

(3) R. Srinivasan, ibid., 83, 4344 (1961).

(4) R. Srinivasan, ibid., 83, 4348 (1961).

(5) D.J. Cram and H. Steinberg, ibid., 76, 2753 (1954).

(6) W. D. Kumler and A. C. Huitric, ibid., 78, 3374 (1956).



1740

viewed by the spectrophotometer through a rotat-
ing can (~10,000 r.p.m.) type of shutter. For both
fluorescence and phosphorescence the exciting light
was of wave lengths 2900-3000 A.

To measure the lifetime of phosphorescence, the
cyclopentanone in a dilute glass at 77°K. was ex-
cited by a light flash of short duration. By means
of a Corning 7-54 filter the exciting light was
limited to the region 2400-4000 A., while the
emitted light that reached the photomultiplier was
limited to wave lengths longer than 4600 A. by a
4-65 filter. The flash triggered one sweep by a
fast oscilloscope connected to the photomultiplier.
Under identical conditions, the pure glassy solvent
showed no emission, while a glass containing cyclo-
pentanone (0.1 ill) showed an easily measurable
luminescent decay with a lifetime of 1.1 X 10" ®sec.

If the fluorescence spectrum is normalized to the
absorption intensity and plotted on a wave number
scale, the resultant spectra show an approximate
“mirror image symmetry.” The maximum of the
fluorescence band lies at 4000-4100 A. and is struc-
tureless. Dilute solutions (10”210_®M hexane,
25°) were used, to avoid self-quenching or re-ab-
sorption of fluorescence or the localization of the
fluorescence near the incident face of the cuvette.
Any of these reasons would account for the failure
to observe fluorescence in the pure liquid.®

We found the phosphorescence, like the fluores-
cence of cyclopentanone, to be without structure;
this probably is due in some measure to the low
resolving power of the spectrophotometer. The
phosphorescence maximum (4400-4500 A.) and
the lifetime of phosphorescence (1.1 X 10” ®sec.) of
cyclopentanone are quite reasonable for an ali-
phatic ketone under these conditions. McClure7re-
ported an average phosphorescence frequency of
23,000 cm.-1 for the aliphatic ketones and life-
times of 0.6 X 10" ®sec. (acetone), 1.26 X 10" ®sec.
(diethyl ketone), and quite similar lifetimes for the
triplet states of other aliphatic ketones under condi-
tions equivalent to those described above. The ob-
served phosphorescence and decay time therefore
arc ascribed to the triplet state of cyclopentanone.

(7) D.S. McClure, 3. Chem. Phys., 1, 005 (1940).

THE DENSITY GRADIENT AND
GRAVITATIONAL STABILITY DURING
FREE DIFFUSION IN THREE-COMPONENT
SYSTEMS

ByR ichard P. Wendtl

Department oj Chemistry and the Enzyme Institute, University of
W isconsin, Madison 6, Wisconsin

Received March SO, 1962

Several optical methods have been developed
for studying the isothermal free diffusion process
in liquids.2 Each method requires the formation of
an initially sharp boundary or interface between
two solutions of different concentrations in a dif-
fusion cell. At time t = 0 the diffusion process

(1) Institute for Molecular Physics,
College Park, Maryland.

(2) Several methods are reviewed by L. J. Costing in “Advances in

Protein Chemistry,” Vol. X1, Academic Press, Inc., New York,
N. Y., 1956, pp. 462-485.

University of Maryland,
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commences and the diffusing boundary between
the two solutions is observed during the period of
time before the concentrations at the top and
bottom of the cell begin to change significantly.
To prevent convective mixing in the diffusion cell,
the two solutions are prepared so that d®, the
density of solution B below the interface, is greater
than da, the density of solution A above the inter-
face. The condition

dB > dk (1)

thus ensures gravitational stability att = 0.

For a two-component system undergoing ideal
diffusion, it can be readily proved® that condition
1 also ensures gravitational stability at all times
t > 0 and at all positions, x, in the diffusing bound-
ary (x = 0 at the interface and is positive if
measured downward). That is, for binary systems
condition 1implies

(ddzdx)t > 0 2

which is the necessary and sufficient condition for
gravitational stability at all timest > 0 and at all
positions x.

Procedures have been developed for studying
free diffusion in three-component systems with
the Gouy diffusiometer,4”7 and for these experi-
ments condition 1 for t — 0 also is required. How-
ever, for ternary systems it has not been shown
that inequality 1 implies inequality 2 for all times
t > 0 and for all positions in the diffusion cell.
We will here derive the expression for the density
gradient during the free diffusion process in a
ternary system as a function of the variable vy,
where

V= r/(2Vi) 3)

Conditions independent of y then will be found
which are sufficient to ensure gravitational sta-

©)] Equation 71, ref. 2, for the concentration gradient during free

diffusion in a binary system, reads
(bC/bx)t, — (A(7/2 a/ FDt)e x2/(*Dt)

where t>is the diffusion coefficient, Cis the solute concentration, and
AC — (-» — Cx

Here Cb and C\ are the initial solute concentrations of the two solu-
tions below and above, respectively, the initially sharp boundary in
the diffusion cell. Because small values of AC are usually used in ex-
perimental work, D is assumed to be independent of O; it is also as-
sumed that the solution density throughout the diffusion cell can be
described by

d Tdaeyt Hic - o
where Cis the mean of Ca and Cb- Then

(bd/bx)t = h (bC/bx)t

ad = ldys - |d)a = HAC
and . .
(isd/7c)x)t — (Ad/Z\ArD|)e'*V(4|>|)
(dd/dx)t> 0
for all times t > 0 and for all positions x.
4) R. L. Baldwin, P. J. Dunlop, and L. J. Gosting, ./. Am. Chem

5) H. Fujitaand L. J. Gosting, ibid-, 78, 1099 (1956).
6) P.J. Dunlop, J. Phys. chem.., 61, 994 (1957).
7) H. FujifBand L. T Gosting, ibia., 64, 1256 (1960).
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bility at all timest y 0 and at all positions x in the
diffusing boundary. These conditions will be
written in terms of the four volume-fixed diffusion
coefficients8 for the ternary system, (D;j)v, where

i,j = 1,2 denote the two solute components; the
concentration differences, AC.,, where
ACi = (Ci)b - (Ci)a 4

and the density derivatives, //,, which appear in
the equation
d = d(ChC2 + Hi(Ci - Ci) + HAC2- Cs) (5)
Equation 5 is valid if the concentrations (Ci,
C2 of the two solutions prepared for the experiment
are sufficiently near their mean composition point
(G, Ci). Throughout this discussion the con-
centrations Ci have dimensions of moles/1000 cc.
The Density Gradient in a Three-Component
System.— By using the boundary conditions for
free diffusion, Fujita and Gosting5 have inte-
grated the continuity equations for convection-
free diffusion of the solutes in a ternary system
with constant diffusion coefficients to obtain

Ci - [(Ci)a+ (C)b]/2 + Ki+HV~™j/) +
KrHV<r-y) (6)
where
*(«) = 2/Ivi)jy =2d9 (?)
e = VH<SIl + S2 + [52 — *on)2+ 4*F2A] A}
(8)
Sa = [(Dij)v]/[(Dii)v(D2v - (Duh(Dn)v] (9)
KC = = [(® *Su)ACi - (SijACj)/
[2er+ - cr)] (i 90)) (20)

Equation 3 defines the independent variable vy.
By using eq. 5 and assuming the density deriva-
tives H\ to be independent of the concentrations
Ci (and hence of x) we find

(dd/dx)t = H,(dCi/d.r)t + //2&Colox)c

Equations 6 are differentiated with respect to x, and
the resulting expressions for (dCj/a.r)t are inserted
into (11) to obtain the expression for the density
gradient in a ternary system during the free dif-
fusion process

dd/sd.t = [I/V*Q[VA(HIKi+ +

M  2+)e_ffty + Va~(HiKr +
HiKi-)e-" vy (12

(11

From this equation the density gradient could be
calculated for any given values of y = x/(2\/)
if the quantities (Aj)v, G, and ACi were known
or could be estimated.

Conditions for Gravitational Stability.—For
gravitational stability in a ternary system during
the boundary sharpening process (or at t = 0)
we find the condition

(8) Defined, for example, by eq. 20 of ref. 9.
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HiAC, + HIiAC, > 0 (13)

by using inequality 1and eq. 4 and 5.

The condition for gravitational stability at any
time t > 0 is found by inserting eq. 12 into 2 and
multiplying both sides of the resulting inequality

by (V T/Art+)e, lto obtain
HIKi+ + HXi+ + (V<e/<er)(HiKi~ +
M r)«(Cr '3, >0 (14)

To find the conditions for gravitational stability
that are independent of x and t (and hence y) we
assume

<FHF—0—>0 (15)
V KT~ > 1

These assumptions
restrictions

(16)
imply the very reasonable

[(DBv — ZIn)V]2> —4(2)idv(D2i)v  (17)
(18)

If (15) is satisfied,

(Dn)v(Diijv > (Dii)v
on the diffusion coefficients.
then for all values of y

N (19)

From (14) and (19) it is apparent that, regardless
of the value for HiKi+ + HZX2+, the condition9

HiKi~ + HiKr 'C0 (20)

must be satisfied if gravitational stability is to be
maintained when Y\ is very large. Condition
20 is therefore necessary but not sufficient for in-
equality 2 to be satisfied for all values of y. How-
ever, if assumption 15 (which implies inequality 19)
is valid, then condition 20 and a second condition

HiKH + HX2+ + (VW o~ X M i- +

Hikr) > 0 (21)

together are seen to be sufficient to imply in-
equality 14 and hence gravitational stability, in-
equality 2, for all values of y, i.e., for all values of
t> Oand all values of x.

The condition for gravitational stability at t =
0, inequality 13, also can be written

IIHC + HiKH + HiKr + HiKr > 0 (22)

by using eq. 10. But we can show that condition
22 is implied by conditions 20 and 21 and is there-
fore a redundant condition for gravitational
stability. From inequalities 16 and 20 it follows
that

(M0 (H\KL + H2K2 ) > H\Ki - 112K2

(23)
which reads

—(y/x-/<T+)(HiKr + HiKr) >

-(HiKr + HiKr) (29
(9 Throughout this derivation and the derivation of eq 6 it is
assued that <+ O;  these inequelities are inrplied by ition 18
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after both sides of (23) are multiplied by —v/c-/o+ =
From (21) we have

W + HX2+> - (£ AiIXMw +

HA1 (25
Inequalities 24 and 25 together imply

lhKy+ + HX2+ > -(HyKr + H,I<,-) (26)
which is identical with inequality 22. Thus, if

inequality 16 is valid, then conditions 20 and 21
for gravitational stability at t > 0 also imply
condition 22 for gravitational stability at t = 0.
Therefore conditions 20 and 21 are sufficient to
ensure gravitational stability for all times t / O
during the free diffusion process and at all posi-
tions *° > x > —o in the diffusing boundary.
For the special case of a ternary system for which
(ouw)y = (Da)v = 0 (27)
where the faster diffusing solute is designated by the
subscript 2, so that
(28)

{thi)y > [Du)y

then conditions 20 and 21, respectively, reduce to

IUAC* > 0 (29)

and

/IFACj/VdFOv + HtAC,/V(D™ > 0 (30)

Application.—From equations 20 and 21 the
relative values of AC/ and AC/ which will give a
gravitationally stable free diffusion experiment can
be calculated, provided that values are available
for Hu H2 and the four diffusion coefficients. If
no estimates of values of the (2)jj)v are available,
two or more preliminary experiments which seem
very likely to be gravitationally stable may be
performed; the resulting preliminary data for the
Hi and the (Dy)v then can be used to calculate
whether other desired relative values of ACi and
ACi may be safely used.

A simple illustration of the application of the
criteria for gravitational stability is obtained by
examining data for the system ILO-glycine-KCI
which was studied recently by Woolf, Miller, and
Costing.11 For this system at Ci = 0.5 and C2 =
0.5 mole/L, where the subscripts 1and 2 designate
glycine and IvCl, respectively, values obtained
were (Dn)v = 0.982 X KW5cm.2sec., (/),/)v =
—00% X 10 cm.2sec.,, (A,ijlv = —OO0OIA X
10~5cm.2sec., (DRAv = 1.744% X 10-s cm.2scc.,
Hy = 0.030L kg./mole, and H2 = 0.04479 kg./
mole. At this composition both cross-term dif-
fusion coefficients are very small; if they are con-
sidered to be zero, conditions 29 and 30 then become

AC2 £ 0 (31)
and

ACi + 1.1162AC* > 0 (32)

(10) L. A. Woolf, D. G. Miller, and L. J. Gosting, J. Am. Chem Soc,,
84. 317 (1962).
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Also, inequality 22, the redundant condition for
gravitational stability at t = 0, becomes
AC, + 1.4861AC* > 0 (33)
It is apparent that (33) will be satisfied if (31) and
(32) are satisfied. Furthermore, gravitational
instability, or convection, will occur at some time
t or some position x if condition 31 is not satisfied,
because inequality 20 (and hence inequality 31) is
a necessary condition for a positive density gradi-
ent (inequality 2). Thus, if we had been unaware
of condition 31, we might have prepared solutions
for a diffusion experiment so that AC/ < 0 and AC/
> —1.4861AC2 under the erroneous impression
that condition 33 for gravitational stability at t =
0 also would ensure gravitational stability at all
later times and at all positions.

The magnitude of the negative density gradient
produced at some time during a diffusion experi-
ment because condition 20 was not satisfied may
be so small as to cause no observable disturbance
of the diffusing boundary. Also, it should be
emphasized that condition 21 was proved to be
sufficient but not necessary for gravitational sta-
bility; therefore, if this condition is not satisfied,
a negative density gradient will not necessarily
be produced. But to be absolutely certain that
no convective mixing will occur during a diffusion
experiment, conditions 20 and 21 both should be
satisfied for all studies of free diffusion in three-
component systems.

Acknowledgments.— The author wishes to thank
Professor L. J. Gosting for his helpful discussions of
this research. This work was supported, in part,
by research grants from the National Science
Foundation (G-7401) and the National Institute
of .Arthritis and Metabolic Diseases (U.S.P.H.S.)
(A-5177), and from the Research Committee of
the University of Wisconsin Graduate School
from funds supplied by the Wisconsin Alumni
Research Foundation.

DECOMPOSITION OF »-PROPANE AND
/;-BUTANE ON CLEAN RHODIUM FILMS

By Richard W. Roberts

Gereral Electric Research Laboratory, Scherectady, N. Y.
Received March 31, 1962

The surface decomposition of saturated hydro-
carbons has been investigated by a number of
workersl2 on a variety of metal surfaces. In
general, they concluded that carbon-carbon bond
cleavage (cracking) did not occur at tempera-
tures below about 140°. The vacuum conditions
(~ 10~6 torr.) used in their experiments suggest
that the metal surfaces were contaminated by
adsorbed gases.

Recently, it has been demonstrated that adsorbed
gases have a pronounced effect on hydrocarbon

(1) K. Morikawa, N. R. Trenner, and li. S. Taylor, J. Am Chem
Soc., 59, 1103 (1937).

(2) R. C. Hansford in A. Farkas, Ed., “Physical Chemistry of the

Hydrocarbons,” Academic Press, New York, N. Y., 1953, Vol. II, p.
187.
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cracking reactions.34 For example, at 0° on a
clean rhodium surface, i.e., one prepared in a
vacuum of 10-9 torr., ethane will decompose to
yield gaseous methane and an adsorbed hydro-
carbon residue. Observations of the interaction
of ra-propane and n-butane with clean films of
rhodium are presented in this communication.

Experimental

The experimental procedure is similar to that published
in detail elsewhere.4 In brief, the rhodium film was de-
posited on the inside of a Pyrex glass sphere by pulse evapo-
rating a 99.999% pure rhodium wire. The entire glass-
metal system had previously been baked at 400° for 18 hr.
The pressure in the system never rose above 2 X 10~9
torr. during the evaporation. Film thicknesses were
measured at the completion of an experiment by X-ray
emission spectroscopy and were about 50 A. After the
film was deposited, the reaction vessel was isolated from the
pumping system bj' closing a metal valve. The »-propane
and n-butane used were Phillips research grade and were
admitted to the film by breaking a thin glass break-seal.
After the desired reaction time, the gases were removed for
mass spectrographic analysis. Blank experiments indicated
that no reactions occurred on the freshly baked glass
surfaces.

Results and Discussion

The results of experiments performed with n-
propane and n-butane on clean rhodium films at
27 and 100° are given in Table I. The number
of molecules of each species present in the gas
phase, n\, was determined mass spectrometrically
and is listed. The numbers of carbon and hydro-
gen atoms remaining on the surface, nc(s) and nh
(s), were calculated from the amount of gas intro-
duced initially and the composition of the gas
phase at the completion of the experiment.

Table |
Summary of Experiments Performed with »-Propane

and »-B utane on Clean Rhodium Films

CaHe Calls CaHio CaHio
Initial amt. of gas,
moIecuIesX 101 982 9.20 363 438
htem? 21 100 27 100
Ith av h|ckness A 56 48 42 32
Reaction time, min. 1200 14 3200 8
Products, molecules
X 10”7
U,r2 OKI 2.83
o CM 1.85 113 125 3.8
WCaus 021 023 0.11
WCans 0.43 11
e 50 158 99 154
b . . . .
7in(s) 646 269 154 329

It was observed that both n-propane and ri-
buttile decomposed on clean rhodium surfaces at
27 and 100° to yield lower hydrocarbons and an
adsorbed hydrocarbon residue. After 1200 min.
on a rhodium film at 27°, n-propane decomposed
to H2 CH4 and CH6 Similarly, n-butane after
3200 min. at 27° decomposed to H2 CH4 CZH§6,
and C3l18 However, at a rhodium film tempera-
ture of 100°, the primary reaction product for both
n-propane and n-butane was CH4 The rate of
decomposition at 100° was several hundred times

(3) R. W. Roberts, Nature, 191, 170 (1961).
(4) R. W. Roberts. Trans. Faraday S 0c58, 1159 (1962).
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greater than at 27° for both n-propane and n-
butane.

Other experiments4indicate that there are about
3.5 X 10Brhodium atoms present in the surface
of the rhodium film. Thus, if all the carbon-
carbon bonds were broken and all the hydrogen
were bonded to the carbon, the rhodium film would
be about 30 to 60% covered with the residue.
Since the nature of the residue is unknown, these
numbers are only a rough estimate.

Because the rhodium films were prepared in a
vacuum of ~2 X 10-9 torr., they were not more
than 5% contaminated at the time the hydrocarbon
was admitted. Adsorbed gases greatly reduce the
activity of these films. Neither ethane, n-pro-
pane, nor n-butane decomposed to lower hydro-
carbons on a rhodium film which had adsorbed
a monolayer of oxygen.

The reaction mechanism for these reactions is
complex as there appears to be a number of con-
secutive processes occurring. However, at 100°
the rate of all reactions is increased so that the end
product is primarily methane.

Acknowledgment.—-The author wishes to thank
Miss Nancy Keary for assistance with the experi-
ments.

EVIDENCE FOR THE FORMATION OF
BIPHENYL BY 7T/NTRAMOLECULAR
DIMERIZATION IN THE
ELECTROOXIDATION OF
TETRAPHENYLBORATE ION

By David H. Geske

Departent of Chemistry, Comell University, Ithaca, New York
Received April 2, 1962

The electrooxidation of tetraphenylborate ion at
a platinum electrode in acetonitrile solution has pre-
viously been reported.1 Evidence was presented
showing that the primary electrode reaction was

B(CE#HO4 - 2e B(CEHG2r + (CEHO2

It was not possible at that time, to distinguish be-
tween the two possible mechanisms (Fig. 1) for
formation of the biphenyl. Further work has now
been done which suggests that the two phenyl
radicals in the transition state of the oxidized tetra-
phenylborate undergo intramolecular dimerization
(Fig. la). >

Acetonitrile solution mixtures of tétraméthyl-
ammonium perdeuteriotetraphenylborate, (CH34
N+B(C@§4 _, and ordinary tétraméthylammonium
tetraphenylborate were electrolyzed. Mass spectral
examination of the biphenyl produced showed that
only (CaH52and (C@ j52were formed, a result con-
sistent with the reaction mechanism in Fig. la. The
detection of mass 159, the unsymmetrical biphenyl
which would be expected if the reaction in Fig.
Ib were operative, was not obscured by the frag-
mentation pattern of perdeuteriobiphenyl; thus an
upper limit of 1% of total biphenyl (the intrinsic
instrumental limitation) can be sét for the occur-
rence of CAHEC@ 5 In two electrolyses in which the

(1) D. H. Geske, J. Phys. Chem, 63, 1062 (1959).
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0 2Bttw; - 4e
ZBiC~ +2 @HY

b 2 BKHj™ de-

Fig. 1—Alternative dimerization hanisms in electro-
0 LAl et B i oo

initial mole ratios of B(C D§4 /B (Crl154" were
0.91 and 0.30, the observed mole ratios of (CeDih/
(CHB™ were 1.0 and 0.38, respectively.

It seems entirely reasonable to reject the sugges-
tion that there are certain electrode sites on which
the perdeuteriotetraphenylborate ion oxidation oc-
curs and other sites on which ordinary tetraphenyl-
borate ion oxidizes. On this basis the evidence
points unequivocally to the reaction scheme in Fig.
la as the correct one, i.e., the dimerization is intra-
molecular.

Tetraphenylborate ion also is oxidized chemically
in a two-electron process by ceric ammonium ni-
trate in acetonitrile. Analysis of the oxidized solu-
tions shows that the dimerization mechanism is the
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(2) A. N. Nesmeyanov and V. A. Sazonova, lzv. Akad. Nauk SSSR,
Old. Khim, Nauk, 187 (1955).

(3) A. P. Best and C. L. Wilson, J. Chem. Soc., 239 (1946).

(4) Analyses were performed by Mr. J. D. Nemeth, TTrbana, llinois.

(5) G. L. Booman, AndL Chem,, 29, 213 (1957).
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FARADAIC RECTIFICATION AND
ELECTRODE PROCESSES. 1V

By Hideo Imail

Coates Chemical Laboratory, Louisiana State University, Baton Rouge 3,
Louisiana
Received April 9, 1962

Two methods have been applied in faradaic
rectification measurements, namely direct measure-
ment of rectification voltages23and compensation
of the rectification voltage by a voltage step.4
These methods allow the study of variations of the
rectification voltage with frequency but have the
disadvantage of requiring determination of the
voltage applied to the faradaic impedance. This
determination is not as easy as it might appear at
high frequencies (/ > 1Me.) because of stray capac-
ity and the inductance of the cell circuit. A simple
method is described here in which this difficulty is
eliminated. The method rests on measurement of
the frequency at which the rectification voltage is
equal to zero. Measurement of the voltage applied
to the faradaic impedance is not necessary and the
attending experimental difficulties are avoided.
Results are given for the reaction Cr(CN)6~3+ e =
Cr(CN)6~4 on mercury.
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(1) Postdoctoral research associate, 1960-1962, on leave from
Minardi College, Hiroshima University, Hiroshima, Japan.

(2) (a) P. Delahay, M. Senda, and C. H. Weis, J. Am. Chem Soc.,
83, 312 (1961); (b) for a review, cf. P. Delahay in “Advances in Elec-
trochemistry and Electrochemical Engineering,” Vol. I, P. Delahay,
Editor, Interscience Division, John Wiley and Sons, New York, N. Y.,
1961, pp. 279-300.

(3) H. Imai and P. Delahay, J. Phys. Chem, 66, 1108 (1962).

(4) (a) G. C. Barker, “Transactions of the Symposium on Electrode
Processes, Philadelphia, 1959,” E. Yeager, Editor, John Wiley and
Sons, New York, N. Y., 1961, pp. 325-365; (b) M. Senda, H. Imai, and
P. Delahay, J. Phys. Chem, 66, 1253 (1961); (c) H. Imai and P.
Delahay, ibid., 66, 1683 (1962).
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without further purification. . Other _reagents were o
analytical. grade. "Solutions of KsCT(CNye were prepare
and xept ir a darkroom Decause there ‘appéared to'be'some
photochemical decomposition.

Theory
We consider rectification for a simple charge
transfer process without complication due to ad-
sorption, coupled chemical reaction, etc. The
rectification voltage AE, for a reaction 0 + ne =
R involving two soluble species is such that

RT AE,, 2a — 1
nF Fa2 4
1/ CoDo '1 \1l+ ctn8

2\a ~ CoDo'l+ CW 'V 1+ ctn28

where V\ is the amplitude of the alternating voltage
across the faradaic impedance, a the transfer co-
efficient, C's the concentrations, D’s the diffusion
coefficients, 8 the phase angle between current and
voltage, and n, F, R, T are as usual. The term (2a
— 1)/4 is positive or negative according to a 'C
0. 5
pending on the value of ctn 6 which depends on fre-
quency. At sufficiently high frequencies ctn d

1, and

1+ ctn 8 1
1+ ctn28 «c¢tn 8

)

2'\F \CoDoU CnDnU)

where / & is the apparent exchange current and w
= 2irf,f being the frequency. Further

h° = nFk~Col~aCna (3)

where fc® is the apparent rate constant. The

condition for AE*, = O'is

1 CoDoh __ \ _k
9 (* CoDoh + CrDr¥) 2'hJf

Co (D

Cr {coD, + CRonV)

The parameters a and francan be determined from

the value of o for which A = 0 provided Co and
r are known. We consider the case in which R is

generated in situ by polarography. Thus

(i/7u)} (%)
G'(porp vy IAI/ia) (6)

Co = Co°[l -
Cr =

where Co0 is the bulk concentration of 0, i the
polarographic current, and id the diffusion current.
By setting

CuDnh/CoD0'h = p 7)
with
CAdVII -

p = d A)! (8)

one deduces from eq. 4

The second term is positive or negative de-

N otes 1746
(dwlpZ>o)liz
L )
a_
P (§r @+ p)
where/ pis the frequency at which Aft» = 0 for the

value of p given by eq. 8. Equation 9 can be ap-
plied at two potentials for which p has the values pi
and p2 and the resulting system of equations yields

(p'Y 1«1 + pi) - 1

(10)
Vp2/ a(l + p2 — 1
\log”™ + (1 - a)log (—) =
2 fp, \PiJ
«(1 + pi) - 1
(H)

°g «(1 + p2 - 1

The parameter a is determined from the intersec-
tion of the curves representing the left-hand and
right-hand members of eq. 11, respectively, as func-
tions of a. fee® then is calculated from eq. 9.

The above procedure_can be simplified when the
frequency for which Aft» = 0 is measured at the
half-wave potential and one can assume Do = DR
= D. One then has

fca® =

(WD ),A (12)

The parameter a then is calculated from eq. 9.

Description and Discussion of Results

The above method was applied to Cr(CN)6"'3 +
e = Cr(CN)64 on mercury under polarographic
conditions. Results6 for experimental conditions
of Table | were as follows: a = 0.53 for each com-
bination II14Il, TITTY, and II-1V; /& = I-5s,

Table |

Experimental Conditions for 5 mM K£r(CN)6 in 0.5
w KCN, 3w KCLae 25°
s Mo. léec.~

V. \s. S.C.e. */*d
-1.335" 0.500 0.050
-1.340 .552 .32
- 1345 60c) .95
-1350 . 646 1.60
Half-wave potential.
1.14, and 1.0gcm. sec.” 1for the data Il, 111, and IV,

respectively. The value of A2® based on eq. 12 was
1.06 cm. sec.-1, and the corresponding a deduced
from eq. 11 was 0.54. Results for a are excellent,
whereas f® varies somewhat from one set of data to
another. This variation in fee® results, among other
possible causes of departure from theory, from the
approximation made by the use of eq. 2 (see below).
It should be noted also that a decrease of fa® as E
becomes more negative is to be expected because of
the double layer correction. (The potential across

5) Do = 071 X 10-5cm.2sec.-1, as calculated from
compares quite well with the value 0.65 X 10~5cm.2sec.-1 for 1 M
KCN reported by D. N. Hume and I. M. Kolthoff, J. Am Chem Soc.,
65, 1897 (1943).

This
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the diffuse double layer from the plane of closest
approach to solution increases as E becomes more
negative.)

The above treatment is based on eq. 2, i.e., on
the assumption that (1 + ctn 0)/(1+ ctn26) « 1/
ctn 8 The validity of this assumption was deter-
mined for the above case (k = 1cm. sec.-1) by com-
puting ctn 8 from the theory of the faradaic imped-
ance.6 Results were for f = 0.05, 0.25, 0.5, 1, 2
Me. sec.-1: (1 + ctn 8)/(1 + ctn28) = 0.54, 0.32,
0.24, 0.17, 0.13; 1/ctn 8 = 0.45, 0.27, 0.21, 0.15,
0.11. The assumption embodied in eq. 2 thus is
fairly justified in this case, especially at the higher
frequencies.

In conclusion, the above method has the merit of
simplicity over other methods previously applied in
faradaic rectification measurements. It allows in-
direct verification of the frequency dependence of
the rectification voltage since measurements cover a
fairly wide range of frequencies (c/. Table I). This
method could be extended to electrode processes
requiring a more involved frequency dependence
than that of eq. 1 (charge transfer coupled with
coupled chemical reaction, adsorption of reactants
and/or products, etc.).

Acknowledgment.—This work was supported by
the National Science Foundation. The author is
indebted to Professor Paul Delahay for his interest
and discussion of this investigation.

©6) Cf. ref. 2b, pp. 267-268.

RADIOLYSIS OF LIQUID 1,5-HEXADIENE

By H. B. van deb Heijde and C. D. W agner

Srell Dewveloprent Company, Enerwville, California
Received April 9, 1962

There is now considerable evidence that the
radiolysis of liquid and solid olefins frequently in-
volves ionic reactionsl-Zand ion-molecule condensa-
tions.8-6 It has been shown that the points at
which condensation occurs in terminal olefins are
at the carbons attached to the double bond. The
importance of the double bond posed the interesting
question of whether a non-eonjugated diolefin
would cyclize. For this reason the radiation chem-
istry of 1,5-hexadiene was studied.
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(1) W. H. T. Davison, S. H. Pinner, and R. Worrall, Crem Ind.
(London), 1274 (1957).

(2) W. S. Anderson, J. Phys. Chem, 63, 765 (1959).

(3) P. C. Chang, N. C. Yang, and C. D, Wagner, J. Am Chem
Soc., 81, 2060 (1959).

(4) C. D. Wagner, Tetrahedron, 14, 164 (1961).

(5) C. D. Wagner, J. Phys. Chem, 66, 1158 (1962).

(6) E. Collinson, F. S. Dainton, and D. C. Walker, Trans. Faraday
Soc., 57, 1732 (1961).

(7) C. D. Wagner and V. A. Campanile, Nucleonics, 17, 99 (1959).
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Results and Discussion

Yields of products from the irradiation at 25°
are given in Table I. The yield of hydrogen, G =
0.45, is lower than that -with 1-hexene, 0.8, as might
be expected with this higher degree of unsaturation.
The product pattern is similar to that from 1-hex-
ene, except that products at C3 (propylene) and C9
are much more prominent. Like 1-hexene, the
principal heavy products are formed by addition to
one of the carbon atoms attached to a double bond
with, again, a preference for joining at the end to
produce a straight chain. The comparative rarity
of C2branches again indicates a minor role for allyl-
type radicals

CH2-CH—C1U-CH- CH—CH2

The gas-liquid chromatogram of products from
the low-temperature irradiation was nearly identi-
cal with that of the irradiation at 25°. Thus, the
products must- arise from “hot” processes or from
reactions invoking no activation energy, an obser-
vation like that already made with 1-hexene.

Mass spectrometric examination of the C9prod-
ucts established that they consisted mostly of
diolefins and triolefins, with mostly vinyl (terminal)
hut some vinylene (RCH = CHR) double bonds.
The Ci2 products were di-, tri-, and some tetra-
olefins, always with vinyl unsaturation but fre-
quently including vinylene double bonds.

The low yield of cyclic compounds (G = 0.12)
may be attributed to the high collision efficiency of
the ion-molecule reaction. The active positive
center of the molecule readily polarizes a neighbor-
ing molecule and reacts with it, and only seldom
finds its own opposite double bond in a position to
react.

From these data the mechanism of formation of
C9 compounds is not clear. The similarity in
structure between C9and C12suggests condensation
of the molecule ion with a molecule, followed in a
fraction of the events by splitting at the relatively
weak third bond to give C9and C3

(8) C. D. Wagner, J, Phys. Crem, 64, 231 (1960).
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Table |
Product Yields
Compound s G-m'
Hydrogen 045
Ethylene 0.06
Propylene 09
1-Butene .06
Unidentified Cs 02
2Cl2ﬁ(:ﬁ 0.23
exene 0.17 0.17
Unidentified Ce (3 cmpd.) 22 22
Cyclohexene 02 02
2Cs 041 041
Product skeletal structures
n -C, 0.02
n-us .02
2C,-CS 0.04
4-Methyloctane 20 30
w-Nonane 21 32
Butylcyclopentane o1 02
ZCo 0.42 0.63
3-Methylnonane* o1
»-Decane 01
SCio 0.02
4,5-Diethyloetane* 013 026
4-Ethyl-5- -methylnonane® 045 09
D,6- 1)|methy1decane 015 03
4-Ethyldecane® | 9
5-Metnylundecane J - i
w-Dodecane 40 30
Cyclane A* 02 04
Cyclane B 03 06
Cyclane C° 02 04
Cyclane D* 015 03
SC. _ 0.77 154
> Heavy residue 4.80
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Conclusions

Radiolysis of liquid 1,5-hexadiene at —150 to
25° gives H2 (G = 0.45), C9(G = 0.42), C« (G =
0.78), and heavier polymers ((?<_m>= 4.8). C9
and CI2compounds are mainly diolefins and triole-
fins. Their carbon skeletons are those expected
from the addition of the end of a straight C3or C8
chain to either the end or second carbon of another
straight chain. Cyclic products account for less
than 10% of the products.

Independence of product distribution with tem-
perature, the skeletal character of the dimer, and
the small amount of cyclic products all agree with
the concept that condensation occurs by the ion-
molecule mechanism. The C9products apparently
arise from the inherent weakness of the central car-
bon-carbon bond in 1,5-hexadiene.

Notes
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NITRIC OXIDE DECOMPOSITION
INDUCED BY EXCITED NITROGEN
MOLECULES IN ACTIVE NITROGEN

By A. N. Wright and C. A. Winkler
The Physical Chemistry Laboratory, McGill University, Montreal,
Quebec

Received April 9, 1962

In recent years, the N atom concentration in
active nitrogen frequently has been estimated by
determining, for optimal reaction conditions, either
the extent of its reaction with hydrocarbons or
hydrocarbon derivatives to produce HCN, or the
extent to which it is capable of destroying NO.
However, the ratio (NO destroyed)/((HCN pro-
duced) not only increases as the reaction pressure is
increased,1 but its value depends on the time of
decay of the active nitrogen at a given pressure.2
This seems to preclude an explanation3of the dis-
crepancy based solely on an assumed pressure de-
pendence of HCN production. It has been sug-
gested,2 therefore, that NO is destroyed, not only
by N atoms present in the active nitrogen, but
also by excitation to a state, such as the 422” state,
in collisions of the Second Kind with N2(A3SU),
followed by decomposition to produce N atoms
which might react further with NO. However,
recent experiments4 with isotopically labeled NO
have given no evidence for the reaction of NO with
N atoms derived from the decomposition of NO,
even for reaction pressures6 for which the ratio
(NO destroyed)/(HCN produced) is considerably
greater than unity.

An alternative decomposition of NO, induced by
excited nitrogen molecules but without the forma-
tion of N atoms, may be suggested on the basis of
the mechanism postulated recently by Strausz and
Gunning6for the mercury photosensitized decom-
position of NO. According to them, the long-lived,
electronically excited7 NO molecules, produced by
energy transfer from Hg 6(3i), appear to undergo
the reactions

hi hi
NO(M + NO —V (NO)2x —
N, + oxygen (1)

at a rate which is maximal at a pressure of 3.25
mm., which corresponds closely to the pressure in
our experiments2 with active nitrogen. In similar
manner, spin-allowed collisions of the Second
Kind between N2(A32,+) and NO(X2#), to yield
NO(4ir), might permit destruction of NO as in
(1) above, and thereby account for a NO/HCN
ratio greater than unity. Dissociation of the NO

(1) G. J. Verbeke and C. A. Winkler, J. Phys. Chem, 64, 319
(1960) .

(2) A. N. Wright, R. L. Nelson, and C. A. Winkler, Can. J. Chem, in
press.

(3) W. G. Zinman, J. Phys. Chem, 64, 1343 (1960).

(4) J. T. Herron, J. Res. Natl. Bur. Std, A65, 411 (1961).

(5) R. A. Back and J. Y. P. Mui, J. Phys. Chem, 66, 1362 (1962)

(6) O. P. Strausz and H. E. Gunning, Can. J. Chem, 39, 2549
(1961) .

(7) R. J. Fallon, J. T. Vanderslice, and E. A. Mason, J. Phys.
Chem, 63, 2082 (1959).



1748

(a7r) molecule, which requires a total energy of about
147 kcal. above the ground state, would be unlikely
in view of the substantial potential energy well
envisaged8 for this bound electronic state.

The greater energy content of N2(A) molecules
(142 kcal./mole for the zero vibrational level)
would tend to reduce the cross section for energy
transfer to NO below the large value (24.7 A.J
observed9for the resonance transfer7from excited
mercury atoms. On the other hand, the greater
energy content of the NO(4#) molecules so formed
might be expectedDto increase the apparent value
of ki over the quite small value deduced by S and G
from the low quantum yield of the over-all reaction
in their system. The value of k2also should be in-
creased over that for the photosensitized process,
owing to the greater energy content of the (NO)2
dimer.112 Indeed, it is possible that, for the active
nitrogen reaction, a simple bimolecular rearrange-
ment process is involved.

Decomposition of NO induced by an electroni-
cally excited NO molecule of appreciable lifetime,
as above, could maintain a factor of 2 between NO
destroyed and the concentration of N2(A) molecules
in active nitrogen, as used previously2to calculate
the lifetime of the excited nitrogen molecule capable
of causing NO destruction.

(8) j. T. Vanderslice, E. A. Mason, and W. G. Maisch, /. Chem
Phys., 31, 738 (1959).

(9) J. R. Bates, J. Am Chem Soc.j 54, 569 (1932).

(10) J. L. Magee and W. H. Hamill, J. Chem Phys., 31, 1380 (1959).

(11) G. B. Porter and B. T. Connelly, ibid., 33, 81 (1960).

(12) H. M. Frey and G. B. Kistiakowsky, 3. Am. Chem Soc., 79,
6373 (1957).

THE VISCOSITY OF LIQUIDS FROM THE
HALF-TIME OF RISE IN A FINE VERTICAL
CAPILLARY

By Leonard S. Levitt

Chemistry Departrrent, Seton Hall University, South Orange, New Jersey
Received April 16, 1962

The time of rise of a liquid of viscosity j;, surface
tension y, and density [}, in a vertical capillary of
uniform radius r, is given by Washburn’s formulal2

—8rj(h T d) Wd + 2y X
+  nal
r-~Ry r2g rpg
In (1 -h
aT ip @

where g is the acceleration due to gravity, d is the
depth of immersion of the capillary below the
surface of the liquid, is the viscosity of air, |
is the total length of the capillary, h is the height
the liquid has risen after time t, and hFis the final
height it can rise due to its surface tension. If the
depth of immersion is made very small, d « 0,
and if the viscosity of air is regarded as negligible,
vJ ~ 0; noting also3that 2y/rpg = hF, the equa-
tion can be greatly simplified to

(1) E. W. Washburn, Phys. Rev., 17, 273 (1921).

(2) J. R. Ligenza and R. B. Bernstein, J. Am Chem Soc., 73, 4636
1951).
( (3))We are assuming here that the liquid makes a contact angle of

zero with the interior wall of the capillary during the course of the
liquid's rise.

Notes

Vol.

t -1 i 2
'rA-\pg I_I WA E1).] @)
We can now define a half-time of rise,4 U/, as
the time required for the liquid to rise to a distance
[;£/2 in the capillary. The half-time of rise is
seen to be simply

8I7AF

b/ 5% 0103 (3
- oy © ®

r-pg

Noting again that liy = 2y/rpg, eq. 3 also can
be written

(0.193) (3a)

177

V- rapd)e

Thus the viscosity of the liquid is, from eq. 3,
given by

v = 0.Q47r b/ /1F 4)

If the surface tension of the liquid already is
known at the temperature of the experiment, then
the radius of the capillary need not necessarily
be calculated since r = 2y/pghF, so that eq. 4 can
also be written

2.59filzy 2
(4a)
paghFz

The experimental procedure is simply to de-
termine hy for a given capillary and liquid, and then
mark off the distance hy/2 directly on the capillary,
and accurately determine the time, ti,, required
for the liquid to rise to this mark. The smaller
the radius of the capillary, the longer is the time of
rise, and the greater the height to be measured.
Therefore, the smaller the capillary bore, the more
accurate will be the viscosity determined by this
method. For practical results, a bore of r < 0.005
cm. should be used. Theoretically then, the total
volume of liquid required for a viscosity determi-
nation by this method is very small indeed. For
example, using water as the liquid at room tempera-
ture, p~ 1.0 g./cm.3y = 72 dynes/cm., g = 980
cm./sec.2 and with r = 0.0050 cm., hy is calcu-
lated to be about 30 cm. The quantity of water
drawn up into the tube is therefore irr-hy = 2.4 X
10~3cm.3 or about 1/20 of adrop. But in practice
at least a few drops of the liquid should be used.
The half-time of rise for the example under con-
sideration is calculated from eq. 3 to be approxi-
mately 17 sec., which is seen to be a time of con-
venient duration for accurate measurement.

For two different liquids whose half-times of
rise are measured in the same capillary, the rela-
tive viscosity of the liquids is

Vi = (pb/,IM 1= (pDl,ly)i

m (pti/,/hv)2 {p2a'/J'y)i
We have obtained preliminary results5 with
(4) More accurately, this should be called the “time of half-rise,”
?(?rfe\’?i,gs(.jemr to the established usage in the analogous case of chemical

(5) The author wishes to thank Mr: Wnn Lane for obtaining the ex-
perimental datai
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water, methanol, ethanol, benzene, acetone, and
chloroform at room temperature, using marine
barometer tubing supplied by the Corning Glass
Co. The bore radius was determined by capillary
rise of water to be 2.70 X 10-3 cm., and was checked
by direct examination with a calibrated microscope,
which gave r 271 X 10-3 cm. With water
at 27.4°, p = 0.996 g./cm.3 hp was 54,2 cm., and
t/, was found to be 98.7 and 98.9 sec. in two
separate runs.6 The viscosity calculated from eq. 4
is v = (0.647)(2.70 X 10-3)20.996)(980) (98.8)/
542 = 8.44 X, HUS3 poise 0.844 cp. This
value compares quite favorably with the value
0.846 cp. obtained by interpolation of recorded
viscosity data7for water at various temperatures.

In conclusion it may be pointed out that the
present work serves as a confirmation of the validity
of Washburn’s equation, as well as providing a
new rapid method for simply and accurately de-
termining the viscosity of a liquid, using samples
considerably smaller than heretofore possible with
other methods.

(6) If the same capillary tube is to be used again for a second liquid,
it is, of course, necessary to clean the tube carefully with cleaning
solution, followed by a few rinsings with distilled water and then
acetone. Finally, the tube must be dried thoroughly. When the
tube is not in use, it should be covered at both ends to prevent the
smallest traces of dust from entering, If reproducible half-times can-
not be obtained, the capillary is not clean, and in some cases the only
remedy is to take a new section of capillary tubing.

(7) Handbook of Chemistry and Physics, 41st Ed., Chemical Rubber
Publ. Co., Cleveland, Ohio, 1960, p. 2181.

CONDUCTANCE OF 2-2 ELECTROLYTES
WITH MULTIPLE CHARGE SITES

By John E Lind, Jr.,i and Raymond M Fuoss

Contribution No. 1693 from the Sterlln?] Chemstrly Laboratory of Yale
University, New Have

Received April 18, 1962

The conductance theory of Fuoss and Onsager2
has been applied extensively to 1-1 electrolytes, but
there has been little examination of higher symmet-
rical charge types because the increased electrostatic
fields reduce the range of applicability of the theory.
Atkinson3-5 and co-workers have investigated a
number of metal salts of m-benzenedisulfonic
acid (HBDS) and p,p-biphenyldisulforhc acid (HB-
PDS). However, no 2-2 salts have been invest-
igated where the anions and cations are both
large and of comparable size. For such salts the
electrostatic interactions at contact are smaller
and thus they better approximate the theoretical
model. The purpose of this note is to present con-
ductance data at 25° in water for two such salts:
the N,N-dimethyltriethylenediammonium (DMD)
salts of BDS and BPDS. DMD is the dimethyl
gquaternized ion of l,4-diaza-bicyclo[2.2.2]octane
with the structure MeN+(CHZH23N+Me.

(1) Du Pont Postdoctoral Research Fellow, 1960-1962.

(2 R. M. Fuoss and F. Accascina, “Electrolytic Conductance,”
Interseience Publishers, Inc., New York, N. Y., 1959.

(3) G. Atkinson, M. Yokoi, and C. J. Hallada, J. Am Chem Scc,
83, 1570 (1961).

(4) C.J. Hallada and G. Atkinson, ibid., 83, 3759 (1961).

(5) C. .T Hallada and G. Atkinson, ibid., 83, 4367 (1961).
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Results

The data for the conductance of DMD-BDS and
DMD-BPDS are given in Table I.
Table |

Conductance of N,N-Dimethyltriethylammonium Salts
in Water at 25°

DMD-BDS DMD-BPDS

10& A 102AA 1046 A 10*AA
27.161 0253 -2 20747  10L14  —
20.754 10583 316821 10307 -2
15529 109.22 v 12472 10562 0
10.996 112.94 -4 8.065 10898 -2
5.657 119.09 v 4143 11322+,
= 099707 - 032n  om = 099707 - 029 m

They were analyzed by the Fuoss-Onsager
equation

A= A —i>cy))A+ Ecylogcy + Jcy +
J2c7)3A -

The analysis was made on an IBM 709 computer
with Kay’s7 program in Fortran which was modi-
fied by the addition of the c3*term in the conduct-
ance equation. A second modification of the pro-
gram was the addition of the condition that, if the
association constant, « ., becomes negative, the
fraction of free ions is set equal to unity. This
change was made because it appears that a small
term in J was neglected which is by this analysis
added as a small negative component to Ka- In
Table I, AA is the difference between the observed
conductance and the value computed from the

(6) J.E. Lind, Jr., and R. M. Fuoss, J. Phys. Chem, 66, 999 (1961).

(7) R, L. Kay, /. Am Crem Soc., 82, 2099 (1960). In order to

adapt the program for 1-1 salts to data for 2—2 salts, one simply re-
places the dielectric constant D by D/4 and the viscosity gby y/2.

K AcypA
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Fuoss-Onsager equation. The dielectric constant
and viscosity of water used in the computation
were 78.54 and 0.008903 poise, respectively. The
density of both salts is about 1.43. The maximum
correction for solvent conductance was 1%.

The results of the analysis are given in Table
Il where A0 = limiting conductance, aj = ion
size parameter from J-terms in the equation, K\ =
association constant for the formation of ion pairs,
and aA = standard deviation in A-units of the data
points from the equation.

Table Il

Derived Constants

al »,
DMD-BDS 13435+ 0.15 430+ 013 40+ 5 0.04
DMD-BPDS 12408 % 0°00 441+ 14-5 £ 1003

The association constant of the DMD-BDS is
40, compared to that of DMD-BPDS, which is
essentially zero. This difference can be explained
by the electrostatic interaction. The distances
between the charges on the DMD and BDS ions
are almost the same, so that when an ion pair forms,
the charge sites of the two ions are very close to
each other. Thus, greater association would be
expected for the DMD-BDS than for DMD-
BPDS, where the distance between the two charges
on the anion is of the order of three times the
charge separation in the cation.

The values of the limiting conductances are not
precise because the salts are hygroscopic, but this
uncertainty has little effect upon the other param-
eters of the equation. The limiting conductance
of the DMD ion can be computed from Atkinson’s
values?6 for the BDS and BPDS ions; the two
values are given in Table IlIl. The difference of
about 1% between them probably is due to a small
amount of water still in our sample of DMD-
BDS; this salt was unusually difficult to dehydrate.
Also given in Table 111 are the (uncorrected)
Stokes radii calculated for the DMD ion.

Table ”l

Salt Sini]bl e lon Corgh.sjl-uctancelz*K- 10)U+
DMD-BDS ~ 59.94 74.4 3.07 247
DMD-BPDS  48.99 75.1 3.76 2.45

The center-to-center ion pair distances computed
from the hydrodynamic radii of DMD-BDS and
DMD-BPDS are 554 and 6.21 A., respectively;
these are higher than the values of aj of 4.3 and 4.4,
respectively.  These hydrodynamic dimensions
should be larger than the electrostatic because the
charge sites are situated near the ends of the pro-
late ellipsoidal ions and thus the distance of
closest approach of the charge sites might be ex-
pected to be less than the sum of the mean Stokes
radii of the ions. Thus the Fuoss-Onsager eq.
(1) can adequately represent data for 2-2 salts in
aqueous solution up to concentrations of about 2.5
X 10~3M to 0.02%. For the case of bolaform
electrolytes, we note that the degree of associa-
tion is sensitive to the ratios of the charge separa-
tions in the two ions, the association being greatly
increased when this ratio is near unity.

Notes
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THE HEAT OF FORMATION OF GASEOUS
METHYL NITRITE

ByJames D. Ray and A. Arnold Gershon
School of Chemistry, Georgia Institute of Technology, Atlanta IS, Georgia
Received July 11, 1961

Calculations which have been'made recently
by Gray and Pratt2indicate that the value for the
heat of formation of methyl nitrite calculated from
the equilibrium study of Leermakers and Rams-
perger3 is somewhat in error. Although Gray
and Pratt2 quote unpublished data of Baldrey,
Lotzgesell, and Style as evidence for a revised
value for the heat of formation of methyl nitrite,
this value was obtained from solution calorimetry
and depends ultimately on a small difference be-
tween two large numbers. Geiseler and Thier-
felder4 have determined the heat of combustion of
methyl nitrite, but their value corresponds in
precision to an uncertainty in entropy of +3 e.u.,
which is not sufficiently accurate to determine the
barrier to rotation of the methyl group. We felt
that the direct determination of the heat of re-
action between methyl alcohol and nitrosyl chlo-
ride to form methyl nitrite and hydrogen chloride,
reaction 1, would be a much more sensitive method
for measurement of the heat of formation of methyl

CH3H(g) + NOCI(g) = CHDNO(g) +

HCI(g) (D)

nitrite. In this reaction, the heats of formation
of the other participants all have been determined
with high accuracy: thus the precision of the
Joule expansion reactant mixing gas calorimeter of
Ogg and Ray5would be adequate to determine the
barrier to rotation of the methyl group in methyl
nitrite.
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Data for R eaction of 100 mm. Pressure of CELOH in
the 2698 ml Calorimeter Bottle with OC]. Added to

Give Various Final Pressures
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Discussion

The heat of formation AR°ZBCH3ONO(g) cal-
culated from the equilibrium study of Leermakers
and Ramsperger3is —16.28 kcal./mole; the value
of Baldrey, Lotzgesell, and Style2 is —14.93 =+
0.26; that of Geiseler and Thierfelder4 —16.8
+ 0.8; combination of the heat of combustion
of methyl nitrate gas of Whittaker, Wheeler,
and Pike,13 —29.4 + 0.8, with the value of Ray
and Ogg8 for the heat of reaction of nitrogen
pentoxide gas with methyl nitrite ,gas gives
—14.46 + 0.9: that from the present study is
—15.64 + 0.20. The average of all five results
is —15.62 + 0.94. When the value of the present
study, —15.64, is combined with the value of Cox
and Ray® for equilibrium 1, the entropy of
methyl nitrite gas is calculated to be 66.81 +
0.67. The entropy calculated by Gray and
Pratt2 based on the geometry of the cis-trans

(11) J. D. Ray and R. A. Ogg, Jr., ibid,, 31, 168 (1959).

(12) F. D. Rossini, D. D. Wagman, W. H. Evans, S. Levine, and I.
Jaffe, “Selected Values of Chemical Thermodynamic Properties,”
Circular 500, U. S. Bur. Standards, 1952.

(13) H. H. Whittaker, W. H. Wheeler, an
Fuel, 20, 137 (1947).

d H. H. M. pike, J. Inst.
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isomers and their vibrational frequencies is 73.8,
assuming free rotation. Gray and Reeves¥ have
found a barrier 10,500 + 2000 cal. ascribed to
hindered rotation of the NO group. When an
entropy deficit of 3.0 e.u. corresponding to this
barrier is subtracted, there still remains an en-
tropy deficit of 4 £ 0.7 e.u. between the calculated
and experimental value. Gray and Pratt2 cal-
culated the maximum entropy due to free rotation
of the methyl group to be 3.58 e.u. and that for the
NO group to be 5.80. The entropy deficit 4 +
0.7 e.u. found in the present work thus corresponds
to an essentially fixed methyl group. Such a high
barrier to rotation of the methyl group is reasonable
since in methyl nitrate the distance oof closest
approach of a methyl group H to O is 1.8 A., whereas
the structural data given by Rogowski® indicate
only 1.3 A. for this distance in methyl nitrite.
Further evidence for a large barrier to methyl
group fotation in methyl nitrite is given by Tarte’'s®
analysis of the C D vibrational bands in CHZDONO
and Wagner'sI7 interpretation of the intensity
variation of the Raman -ONO lines which was
ascribed to hydrogen bonding.

Acknowledgments.—This research was supported
in part by a grant from the Research Corporation,
and by a grant from the National Science Founda-
tion.
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HAMMETT CORRELATIONS FOR THE
SOLUBILITY OF GASEOUS HYDROGEN
CHLORIDE IN CERTAIN AROMATIC
SYSTEMS1
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In the typical Hammett relation, a functional
group property, such as an equilibrium or rate
constant, is involved. In sharp contrast, there
now are numerous quantitative relationships in
the literature between a molecular property, such
as the energy of electronic spectral excitations
(hv), and Hammett's v-values. We have there-
fore looked for Hammett relations in the realm
of solubility phenomena, which are also character-
ized by the lack of a localized “reaction” site and
where gross molecular structure similarly plays an
important role. We have found that the data
collected by Brown and Brady3for the solubility
of hydrogen chloride in solutions of some aromatic
compounds follow a linear Hammett relation.
Because of recent successful spectra-structure

(1) Abstracted from a portion of the Ph.D. Dissertation of M. R.,
May, 1961.

(2) To whom inquiries should be addressed, at Department of
Chemistry, The A. and M. College of Texas, College Station, Texas.

(3) H. C. Brown and J. D. Brady, J. Am Chem Soc., 74, 3570
(1952).
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correlations4 of 4-substituted, 2-nitrophenols, we
have measured their solubility in heptane and in
water, seeking a solubility-structure correlation.
The solubility behavior of the 4-substituted, 2-
nitrophenols, however, does not appear to cor-
relate well with a. These results are presented
and discussed.
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Discussion

Data of Brown and Brady.—Brown and Brady
measured the solubility of hydrogen chloride under

low pressures at —78.15° in heptane, in toluene,
and in these solvents containing, in addition,
small amounts of dissolved aromatics.3 Their

data obey Henry’s law closely, and the appropriate
Henry’s law constants, f2 are given in Table L.
In order to explain the variation in f2 with these
different solvents, they also calculated equilibrium
constants for the dissociation of a complex. It
was assumed that all the additional hydrogen
chloride dissolved in the heptane-aromatic solu-
tions (compared with the solubility of hydrogen
chloride in heptane alone) was bound in a 1:1
Ar:HCI complex. In order to avoid, if possible,
assumptions like these regarding the formation of
complexes, the logarithms of the Henry's law
constants themselves were subjected to linear
regression analysis7 to obtain the following good
correlations for the data in Table | for the solu-
bility of hydrogen chloride in: (1) solutions of 0.05
mole of aromatic per mole of heptane, (2) solutions
of 0.10 mole of aromatic per mole of toluene, and
(3) 0.52 M solutions of aromatic in heptane. The

log k2= 3.53 + 0.206¢crp,r = 0.975, s = 0.020 (1)

(4) M. Rapoport, C. K. Hancock, and E. A. Meyers, ibid., 83, 3489
(1961) .

(5) R. D. Void and M. J. Void, “Physical Methods of Organic
Chemistry,” A. Weissberger, Editor, 2nd Ed., Interscience Publishers,
Inc., New York, N. Y., 1949, Vol. I, Pt. I, p. 307.

(6) M. Rapoport and C. K. Hancock, J. Chem Educ., 39, 98
(1962) .

(7) G. W. Snedecor, “Statistical Methods,” 5th Ed., The
State College Press, Ames, lowa, 1956, Chapters VI and VII.

lowa
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Table I
Solubility at —78510 of Hydrogen Chloride in Repre-

sentative Aromatics Dissolved in Heptane or Toluene
Henry's law constant, ht,a
in mm. for the solubility
of hydrogen chloride in
0.05 mole 0.10 mole

of A of A 0.52 m
per mole per mole soin, of
of of Ain
Compound, A heptane toluene heptane ab
1. lodobenzene 3790 0.276
2. Bromobenzene 3660 232
3. Chlorobenzene 4000 318 350 220
4. Fluorobenzene 3260 062
5 Toluene 370 299 27190 - 170
s. Ethylbenzene 2080 - 151
7. Isopropylben-
zene 2490 - 151
8. f-But)iIbenzene 2380 - 197
9. m-Xylene 2980 278 2460 - .340e
10. Mesitylene 2550 2210 - .510d
11. Benzotrlfluorlde 4220 332 551
enzfene §500 308 4
R S

log o = 2.48 + 0.103<rp,r = 0.945, s = 0.013 (2)
log {o = 3.48 + 0.313ffp, r = 0.964, s = 0.024 (3)

correlation coefficient, r, and standard deviation
from regression, s, are given above for each of the
equations. The lines defined by eq. 1 and 3 are
shown in Fig. 1. The deviations from the lower
regression line of Fig. 1for the points for isopropyl-
benzene and ¢-butylbenzene would seem to indi-
cate that increased solubility accompanies an in-
crease in the size of the aliphatic substituent. This
seems reasonable in view of the solubility of hy-
drogen chloride in aliphatic solvents like heptane
alone.

4-Substituted, 2-Nitrophenols.—Above, the
ability of an aromatic molecule to act as a solvent
was examined as a function of the a,,-values of its
substituents. It is more difficult to compare the
solubilities of aromatic compounds in a common
solvent, because it is necessary to use for all of
them a reference state in which their vapor fuga-
cities are the same.8 One way of avoiding this
difficulty is by comparing the solubilities of a
related series of compounds in two different sol-
vents. Then, if the solute has the same mole
fraction activity coefficient in its saturated solu-
tion in the two different solvents, 1and 2

Mi* = RT In (X¥X2 (4)

where X h X2 = mole fraction of the solute in sol-
vents 1and 2, and mi*, m* — chemical potentials of
the solute in its standard state (extrapolated from
infinite dilution to unit mole fraction9 in solvents
land 2.

Provided that the solubilities are sufficiently
affected by changes in the apvalues of the substit-

(8) J. H. Hildebrand and R. L. Scott, “The Solubility of Non-Elec-
trolytes,”” Reinhold Publ. Carp., New York, N. Y., 1948, p. 263.

(9) F. Daniels and R. A. Alberty, “Physical Chemistry,” 2nd Ed.,

John Wiley and Sons, Inc., New York, N. Y., 1961, p. 157, Convention
11.

Mm* =
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uents, and yet not too strongly affected by the changes
in size and shape of the molecule or the particular
nature of the substituent, it should be possible to
obtain a correlation between the logarithm of the
solubility ratio in the two solvents and the <p
values of the substituents present.

The solubilities of a test series of five representa-
tive 4-substituted, 2-nitrophenols were measured
in two solvents at 25°, one highly polar, water

Table ”

Sotubitities of 4-Substituted, 2- Nltroghenols in Hep-
tane and in Water at ?

NO2
Solubility,

N R epiane ” ater .
1 ochs 172 00418 2304 -0.268
> H 10.3 238" 2413 000
3 Cl 2.81 0275 575.0 221
4 COCHs 0117 1443 314
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might also be expected to be appreciable in such
widely different solvents as water and heptane.
Other solvent pairs such as p-dioxane and cyclo-
hexane suggest themselves as possibilities for
reducing the non-Hammett effects on solubility.
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Welch Foundation. The statistical calculations
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Texas Engineering Experiment Station, College
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MOLECULAR COMPLEXES OF
TETRACYANOETHYLENE WITH
TETRAHYDROFURAN,
TETRAIIYDROPYRAN, AND p-DIOXANE1

By Ruth Vars, Lucy A Tripp, and Lucy W Pickett

Carr Laboratory, Mount Holyoke College, South Hadley, Massachusetts
Received April 26, 1962-

During the course of an investigation of molecu-
lar complexes of tetracyanoethylene (TCNE)
and aromatic molecules, Merrifield and Phillips2
noted evidence of complex formation with the
solvent, diethyl ether. This fact suggested that
such complexes might be used as a means of base
strength comparison of the cyclic ethers whose
absorption spectra have been under investigation
in this Laboratory.3 Preliminary studies showed
that tetrahydrofuran, tetrahydropyran, and p-
dioxane when mixed with a chloroform solution of
TCNE all have absorption bands, absent in the
unmixed reactants, which are suitable for the
determination of association constants.

Experimental
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(1) This work was supported by a grant from The Petroleum Re-
search Fund administered by the American Chemical Society. Grate-
ful acknowledgment is hereby made to the donors of the fund.

(2) R. E. Merrifield and W. D. Phillips, J. Am Chem Soc., 80, 2778
(1958). .

(3) L. W. Pickett, N. J: Hoeflich, and T. C. Liu. ibid., 73, 4865
(1951); G. Fleming, M. Anderson, A. Harrison, and L. Pickett;
J. Chem Phys., 30, £51 (1959).

(4) T. L. Cairns, etal., J. An Chem Soc., 80, 2775 (1958).
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Results

The absorption bands considered to be charge
transfer bands of the TCNE complexes were broad
structureless bands with maxima at the following
wave lengths: tetrahydrofuran, 318 mp; tetra-
hydropyran, 330 Trip; dioxane, 350 mp. Measure-
ments were made at these wave lengths since there
was no interference from the other components in
the solution. For example, dioxane, a mixture of
dioxane and chloroform, and a chloroform solution
of TCNE all were found to have negligible absorp-
tion at the wave length used. The molar extinction
coefficient of the 1:1 complex and the association
constant for its formation were calculated by the
Benesi-Hildebrand method6 from the intercept
and slope of the straight line obtained when the
ratio of the molar concentration of TCNE to the
absorbance at the appropriate wave length was
plotted against the reciprocal of the mole fraction of
the ether. A characteristic set of data for dioxane
and the corresponding plot are shown in Table |
and Fig. 1.

Tablel

Absorbance of TCNE-Dioxane Complex

ML di- [TCNEJ/a [TCNEIM

Oxane A A X 102 X 105, i
added” 25° 35° 25° 35° 1B]
1 ' . 2.10 . '
0520  0.484 226  6.34
2 045 610 1.45 1.54 3.67
3 675 633 122 130 278
4 659 623 1 1.17 234
Sy s 55 11 W0 o ke
|n|Fﬂ6f1Cw§§lS&se énOJ %o]I'ufl lon Was 3rﬁ”eass(dr% o Of 8(9 cm

Values of K also were calculated by the absolute
method of Rose and Drago.7 Comparable results
were found when units were converted and there
seemed to be no advantage in the use of this method
for these complexes. Table Il gives the results
of individual runs and Table Il summarizes the
data and gives 95% confidence limits.

(5) R. A. Sturges, Honors Paper, Mount Holyoke College, 1959;
R. A. Sturges, J. Maxwell, and L. W. Pickett, “4th Report on Re-
search," Petroleum Research Fund, 1959, p. 38.

(6) H. A. Benesi and J. H. Hildebrand,

2703 (1949).
(7) N.J. Rose and R. S. Drago, ibid., 81, 6138 (1959).

Am Chem Soc., 71,
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Values Or eand K
Compound Temp., °C. e K
Tetrahydrofuran (THF) 25 25 132
3225 1.26
3448 1.09
3106 114
309 114
35 3105 1.07
0%  1.07
Tetrahydropyran (THP) 245 2632  :.30
2118 136
2816 137
p-Dioxane 20 1792 2.21
183 231
1802 2.28
25 1886 214
1905 2.12
3H 186 1.9
1905 193
Table 111
Summary of Data“
A", AH",
Com- cai./ kcall A,
pound nifu e K mole mole en.
THF 318 3125 + 57 1.15+0.09 - 78 -1.14 -3.0
THP 330 2742+ 242 134+ 08 -173
95 I| Ve Values at 25° exce
t/ %ﬁ%“ Xrgcg) mr' rgn é] namic values refer to ]e
f rp ince ac VI €S aFe apcp | d
ec |veyasm ractions in the case of 1:1 complexes.

Discussion of Results

The absorption bands observed are believed to
be charge transfer bands as explained by Mulliken8
and others.9 The results obtained are in reasonable
accord with expectation. It will be seen that the
value of the association constant increases with in-
creasing wave length of the charge transfer band
as was noted in a series of methylbenzenes by
Merrifield and Phillips.2 The value for ethyl ether,
K 1.54, with . band at 335 mp reported by the
latter authors, lies on the same smooth curve when
the band maximum frequency is plotted against
K for the four compounds.

Furthermore, it is reasonable that the complex
in each case is less stable at higher temperatures
and that AHOand ASO are of reasonable sign and
magnitude. It also is in accord with reasonable
expectation that the complexes of the five- and
six-membered rings are similar in stability while
that of the dioxane, with two .equally probable
points of attack, is approximately twice as great.

However, there are other points which were not
anticipated. Studies of the complexes of these
cyclic ethers with iodine® have given similar
values for THF and THP with THF having the
larger value for the dissociation constant. The
values for ether and dioxane were smaller. The

(8) R. S. Mulliken, J. Am Chem Scc.. 74, 811 (1952); J. Phys.
aum, 56, 801 (1952).

(9) H. McConnell, J. S. Ham, and J. R. Platt, J. Chem Phys., 21,
66 (1953).

(10) Sr. M. Brandon, M. Tamres, and S. Searles, J. Am. Chem Scc.,
82, 2129 (1960); M. Tamres and Sr. M. Brandon, ibid., 82. 2134

(1960).
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LIBJ.
Figure L

different character of the acid and the steric factors
involved may account for this difference. Tetra-
eyanoethylene is a planar molecule and the other
molecule may approach in a roughly perpendicular
direction. The differences may be affected by
association of the ethersll with the solvent chloro-
form where heat of mixing has been observed as a
measure of hydrogen bonding. This suggests a
competitive process whereby the compound most
readily hydrogen bonded is least available for com-
plex formation. It was not possible to find a sol-
vent where some interaction with either donor or
acceptor was not a possible factor.

Second, there would seem to be no obvious
reason why a 2:1 as well as a 1:1 complex of
TCNE-dioxane should not exist. Experiments
devised to detect this gave no evidence of a second
complex but the problem of dissolving sufficient
TONE in a solvent with which it does not complex
meant that optimum conditions could not be
achieved. In this connection it is of interest that
Holliday12 was able to prepare a 1:2 complex of
dioxane with boron trifluoride but could make
only a 1:1 complex with boron trichloride.

It is of interest that no evidence of complex
formation with 1,3,5-trioxane was observed. No
color developed as was observed in the case of
dioxane and no absorption band was found in the
region above 280 mp. Possibly the acetal-like
properties of this molecule overshadow its ether-
like properties.

(11) S. Searles and M. Tamres, ibid,, 73, 3701 (1951).

(12) A. K. Holliday and J. Sowle, J. Crem Soc., 11 (1952);
Grimley and A. K. Holliday, ibid., 1215 (1954).

J.



1756

COMMUNICATION

MASS SPECTRUM OF CARBON SUBOXIDE
Sir:

Recently, several articles have appeared in the
literature dealing with carbon suboxide (C32.
The presence of C32in a reacting gas system has
been identified by its infrared emission* and gas
chromatography.2 The published literature, how-
ever, does not appear to contain the mass spectrum
of C2 Thus, we have undertaken the task of
obtaining the cracking pattern of this compound.

The carbon suboxide was prepared by a modifica-
tion of the method of Stock and Stoltzenburg.3
From past experience, the impurities in the freshly
prepared carbon suboxide were found to be acetic
acid and carbon dioxide. The acetic acid was
removed by fractional distillation. The carbon
dioxide was removed by two techniques. The
first involved the distillation of the C32and C02
into an evaporator. Helium gas then was passed
through the C32at a temperature of ca. —78° to
displace the C02 The second technique used was
to warm the C2to ca. —40 to —20°, apply a
vacuum for a period of 10-20 sec., and then re-
freeze the C3 2in liquid nitrogen. This procedure
was repeated several times. Both techniques
showed the complete removal of C02 within the
limits of detection of a Beckman GC-1 gas chro-
matograph using a silica gel column.

The spectrometer used was a General Electric
analytical mass spectrometer. About 12 min.
was required to sweep CP2 from ms/e = 12 to
m/e = 70. The rate of leak of C3 2 expressed
as % decrease of pressure in the 2-1 reservoir per
min. was 2.6. The ion accelerating voltage was
held constant at 1750 volts, and the magnetic field
scanned from 45 ma. at m/e = 12 to 110 ma. at
m/e = 70. The ionizing current and potential
were operated at 50 fi& and 50 volts, respectively.

The operational procedure was as follows: low
pressures of CP 2in the 2-1. reservoir were obtained
by expansion from a series of dosing volumes.
Pressures were measured on a McLeod gage (tilt-
ing type). Samples were admitted to the leak 1
min. before beginning the sweep. The filament
became carbonized as a result of the dissociation

(1) L. H. S. Roblee, Jr., J. T. Agnew, and K. Wark, Jr., Corrbust.
Harre, 5, 65 (1961).

(2) H. B. Palmerand T. J. Hirt, ./. Am. Chem Soc., 84, 113 (1962).

(3) A Stock and H. Stoltzenburg, Ber., 50, 498 (1917).

Communication to the Editor

Vol. 66

TO THE EDITOR

of CP2 The filament therefore was conditioned
with oxygen prior to each run until the m/e = 28
peak was approximately 7% of the m/Ze = 32
peak.

The results of two analyses are given in Table I.
The 100% peak appears at m/e = 40. CO02 was
the only detectable impurity. The amount of
CO02present was 0.17%.

Tablel

M ass Spectrum of C3-2
_ Relative
Peak height intensity
m/e |0n | ” I ”
12 C+ 478, 254, 26.0 29
13 53 3.0 0.29 0.27
14 C(>++ 1.8 0.8 0.10 0.07
6 ot 14.0 7.8 0.70 0.70
24 (s 244, 140, 13.3 12.6
25 6.0 3.0 0.33 0.27
2% CJ)+t 7.0 4.0 0.38 0.36
21 2.0 1.3 0.11 0.12
28  COt 498, 295, 21.0 26.1
29 5.5 3.0 0.30 0.27
30 1.0 0.4 0.05 0.04
34 Cxb++ 168. 98.1 9.1 8.9
34.5 5.2 3.0 0.28 0.27
3 0.6 0.5 0.03 0.04
36 cu 22.8 135 1.2 1.2
40 CD+ 1839, 1110. 100. 100.
41 40.5 40 22 2.2
42 4.0 2.5 0.22 0.22
43 1.0 1.3 0.08 0.12
Y CX)+ 44.2 25.9 2.4 2.3
53 15 1.0 0.08 0.09
68 Cd) ot 1734, 1044, 94.5 94.2
69 5.0 40. 3.0 3.0
10 _ 1.5 45 041 0.40
Pressure (microns)  1S0. 110,

The authors wish to acknowledge the assistance
of Dr. F. J. Vastola of the Fuel Technology De-
partment in preparing this note and the support
of the above work by the Atomic Energy Com-
mission, Contract No. AT(30-1)-1710.

Fuel Technology Department Thomas J. Hirt
T he Pennsylvania State University

University Park, Pennsylvania James P. Wightman

R eceived August ].0, 1962
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The Varian V-4502 Spectrometer System permits

display of both the first derivative and the second

derivative of the resonance signal. The microwave
idge is designed for observation of either the ab-
rption or the dispersion. This illustrates the ver-
tility of Varian E

EXAMPLE

DPPH in Benzene: First and second derivative of the absorption and dispersion.

Recorckr display of the second derivative of megretic resonance
absorption hes been conron insaveral laboratories for nary
years. Digplay of higher derivatives does not, of course, produce
ary rew inforration. Navertheless, the retiod Fes sore dfinite
advantages. For exanple, muh of the informration present in
- . an BRexperiment lies in the shepe of the resonance. Tre sec-
Ist Derivetive, Absorption ond cerivative is very sersitive 1o the shepe, and dbsenvation
of it rmay penit ready detection of dlight changes in cunvature.
Arother application arisss when two overlapping lines of dif-
ferent widts are emcountered. Tre second derivative will sup-
press the broackr lire by the square of the ratio of lire widths.
Athird gpplication is to improve tre resolution of overlapping
hyperfire lires. Ineach of trese illustratios, the visudl display
of the second derivative resuUited in an essier interpretation of
2nd Derivative, Absorption the resorerce Sigrels. o _ _
Detection of the second derivative is acconplished by wsing
field nodulatiors at two frequercies of about the sare anpli-
e Tre doubly mrodulated signel ssjqeatoﬂ’efollomr’g
series of operatiors: Anplification at tre high
pfesewﬂn\eothCUmatﬂ’ehmﬁ’eqﬂrw»arrﬂlﬁ(anm
at tre low frequency — phese sarsitive oetection at tre low
frequency recorcer display. Trhe second derivative is ob-
tained when the nodulation anplitudes are sal corpared
1st Derivative, Dispersion o tre lire vidth ) )
Resoranoes from the “classic’ BR nreterial, DA dissolved
in berzere, are illwstrated in the figure. FArst and second deriv-
atives of the asorption and dispersion resut in the four aunes.
Tre display of tre second derivative of the dispersion is less
gererally applicable, although there may be sore wess inthe
study of inhonrogeneously broadened systens sLch as donors in
2nd Derivative, Dispersion semiconductors and color centers inalkali helices.
We would be interested to hear from any readers who have
further comments on second cerivative presentation

For literature which fully explains the 100 he
EPR Spectrometer and its application to basic VARIAN associates

and applied research in physics, chemistry, biology PALO ALTO 52, CALIFORNIA
and medicine, write the Instrument Division.
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