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Molecular beam analysis, a method for monitoring transient intermediates in gaseous reactions by a combina-

tion of molecular beam and mass spectrometric techniques, is employed to study the reaction of fluorine atoms

with CC14

provides absolute measurements of the concentration of both atomic and molecular fluorine.

Atomic fluorine is generated by discharging either CF4 or F2Ar mixtures.

Titration with H2
The observation

that very little CC13 is formed at low F2concentrations, such as are produced by discharging CF4, establishes

that at 25° the mechanism of the initial reaction is abstraction to produce FC1 and CC13

The rate constant

is 2.4 X 108cm 3 (mol sec) to within a factor of 2.

Introduction

Surprisingly few studies of the Kkinetics of atomic
fluorine reactions have appeared in the literature, par-
ticularly in comparison with the voluminous amount of
rate data available for nitrogen, oxygen, and the other
halogens. In fact, prior to 1970, the only experi-
mentally determined absolute rate constant for an
atomic fluorine reaction was for F + cci4,1 and this
value is

inconsistent with recent thermochemical

measurements. Other reports on fluorine atom Kkinetics
have included relative rates of hydrogen abstraction
from hydrocarbons and their halogenated derivatives2
and activation energies for the reactions F + O33
and F + In addition, vibrational energy dis-
tributions have been determined for HF and DF pro-
duced by the reaction of atomic fluorine with H2 and
D26

The lack of convenient methods of generating,
handling, and measuring the concentration of atomic

CIF3.4

fluorine is the principal reason that so few investiga-
tions of the kinetics of its reaction have been reported.
In almost all the work summarized above, fluorine
atoms were produced by thermal or photolytic de-

composition of F2 However, weakly bound molecular
fluorine (DO = 37 kcal/mol) is so reactive that careful
consideration of its reactions is necessary in inter-
preting such kinetic data.

In an effort to overcome this difficulty, Wagner and
coworkers have recently developed a fluorine atom
source based on the reactions

N + NF2—> N2+ 2F 1)

The NF2 radical is prepared by thermal dissociation

(1) D.T. Clark and J. M. Tedder, J. Phys. Chem.. 68,2018 (1964).

(2) P. C. Anson, P. S. Fredricks, and J. M. Tedder, J. Chem. Soc.,
918 (1959); G. C. Fettis, J. H. Knox, and A. F. Trotman-Dickenson,
ibid., 1064 (1960) ; R. Foon and N. A. McAskill, Trans. Faraday Soc.,
65, 3005 (1969).

(3) E. H. Staricco, J. E. Sicre, and H. J. Schumacher, Z. Phys. Chem.
(Frankfurt am Main), 31, 385 (1962).

(4 R. L. Krieger, R. Gatti, and H. J. Schumacher, ibid., 51, 240
(1966).

(5) J. H. Parker and G. C. Pimentel, J. Chem. Phys., 51, 91 (1969);
J. C. Polanyi and D. C. Tardy, ibid., 51, 5717 (1969); T. P. Schafer,
P. E. Siska, J. M. Parson, F. P. Tully, Y. C. Wong, and Y. T. Lee,
ibid., 53, 3385 (1970).

(6) “Bond Dissociation Energies in Simple Molecules,” NSRDS-
NES 31, U. S. Government Printing Office, Washington, D. C.,
1970.
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of NZ4 and treated with nitrogen atoms produced by
microwave discharge through N27 Using this source,
Wagner, et al., have measured the absolute rate con-
stants for fluorine atoms reacting with H27 CI28 and
CH49 As a source of fluorine atoms, this scheme has
the advantage of limiting the F2 concentration to the
small amount which results from atomic fluorine re-
combination. Neither the volume nor surface fluorine
atom recombination rate has been measured. How-
ever, at pressures of afew Torr or less in glass or Teflon-
coated systems, both processes seem to be quite slow.
Unfortunately, the low efficiency with which N2 is
dissociated in microwave discharges limits the con-
centration of atomic fluorine that can be produced by
Wagner’'s method and restricts this source to the study
of fast reactions. Further disadvantages are the high
cost of NZ4 and the necessity of pyrolyzing it to form
NF2 In addition, since both nitrogen atoms and NF2
are reactive species, the excess of either must be kept
to a minimum and accounted for in the analysis.

These limitations have led us to investigate alterna-
tive methods of producing fluorine atoms for rate
studies. We have found that the microwave discharge
through CF4is a simple and convenient source of atomic
fluorine almost completely free of F2 In addition,
when considerable F2 can be tolerated, discharges
through F2Ar mixtures can be employed to produce
higher concentrations of fluorine atoms.

These discharge systems have been characterized by
molecular beam analysis, a novel technique for identify-
ing and monitoring transient intermediates in gaseous
systems that has recently been developed in our lab-
oratory. Since quantitative Kkinetic studies often re-
quire knowledge of absolute atom concentrations, we
have developed a gas-phase titration with H2 which
converts the relative concentrations of F and F2 pro-
vided by molecular beam analysis to absolute values.

Finally, these techniques of generating atomic
fluorine and measuring its concentration have been
employed to study the rate and mechanism of the F +
ccia reaction. Although recent studies had sug-
gested that a displacement mechanism predominates
for this reaction at flame temperatures, at 25° it is
shown to proceed by abstraction to form FC1 and CC13
Our measured rate constant of the reaction is far more
compatible with its endothermic nature than the value
obtained in a previous investigation.1

Experimental Section

In ordinary mass spectrometry, the detection of gas-
phase reaction intermediates is often precluded owing
to interference from dissociative ionization of stable
molecules. These interferences may sometimes be
avoided by careful control of the energy of the ionizing
electrons. However, owing to the weak F2bond, this
procedure is particularly ineffective in removing F2
contributions when monitoring fluorine atoms by mass

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972
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spectrometry. In addition, much of the inherent
sensitivity of mass spectrometry is sacrificed by use of
low-energy electrons and the small electron currents
that are necessary for precise energy control.

The molecular beam analyzer employed in this work
is a mass spectrometer equipped with a high-efficiency
Weiss-typeDionizer, which ionizes with ca. 250 mA of
100-V electrons. No attempt is made to identify the
neutral parent of each ion by appearance-potential
discrimination. Instead, a number of molecular beam
techniques are employed to separate these neutrals
before they enter the ionizer. The most important
of these techniques in the present work is magnetic
deflection. A beam obstacle and inhomogeneous mag-
netic field are arranged so that only paramagnetic
species are directed into the ionizer. Some diamagnetic
molecules (ca. 2% of the unblocked beam) are scattered
into the ionizer, but the net result is greatly increased
sensitivity for detecting free atoms or radicals. The
magnetic field is produced by a small permanent hexa-
pole magnet. Comparisons with the field off and on
are made by raising the magnet and then lowering it
onto a kinematic mount which reproducibly aligns it on
the beam axis. The beam is modulated and a hybrid
detection system, consisting of pulse amplification and
phase-sensitive detection, is generally employed. By
substituting an electric quadrupole field for the magnet,
electric deflection can be used to separate polar from
nonpolar species. Velocity distributions of neutrals
may also be determined, either by pulsing the beam and
measuring the time dependence of the ion signal or by
modulating the beam in a pseudorandom manner and
employing correlation techniques. Repetitive multi-
scaling is used to increase the signal-to-noise ratio of the
measured velocity distributions. Figure 1 shows a
schematic representation of the molecular beam ana-
lyzer. A more detailed description of the method may
be found in ref 11.

In this work, fluorine atom concentrations were taken
as proportional to the paramagnetic component of the
rri/e 19 ion current. Velocity distribution measure-
ments showed that this signal results from a neutral
with a mass of roughly 20, thus substantiating that it
arises from fluorine atoms.

The conventional discharge-flow system, consisting
of a quartz discharge tube and a Pyrex flow reactor,
was found to be unsuitable for studying fluorine atom
kinetics. Atomic fluorine reacts rapidly with Pyrex,
producing an etched appearance, and very few fluorine

(7) K. H. Homann, W. C. Solomon, J. Warnatz, H. Gg. Wagner, and
C. Zetzsch, Ber. Bunsenges. Phys. Chem., 74, 585 (1970).

(8) J.Warnatz, H. Gg. Wagner, and C. Zetzsch, ibid., 75, 119 (1971).
(9) H. Gg. Wagner, J. Warnatz, and C. Zetzsch, in preparation.
(10) R. Weiss, Rev. Sci. Instrum., 32, 397 (1961).

(11) C. E. Kolb and M. Kaufman, Chem. Instrum., 3, 175 (1971);
C. E. Kolb, Ph.D. Thesis, Princeton University, 1971; C. E. Kolb
and M. Kaufman, ONR Report No. AD-721400, Jan 1971.



Molecular Beam Analysis of Reaction of F and CCl4

bombardment ionizer, (B) magnet pole tips, (C) variable slits,
(D) electron multiplier, (E) variable leak value, (F)
directional entrance, (G) flexible metal bellows, (H)
straight-through valve, (J) pulser or modulator, (K)

magnetic pickup, (L) motor, (M) rotary motion feedthrough,
(N) bearing, (P) movable obstacle, (Q) electric quadrupole
field, (R) high voltage terminal, (S) reactor [reproduced

with permission from Chem. Instrum., 3, 175 (1971)].

atoms remain after flowing through 80 cm of Pyrex
tubing. The reaction between fluorine atoms and
quartz is considerably slower, but some *“clouding”
can be noted after several hours of exposure. Within
the discharge region, corrosion is even more severe,
and usually a hole penetrates the 1-mm thick quartz
wall of the discharge tube within 10 hr of operation.
(We employ an Evenson-type discharge cavity,2
operating with 50-100 W of 2450-MHz power in the
pressure range 0.2-2 Torr.) The molecular beam
analyzer indicates large amounts of SiF4 and COF2
in such systems, with smaller amounts of SiOF2 02
C02 OF9BF3 CZx6gand F2

Teflon is the material of choice for handling atomic
fluorine. We have successfully employed both Teflon
liners and Teflon coatings in quartz and Pyrex flow
systems to greatly reduce wall reactions. The coat-
ings are applied by a technique similar to that used by
Berg and Kleppner to coat hydrogen maser storage
bulbs,13 and generally withstand serious deterioration
for 50 hr or more of exposure to the discharge products.
Unfortunately, Teflon is not suitable within the dis-
charge cavity, where it is quickly vaporized, with the
production of many low molecular weight fluorocarbons
(and very few fluorine atoms). For the discharge
section of the flow system, we have thus employed a
0.5-in. diameter cast alumina tube, similar to that used
by Rosner and Allendorf.4 In such tubes, production
of OF2and COF2rapidly drops to extremely low levels.
Presumably, alayer of nonvolatile A1F3is formed, which
protects the discharge tube from further attack. No
aluminum-containing species was ever detected mass
spectrometrically. However, a very small 0 2 signal
was persistent, probably indicating some tendency for
fluorine and oxygen atoms to diffuse through the A1F3
coating. Oxygen and oxygen-containing compounds
appear to be catalytic for production of fluorine atoms
in both the F2Ar and CF4 discharges. Thus, while
discharges in alumina tubes are a much *“cleaner”
source of fluorine atoms, they generally produce lower

949

Figure 2. Diagram of discharge flow system: (A) nylon O
ring “quick connects” with Teflon inserts, (B) 0.5-in. 0.d. cast
alumina tube, (C) Evenson-type microwave cavity, (D)
stopcock connection to McLeod gauge, (E) O ring “quick
connects”, (F) 19-mm Teflon-coated glass tubing, (G) beam
collimator, (H) sampling orifice, (1) sight tube, (J) movable
gas inlet tube (7-mm o.d.), (K) Teflon O ring vacuum seal,
(L) vacuum trap filled with 8-14 mesh activated alumina,
(M) vacuum trap with Cu turnings, liquid N2 cooled.

concentrations of atomic fluorine than discharges in
quartz tubes. In addition, the dielectric loss factor of
alumina is somewhat greater than that of quartz.b
Thus, discharges through alumina are more difficult to
maintain and a greater portion of the microwave power
is lost as heat.

A diagram of the discharge-flow system is shown in
Figure 2. The O-ring-sealed connector between the
discharge and flow tubes is lined with Teflon. The
movable inlet tube is either Teflon or Teflon coated.
Two traps, the first containing 8-14-mesh activated
alumina and the second containing copper turnings at
liquid N2 temperature, were employed to remove F
and F2from the gases entering the Duo-Seal Model 1397
mechanical pump.

Gas flows were measured either with displacement-
type (CF4 Ar) or calibrated capillary (H2 flow meters,
or by measuring the rate of pressure drop in a known
volume (CC14). Pressures were determined with a
McLeod gauge or, in the presence of F2 with a cal-
ibrated thermocouple gauge.

(12) F. C. Fehsenfeld, K. M. Evenson, and H. P. Broida, Rev. Sci.
Instrum., 36, 294 (1965), commercially available from the Opthos

Instrument Co.

(13) H. C. Berg and D. Kleppner, ibid., 33, 248 (1962).

(14) D. E. Rosner and H. D. Allendorf, J. Phys. Chem., 75, 308
(1971).

(15) “Handbook of Chemistry and Physics,” 49th ed, Chemical
Rubber Publishing Co., Cleveland, Ohio, 1968, pp E 63, 64.
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Matheson Gas Products F2 CF4 (99.7%), and Ar
(prepurified grade, dried over PD 5 were employed.
The F2was passed through a NaF trap to remove HF
and transported from a barricaded cylinder to the flow
system through passivated copper tubing and Matheson
valves specially treated for fluorine handling. Mathe-
son Coleman and Bell spectral grade CC14 (frozen and
pumped on before use) and Liquid Carbonic Co. hydro-
gen (99.9%) were employed. Only halogenated hydro-
carbon grease (Halocarbon Products Corp.) was used on
vacuum fittings.

Results and Discussion

Discharged CF4as a Source of Atomic Fluorine. The
low cost and toxicity of CF4make it an attractive candi-
date for a discharge source of fluorine atoms. Car-
rington, Levy, and Miller used discharged CF4to ob-
tain the esr spectrum of gas-phase atomic fluorine.’6
They detected both the P»/2ground state and the Pi/2
first excited state, which lies just 404 cm-1 above the
ground state. The intensity of the lines indicated a
somewhat higher population of the excited state than
that expected from a Boltzmann distribution. Wagner,
et al., have observed that it is likely that N + NF2also
produces a non-Boltzmann population of the 2./2
state.7 Polanyi and Tardy also used a CF4 discharge
in their study of the chemiluminescence of the F + H2
reaction.5

When the alumina discharge section and Teflon-
coated flow tube were used, the only species present in
quantity 30 cm downstream of the discharge were
undissociated CF4 CZF6 and atomic and molecular
fluorine. Under typical conditions (0.2-0.6 Torr of
CF4 50-100 W of discharge power, and linear flow-
rates of 50-150 cm/sec), titration with H2 indicated
that atomic fluorine concentrations were 0.4-1.0 X 10-9
mol/cm3and were three to ten times the concentration
of molecular fluorine. Magnetic and electric deflection
gave no indication of any CF, CF3 or CF2in this system,
although we must admit to having very low sensitivity
for the latter species due to its singlet ground state
and rather weak Stark effect.7 We thus conclude
that discharged CF4is a convenient source of fluorine
atoms, suitable for Kkinetics studies where it is im-
portant to minimize interference from the reactions of
F2

Discharged F~-Ar Mixtures as a Source of Atomic
Fluorine. In view of the weakness of the F-F bond,
it is not surprising that an electrodeless discharge
through molecular fluorine produces large concentra-
tions of fluorine atoms. Atomic fluorine has been
generated in this manner for several paramagnetic
resonance studies.’l8 In addition, Rosner and Allen-
dorf have recently employed F2Ar mixtures, dis-
charged in an alumina tube, to produce fluorine atoms
for investigation of the Kkinetics of their reactions with
refractory solids. 4
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In our work, Ar:F2 ratios between 5 and 20 were
employed, at total pressures of 0.5-1.5 Torr. At
linear flow rates of 50-100 cm/sec, titration 30 cm
downstream of the discharge indicated atomic fluorine
concentrations of 1-5 X 10~9 mol/cm3 but generally
in the presence of two to five times as much F2 (Ros-
ner and Allendorf, using higher flow rates and more
dilute F2Ar mixtures, have achieved much higher per
cent decomposition in a similar system.) These high
concentrations of atomic fluorine are extremely useful
for studying the slower reactions of this species.

F + CCk, Reaction Mechanism. At thermal ener-
gies, reactions between atoms and alkanes and their
halogenated derivatives generally proceed by an ab-
straction mechanism.9 By contrast, highly energetic
“hot atoms,” produced photochemically or by nuclear
reactions, can displace atoms attached to carbon, as
well as abstract such species. On the basis of dif-
fusion-flame studies at ca. 1500°K, Homann and Mac-
Lean recently suggested that atomic fluorine might
provide an exception to these generalizations.2l In
flames of F2with CC14 CC13, and CC1ZF2 they were
unable to detect mass spectrometrically products con-
taining two or more carbon atoms, such as would be
formed by reactions of the type

2CC13—> CX16 )

Thus, they concluded that fluorine atoms reacted by
exothermic displacement

F + CCl4— > CC1F + CI
All/2B = —36 = 10 keal/mol2 (3)

rather than by endothermic abstraction

F + CCl4—> FC1 + CC13
AH:q = 8.8 + 5 keal/mol2 (4)

Since both Cl and CC13rapidly react with molecular
fluorine, in the presence of considerable F2 both (3)
and (4) would give the same final products, FC1 and
CC1¥F, and would be indistinguishable. Thus, to
establish the room-temperature mechanism of the re-
action, we added CC14 to atomic fluorine produced
by discharging CF4 At the low F2 concentrations
existing in this system, FC1 was observed, but no CC13,
a primary product of the displacement mechanism,

(16) A. Carrington, D. H. Levy, and T. A. Miller, J. Chem. Phys.,
45, 4093 (1966).

(17) F.X. Powell and D. R. Lide, Jr., ibid., 45, 1067 (1966).

(18) M. Vanderkooi and J. S. MacKenzie, Advan. Chem. Ser., No.
36, 98 (1962); H. E. Radford, V. W. Hughes, and V. Beltran-Lopez,
Phys. Rev., 123, 153 (1961).

(19) A. F. Trotman-Dickenson,
London, 1955, pp 237-242.

(20) R. Wolfgang, Ann. Rev. Phys. Chem., 16, 15 (1965).

(21) K. H. Homann and D. I. MacLean, Combust. Flame, 14, 409
(1970).

(22) D°2@ CCla-F, 106 + 5;
kcal/mol; see ref 6.

“Gas Kinetics,” Butterworths,

CCh-Cl, 70 %k 5; CI-F, 61.2 + 0.5
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was detected. A concentration of CCl¥F one-tenth
as large as the FC1 concentration would have been
easily observable. Since there is no reasonable mech-
anism by which CC13F would be removed in this sys-
tem, the reaction must proceed primarily by abstraction
at room temperature. At higher F2 concentrations,
such as are produced by discharging F2Ar mixtures,
CCIF signals comparable to those from FC1 were ob-
tained.

Magnetic deflection of the parent of the m/e 35
and 37 ions indicated the presence of chlorine atoms
in these systems. However, these probably arise, not
from an initial displacement, but from secondary reac-
tions of the type

CC1F + CI
—30 kcal/mol (5)

F + CC13— CCIF* —

AHZB «

Such reactions between two radical species are ex-
tremely rapid. Very few of the excited CCIF mole-
cules would be stabilized by collisions at these pres-
sures, and thus they would decompose in the most
energetically favorable manner, illustrated by (5).
The atomic chlorine partial pressures were estimated
to be between 0.01 and 0.1 n. The detection of such
low concentrations of chlorine atoms in the presence of
10-50 .. of CC14 as well as other chlorine-containing
species, is an indication of the utility of molecular beam
analysis in observing transient intermediates. Al-
though we have detected CX3 radicals in other sys-
tems, 11 the F + CCIl4 reaction is too slow to produce
observable concentrations of these radicals. Most of
the CC13 is probably converted to CF4 by a series of
reactions similar to (5), followed by reaction with F2
The rapidity of reaction 5 is evidenced by our observa-
tion of some CF3+ ions being produced even at the
higher F2 concentrations of the F2Ar fluorine atom
source.

Although the room-temperature mechanism does not
necessarily prevail at flame temperatures, the endo-
thermicity of the abstraction reaction indicates that it
should markedly accelerate at higher temperatures.
Since in diffusion flames reaction 2 is in- competition
with very efficient scavenging of CC13 radicals by F2
and FC1, it is possible that even if the initial reaction
were abstraction, unobservable quantities of C2ZC16
would be produced.

Atomic Fluorine Concentration. Since the reaction
of atomic fluorine with CC14 proceeds by abstraction,
with eventual regeneration of most of the fluorine
atoms by reaction of CXs radicals with F2 first-order
decay of the atomic fluorine concentration cannot be
expected in this system. The Kinetics can most easily
be studied by monitoring the CC14 decay under condi-
tions at w'hich it is first order. However, this procedure
requires absolute measurements of the fluorine atom
concentration. Although in molecular beam analysis
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the intensity of the paramagnetic contribution to the
to/e 19 ion is a sensitive measure of the relative concen-
tration of atomic fluorine, conversion of this to an ab-
solute basis involves rather dubious estimates of in-
strumental factors such as gathering power of the mag-
netic field, ionization efficiency and multiplier gain.
Alternatively, one could make the conventional as-
sumption that the decrease in the m/e 38 ion produced
by the discharge is due completely to F2 being con-
verted to fluorine atoms. This would neglect changes
in the fragmentation pattern of F2which result from its
being vibrationally excited (as might be expected as a
consequence of the discharge or recombination reac-
tion), and loss of a small amount of fluorine due to re-
action with surfaces.

A third possibility for determining absolute atomic
fluorine concentrations would involve titrating the flu-
orine atoms with a stable molecule which rapidly reacts
with it according to a known stoichiometry. In chemi-
luminescent titration reactions, such as those for atomic
oxygen, nitrogen, and hydrogen, the endpoint of the
titration is indicated by a “color change.” Alterna-
tively, the disappearance of the atomic reactant or the
cessation of product formation may be monitored di-
rectly by a technique such as molecular beam analysis.

No light-producing titration reaction for fluorine

atoms has yet been successfully developed. One chemi-
luminescent sequence
F + NOC1—> NO + FC1 6)
F+ NO—>NOF + hv )]
is complicated with F2present by
F2+ NO —*aNOF + F 8

and by the possible reaction of F2with NOC1.4 Wag-
ner, et al.,” have titrated fluorine atoms with NOC1 by
following the formation of FC1 mass spectrometrically.
They assumed no interference from F2 which was only
a minor constituent of their system.

Since no compound was found which would react
quickly with fluorine atoms but not produce products
which would react with F2 the titration used in this
study was based upon the reaction sequence

H2+ F—> HF + H 9)
H+ F2—> F + HF (10)

The literature values for the room-temperature rate
constants of reactions 9 and 10 are 1.0 X 1013 and
2.3 X 102cm3(mol sec),ZBrespectively.

If loss of hydrogen atoms other than by reaction with
F2is negligible, eq 9 and 10 predict no depletion of the
fluorine atoms until all the F2is consumed. Hydrogen
atoms can be lost by recombination or by combination

(23) R. G. Albright, A. F. Dodonov, G. K. Lavrovskaya, I. I.
Morosov, and V. L. Tal'roze, J. Chem. Phys., 50, 3632 (1969).
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Figure 3. H2titration curve for F atoms and F2

with fluorine atoms, either homogeneously or on the
flow tube walls. The average rate constant for homo-
geneous atomic hydrogen recombination (with H2 as
the third body) from a number of recent determina-
tions2425is 4.4 X 105cm@B(mol2sec). Using a typical
system density of 4 X 10-8 mol/cm3 this can be con-
verted to an equivalent bimolecular rate constant of
1.8 X 108cm3(mol sec), which is more than a factor of
104 slower than k for reaction 10. Teflon is probably
the least effective surface for catalyzing recombination
of hydrogen atoms. The reported recombination effi-
ciency is ca. 10-6, and indicates that this loss mecha-
nism is negligible. Rate constants for association of
hydrogen atoms with fluorine atoms are not available.
However, unless atomic fluorine forms stable complexes
with some component of the system (e.g., FHF with
HF 2, there is no reason to expect that such rates are
much faster than those between hydrogen atoms.
Figure 3 shows a typical titration of atomic and mo-
lecular fluorine in a discharged F2Ar mixture. As pre-
dicted by eq 9 and 10, F2is titrated before F. How-
ever, the atomic fluorine signal usually drops by a frac-
tion,/ (0.15-0.30), before the F2is completely removed.
This effect is undoubtedly partly instrumental—these
fairly large additions of H2causing increased scattering
of fluorine atoms in the vicinity of the sampling orifice
and resulting in their being somewhat less efficiently
gathered by the magnetic field. Addition of compa-
rable amounts of He show that such instrumental fac-
tors are less than 10%, and thus / probably also in-
cludes contributions from H-atom removal processes
other than (10). These two explanations of the drop
in the atomic fluorine signal require somewhat differ-
ent interpretations of the titration data. If instrumen-
tal factors are dominant, the difference in the H2flows
needed to remove F and F2would be equal to the flow
of atomic fluorine. If other H-atom removal processes
are dominant, the difference would equal (1 —/) times
the atomic fluorine flow. (Only 1 —/ of the fluorine
atoms would remain when the F2was titrated.) Since
it is difficult to assess the relative contribution of the
two effects, we have taken the average of the results
provided by the two interpretations, and consider / to
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be an estimate of the possible systematic errors involved
in the titration. Additional confidence in this proce-
dure is gained from the good agreement between the
total fluorine flows (molecular + 0.5 atomic) obtained
from the titration and the measured flow of F2 being
added to the system.

F + CCU, Rate Constant. At 25°, the reaction of
atomic fluorine with CC14 is so slow that, in order to
achieve appreciable consumption (30-60%) of the CC14
in the 30-cm long reaction zone, fairly slow flows (25-
50 cm/sec) and the higher concentrations of atomic flu-
orine produced by discharging F2Ar mixtures were
necessary. Since CCl4gives no parent ion, the extent
of its reaction between the movable inlet and the sam-
pling orifice was determined by monitoring the CC13+
ion with the discharge alternately on and off. No inter-
ference from product CC13 is expected, since CC13+ is
a very minor fragmentation ion of CC13.7 With these
high concentrations of fluorine atoms, and with their
being regenerated by the reaction

F2+ CCl13—> CC1F + F (11)

less than 15% of the atomic fluorine was lost upon addi-
tion of the CC14 Thus, semilogarithmic plots of the
fraction of CC14 that was unreacted vs. inlet position
(and reaction time) yielded straight lines, as shown in
Figure 4. The failure of the data to extrapolate ex-
actly to unity when the CC14is added right at the ori-
fice is probably due to axial diffusion at these fairly low
flows.

The results of room-temperature rate constant deter-
minations are shown in Table I. The mean is 2.4 X
108cm3(mol sec), and one standard deviation is 0.9 X
108cm3(mol sec). Unfortunately, only rather limited
variation of the reaction conditions were compatible
with obtaining sufficient depletion of the CC14to mea-
sure the rate constant. Some systematic variation of
k with CC14 concentration is possible, but this may be

Distance Between CCI4 Inlet and Orifice (cm)

Figure 4. First-order plot of consumption of CCU.

(24) F. S. Larkin and B. A. Thrush, Discuss. Faraday Soc., No. 37,
112 (1964); J. E. Bennett and D. R. Blackmore, Proc. Roy. Soc.,
Ser. A, 305, 553 (1968); D. O. Ham, D. W. Trainor, and F. Kauf-
man, J. Chem. Phys., 53, 4395 (1970).

(25) J. E. Bennett and D. R. Blackmore, ibid., 53, 4400 (1970).

(26) V. Bondybey, G. C. Pimentel, and P. N. Nobel, ibid., 55, 540
(1971) ; R. N. Kortzeborn and P. N. Noble, ibid., 52, 5375 (1970).

(27) A. Cornu and R. Massot, “Compilation of Mass Spectral Data,”
Heyden, 1966.
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due to diffusion effects. Considering possible system-
atic errors involved in measuring the concentration of
atomic fluorine, this result can be considered reliable to
within a factor of two. The reaction is almost defi-
nitely occurring homogeneously, since adsorption on
Teflon surfaces is generally very weak, and the rate
constant is independent of large changes in the Pyrex
to Teflon ratio as the Teflon coating deteriorates.

Table I: Rate Data for F + 005

Total Initial

concn® [CCcu]0 [FI° [FO* K, cm*/(mol sec)
37.5 0.8 2.0 7.6 1.1 X 10«
42.8 0.9 0.9 3.4 1.6 X 10s
53.6 0.5 1.4 2.3 2.9 X 10s
53.6 1.0 1.4 2.3 2.8 X 10s
53.6 1.7 1.4 2.3 1.3 X 10s
33.2 2.5 1.1 3.1 2.5 X 10s
33.2 1.5 1.1 3.1 2.4 X 10®
33.2 1.0 1.1 3.1 3.2 X 108
33.2 0.8 1.1 3.1 3.8 X 108

“ Units, 10"8mol/em3

This value of k differs from that measured by Clark
and Tedder,12 X 1013 cm3(mol sec) (at 20°), by al-
most five orders of magnitude. Clark and Tedder mixed
F2 and CCl4in a N2 diluent at roughly atmospheric
pressure and assumed that the atomic fluorine concen-
tration would be determined by the equilibrium with
F2 However, in their experiments, the CC13 radicals
produced in the initial abstraction would react with F2
with an exothermicity of approximately 70 kcal/mol.
Since this is almost twice the strength of the F2bond,
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there is a possibility of a small amount of branching due
to an energy chain3 (e.g., vibrationally excited CC13
collisionally dissociating F2molecules). If such branch-
ing occurs, the fluorine atom concentration in Clark
and Tedder’s experiment would have been larger than
the value they calculated from the F2dissociation equi-
librium. As a result, their reported rate constant
would be far too high. A branching chain of this type
could be detected by measuring the atomic fluorine
concentration directly, something Clark and Tedder
were not able to do. The ability to directly monitor
intermediates, and thus avoid errors in mechanism, is
the principal advantage of using a technique such as
molecular beam analysis for kinetic studies.

Assuming a normal preexponential factor of 104
cm3(mol sec), our rate constant corresponds to an ac-
tivation energy of 7.3-8.2 kcal/mol. Since D0XB of
C1F is probably very close to 61.2 kcal/mol,® our rate
constant would tend to favor a value for D °Za (CC13
Cl) close to that measured by Farmer, et dl. (67.9 kcal/
mol).3
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Highly vibrationally excited fluoroethane and 1,1,1-trifluoroethane molecules were generated by combination
of CHZF and CF3radicals with CH3 The radicals were produced by cophotolysis of acetone and 1,3-difluoro-
acetone and by photolysis of trifluoroazomethane. The nonequilibrium unimolecular rate constant for HF
elimination from CH3CHZ* was measured using the acetone mixture as the bath gas. The rate constants for
CH3CF3* were measured with CF6 CHN2F3 c-C48 CeF«, and C8& i8as bath gases. RRKM calculations
were done using a four-centered activated complex model and currently favored thermochemical values; good
agreement was found between the calculated and both thermal and chemical activation rate constants for
CH3HZ. For the high D(CH3CF3 value of ~99 kcal mol-1, the chemical activation data support a high
threshold energy, 68 + 2 kcal mol-1, for HF elimination from CH3F3 RRKM calculations for the dissocia-
tion reactions of CH3CF3* and CH3CHZ* indicate that radical dissociation should compete with HF elimina-

tion at energies near 110 kcal mol-1.

The low pressure data for CH3CF3* were analyzed according to a cascade
stepladder deactivation model to obtain estimates of the average energy lost per collision.

An upper limit of

10-12 kcal mol-1 is implied for even the larger bath gas molecules.

Introduction

The combination reactions of methyl and halomethyl
radicals provide excellent chemical activation systems
for studying unimolecular four-centered HX (X = F,
Cl, Br) elimination reactions and vibrational energy
transfer near 90 kcal mol-1 of energy.1-3 The chloro-
or bromomethyl radicalslare more difficult to produce
than fluoromethyl radicals,23 and molecules formed
from the latter offer greater potential for study of en-
ergy transfer. Methyl and fluorinated methyl radicals
mainly have been produced by photolysis of ketones.2-4
In this work we used 1,1,1-trifluoroazomethane in an
attempt to obtain a better source of these radicals. Our
eventual goal is to use this chemical activation system
for studies of vibrational energy transfer. To do this,
it first is necessary to fully characterize the unimolecular
reaction which competes with the collisional stabiliza-
tion. For this purpose the C2HE- reaction was first in-
vestigated since it corresponds most closely with the
previously studied CHZCI and CH®r reactions.lab
The Arrhenius parameters6 and 2)0°(CH3CH ZF) are
known for fluoroethane so these data provide another
consistency test for the general validity of the model
used for the four-centered elimination reactions. The
transition state model that was formulated for CH&
was extended to CHF3 Since the Arrhenius param-
eters6 for CHF3 have been measured, the threshold
energy is relatively well known and the chemical acti-
vation data can be used to provide an estimate of
Z)(CH3CF3.

The nonequilibrium unimolecular reactions of fluoro-
alkanes are of importance for activation by displace-
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ment reactions of hot fluorine and tritium atoms.7 For
this reason the HF elimination reaction channel was
compared to the radical dissociation channel, and both
were extended to relatively high energies using RRKM
calculations. Energy partitioning information18 has
been obtained for the HF product of the CF3CH3reac-
tion and it is desirable to have the more conventional
chemical activation data available as background in-
formation.

Previous chemical activation data were inter-
pretedl0d as showing that highly vibrationally excited
haloethanes transfer, on the average, 10 + 3 kcal mol-1

(1) (@ W. G. Clark, K. Dees, and D. W. Setser, J. Amer. Chem. Soc.,
93, 5328 (1971) ; (b) R. L. Johnson and D. W. Setser, J. Phys. Chem.,
71, 4366 (1967); (c) H. W. Chang and D. W. Setser, J. Amer. Chem.
Soc., 91, 7648 (1969); (d) W. G. Clark, D. W. Setser, and E. E.
Siefert, J. Phys. Chem., 74, 1670 (1970).

(2) (@ G. O. Pritchard and M. J. Perona, Int. 3. Chem. Kinet., 2,
281 (1970); (b) G. O. Pritchard and R. L. Thommarson, J. Phys.
Chem., 71, 1674 (1967).

3 (@ J. A. Kerr, B. V. O'Grady, and A. F. Trotman-Dickenson,
J. Chem. Soc. A, 275 (1969) ; (b) A. W. Kirk, A. F. Trotman-Dicken-
son, and B. L. Trus, ihid., 3058 (1968).

(4) R. D. Giles and E. Whittle, Trans. Faraday Soc., 61, 1425 (1965).
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Soc. A, 2498 (1970); (b) M. Day and A. F. Trotman-Dickenson,
ibid., 223 (1969).

(6) (a) P. Cadman, M. Day, A. W. Kirk, and A. F. Trotman-Dicken-
son, Chem. Commun., 203 (1970); (b) E. Tschuikow-Roux and W. J.
Quiring, J. Phys. Chem., 75, 295 (1971) ; (c) D. Sianesi, G. Nelli, and
R. Fontanelli, Chim. Ind. {Milan), 50, 619 (1968).
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55, 5785 (1971); (b) C. F. McKnight, N. J. Parks, and J. W. Root,
J. Phys. Chem., 74, 217 (1969).

(8 (@ P. N. Clough, J. C. Polanyi, and R. T. Taguchi, Can. J.
Chem., 48, 2919 (1970); (b) M. J. Berry and G. C. Pimentel, /.
Chem. Phys., 49, 5190 (1968).
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of energy per collision with molecules of intermediate
size, e.g.,, CH3C1 or CH2ZC1F. Large perfluoroalkane
molecules were used with CH3CF3* to test whether or
not the average energy removed per collision increased
with increasing size of the bath gas molecule. In ad-
dition to providing information about vibrational en-
ergy transfer, data from several “efficient” bath gases
provide a better estimate for the unit deactivation rate
constant. Although the experiments giving CHG= are
not quite as convenient as those giving CH3CF3 energy
transfer studies with CHHZ are possible and desir-
able.

Experimental Section

Trifiuoroazomethane was prepared using a procedure
similar to that of Haszeldine and Dinwoodie.9 To
minimize polymer formation from reaction of methyl-
amine with the trifiuoroazomethane, the methylamine
was slowly metered through a central jet into the reac-
tion bulb containing gaseous trifluoronitrosomethane.
When polymer formation appeared to be the main re-
action, the reaction was stopped even though some of
the blue nitroso compound remained in the reaction
bulb. The azo compound was separated from the un-
reacted trifluoronitrosomethane using a pentane slush
bath and was purified by gas chromatography using a
Porapak-T column.

The methylamine and CZ6 were obtained from
Matheson Co., and the trifluoronitrosomethane, per-
fluorocyclobutane, perfluorohexane, andperfluorooctane
were purchased from Peninsular Chemresearch Corp.
The 1,3-difluoroacetone was purchased from Pfaltz and
Bauer, Inc., and the acetone was obtained from Fisher.
Gas chromatographic analysis showed that these re-
agents contained negligible impurities; therefore, after
degassing they were used without further treatment.

Experiments consisted of photolyzing trifluoroazo-
methane diluted in a —10:1 ratio with a bath gas and
measuring the product yields. Samples were made up
by introducing measured quantities of trifluoroazo-
methane and bath gas into Pyrex vessels of known vol-
umes using standard vacuum techniques. After shak-
ing the vessels, which contained small glass beads, to
obtain a homogeneous mixture, the samples were pho-
tolyzed for ~2 hr using unfiltered light from a water-
cooled General Electric AH6 high-pressure lamp.
When no bath gas was used, photolysis times of a few
minutes gave sufficient yields for analysis. The wave-
length region between 3500 and 3800 A was responsible
for at least 75% of the photodissociation. Since the
CH3and CF3radicals are formed at very low concentra-
tions in the bath gas, they are thermalized before re-
combination, and the wavelength spread of the photol-
ysis lamp is not important for our measurements. The
temperature of the reaction vessels was maintained at
room temperature by blowing a stream of air over the
surface of the Pyrex vessels. After photolysis the con-
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densable products were recovered by pumping the pho-
tolyzed sample through a glass wool packed trap at
77°K. These products were then transferred to a gas
chromatograph inlet and injected into a 16-ft Pora-
pak-T column. At 55°, the low-boiling products had
the following retention times: CZ6 3 min;, C2HG 6
min; CFZH2 9 min; and CFH3 24 min. To elute
C&i4 C&i8, and trifiuoroazomethane within a reason-
able time, the column temperature was raised to 160°
after the appearance of the trifluoroethane peak.
When c¢-C4-8 was used as a bath gas, a column com-
posed of 3 ft of Porapak S and 6 ft of Porapak T was
used to separate the C4-8 from trifluoroethane. Even
with this modification the C4-8 appeared on the tail of
the trifluoroethane peak. In addition to the radical
recombination products higher boiling products, which
were mainly hydrazines resulting from the addition of
CF3and CH3to CHINZF3 were observed.

Vibrationally excited CH3CH2F was generated by
cophotolysis of CHOCH3 and CHZCOCHZ using
the lamp mentioned above. The irradiation time was
normally ~20 min. Since the extinction coefficient of
CHZCOCHZ is five times larger than that of CH3
COCH3 a 5:1 ratio of acetone to 1,3-difluoroacetone
was used. Since CHZFCOCHZ has a low vapor pres-
sure, the samples were heated to ~90° during the pho-
tolysis. This was done by placing the sealed Pyrex
vessels of known volume in an enclosed pipe; the lamp
output was sufficient to heat the sample to ~90°. The
temperature was regulated by passing a flow of air
through the pipe. After the photolysis the condens-
able products were recovered by pumping the sample
through a glass wool packed trap at 77°K. These
products then were transferred to the gas chromato-
graph inlet and analyzed with a 16-ft column contain-
ing ethylene glycol saturated with AgN 03 followed by
a 2-in. Porapak-S column, which was heated slightly
above room temperature.

For both photolysis systems the gas chromatograph
was calibrated with mixtures containing known quan-
tities of the products. A number of these standards,
containing markedly different ratios of compounds,
were used to ensure that the peak height was propor-
tional to the amount of compound present.

Experimental Results

Rate Constants for C'F/'H-*. The photolysis of tri-
fluoroazomethane gave ethane, hexafluoroethane, di-
fluoroethylene, trifluoroethane, and some high-boiling
hydrazine products arising from radical addition to the
parent compound. Hydrogen abstraction reactions by
CF3or CH3were found to be negligible at room temper-
ature. Typical radical combination product yields are
shown in Table I. These products are consistent with

(9 A. H. Dinwoodie and R. N. Haszeldine, J. Chem. Soc., 2266
(1965).
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Table I: Radical Combination Products“'6from Photolysis
of 1,1,1-Trifluoroazomethane with c-C4-8

(CFiCHb
+ CFiCHi)
Pressure, (CFer

Torr CFb CdHb CFiCHi CFCHb  CiH,))12
750.0 0.011 0.058 0.0019 0.070 2.9
621.0 0.014 0.061 0.0019 0.074 2.6
436.0 0.0065 0.044 0.0017 0.047 2.9
150.0 0.0073 0.046 0.0051 0.043 2.6
110.0 0.038 0.073 0.0071 0.11 3.4
87.9 0.035 0.062 0.012 0.093 2.3
60.5 0.029 0.075 0.028 0.085 2.4
40.7 0.053 0.094 0.057 0.11 2.4
40.4 0.015 0.015 0.014 0.025 2.6
26.9 0.041 0.062 0.066 0.083 3.0
155 0.054 0.079 0.095 0.063 2.4
10.9 0.042 0.059 0.092 0.039 2.6
9.2  0.0081 0.011 0.019 0.0054 2.6

“ Product yields are in cubic centimeters at STP and were
measured with a gas chromatograph having a thermal con-
ductivity detector. 6In addition to these products, hydrazine
products resulting from addition of CF3and CH3to the double
bond of trifluoroazomethane were found in yields comparable to
the above quantities.

the reactions shown below.

CFNZXH3-TV CF3+ CH3+ N2 )
CF3+ CF3—» CF6* )
CH3+ CH3 CHe ©))

CF3+ CH3 CFCH3* 4)
CFXH3 -X CFXH2+ HF (5)

Our primary concern here is the unimolecular decom-
position of vibrationally excited 1,1,1-trifluoroethane.
The photochemistry of CFN2ZH3 and other details,
such as the formation of the hydrazines and mass bal-
ance, will be reported elsewhere. Even with these ad-
ditional reactions, which favor removal of CF3relative
to CH3 the value of (CFXH3+ CFXH2/(CZF6 +
CHOQU should remain constant and equal to kt/
{kzki)’)/ A The constancy of this ratio can be seen from
Table I. At lower pressures the dissociation of ethane
would be expected, as has been reported by Kobrinsky,
etal. D Our value of k j (/cF2 is larger than 2 and is
in close agreement with other work.0 Except for ex-
periments with cC4F8 as the bath gas, most analyses
were done with a hydrogen flame detector which has a
very low response for CF6 Hence information about
the CZF6yield was lost in gaining the enhanced sensi-
tivity for CHZ2and CHXF3

The photolysis of CFN2ZCH3is a clean source of vi-
brationally excited CH3F3*, which either is stabilized
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Figure 1. Plot of CHZF2CH XF3yield ratios vs. pressure-1
for CFG O, CFNZH3 =, and ra-CeFu, O, as bath
gases at 300°K.

Figure 2. Plot of decomposition-stabilization yield ratios vs.
pressure for CFCH3* with c-CiFs, A, and C&i8 m, as bath
gases at 300°K; the pressure scale is in units of Torr-1. The
A symbols are for CHCHZ* at 363°K with the pressure scale
in units of cm-1 of Hg.

by collision or decomposes to give 1,1-difluoroethylene
and HF. The nonequilibrium rate constant is defined
as K = uD/S; S being the amount of stabilized prod-
uct (CFH3, D the amount of decomposition product
(CFXH2, and a = &n[M] with &n being the collision
number and [M] the number of bath gas molecules per
cubic centimeter. Since o is proportional to the pres-
sure, fta can be redefined in pressure units, and k&=
P[D/S], Thus for unit deactivation a plot of D/S vs.
I/P gives a straight line and the slope is the chemical
activation rate constant. For cascade deactivation
the plots show upwards curvature; however, for the
relatively efficient gases used here the higher pressure
points show linear behavior.

These plots for various bath gases are shown in Fig-
ures 1 and 2. The slopes of the linear portion of the

(10) P. C. Kobrinsky, G. O. Pritchard, and S. Toby, J. Phys. Chern.,
75, 2225 (1971).
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Table Il: Experimental Rate Constants for CHF3* and CHHF*
Experimental
rate constants
Molecule Bath gas Torr a 10ssec"d b <r(M), 10-8 cm «/*(M), °K [SWIZ*]IZ
CFXHX c2x6 21 1.9 2.8 51 238 1.20
cC438 21 2.0 3.4 5.8 400 1.28
cfhzxh3 21 2.0 3.4 5.3 400 1.28
CeF4 11 1.2 2.2 6.8 575 1.36
C&is 9 1.1 2.2 7.6 850 1.42
CHFCHZX (CH3ZXO/(CHZF)XO0 151 12.8 20.2 4.7/5.0 519 1.26
“ For SAM = (<r(CFITH3or CHFCH3 + <r(M))/2. bFor Sam = [(<rCFH30or CHFCH3 + <r(M)/2] [RAm229]Vj- cFor CEFH3

and CHFCH3 ¢ = 5.0 and 4.0 A, respectively;

t/k = 270° was used for both molecules.

The rate constants for CF3CH3were

measured at room temperature; that for CH3CHZ were measured at 363°K.

graphs, D/S < 15, and plots of faa vs. pressure were
used to fix the values of the high-pressure rate constants.
These values were converted to units of reciprocal sec-
onds by using Lennard-Jones collision diameters and
Q22 integrals to obtain the collision number, =
SKUZ~"kT/n)'h and the results are summarized in
Table II.

Root1l has tabulated values for collision diameters
based on molecular excluded volumes from critical
property data; and these were used for CFEH3 CZ§
C48 C&i4 and C&i8 The collision diameter for tri-
fluoroazomethane was not covered by any other work.
Basing this molecule on cfs-butenel2 and estimating
from trifluorobutane the amount that a trifluoromethyl
group might add,2 we obtained a value of 55 A. As
noted by Rabinovitchi3the literature values for t/k are
incomplete and inconsistent. The t/k values for the
fluoroalkanes, which correlated best with our data, were
based on reduced second virial coefficients.4 Values
of 238° for CF6and 575° for C«Fi4were obtained di-
rectly from published tables; ¥4 a value of 850° was ob-
tained for C&B8Bby extrapolation. A value of 400° was
selected for CFN=NCH 3based on C4i0data;¥ the
270° value for CFTH3 was increased somewhat over
CZF6or CH6to take into account the polar effect.

Rate Constant for CJI™F. The following products
were observed from the photolysis of CH3COCH3with
CHZCOCHZF: CH3F, CH4 CHE CHXHZF, and
CHZFCHZ. Even if present methane would not have
been observed. These products are consistent with
the production of CH3and CHZ radicals by the known
photodissociation reactions of ketones.2 These radicals
then combine or abstract hydrogen.

CHZF + CHZFCOCHZ or CHCOCHS3
CHF + CHFCOCHZ or CHZOCH3
CH3+ CHFCOCHZ or CHXOCH3—>
CH4+ CHFCOCHZ or CHZOCH3
CH3+ CH3 CHXH3

chZ% + ch2F —>chZX2ch2*

CH3+ CHF* —> CHXHZF* CHZCH2+ HF

-A- chXhF

Since the photochemistry of acetone and difluoroace-
tone has been studied previously,2our objective was to
obtain the chemical activation rate constant for C2H&*,
and only the yields of CH4and CZH5= were measured.
A plot of CHZZH2CH3XHZF vs. I/P is shown in Figure
2, and least-squares analysis gave 151 + 10 Torr for
the slope. This slope was converted into the rate con-
stant in reciprocal secondslunits using a and t/k values
from ref 12, and the final result is shown in Table II.

Low-Pressure, Energy Transfer Results for CH3CF3*.
Since the D/S vs. I/P plots show curvature at low pres-
sure, a unit deactivation mechanism is not completely
adequate, and a cascade mechanism must be considered.
For the gases studied here the simple stepladder model,
which is based on the removal of a constant increment,
(AE), of energy per collision, is appropriate. To assign
the (AE) values, the low-pressure data must be fitted
to computed results. For this calculation unimolecular
rate constants, which are discussed in the next section,
are needed. The low-pressure data shown in Figure 3
were matched to stepladder calculated curves to identify
the average energy lost per collision. Further details
regarding the calculations are given in the energy trans-
fer section; the results are summarized in Table III.

Calculated Results

HF Elimination Rate Constants. Since the molecular
frequencies of CHXHZ 6 and CH3XF36 are known,

(11) J. W. Root, J. Phys. Chem., in press.

(12) J. O. Hirschfelder, C. F. Curtiss, and R. B. Bird, "Molecular
Theory of Gases and Liquids,” Wiley, New York, N. Y., 1959.

(13) S. C. Chan, J. T. Bryant, L. D. Spicer, and B. S. Rabinovitch,
J. Phys. Chem., 74, 2058 (1970).

(14) E. M. Dantzler and C. M. Knobler, ibid., 73, 1335 (1969).

(15) (a) B. Bak, S. Detoni, L. Hansen-Nygaard, J. T. Nielsen, and J.

Rastrup-Anderson, Spectrochim. Acta, 16, 376 (1960); (b) NSRDS-
NBS 11, Part 2, U. S. Government (1968).

(16) (@) D. M. Minkin and A. A. Vvedenskii, Russ. J. Phys. Chem.,
41, 841 (1967); (b) J. R. Nielsen, H. H. Claassen, and D. C. Smith,
J. Chem. Phys., 18, 1471 (1950).
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Figure 3. Plot of low pressure data in the form of fea/fca’ vs.
S/D for CF3CH3*: O, CF6, =, CFNXH3 A, c-CiFs; 0O,
Cdis; and m, C&Fi8 The curves are the calculated results
from the stepladder model with the (AE) values indicated.

Table I1l: Summary of Energy Transfer for CFCH3*
' karl(exptl)e—-- fea (calcd),
Bath gas (aE)a Torr 108Bsec-1 1Bsec-1
Ti-CsF 16 10 9 2.2 2.6
TI-CdHh 10 11 2.2 2.6
cC48 7 21 3.4 3.0
ctfhZxh3 7 21 3.4 3.0
CZF6 7 19 2.8 3.0

“ Assigned from matching the curves and data points of Figure
3; all are for a stepladder model. bCalculated from the step-
ladder model with (AE) of column 2. The calculated fcd’ (AE)
obtained with /ce values of Figure 4 were scaled by a factor of
0.67 to provide a better absolute fit to experimental values.
Relative to the unit deactivation rate constant the id (AE)
values increase by factors of 1.04, 1.14, 1.23, 1.42, and 1.81 for
(AE) = 14, 10, 8, 6, and 4 kcal mol-1. eThe experimental values
obtained with S2 = <422(2,2)* are favored over those from S= a2

RRKM rate constants may be calculated by choosing
a model of the activated complex and assigning the en-
ergy of formed molecules and threshold energy for the
reactions. The model chosen for the activated com-
plex was of the same type as used for CHe€Clla and
CHBr.lb The frequencies of the four-centered transi-
tion state were divided into three categories: (i) the
12 out-of-ring frequencies associated with the four
atoms attached to the carbon atoms; (ii) the five in-
plane frequencies of the four atom ring; and (iii) the
one ring-puckering frequency.

The 12 out-of-ring frequencies of CH3CHZt are the
wagging, rocking twisting, and scissoring of the CH2
groups, which were assigned by analogy with CHCHZ,
cyclobutane, and to a lesser extent with ethene. For
CHZXFJ, these frequencies were chosen by analogy with
CHXF3and CHZF2 The in-plane frequencies were
calculated by assigning bond orders of 1.1, 0.8, 0.1, and
0.1 to the C-C, C-F, F-H, and C-H bonds, respec-
tively, and following the procedure described in earlier
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We have previously used a C-C bond order
assignment of 1.9, which was set to conserve a total
bond order of 3. The recent energy partitioning
datalas suggest that the C-C double bond formation
occurs after crossing the barrier configuration. The
lowering of this C-C bond order reduces one ring fre-
quency, but this has no serious effect upon the calcu-
lated rate constants.’ The ring-puckering frequency
was set at 450 cm-1 as was done for the |,2-CH42c
transition state. The grouped frequencies are given in
Table IV.

papers.117

Table 1V: Frequencies“ and Moments of Inertia“ for
Molecules and Transition States

=Transition states-

Molecule HF elimination Radical association&
CAF6

2972 (5) 3000(4) 3095(5)
1472(5) 1423(3) 1398(4)
1270(1) 1241 (3) 1171 (1)
1067 (3) 1021(3) 606(2)
845(2) 948(2) 86 (2)
415(1) 698(1) 63 (2)

243 (1) 450(1)

14.0;, 53.9, 61.6 19.1;, 43.4; 55.6 21.6; 105; 118

v = 3.02

HF elimination Radical association4

CHXFX
3000(3) 3000(2) 3122 (3)
1431(3) 1339(2) 1322(4)
1248 (3) 1050 (3) 1087(1)
921(3) 932 (3) 655 (2)
560 (3) 806 (2) 512 (2)
365 (2) 598(3) 71 (2)
238(1) 424 (2) 41 (2)

91.7, 97.4;, 97.4 94.9; 99.6; 115 168; 168; 113

i« = 3.5

“ The last entry, or last two entries for the association transi-
tion states, of each column are the moments of inertia in amu A2
The frequencies are in cm-1 units and the number of frequencies
having a given magnitude are indicated by parentheses. The
reaction path degeneracy is 2 for CHS and is 6 for CHXF3
bReference 15. cReference 16. dReferences 22 and 23.
* References 22 and 24.

The threshold energy was chosen to agree with the
EOdeduced from the Arrhenius activation energies; the
dependency of upon EOis shown in Figures 4 and 5.
The Eminvalues were set at D(Ri-R2 + 1 kcal mol-1
by analogy with previous work. The D(CH3CHX¥)
value of 87.2 kcal mol-1 is known with reasonable cer-
tainty. The Z)(CH3CF3 value of 98.9 kcal mol-1 is
rather high but may be accepted with some reservation
pending further investigation of Ai7f°(CH3F3. These
thermochemical values have been discussed by us ear-

(17) K. Dees, D. W. Setser, and W. G. Clark, J. Phys. Chem., 75,
2231 (1971).
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Figure 4. Calculated dissociation, — , and HF elimination,
— —, rate constants from the RRKM formula, KE =
r/hPS/Pi 2ev<eE+P(E,)/N (Eli + E+y, E, is the
threshold energy and e + = e —e,. The harmonic
oscillator sums and densities were calculated using the
frequencies of Table IV. The distribution function

is for CHS+ CHZ — C21% at 360°K.

lierD and by others.88 The kE values were computed
from harmonic densities and sums in the same way as
previously reported.1

Dissociation Rate Constants. These rate constants
are needed to obtain the distribution function of
CHS* and CHXF3* formed by radical combination.
Since intramolecular competition between dissociation
and elimination may'exist at high energies, some effort
was put into obtaining realistic models for dissociation.
Since the radical combination rates can be predicted®
and since the equilibrium constant for

RXR2< ~Rj 4“R2

can be accurately calculated, the thermal unimolecular
rate constant can be obtained from kuai = Kegkbi. At
the present time it is not possible to formulate a transi-
tion state which satisfies both the unimolecular data
and the radical combination bimolecular rate constant
for simple alkanes.202L In general the unimolecular re-
sults favor tighter transition state models than those
required by the bimolecular combination step. How-
ever a recent studyDof C2H6* formed by radical associ-
ation claims agreement with calculations based on a
loose transition state.

Our purpose was to estimate the dissociation rate con-
stants. For this we calculated the equilibrium con-
stants at 800°K and used typical values (~10133cm3
mol-1 sec-1) of bimolecular rate constants® to fix the

959

ENERGY , kcal /mole

Figure 5. Calculated rate constants and distribution functions
for CHCF3 This distribution function is for CH3+ CF3at
300°K. Dissociation rate constant, — (model of Table 1V);
——————————— (model in text); -------, elimination rate constants for
various Eo. Only the EO = 68 curve was extended

to higher energy.

preexponential factor of the unimolecular step. We
retained 1 kcal mol-1 for the threshold energy of radical
combination for consistency with prior work.1 This
has the effect of making the low-temperature bimolec-
ular rate constants too small relative to current experi-
mental measurements. It would, however, be unreal-
istic to compensate for the 1 kcal mol-1 by selecting an
even looser transition state model. The transition
state model (see Table 1V) consists of the frequencies
of CH32CHZ,Bor CF4radicals plus four low bending
modes, which were assigned to obtain the desired pre-
exponential factor. The results are summarized in
Figures 4 and 5 and in Table V. The kE values were
calculated using the RRKM form of kE which includes

(18) (@) G. O. Pritchard and M. J. Perona, Int. J. Chem. Kinet.,
I, 509 (1969); (b) J. A. Kerr and D. M. Timlin, Trans. Faraday Soc.,
67, 1376 (1971).

(19) (@) N. Basco, D. G. L. James, and R. D. Suart, Int. J. Chem.
Kinet., 2, 215 (1970); (b) H. E. van Den Berg, A. B. Callear, and
R. Norstrom, Chem. Phys. Lett., 4, 101 (1969); (c) T. Ogawa, G. A.
Carlson, and G. C. Pimentel, J. Phys. Chem., 74, 2090 (1970).

(20) E. V. Waage and B. S. Rabinovitch, Int. J. Chem. Kinet., 3, 105
(1971).

(21) (@ W. L. Hase and J. W. Simmons, J. Chem. Phys., 54, 1277
(1971); (b) W. L. Hase, R. L. Johnson, and J. W. Simons, ibid.,
in press.

(22) (@ D. E. Milligan and M. E. Jacox, ibid., 47, 5146 (1967);
(b) A. Snelson, J. Phys. Chem., 74, 537 (1970).

(23) The frequencies of CHZ were constructed by analogy with
CH3and I,2-C2H ,iY

(24) D. E. Milligan and M. E. Jacox, J. Chem. Phys., 48, 2265
(1968).
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Table V: Comparison of Calculated and Experimental” Results
Preexponential Chemical activation Equilibrium constant,
Reaction Eo, kcal (E), kcal' factor,6 sec-1 rate constant,6 sec-1 mol/cm3
chXhr (58.4 + 1.0)' (1.13 X 1013e (1.8 £ 0.3 X 10»)
(57.0 + 1.3/ (0.96 X 1013/

800°

— aCH4+ HF 57 92.1 1.64 X 1013 1.24 X 10»

2.8 X 103
exVv(-EO0/RT) =
800°

— > CH3+ CHZF 88.2 1.4 X 10" See Figure 4 4.3 X 10-*1*

400°

— >CH3 + ch 88.2 1.3 X 10" See Figure 4 1.1 X 103
exp(—Eo0°/RT) =
2.5 X 10-«

CH3CF3 (67 £2)° (3.8 X 1013° (2.3 + 0.4 X 108
800°
— CHZF2+ HF 68 102.4 5.29 X 1013 3.4 X 108
4.3 X 103
exp(—Eo0°/RT) =
800° _

— > CHS+ cf3 98.9 1.7 X 10" See Figure 5 7.7 X 10-“*
2.72 X 103
eXp(-E 0°/RT) =

400° .

— >- CHa+ CF3 98.9 2.2 X 10« See Figure 5 8.7 X 10*8

“ Experimental numbers are enclosed in parentheses; calculated values are not.

form (tTktZ/h)(QVI+/Qv,).
lower the preexponential factor by 0.81.
average energy of molecules formed by radical combination.
unit deactivation basis.

(CH3CF3) cm3mol-1 sec-1 at 800°K.

ing modes in the transition states and has no physical significance.

The torsionial mode was treated as a vibration frequency for this calculation.

bPreexponential factors are in the partition function
A hindered rotor model would

¢ The calculated values are the unit deactivation limiting high pressure form of &.); (E) is the
The experimental values are from Table Il and have been reduced to a
dThe calculated values of the bimolecular rate constants (Jual/Ktli) are 2.7 X 1013 (CHSF) and 2.1 X 1013
The slight difference in the bimolecular rate constants results from the choices made for the bend-
The E& was set at 1 kcal mol-1 lower than Ea This 1kcal mol-1

threshold energy, which was included for consistency with previous work, has the effect of making khl more strongly dependent on tem-

perature than suggested by current experimental evidence.
function preexponential factor.
factor.

the overall rotational partition functions and harmonic
sums and densities. A more explicit accounting of
centrifugal effects® would lower the KE values by
m~50%. However, this is an unnecessary detail since
the rate constants can be altered much more severely
by selecting different values of the bending frequencies.
For example a CH3-CF3 model® having bending fre-
quencies of 150(2) and 100(2) was used for comparison,
and the results are shown in Figure 5. This model,
which has a preexponential factor of 7.8 X 10®6sec-1,
gives a radical combination rate constant of 1.2 X 10R
cm3mol-1 sec-1 at 800°. This model should be viewed
as giving lower limits to the values of the dissociation
rate constants for CHXF3*;, whereas, the rate con-
stants from the other model are close to the upper limit.
Fortunately the distribution function for molecules
formed by radical combination is not very sensitive to
the dissociation rate constants.

The unimolecular reaction data and various transi-
tion state models for CH6have recently been reviewed
by Waage and Rabinovitch. They favored a model
having a preexponential factor (partition function form)
of 1010 sec-1 at 873°K, which is similar to that selected
for C2H5F and CH3CF3. It is worth noting that inclu-

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

' Arrhenius value of ref 5a converted into a threshold energy and partition
1 Arrhenius values of ref 5b converted into a threshold energy and partition function preexponential
g Arrhenius values of ref 6b converted into a threshold energy and partition function preexponential factor.

sion of anharmonicity in the computation of iVE and
2P(EV) could significantly lower the fcE values for the
radical dissociation channel of the alkanes or fluoro-
ethane because E is large and E — EOis small.
Calculation of Experimental Rate Constants for Step-
ladder Cascade Deactivation. For unit deactivation the
experimental rate constant is obtained from

&E
+ ku[M]
foMIM] T(E)aE
fE + &m[M]

i(E)dE
fea — fAM[M]

The distribution function, which was obtained in the
usual way, 1is shown in Figures 4 and 5 for C2H5* and
CH3XF3. Since (E) — EQis relatively large and since
i(E) is narrow, there is little variation in fca(unit) with
pressure and for simplicity the high pressure value was
tabulated in Table V. For the stepladder cascade cal-
culations the full distribution was used; however, for

(25) The & values from the lower limit model were the ones used by
Root and coworkers in their recent study of 18 + CH3CF3; ref 7.
Use of the larger /ce values for radical dissociation does not affect
their arguments.
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simplicity in presentation a monoenergetic excitation
at (E) will be discussed below. The equations® for
calculating S, D, and kaat a pressure corresponding to
[M] are

9 T M]

T ~ tJdifikm[M] + k j
and

kj - fa(AE) =

fcM[MIpMM ])->n(fc[M] + k&) - 1]
t=i

T is the number of cascade steps of magnitude (AE) in
the energy region E — EQ Another way of stating this
is that (AE) is the average energy lost per collision.
The factor /? allows for uncertainty in the knowledge of
cross sections.  The calculations were done by assuming
that 3 = 1 and that »Sam2 = <amR(22* The /ca(Al?)
values were calculated using the specific rate constants
tabulated in Figure 5 for various (AE) over an extended
pressure range. The results are shown as the solid
curves of Figure 3. In addition to the increase in
fra(AF) with declining pressure, the high-pressure limit-
ing values depend on (AE) as shown in the footnote of
Table I111.

Discussion

Experimental Rate Constants. Our value of 151 Torr
for the rate constant (in pressure units, which corre-
sponds to the half-quenching pressure) or CHS* at
363°K agrees well with the measurements (142 Torr at
300°K) of Trotman-Dickenson and coworkers.3
Pritchard and Thommarson'’s values are high by about
a factor of 2; this also was true of their rate constant
for 1,2-CH42 and implies that some systematic error
exists in the data. All of these studies employed ke-
tones as the bath gas.

Pritchard and Perona2a reported a rate constant of
29 Torr for CHXF3 with trifluoroacetone as the bath
gas at 425°K. Using the data of their Table I, a rate
constant of 18-22 Torr seems appropriate at 300°K.
McKnight, Parks, and Root®h photolyzed UCH3COCH3
and CFOCF3in a bath gas of CHXF3at 300°K and
reported a rate constant of 29 Torr; however, examina-
tion of their data suggest that 25 Torr may be a better
value. Based upon limited data, Giles and Whittle4
deduced rate constants of 67 Torr (CH3COCH3, 29
Torr (CFCOCF3, 360 Torr (N2, and 19 Torr (c-C&1)
at 423°K. These values are in approximate agreement
with our data for comparable gases even though much
of Giles and Whittle's data were obtained at pressures
corresponding to relatively high D/S and, thus, cannot
be directly equated to fta' values. These data, as well
as our own,Z point out that quite significant differences
may exist for vibrational quenching by supposedly effi-
cient gases and that considerable care must be exercised

%1

in selection of collision diameters to obtain unimolecular
rate constants for even “efficient” deactivating gases.

Comparison of Calculated and Experimental Rate Con-
stants. RRKM computations for CHS-, with an EQof
57 kcal, have been done by Kirk and coworkers.3 Our
ka and preexponential factor values are lower by 10-
20% since they assigned the frequencies of the transi-
tion state in aslightly different way. The thermal and
chemical activation data of Table V fit either calcula-
tion quite well, although the calculations tend to under-
estimate the chemical activation rate constant and
overestimate the preexponential factor. However, the
calculated chemical activation rate constant is within
the uncertainty of the possible collision diameters used
to obtain the experimental value.

The agreement between the experimental and calcu-
lated unit deactivation chemical and thermal activa-
tion data for CH3F3also is satisfactory, see Table V.
Since D(CH3CF3J3 is not well established, the agree-
ment between the data and the calculations may be
taken in support of the surprisingly high value of the
bond energy. As pointed out by Tschuikow-Roux,t
increasing fluorine substitution raises the threshold en-
ergy for HF elimination from fluoroethanes. The en-
hanced preexponential factor of CH3CF3 relative to
CHTF mainly arises from the larger reaction path de-
generacy.

It is quite interesting that the rate constant for dis-
sociation of CHHZ is predicted to exceed that for
HF elimination at energies above ~105 kcal mol-1.
This may explain why the rate constant for “decompo-
sition” of CHE* formed by insertion of CH2 with
CHJF exceeded the predicted HF rate constant value,
by nearly a factor of 3.638

According to our calculations, radical dissociation for
CHXF3* should complete with HF elimination at
~125 kcal mol-1. This higher energy, relative to
CHT, primarily arises from the higher threshold en-
ergy for radical dissociation by CH3F3 However,
even taking this into consideration the energy required
for the two rates to be of similar magnitudes is some-
what smaller for CHS than for CH3F3 Obtaining
experimental data at higher energies for the purpose of
ascertaining the reliability of the radical dissociation
models would be worthwhile. Roux and coworkers®

(26) D. W. Setser and J. C. Hassler, J. Phys. Chem., 71, 1364 (1967).

(27) D. W. Setser, E. E. Siefert, and N. L. Craig, 162nd American
Chemical Society National Meeting, Washington, D. C., Abstract
93 of the Physical Division, Sept 1971.

(28) The insertion reaction of CH with CHF is 99 kcal mol-1 exo-
thermic at 0°K for AiffO(CH,) = 93 kcal mol-1. If 3 kcal mol-1
of thermal energy and 6 kcal mol-1 of excess energy carried by CH2
from the photolysis step is added, the total energy is 108 kcal mol-1.
The experimental rate was 1.5 X 1010sec-1 which is a factor of 2-3
above the value predicted in Figure 4. A similar conclusion was
reached in ref 5.

(29) (@) G. E. Millward, R. Hartig, and E. Tschuikow-Roux, J.
Phys. Chem., 75, 3195 (1971); (b) E. Tschuikow-Roux, G. E. Mill-
ward, and W. J. Quiring, ibid., 75, 3493 (1971).
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recently observed the radical dissociation reaction in
competition with HF elimination for pentafluoroethane
and 1,1,2,2-tetrafluoroethane in shock tube experiments.
Although the preexperimental factors have significant
standard deviations, they certainly support a loose
transition state model which would be similar to those
described in Table IV.

The excellent agreement between experimental and
calculated results from the same basic transition state
model for chemical and thermal activation of CZHSCL,
CHHGS, and many other chloro- and fluoroalkanes pro-
vides support for the postulates of the RRKM theory
as applied to the computation of rate constants.
Rynbrandt and Rabinovitch® recently reported evi-
dence for nonrandomization of energy in chemically ac-
tivated hexafluorobicyclopropane. Their chemical ac-
tivation system was explicitly designed to test for non-
randomization of energy, and it is doubtful that the
haloethanes experiments would have detected a small
nonrandom component, even if it were present. How-
ever, considering the many molecules examined, a
large contribution to the decomposition product via a
nonrandom component should have been noted. Root
and coworkers7ahave suggested that CH3F218- formed
by hot 18 atom displacement decomposes before the
energy is randomized because they found only HF elim-
ination even at high energies3l such that radical disso-
ciation should have been important. It may be that
molecules formed by the high kinetic energy impact of
& atoms do decompose before the energy can ran-
domize;3 however, our evidence at 2102 kcal mol-1
indicates that CH3F3* behaves in a way that is con-
sistent with the postulates of RRKM theory.

No evidence was found for the decomposition of
CHZXF2 following reaction 5. Since the threshold2
for HF elimination from CH2ZCF2is 86 + 7 kcal mol-1
and since < 2 3of the available energy is partitioned to
the olefin, Bfurther unimolecular reaction would not be
expected.

Although the empirical parameters for application of
the RRK theory may be chosen (or adjusted) such that
a useful description of a given piece of data is obtained,
e.g., thermally activated fall-off data,& a single set of
parameters are not adequate to describe a given unimo-
lecular reaction over a wide range of excitation energies.
Previous attempts2to use the RRK theory to interpret
the chemical activation data for the fluoroethanes has
not been notably successful for reasons which already
have been discussed.’D Isotope effectslalso cannot be
adequately described by the RRK theory.

Energy Transfer Probabilities and Collision Diameters.
The plots of Figure 3 unmistakably show cascade deac-
tivation, even for the large perfluoroalkane bath gas
molecules. The average amount of energy lost per col-
lision cannot be assigned with high reliability, but it is
about 10 kcal mol-1 according to a stepladder model,
and the C6and C8 alkanes are more efficient than the

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

H. W. Chang, N. L. Craig, and D. W. Setser

other bath gases. The C4-8data have the worst scatter
because of difficulty with the gas chromatography sep-
aration of C48and CF3CH3and that energy assignment
is the least reliable. There are very few other data
available for comparison because interest usually is
focused on the less efficient bath gas molecules. The
only other well-documented example34 having similar
quantities of energy is the deactivation of dimethylcy-
clopropane by cfs-butene-2 for which (AE) = 11.4 kcal
mol-1. Unfortunately our studiesld of 1,2-CH4C12*
with ¢C4~8could not be carried to sufficiently low pres-
sure to identify (AE). We do have tentative evidenceZ
that 1,2-CHAC12* is deactivated more easily than CH3
CF3* by the same bath gas. Further experiments are
certainly needed with different excited molecules and
with a larger variety of bath gases; however, the pres-
ent data suggest an upper limit to the amount of inter-
nal energy removed from vibrationally excited poly-
atomic molecules. This may vary from one case to an-
other but for CH3F3* the limit appears to be in the
10-12 kcal mol-1 range.

The question of the collisional efficiency of the parent
molecule with a vibrationally excited molecule often
arises in thermally activated unimolecular reaction
studies. The decomposition and stabilization product
yields of MCH3F3 formed by ketone photolyses in a
bath gas of CHXF3 have been measured® down to
S/D ~ 0.05. The plot of k/Ic, vs. S/D, with the experi-
mental k, of 25 Torr, is very similar to those shown in
Figure 3 and fit a calculated curve corresponding to
(AE) ~ 8 kcal mol-1. Thus as a bath gas, CH3F3is
consistent with similar molecules investigated in this
work and does not show any evidence for having a
special efficiency. WeZr previously reached the same
conclusion about 1,2-CHAC12 but with less direct evi-
dence. For most thermally activated unimolecular re-
actions, the average energy above the threshold is less
than 10 kcal mol“ 1, therefore, for such cases the unit
efficiency assumption should be good.3®

After assignment of the (AE) values, a consistent set
of collision diameters for the fluoroalkanes was sought.
For the (AE) values chosen, the range of experimental

values exceeded that for the calculated results
(which were scaled downward by 0.67 to obtain a better
absolute fit to the experimental result). The scaling

(30) J. D. Rynbrandt and B. S. Rabinovitch, J. Phys. Chem., 75, 2164
(1971).

(81) The possible role of excited electronic states should not be over-
looked for haloalkanes formed at very high energies.

(32) J. M. Simmie and E. Tschuikow-Roux, J. Phys. Chem., 74, 4075
(1970) .

(33) D. M. Golden, R. K. Solly, and S. W. Benson, ibid., 75, 1333
(1971) .

(34) J. D. Rynbrandt and B. S. Rabinovitch, ibid., 74, 1679 (1970).

(35) J. W. Root and C. F. McKnight, private communication
(1971).

(36) D. C. Tardy and B.S. Rabinovitch, J. Chem. Phys., 45, 3720
(1966); 48, 1282 (1968).
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corresponds to reducing all the kEvalues by this factor.
It is possible that the smaller (AE) values should be as-
sociated with a more complex transition probability
model than the stepladder case. However, this is just
speculation at this time. To fit the data, large collision
diameters (Sam) are required for the C6and C8 fluoro-
alkanes. Dividing Sam into a and t/k can be done in
several ways, and we chose to follow the trend suggested
by second virial coefficient data.4 Rabinovitch and
coworkers13 successfully used a constant t/k value of
160° and an increase in u of 0.54 A per CF2group to ob-
tain collision diameters for thermal activation studies
of perfluoroalkanes and CH3NC. Their collision di-
ameters corresponding to <Am [i2(22)*]13are 6.7 and 7.3
A for C&i4 and C&i8 respectively. The difference
from our choices (8.0 and 8.9 A) could be reduced by
using a larger t/k for CF3CH3, however, this would not
alleviate our problem of fitting the relative rate con-
stants in the series CF6C 8.
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Conclusions

Unimolecular rate constants for elimination of HF
from chemically activated CH3CF3 and CHXHZF fit
the pattern for other chloro-, bromo-, and fluoroethanes.
Consequently, we conclude that the elimination reac-
tions at 90-100 kcal mol-1 are adequately described by
RRKM theory. The amount of energy removed from
CH3CF3* per collision with perfluoroalkane bath gases
ranged from 7 to 10 kcal mol-1; the parent molecule
also followed a similar collisional deactivation3® pattern
and did not show an unusually high efficiency.
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The thermal decomposition of cyclobutanone has been reinvestigated in a static system between 360.0 and

406.3°.

The products observed were ethylene, ketene, cyclopropane, and carbon monoxide.

The formation

of both ethylene and cyclopropane were found to be first order, and the rates were not affected by the addition

of nitric oxide or propylene.
fc(c-C3H 6 = (6.3 X 1013)«-56'30*7 sec-1.

The Arrhenius expressions are: fc(C2H4 =
A concerted molecular mechanism for the formation of ethylene and

(3.6 X 1014e-51800Br sec-1 and

cyclopropane is shown to be consistent with the observed Arrhenius parameters.

Introduction

The kinetics and mechanisms of the photolysis and
thermal decomposition of cyclic ketones have been in-
vestigated and discussed recently.1 The photolysis of
cyclobutanone has been shown to yield ethylene, ketene,
cyclopropane, propylene, and carbon monoxide, and
both singlet and triplet states have been demonstrated
to be the precursors of these products.23

The thermal decomposition of cyclobutanone has
been investigated by Walters4 and yields essentially
ethylene and ketene as reaction products. A rearrange-
ment mechanism is supported by Walters, et al., who
found4that propylene and nitric oxide do not decrease
the rate of reaction. However, recent thermochemical
calculations by O’Neal and Benson5support a biradical

mechanism for the decomposition of most small-ring
compounds. The thermal decomposition of cyclo-
pentanone,67by contrast, consists of at least four sep-

(1) R. Srinivasan, Advan. Photochem., 1, 83 (1963).

(2) T. H. McGee, J. Phys. Chern., 72, 1621 (1968).

(3) (@) H. O. Denschlag and E. K. C. Lee, J. Amer. Chem. Soc., 89,
4795 (1967) ; (b) ibid., 90, 3628 (1968); (c) N. E. Lee, H. O. Den-
schlag, and E. K. C. Lee, J. Chem. Phys., 48, 3334 (1968); (d) N. E.
Lee and E. K. C. Lee, J. Chem. Phys., 50, 2094 (1969) ; (e) D. C.
Montague and F. S. Rowland, J. Amer. Chem. Soc., 91, 7230 (1969).

(4) M. N. Das, F. Kern, T. D. Coyle, and W. D. Walters, ibid., 76,
6271 (1954).

(5) H. E. O’Neal and S. W. Benson, J. Phys. Chem., 72, 1866 (1968).
(6) E. R. Johnson and W. D. Walters, J. Amer. Chem. Soc., 76, 6266
(1954).

(7) F. M. Delies, L. T. Dodd, L. F. Lowden, F. J. Romano, and L. G.
Daignault, ibid., 91, 7645 (1969).
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arate reactions yielding ethylene, but-l-ene, carbon
monoxide, pent-4-enal, cyclopent-2-en-l-one, and hy-
drogen. The mechanistic pathways for these reac-
tions are not defined.

The current investigation of the thermal decom-
position of cyclobutanone was undertaken to study
further the products and Kinetics of the pyrolysis and to
clarify the mechanism of the decomposition of cyclic
ketones.

Experimental Section

Apparatus. The pyrolysis was investigated in a
static system using an 80-ml quartz reaction cell con-
nected to a high-vacuum system with metal valves.
The reaction cell was heated in an asbestos-packed
furnace and the temperature was controlled by a Leeds
and Northrup Thermocouple Electromax. A chromel-
alumel thermocouple was used to measure the tempera-
ture.

The reaction cell pressure was measured by a Con-
solidated Electrodynamics Corp. pressure transducer
maintained at 40°, and the transducer output was con-
tinuously recorded on a Leeds and Northrup Speedomax
H Azar recorder.

Analysis. Products were collected in liquid nitro-
gen cooled traps and identified by gas chromatography
and infrared analysis. In most experiments the
products and unreacted cyclobutanone were mixed
with a known amount of ethane, which served as an
internal standard, and then transferred through the
vacuum line directly to a gas sample loop connected
to a Varian-Aerograph Model 1200 gas chromatograph
with a hydrogen flame detector. In this manner the
analysis for ethylene and cyclopropane was conducted
using a 6 ft X 0.125 in. column packed with Porapak Q.
The vpc peak areas were measured and recorded by a
Leeds and Northrup Model H recorder and analog
integrator.

Materials. Cyclobutanone was obtained from the
Aldrich Chemical Co., Inc., purified, dried, and stored
under vacuum in a blackened vessel. The sample was
degassed by pumping at liquid nitrogen temperature
before each run.

Ethylene, cyclopropane, carbon monoxide, propylene,
and ethane were obtained from the Matheson Co., Inc.,
and were used directly after degassing. Nitric oxide,
obtained from the Matheson Co., Inc., was first purified
by removing NO2and N2 impurities at —127°.

Results

Measurement of total reaction pressure vs. time gave
smooth curves (Figure 1), from which the times re-
quired for definite pressure increases, t25% and t50%
were obtained. No initial pressure decrease was ob-
served in any of these experiments as was reported
in the pyrolysis of cyclopentanone.7 Plots of 1/t25%
vs. Pi(CH® ) showed first-order dependence at all
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Figure 1. Pressure-time curve for decomposition of
cyclobutanone at 397.2° (PifCJEfiO) = 26.5 Torr).

temperatures, and an Arrhenius plot of log 1/t25%vs.
I/T (°K) gave a straight line whose slope yielded an
activation energy of 54 kcal/mol, in fair agreement with
the value of 52.0 kcal/mol reported by Walters.4

Analysis of the products of the thermal decom-
position of cyclobutanone indicated the formation of
ethylene, ketene, cyclopropane, and carbon monoxide.
The formation of ethylene and cyclopropane were
measured as a function of reaction time, initial pressure
(Figures 2 and 3), and temperature. The curves ob-
tained from plots of ndh. and ncCMi vs. time were
fitted by a least-squares program on an IBM 1130
computer. The initial rate of formation of C2H4 and
cC3H6 was obtained from the initial slopes of these
curves. Plots of log or log Pi(c-CHO vs.
log [C4H® ]i gave straight lines, as in Figure 4, and the
order and rate constants for these processes were ob-
tained from the slopes and intercepts, respectively, of
these graphs. The average order for the formation of
C2H4 was 1.01 and that for c-C3HG6was 0.99 over the
temperature range 360.0-406.3° and initial pressures
of 1.5-38.0 Torr of cyclobutanone. The activation
energies and frequency factors for the formation of C2H4
and cC3H6 were then determined from rate constants
derived from initial rates of formation. The resulting
Arrhenius expressions are: fc(CH4 = (3.6 X 1014 -
e-5i,900/«r sec-i and fc(c-CHEG = (6.3 X 101)«-“ - Q*],
sec-1 (Figure 5).
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Figure 2. Formation of C2H4 vs. time at several pressures at
3830: (O)Pi = 5Torr, (A)Pi = 11 Torr, (O) P; = 20 Torr,
(V) Pi = 39Torr.

time (minutes)
Figure 3. Formation of c-C3H6vs. time at several pressures at
383° (0) Pi = 5 Torr, (A) Pi = 11 Torr, (O) P; = 20 Torr,
(V) Pi = 39 Torr.

First-order plots (log [a0ao — x] vs. t) for the dis-
appearance of cyclobutanone, calculated from the initial
concentration of cyclobutanone and the amounts of
CH4 and c-CH6 formed, also gave straight lines.
First-order rate constants, k', calculated from the
slopes of these plots were obtained, and a graph of log
k' vs. I/T (°K) gave the Arrhenius expression k' =
(4.2 X 104e~&3Wiil' sec-1. This compares quite

Figure 4. Determination of the order of reaction for the
formation of ethylene (O), and cyclopropane (A); 356.5°.

IA'r * 103

Figure 5. Variation of log fc(C2H4) (O) and log k(c-C3H6) (A)
with reciprocal of the absolute temperature.

favorably with that given by Walters, k = (3.6 X 101)-
g —52,000/RT 1

In separate experiments at 372°, C3H6and NO were
found to have no effect on the rates of formation of
either CH4or c-CH6

Discussion

The results indicate that besides the previously re-
ported ethylene and ketene, cyclopropane and carbon
monoxide are formed in the pyrolysis of cyclobutanone.
Walters4had detected a trace of cyclopropane in a mass
spectrometric analysis of products from one experi-
ment carried to 33% pressure increase. Cyclopropane
may be formed directly from the decomposition of cyclo-
butanone or through secondary reactions involving pos-
sibly ketene.
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The thermal decomposition of ketene has been in-
vestigated between 396 and 563° 8and has been found to
be second order, resulting in the formation of carbon
monoxide, ethylene, methane, carbon dioxide, and
allene. The decomposition apparently does not pro-
duce methylene in a simple unimolecular process.9
Ketene easily dimerizesD in the gas phase to form /?-
methylene cyclic lactone.

The formation of cyclopropane from cyclobutanone
was observed at very small per cents decomposition and
has been found to be first order. The decomposition
does not exhibit an induction period which might result
if cyclopropane were formed in secondary reactions
involving ketene. Neither methane nor allene was
detected in the vpc analysis, and the rate of ketene de-
composition via a bimolecular process at the lower tem-
peratures and pressures must be very small, if not zero.
Finally, if cyclopropane were formed by reaction of
methylene with ethylene, the appearance of propylene
should also be observed. At 300°, Bensonl0 estimates
that about 10% of the trimethylene diradicals formed
in such a reaction should lead to propylene. A similar
calculation at 650°K, the average temperature of the
experiments reported above, again yields the result that
about 10% of the products of such a reaction should be
propylene. No propylene was observed in any of the
vpc analyses under the experimental conditions em-
ployed. It thus appears that cyclopropane is formed
directly from the decomposition of cyclobutanone.

A mechanism including the intermediate diradicals, |
and 11, in the formation of ethylene and ketene can be

advanced. O’Neal and Benson511 have made exten-
0
/
O — CHZXOCHZH2-
|
chZo + ch4d (1)
0
O -> COCHZXHZXH2-

1
chZo + chi4d (2

sive thermochemical calculations of activation energies
and frequency factors for dissociation and isomeriza-
tion reactions of small ring compounds. In predicting
activation energies, enthalpy changes for the follow-
ing processes are evaluated:1l (a) ring opening to the
diradical at 298°K; (b) inclusion of resonance, if any,
in the diradical; (c) a temperature correction from
298°K to the average reaction temperature; and (d)
formation of the transition state from the diradical. The
results of these calculations are consistent with a reac-
tion mechanism that includes a diradical intermediate
for the large majority of these reactions. In a similar
manner, the activation energies for reactions 1 and 2
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can be estimated using the available thermochemical
data.

The heat of formation of diradical I, AH{°(1), may be
estimated from the heat of reaction for (3). AHt°(2-

CH3COCITCH3 —>2H- + CHZOCHZH2- (3

butanone) can be estimated from group additivity
tables11-18 to be —56.7 kcal/mol, and a value of 98
kcal/mol can be assigned for the C-H bond strength.X4
Thus, Aiff°(l) = 2(98) - 104 - 56.7 = 35.3 kcal/
mol. This, together with A//f°(c-C4H®) = —20.3
kcal/mol, results in a value of 55.6 kcal/mol for step a
in the above sequence. The resonance stabilization
energy for «CH2ZH2COCH?2- can be taken to be zero,
as has been determined for the acetonyl radical.4
A previous value of —7.9 kcal/molll estimated from
rate constant parameters for the decomposition of
methyl cyclobutyl ketone appears high in the present
case. An upper limit on this resonance stabilization is
probably —2.7 kcal/mol, as estimated for the methyl-
acetonyl radical.6 Tabulated Cp° valuesll have been
used in step ¢ and the C4ring-closing activation energy
of 6.6 kcal/mol61l has been used in step d. This gives
E&O0) = 63.3 kcal/mol (60.6 kcal/mol if —2.7 kcal/mol
is used for the resonance energy), significantly higher
than the observed value.

Similarly, Aiff°(1l) can be estimated from the heat
of reaction of 4, using A/ff°(butanal) = —49.6 and

CHXHXHZXOH —> 2H- + -CHXHXZXHZXO- (4)

bond energies of 98 kcal/mol for (-CH2H) and 86
kcal/mol for (-CO-H).10 This gives A#f°(l1l) = 30.4
kcal/mol.  Again assuming no resonance energy
stabilization energy for «COCH2ZH2CH2- and pro-
ceeding as above, the estimated activation energy
for reaction 2 is 2?a(a) = 58.5 kcal/mol. Thus, it ap-
pears that neither diradical | nor Il is an intermediate
in the formation of CH4 and CH2CO, and that the
decomposition to these products occurs by a concerted
reaction.

Although £3 cleavage to diradical I cannot lead to
formation of cyclopropane and carbon monoxide, a
cleavage should be considered as a possible mechanism.

(8) W. B. Guenther and W. D. Walters, J. Amer. Chem. Soc., 81,
1310 (1959).

(9 J.R. Young, J. Chem. Soc., 2908 (1958).

(10) W. B. De More and S. W. Benson, Advan. Photochem., 2, 219
(1964).

(11) S. W. Benson and H. E. O’Neal, “Kinetic Data on Gas Phase
Unimolecular Reactions,” NSRDS-NBS 21, 1970.

(12) S. W. Benson, “Thermochemical Kinetics,” Wiley, New York,
N. Y., 1968.

(13) H. E. O’'Neal and S. W. Benson, Int. J. Chem. Kinet., 1, 221
(1969) .

(14) R. K. Solly, D. M. Golden, and S. W. Benson, ibid., 2, 11
(1970) .

(15) R. K. Solly, D. M. Golden, and S. W. Benson, ibid., 2, 381
(1970).

(16) J. A. Devore and H. E. O’Neal, J. Phys. Chem., 73, 2644 (1969).
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Diradical Il can further dissociate to the trimethylene
diradical

*COCHXHXH2- —> CO + CHZXHZXH2- (5)

Taking AHt° (*CH2ZXCHZCH2) = 67 kcal/mol,I7 with
data given above, reaction 5 requires an additional 10.0
kcal/mol. The activation energy for the reverse
reaction, —b5, is approximately 8 kcal/mol, and the
mole change introduces a factor of RT.U This, to-
gether with the C3ring-closing activation energy of 9.3
kcal/mol,6 raises the activation energy for c-C846 for-
mation to E&= 77.9 kcal/mol, much higher than the E&
(obsd) = 56.3 kcal/mol determined in this work.
Additionally, as discussed above, propylene would be
expected to be observed among the products if the tri-
methylene diradical were formed.

A second possible route to c-C3H6and CO is through a
concerted rearrangement of diradical 11 without forma-
tion of «CHZXH2ZCH2=. For such a sequence, the nor-
mal C4 ring-closing activation energy, 6.6 kcal/mol,
is not valid. Any approximation of the activation
energy for such a reaction is likely to be much higher
and to result in a total estimated E &much greater than
the observed experimental value. No evidence has
been reported for this type of reaction.

The concerted decomposition of cyclobutanone into
cC3He6and CO must be the dominant reaction. The
absence of propylene in the reaction products can now
be explained if C-CH®6is formed directly in the decom-
position. The activation energy for the isomerization
of cC36to propylene is about 65 kcal/mol,19-21 with a
frequency factor of 1.6 X 1015 This gives kisom =
2.5 X 10-7 at 650°K and will result in a negligible rate
of propylene formation.

The entropies of activation have been calculated
from (6) tobe: AS+(CH4+ CH2ZO) = 4.6 gibbs/mol

A = (ekT/h)eAS* /R (®)

and A£*(c-C*H* + CO) = 11 gibbs/mol. These

967

values appear to be consistent with the proposed con-
certed mechanism.

Finally, a mechanism other than one involving an
intermediate diradicai must be involved in other reac-
tions of cyclic ketones. The formation of unsaturated
aldehydes12 in the photolysis of cyclobutanone and
other cyclic ketones probably proceeds through a cyclic
transition state. The pyrolysis of cyclopentanone,7
reactions 7-10, probably also proceeds by a concerted

0

—>mCO + CHZCHCHZXH3 (8)

0
I
— »CHZCHCHXHX—H 9)
0

rearrangement mechanism, especially in reactions 9
and 10.
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The production of CO by oxidation of carbon at the surface of polycrystalline nickel has been investigated over

the temperature range 300 to 800°K.
produced gas phase CO molecules.

Heating the nickel subsequent to oxygen exposure at room temperature
The experimental data are interpreted in terms of a mechanism in which

the rate-controlling step is the diffusion of carbon atoms to the surface of the nickel.

Many techniques are available for the study of
chemisorption on nickel but, prior to the use of any one
of these, the nickel surface must be cleaned. In clean-
ing, difficulty arises because surface impurity atoms
are not removed by high temperature heating under
vacuum. Germer, et al.,2reported that when a carbon-
contaminated nickel surface is heated to near the melt-
ing point, the nickel atoms vaporize freely without re-
moving the carbon. Sickafus3 suggested that outgas-
sing a Ni (110) surface at above 450° removes carbon
atoms but that upon cooling a new growth of surface
carbon occurs. After treating a Ni (111) sample at
700°, Dalmai-Imelik, et al,,4 observed LEED patterns
produced by surface carbon atoms and Auger spectra
produced by carbon and sulfur atoms. LEEDS5 and
field emission6 studies suggest that surface carbon can
be partially removed by oxidation and removal as CO.
Onchi and Farnsworth7have noted the evolution of CO
from (100) nickel after room temperature oxygen ex-
posure when the nickel sample was heated to tempera-
tures above 200°.

Many details of the carbon oxidation process have
not been investigated. For example, the rate-control-
ling step in the process is not known; neither are most
of the mechanistic details of the overall oxidation-de-
sorption process. We present here data characterizing
in more detail the process of CO formation and the
binding state of the resulting CO.

Our experiments were performed in an ultrahigh vac-
uum system capable of attaining base pressures below
10-i°® Torr. The polycrystalline nickel target (geo-
metric area = 6.3 cm2 was cut from 0.005-in. thick
foil of 99.97% purity. It was mounted on two tung-
sten electrical feedthroughs which allowed resistive
heating; the feedthroughs were coated with Pyrex glass
to prevent the tungsten from interacting with gas phase
species. An iron-constantan thermocouple spotwelded
to the nickel monitored the sample temperature. Lin-
ear heating rates were utilized throughout this work.
An Aero Vac Model 610-611 magnetic deflection type
mass spectrometer monitored partial pressures during
these experiments; the mass spectrometer was cali-
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brated for CO with an NRC cold cathode ionization
gauge which read in Torrs of air equivalent.

The sample was prepared by prolonged high-tem-
perature outgassing under vacuum. Oxygen was then
admitted to the system by means of a calibrated leak
valve. Mass spectrometer measurements ensured that
a given pressure of oxygen was maintained for a given
length of time. After oxygen exposure, the pressure
was lowered to less than 10-9 Torr; then the target was
heated at a linear rate of 7.6 + 0.5°K sec-1. Calcula-
tions using simple heat transfer equations and known
conductivity values indicated that during the course of
sample heating, the portion of the thermocouple leads
undergoing significant heating had a negligible geo-
metric surface area (<0.4 cm2 compared to that of the
nickel target. During heating the partial pressure was
monitored at m/e = 28 by the mass spectometer and
the bulk temperature was monitored by the thermo-
couple.

The resulting plot of CO partial pressure vs. time was
analyzed to obtain the total number of CO molecules
desorbed and the temperature where the desorption was
a maximum. The analysis was accomplished as fol-
lows. During desorption the pressure is given as a
function of time by the following equation

dp = AQjt) _ s(p - po)
dt Vv % 1

where p is the pressure, po is the initial pressure, t the
time, A the geometric sample area, V the volume, Q(t)
the rate of desorption (Torr 1 sec-1 cm-2) at time t,
and s the pumping speed (L sec-1). The surface cover-

(1) (a) Supported in part by NSF Grant GP-20370; (b) NSF
Trainee 1967-1970 and Jefferson Chemical Co. Fellow (1970-1971).

(2) L. H. Germer and A. U. MacRae, Proc. Nat. Acad. Sci. U. S,
48, 997 (1962).

(3) E. N. Sickafus, Surface Sci., 19, 181 (1970).

(4) G. Dalmai-lmelik, J. C. Bertoniini, and J. Rousseau, ibid., 27,
379 (1971).

(5) A. U.MacRae, Science, 139, 379 (1963).
(6) R. Gomer, J. Chem. Phys., 21, 293 (1953).
(7) M. Onchi and H. E. Farnsworth, Surface Sci., 11, 203 (1968).
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age O is obtained by solving eq 1 for the rate and inte-
grating numerically fromt = Otot = o during desorp-
tion.

The partial pressure vs. time curves revealed two dis-
tinct states from which CO desorbed. The first state
desorbed between 300 and 400°K, the second between
400 and 800°K. For the low energy state the maxi-
mum desorption rate occurred at 350°K and the cover-
age was always small, near 10u molecules cm-2. The
high energy state was characterized by coverages as
large as 10 molecules cm-2. For this state the tem-
perature corresponding to the maximum desorption
rate varied from 550 to 700°K.

If the target was prepared as described above and the
experiment was performed without the admission of
oxygen, a small amount of CO (~10n molecules/cm2
was always desorbed in the same temperature range as
the above low energy state. If CO rather than oxygen
was admitted following sample preparation, desorption
always indicated the low energy state was occupied, but
no desorption from the above high energy state was
noted. Therefore, since the high temperature CO de-
sorption species observed after oxygen exposure has ex-
perimental characteristics quite different from the CO
desorption produced by either residual gas exposure or
deliberate CO exposure, we conclude that this species
resulted from the interaction of oxygen with carbon
atoms in the nickel. Furthermore, since the pressure
of oxygen was immeasurably small immediately pre-
ceding each thermal desorption measurement, the car-
bon monoxide desorption resulted entirely from the in-
fluence of bulk nickel heating upon carbon and oxygen
species sorbed to the surface or contained in the bulk
lattice.

The CO desorption produced by oxygen exposure
demonstrated the following experimental character-
istics. The amount of CO desorbed at temperatures
above 400°K was not affected either by prior carbon
monoxide exposure or by the pressure of carbon mon-
oxide during oxygen exposure. The number of CO
molecules desorbed increased monotonically with the
oxygen exposure ; the amount varied from 0.01 X 105B
to 1.3 X 10Bmolecules cm-2 for oxygen exposures from
10-6 to 10“1Torr sec. Repeated cycles of oxygen ex-
posure followed by thermal desorption did not mea-
surably diminish the amount of CO desorbed after a
given oxygen exposure. After oxygen exposure, the
observed 02 desorption was small; for exposures of
500 X 10-6 Torr sec, the 02 desorption was less than
10u molecules cm-2.

The number of CO molecules thermally desorbed, §,
was measured for several oxygen exposures between 1
and 500 X 10~6 Torr sec. For each thermal desorp-
tion experiment, the temperature where the desorption
attained a maximum Tmwas measured also. In Figure
1, the experimental values of 8 are plotted «s. the oxy-
gen exposure. The number of desorbing CO molecules
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Figure 1. The variation of the carbon monoxide surface
coverage with the oxygen exposure.

Figure 2. The variation of the temperature of maximum
desorption rate, Tm with the carbon monoxide surface coverage.

increases rapidly with exposure up to about 75 X 10-6
Torr sec of 02 and more slowly for larger exposures.
Figure 2 shows the dependence of Tmupon 8; Tmin-
creased from 550 to almost 700°K as 8 went from 0.01
to 0.60 X 10Bmolecules cm-2. In the kinetic theories
of thermal desorption,89 Tmis independent of the sur-
face coverage for first-order desorption and a decreasing
function for second-order desorption. Therefore, the
magnitude of the rate of desorption of CO in these ex-
periments must be governed by something other than
relevant surface concentrations and the activation en-
ergy of desorption.

(8) G. Ehrlich, J. Appl. Phys., 32, 4 (1961).
(9) P. A. Redhead, Vacuum, 12, 203 (1962).
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The anomalous dependence of Tmupon 6 can be ex-
plained by a model which considers the diffusion of car-
bon through the bulk to be important. Smithells and
Ransley (SR)Dstudied the diffusion of carbon, oxygen,
and carbon monoxide through nickel, and they con-
cluded that C and 0 atoms diffuse readily while CO
diffuses only very slowly if at all. SR observed that
CO desorption originated from dissolved oxygen and
carbon and that the diffusion of carbon was the rate-
limiting step in the desorption process.

The results of our experiment are well explained by
the conclusions of SR. Assuming the carbon was dis-
tributed uniformly throughout the target, there was
enough carbon in the bulk to desorb 105 molecules

R. Sheets and G. Bilyholder

cm-2 of CO as many as 104 times (based on a 0.02%
carbon impurity concentration). After each oxygen
exposure at room temperature, the oxygen is localized
at or near the surface and, upon heating the target at
7.6°K sec-1, the carbon diffuses to the surface and re-
acts with oxygen to form carbon monoxide which de-
sorbs. Tm increases with 6 because the diffusion of
carbon is the rate-controlling step in the oxidation pro-
cess. Larger oxygen coverages lead to the consump-
tion of larger amounts of carbon, and the latter requires
additional time; thus a larger Tm

(10) C. J. Smithells and C. E. Ransley, Proc. Roy. Soc., Ser. A, 155,
195 (1936).
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It has been stated in the literature that NH3decomposition on W being 1.6 times faster than N D 3precludes N2

desorption being the rate-determining step as has been suggested from kinetic measurements.

Having found

N D 3is a better electron donor than NH 3we present a simple molecular orbital model of bonding to the surface
which suggests the isotope effect can be explained as a ~-secondary isotope effect which is compatible with Ns

desorption being rate limiting.

Although thermal decomposition of ammonia on
tungsten surfaces has been studied for nearly half a
century, the identity of the rate-determining step has
not yet been established. Early investigations by
Jungers and Taylorland by Barrer2of the rates of de-
composition of ammonia and deuterioammonia on tung-
sten showed that, while both rates were nearly zero
order with respect to ammonia and hydrogen, ammonia
decomposed 1.6 times as fast as deuterioammonia.
This isotope effect seemed to imply that the breaking of
aN-H or N-D bond is involved in the rate-determining
step. A more recent study of ammonia decomposition
has led Tamaru& to conclude that decomposition oc-
curs through consecutive reactions comprising nitride
layer formation to produce H2 followed by the rate-
limiting decomposition of the nitride layers to give N2
A recent paper by Matsushita and Hansend supports
the conclusion that nitrogen desorption is the limiting
step although Szostak and Germer4and Ozaki, Taylor,
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and Boudart6 have maintained that the observed, zero-
order decomposition of ammonia on tungsten, unaf-
fected by N2or H2 when taken together with the isotope
effect, is not explicable in terms of the theory which
predicts that N2 desorption is rate limiting. They
argue that the zero order means the surface is com-
pletely covered with N atoms, and thus the rate should
be equal to N2desorption and no isotope effect should
be observed. Peng and Dawson6 on the basis of de-
sorbed gas analysis state that the surface contains
WNH and claim that N-H bond breaking is involved

(1) J.Jungers and H. S. Taylor, J. Amer. Chem. Soc., 57, 679 (1935).
(2) R. Barrer, Trans. Faraday Soc., 32, 490 (1936).

(3) (a) K. Tamaru, ibid., 57, 1410 (1961). (b) K. Matsushita and
R. S. Hansen, J. Phys. Chem., 52, 4877 (1970).

(4) J. May, R. Szostak and L. Germer, Surface Sci., 15, 37 (1969).

(5 A. Ozaki, H. S. Taylor, and M. Boudart, Proc. Roy. Soc., Ser. A,
258, 47 (1960).

(6) Y. K. Pengand P. T. Dawson, J. Chem. Phys., 54, 950 (1971).
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in the rate-determining step of NH3 decomposition.
However establishing the ratio of W, N, and H atoms
on the surface in no way establishes that a N-H bond
even exists on the surface and so their conclusion that
N-H bond breaking is rate determining cannot be a
necessary conclusion from their data.

We believe the isotope effect can be explained as a
/3-secondary isotope effect, a process which does not in-
volve the breaking of a N-H or N-D bond, and thus
the observed isotope effect and a zero-order NH3 de-
composition with N2 desorption rate limiting can be
compatible. The causes of (3-isotope effects, which
have had magnitudes around 1.5,78 are not well under-
stood. Halevi and coworkers9D concluded that the
CD3 group is a better electron donor than the CH3
group and that in their work this electron donation
could account for most of the (3 effect.

We have foundll that ND3is similarly a better elec-
tron donor than NH3 Spectra of chemisorbed CO
show one or more strong bands in the 1800-2100-cm_I
region which are attributed to C =0 stretching vibra-
tions.2 It is known1213 that simultaneous chemisorp-
tion of electron-donating species causes a shift in the
positions of these bands and a theoretical explanation
of these shifts has been given by Blyholder.4 We
found that when CO and NH3were coadsorbed on iron
or nickel films, the CO bands were shifted in the direc-
tion (to lower energy) and by an amount which indi-
cated that the chemisorbed ammonia species were
strongly donating electrons to the metal surface. The
spectra indicated that the chemisorbed ammonia was
undissociated. Similar experiments with ND 3 showed
shifts in the same direction but of larger magnitude.
The conclusion followed that ND3is a better electron
donor than NH3

Since N2is isoelectronic with CO, the same molecular
orbital picture which applies to CO also applies to N2

971

In this picture the highest partially filled molecular or-
bital, which is bonding for the metal-adsorbate bond
would receive more charge when an electron-donating
group is coadsorbed. Desorption of N2would therefore
be slower from a surface with coadsorbed ND3 than
from one with coadsorbed NH3 Thus, desorption of
N2 as the slow step in ammonia decomposition would
have a (3-isotope effect. Furthermore, the /3-isotope
hypothesis does not require exact knowledge of what
the coadsorbed species is, whether ND3 ND2 or ND,
as long as such species are better electron donors than
the corresponding NH3 NH2 or NH species.

As Schwabbhas pointed out, in gas-solid catalysis it
is difficult to draw definite conclusions as to the mech-
anism from the magnitude of the observed isotope ef-
fect. Nevertheless, we feel that the explanation we
propose brings harmony to isotope and kinetic measure-
ment which had previously appeared to be inconsistent.
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Pollution Control Office, Environmental Protection
Agency. We thank the National Science Foundation
for financial support to R. Sheets.

(7) The discussion of primary and secondary isotope effects taken
from J. March, “Advanced Organic Chemistry,” McGraw-Hill, New
York, N. Y., 1968, pp 213-216.

(8) K. T. Leffek, J. A. Lewellyn, and R. E. Robertson, Can. J. Chem.,
38, 2171 (1960).

(9) E. A. Halevi, M. Nussim, and A. Ron, J. Chem. Soc., 866 (1963).
(10) E. A. Halevi and M. Nussim, ibid., 876 (1963).
(11) R. Sheets, Ph.D. Dissertation, University of Arkansas, 1970.

(12) L. H. Little, “Infrared Spectra of Adsorbed Species,” Academic
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Ultraviolet and infrared spectroscopy were used to investigate the adsorption of pyridine on oil-covered nickel

films and to study the effects of coadsorbed catalyst poisons.

No chemisorption of pyridine was detected on

unpoisoned films, but on films previously exposed to oxygen, carbon monoxide, or carbon disulfide, pyridine
was coordinately adsorbed. A model for poisoning of metal surfaces by promoted or induced irreversible ad-

sorption of the reactants is presented.

I. Introduction

There are many metal-catalyzed reactions which are
severely inhibited by adsorption of oxygen- or sulfur-
containing species on the catalyst surface.2 These
species are strongly chemisorbed, and it is thought that
they poison the surface by blocking catalytically active
sites, thereby preventing adsorption of the reactants.3
There is, however, evidence that this is not the only
method by which poisoning of metal catalyst occurs.
An early study by White and Benton4established that,
although carbon monoxide poisons nickel for hydro-
genation, the amount of hydrogen adsorbed on the
poisoned nickel catalyst is actually greater than the
amount adsorbed on the unpoisoned catalyst. Other
investigators have reported reactions in which pre-
adsorption of hydrogen on metal catalysts has promoted
adsorption of carbon monoxide® or oxygen9 (although
in the latter case, “poisoning” by hydrogen increased,
rather than inhibited, the catalyzed reaction). Evi-
dence of this sort suggests a second general mechanism
in which the poison acts not by preventing adsorption
of areactant, but by inducing irreversible chemisorption
of the species. In this case an “induced self-poisoning”
occurs.

The present paper reports the investigation of an-
other example of induced adsorption: the promoted
adsorption of pyridine on nickel by oxygen, carbon
monoxide, or carbon disulfide.

I1. Experimental Section

The cell used to obtain both infrared and ultraviolet
spectra is shown in Figure 1. The films were prepared
by Blyholder’s6 method. This technique consists of
evaporating nickel from a resistively heated tungsten
filament in the evacuated cell. The metal is deposited
in a mineral oil film on the salt windows of the cell.
The resulting dispersion of nickel particles in oil trans-
mits ir and uv light well and shows little change in
scattering properties over periods of several hours.
The oil greatly decreases the rate of sintering and pro-
tects the metal from contamination by water from the
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ambient. Films prepared in this manner are not
“clean,” and the data obtained are the result of com-
petition among various species for chemisorption sites
on the nickel surface.

Cell pressures were maintained below 10-6 Torr dur-
ing evaporation. After evaporation, the gas to be
studied was admitted to the cell at a pressure of several
Torr for periods of 15 min to 24 hr and then evacuated.
Spectra were recorded before and after admission of the
gas and after various periods of evacuation. Pumping
for 1 hr was adequate to remove all traces of gas phase
pyridine from ir spectra, but a period of 6 hr was re-
quired to eliminate the uv gas phase bands. All spectra
of chemisorbed pyridine reported in this study were
recorded after evacuating the cell for at least 18 hr at
10 Torr.

Use of CaF2 windows allowed successive uv and ir
spectra of the same sample to be recorded. Infrared
spectra were recorded on a Perkin-Elmer Model 21
spectrophotometer. Useful spectra over all of the
4000-1000-cm-1 region were obtained by placing a
cell with oil-covered CaF2 windows in the reference
beam. Ultraviolet spectra were recorded on a Cary
Model 12 spectrophotometer in the 210-400-npt region.
Wire screens were used to attenuate the reference beam.

The pyridine was Fisher Certified reagent grade and
the carbon disulfide was Baker Analyzed reagent grade.
Both were subjected to fractional distillation under
vacuum. The carbon monoxide was supplied in a
breakseal flask by Air Reduction Co. and was used
without further purification. The purity of the nickel
wire supplied by Alfa Inorganics was 99.97%.

(1) Work was performed in the Ames Laboratory of the Atomic
Energy Commission; Contribution No. 3084.

(2) E.B. Maxted, Advan. Catal., 3, 129 (1951).

(@) P. G. Ashmore, “Catalysis and Inhibition of Chemical Reac-
tions,” Butterworths, London, 1963, p 188.

(4) T.A.White and A. F. Benton, J. Phys. Chem., 35, 1784 (1931).

(5) (@ G. W. Keulks and A. Ravi, ibid., 74, 783 (1970); (b) R. L.
Goldsmith, M. Modell, and R. F. Baddour, ibid., 75, 2065 (1971).

(6) G. Blyholder, J. Chem. Phys., 36, 2036 (1962).
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Table I: Infrared Bands (cm-1) for Pyridine Chemisorbed on Poisoned Nickel Films

Py + CO Py + CO + O, Py + 02 Py + CS2 Py + CS2+ O,

on nickel on nickel on nickel on nickel on nickel NiPy. (NCS),“ Liquid Py6 AssignmentO
3083 vs '20b

~3075 b, m ~3075 b, m ~3075 w ~3075m, b ~3075m, b 3054 s 2, 7b, 13

3036 vs ,20a

1605 s 1610 m 1600 s 1600 s 1610 s 1603 s 1580 vs 8a
1572 m 8b

d d d d d 1488 s 1482 s 19a
1450 s' 1450 m* 1445 s 1439 vs 19b
d d d d d 1356 vw 1375 m 14

1220 s 1220 m 1220 m 1215 s 1225 s 1215 s 1218 s 3, %9a

1160 s 1160 w 1150 m 1150 s 1160 s 1151 m 1148 s 15

1070 s 1070 m 1075 m 1065 s 1070 s 1068 s 1068 s 18a, 18b

1050 m 1050 m 1050 m 1045 s 1050 s 1043 s 1029 vs 12

2000 vs fco

1870 vs \stretch

1560 s fCarbonate
1330 s {species

bReference 12.
6 Appears as shoulder on background oil band.

Reference 9.
ground oil bands.

Figure 1. Infrared and ultraviolet cell:
window; 3, tungsten lead; 4, “O” ring.

1, filament; 2, CaF2

I1l. Experimental Results

Infrared and ultraviolet spectra of nickel films ex-
posed to pyridine vapor for periods of up to 24 hr
showed no bands due to chemisorbed species. Spectra
of similar films exposed to carbon monoxide showed the
bands at 2080 and 1940 cm-1 assigned to chemisorbed
CO7 (Figure 2) but no bands in the uv region. Subse-
guent exposure of these poisoned films to pyridine vapor
for 30 min produced ir spectra typical of coordinately
adsorbed pyridine8 or metal-pyridine complexes910
(Figure 2, Table I). The adsorbed CO bands were
shifted 70-80 cm-1 toward lower frequencies, indicating.
the presence of a coadsorbed species which is a strong
electron donor.11 Two bands appeared in the uv region
at 255 and 310 mp (Figure 3b). When these samples
were then exposed to air at a pressure of 100 Torr for
15 min, the adsorbed CO species were oxidized to

°Numbers denote vibrational modes of pyridine as assigned in ref 12.

dRegion obscured by ba

Figure 2. Infrared spectra of pyridine chemisorbed on a CO-
poisoned nickel film: a, CO added, evacuated; b,
pyridine added, evacuated.

carbonate species, as was shown by the disappearance
of the 2000- and 1870-cm_1 bands and the appearance
of new bands at 1560 and 1330 cm-1.7 Only minor
changes occurred in the positions and intensities of the
uv and ir pyridine bands (Figure 3c, Table I).

In the next series of experiments, freshly evaporated
nickel films were first exposed to air and then, after

(7) G. Blyholder, “Proceedings of the Third International Con-
gress on Catalysis, Amsterdam, 1964,” W. Sachtler, et al., Ed., North-
Holland Publishing Co., Amsterdam, 1965.

(8) L. H. Little, “Infrared Spectra of Adsorbed Species,” Academic
Press, New York, N. Y., 1966, p 193.

(9 F. Herbelin, J. D. Herbelin, J. P. Mathieu, and H. Poulet,
Spectrochim. Acta, 22, 1515 (1966).

(10) P. C. H. Mitchell, J. Irwrg. Nucl. Chem., 21,382 (1961).
(11) G. Blyholder, /. Phys. Chem., 68, 2772 (1964).
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Figure 3. Ultraviolet spectra of pyridine chemisorbed on a
CO-poisoned nickel film: a, CO added, evacuated; b, pyridine
added, evacuated; c, air added, evacuated.

Figure 4.
oxygen-poisoned nickel film:
pyridine added, evacuated.

Ultraviolet spectra of pyridine chemisorbed on an
a, air added, evacuated; b,

Figure 5. Ultraviolet spectra of pyridine chemisorbed on a
CSirpoisoned nickel film: a, CS2added, evacuated; b, pyridine
added, evacuated; c, air added, evacuated.

evacuation, to pyridine. The resulting spectra were
similar to those obtained with carbon monoxide and
pyridine, although no bands due to oxide species were
observed (Table I, Figure 4). No spectral changes
occurred when these samples were finally exposed to
carbon monoxide.

The third series of experiments was carried out in the
same manner as the first except that carbon disulfide
was used instead of carbon monoxide. Spectra of CS2
adsorbed alone on nickel had one band at 370 mu
(Figure 5a). Spectra of adsorbed pyridine in the pres-
ence of coadsorbed CS2 were much like those for the
two systems described above (Table I, Figure 5b, c).

Finally, freshly evaporated films were exposed to
water vapor and subsequently to pyridine. There
was no spectral evidence that either substance was
chemisorbed.

Table | gives ir frequencies for all of the investigated
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systems together with corresponding frequencies for a
nickel-pyridine complex® and for liquid pyridine.2
Table Il shows uv band positions for all chemisorbed
species, for a nickel-pyridine complex,13 and for pyri-
dine vapor.4 All spectra in Figures 3-5 are difference
spectra obtained by subtracting the absorbance of the
background spectra of the oil-covered films from that
of the apparent spectra observed. The spectra have
been displaced along the ordinate for the sake of clarity.

IV. Discussion

A. Infrared Spectra. Infrared spectroscopic studies
of pyridine adsorbed on silica gel, alumina, and silica-
alumina cracking catalyst's’® and on cation-substituted
montmorillonite’® have demonstrated that changes in
absorption in the 1700-1400-cm-1 region can be used
to distinguish between coordinately bonded pyridine
and pyridine bonded to surface hydrogens (pyridinium
ion surface complexes). A band in the 1440-1465-cm-1
region is characteristic of a coordination surface com-
plex, whereas bands near 1640 and especially 1540
cm-1 are indicative of pyridinium ion complexes.b
Differences in infrared band positions have similarly
been used to distinguish between ligand (coordinated)
pyridine and the pyridinium cation in metal-pyridine
complexes, Dwith bands near 1440 and 1215 cm-1 con-
sidered due to coordinated pyridine, and bands at 1530
and 1200 cm-1 due to pyridinium ion.

The ir spectrum of pyridine adsorbed on a CO-
poisoned nickel film (Figure 2) shows bands at 1450 and
1220 cm-1, and no bands in the 1530-1540-cm_1 region.
Since these are characteristics of pyridine in coor-
dinately bonded pyridine-metal complexes, the ir spec-
trum provides strong evidence that pyridine is chemi-
sorbed on nickel by coordinate bonding. The spectra
of pyridine on oxygen- and CS2poisoned films are
similar (Table 1) indicating that here, too, the mole-
cules are coordinately bonded. Resolution of the
1450-cm_1 pyridine band from the strong CH2 band
at 1475 cm-1 was practicable on the CO-poiSoned
surface (see Figure 2) but not on the 0 2and CS2poisoned
surfaces.

B. Ultraviolet Spectra. In the ultraviolet spectrum
of pyridine vaporM there is a strong #-ir* band with a
maximum at 249.5 m/i (Table Il). This band shows
considerable vibrational structure. In metal-pyridine
complexes the vibrational structure is diminished, and
a second band often appears in the 280-420-myu re-

(12) L. Corrsin, B. J. Fax, and R. C. Lord, J. Chem. Phys., 21, 1170
(1953). Vibrational modes are denoted by numbers following
scheme illustrated in Figure 1 of C. H. Kline, Jr., and J. Turkevich,
ibid., 12, 300 (1944).

(13) E. Koenig and H. L. Schlaefer, Z. Phys. Chem. (Frankfurt am
Main), 26,371 (1960).

(14) K. Kishi and S. Ikeda, J. Phys. Chem., 73, 2559 (1969).
(15) E. P. Parry, J. Catal., 2, 371 (1963).

(16) Yu. I. Tarasevich, V. P. Telichkun, and F. D. Ovcharenko,
Teor. Eksp. Khim., 6 (6), 804 (1970).
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Table 11: Ultraviolet Bands (him) for Pyridine Chemisorbed on Poisoned Nickel Films
Py + CO Py + CO + 02 Py + Or Py + CS2 Py + CSi - 02
on nickel on nickel on nickel on nickel on nickel NiCbPyr* Py vapor6 Assignment
310 310 310 305 305 1310 Ni-Py
1280c charge-
transfer
264 260.5 PyO
258 254 Py 1
255 260 265 257 262 252 249.54 Py 2
246 244.5 Py 3
239 Py 4
370 370 Sulfur
charge-
transfer

“ Reference 12. 6Reference 14.

gion.137 The latter (charge-transfer) band is caused
by transfer of electrons from the metal to antibonding
orbitals on the pyridine molecule. Ultraviolet spectra
of pyridine adsorbed on various metals, including nickel,
were obtained by Kishi and IkedaX in a study of ad-
sorption on bare evaporated films. They reported that
in the spectrum of pyridine on nickel, the uv band posi-
tion was not shifted much from that of pyridine vapor;
the band showed well-defined vibrational structure, and
its intensity decreased after prolonged evacuation
(liquid nitrogen trap). For pyridine on iron, on the
other hand, they observed two broad bands at 258 and
297 m/x, neither of which showed vibrational structure.
The 297-m"™i band was attributed to a charge transfer
from the iron to the pyridine. The authors concluded
that on iron the pyridine was bonded much as in metal-
pyridine complexes, but that the bonding on nickel was
weaker.

In the present study all uv spectra of pyridine ad-
sorbed on poisoned nickel films indicate that the pyri-
dine is strongly bonded in molecular form (Figures
3-5). In every case there are two bands which have
no vibrational structure, and the band intensities do
not decrease after evacuation for 24 hr. After com-
paring these spectra with those of metal-pyridine com-
plexes1i3 we have assigned the 255-265-m/u band to a
ir-7r* transition of the adsorbed pyridine and the 305-
310-m/i band to nickel-pyridine charge transfer (Table
).

C. Promoted Adsorption by Poisoning.
posed that a pyridine molecule reacts with a metal sur-
face primarily by donating electrons to incompletely
filled orbitals on the surface, then the ease with which
the reaction occurs (and the stability of the bond
formed) must decrease as the number of electrons al-
ready in these surface orbitals increases. There is, in
general, such an increase in electrons on going from
left to right across the transition metal series, and this
may be used to explain the findings of Kishi and IkedaX4

c Assigned in ref 12 as either a pyridine or a Cl charge-transfer band.

If it is sup-

dMost intense peak in band.

that pyridine chemisorbed strongly on Ti and Fe, less
strongly on Ni, and not at all on Cu.

For a specific metal, the number of electrons in the
unbonded orbitals of a surface atom must decrease
upon adsorption of oxidizing, or electron-withdrawing,
species on neighboring surface atoms; i.e., the induc-
tive effects are transmitted through the surface, at least
over short distances. It should therefore be possible
to increase the acid strength of nickel atoms toward
pyridine by partially oxidizing the nickel surface.

For the case of oil-covered films, since the reaction
between pyridine and nickel is weak to begin with,4
interactions between the metal and the oil prevent for-
mation of pyridine-nickel surface complexes. (Diffu-
sion of pyridine through the oil cannot be the limiting
factor since, with poisoned films, pyridine readily pene-
trates the oil and reacts with the metal.) Partial oxi-
dation of the nickel with CO, a good electron-with-
drawing species, makes the metal atoms stronger Lewis
acids and permits reaction with pyridine to occur (Fig-
ures 2 and 3). Exposing the CO-poisoned film to air,
and thereby removing the chemisorbed carbon monox-
ide, has little effect on the coadsorbed pyridine because
the metal surface adsorbs oxygen, another electron-
withdrawing species, during the process (Figure 3).
This is shown by the ease with which pyridine chemi-
sorbs on films exposed previously only to air (Figure 4).

After exposure of freshly evaporated nickel films to
CS2and evacuation, no bands are detected in the ir re-
gion.1819 This has been interpreted as being due to
dissociation of the CS2 and formation of surface metal
sulfides.9 The cause of the band which appears at
370 mu after exposure of the nickel film to CS2 is un-
certain, but we tentatively assign it to a charge transfer

(171 H. L. Schlaefer and E. Koenig, Z. Phys. Chem. (Frankfurt am
Main), 30, 145 (1961).

(18) C.W. Garland, J. Phys. Chem., 63, 1423 (1959).

(19) G. Blyholder and G. W. Cagle, Environ. Sci. Technol., 5, 158
(1971).
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between surface nickel atoms and dissociated sulfide
species (Table 11). CS2has a major uv band at 290-
380 m/z (maximum at 320 m/z)D in the gas phase, at
260-300 m/iz (maximum at 280 m/z) in CC14 solution,2L
and at 250-357 m/z (maximum at 330 m/z) in heptane.2
Uv spectra for NiS appear to be unavailable in the lit-
erature. The presence of this electronegative sulfur
species increases the acid strength of the nickel so that
reaction with pyridine occurs (Figure 5).

Poisoning of the nickel films with electron-donating
species should inhibit rather than enhance pyridine ad-
sorption. In trying to chemisorb other Lewis bases,
however, one encounters the same difficulties as with
pyridine itself. As expected, the attempted poisoning
with H2 did not produce any evidence that the water
chemisorbed. Subsequent exposure of the film to pyr-
idine again failed to produce chemisorbed species, al-
though when the film was finally exposed to carbon
monoxide, chemisorption of CO readily occurred.

These results suggest a model for catalytic poisoning
which may be generally applicable to reactions of Lewis
bases. According to this model, inhibition of catalytic
reactions involving such bases is due to induced irre-

R. Guidernri, G. Pezzatini, and M. L. Foresti

versible adsorption of the reactants, caused by induc-
tive effects of the adsorbed poison. This is consistent
with the observation2that often only small amounts of
poison are required to inhibit reactions, since most of
the surface sites are blocked, not by the poison, but by
the reactant.

Finally, it should be noted that while the poisoning
mechanism proposed here is probably quite important
on transition metals toward the right of the series
(e.g., Ni and Cu), it becomes less important on going to
the left across the series (depending on the strength of
the base involved). For Ti and V the mechanism
probably does not operate at all, simply because on
these metals the surface orbitals were already empty to
permit stable coordination bonds to be formed.
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The voltammetric behavior of thallous and thallic ions in 1 M HCIO40n smooth and on variously platinized
platinum is investigated. Experimental conditions suitable for a quantitative examination of the voltammetric
curves of TI3+and T I+ are determined. Some conclusions about the mechanism of the overall electrode process

TI3+ - 2e

Tl+are drawn. Furthermore, the adsorptivities of T13+and T I+ on oxide-free smooth platinum

and on oxide-covered both smooth and variously platinized platinum are determined from the shift of the half-
wave potential of the voltammetric curves of Tlat+ and T+ with a change in the bulk concentration of the reac-

tant.

Introduction

The voltammetric behavior of the TP+/T1+ couple
on smooth platinum has been investigated by several
researchersl-6 in perchloric as well as in sulfuric acid.
Vetter and Thiemke,1las well as Catherino and Jordan,2
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drew some conclusions about the mechanism of the
overall electrode process TI3+ + 2e  T1+ on the basis

(1) K. J. Vetter and G. Thiemke, Z. Elektrochem., 64, 805 (1960).
(2) H. A. Catherino and J. Jordan, Talanta, 11, 159 (1964).
(3) S. D. James, Electrochim. Acta, 12, 939 (1967).
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of an examination of the voltammetric curves of TI3+
and T1+. Both James3and Ulstrup4observed that the
current-potential curves given by solutions of T3+ and
TI+ in HC104 are extremely sensitive to electrode pre-
treatments and exhibit a notable hysteresis when the
direction of the potential sweep is inverted. The spe-
cific adsorption of thallous ion on smooth platinum
from solutions of hydrochloric acid67 and of sulfuric
acid89was studied by several authors both by the radio-
tracer method and by the galvanostatic transient
method.

In the present paper conditions which are suitable to
a quantitative examination of the voltammetric curves
given by TI3+and by TI+in HC104both on smooth and
variously platinized platinum are first determined;
second, from an examination of the voltammetric curves
recorded under these conditions, some conclusions are
drawn about the mechanism of the electrode process
TI3+ + 2e  T1+ as well as about the influence exerted
on this process by the specific adsorption of TI3+ and
T1+.

Experimental Section

The working electrodes employed in the measure-
ments were prepared by melting the end of a platinum
wire (Metalli Preziosi, 99.98% pure) in a hydrogen
flame until a small sphere, 2 mm in diameter, was ob-
tained. The hydrogen eventually absorbed into plat-
inum during melting was removed by heating the elec-
trode for about 3 hr at 500° in vacuum and then letting
it cool to room temperature, still in vacuum, as sug-
gested by Trasatti.0 The roughness factor of an elec-
trode so prepared, as measured with the method pro-
posed by Will and Knorr,11 was about 1.5. The vari-
ously platinized electrodes were obtained by electrolyz-
ing freshly prepared smooth platinum electrodes in a
2% solution of chloroplatinic acid in 2 N HC1 for dif-
fering times at a current density of about 20 mA/cm2

The cell employed in the measurements was de-
scribed by Cozzi and coworkers.2 In this cell a Teflon-
finned piston containing an iron nucleus is moved by a
magnet coil at regular intervals of time, causing a rapid
laminar flow of the solution around a hemispherical
platinum microelectrode. This flow, which reduces
the thickness of the diffusion layer around the micro-
electrode to a value as low as 5 X 10~4 cm, ceases
abruptly after about 30 msec (washing period) from its
start. The washing period is followed by a much
longer period of time (3-9 sec) during which the solu-
tion is perfectly still so that the reactant reaches the
electrode surface by simple diffusion. Therefore the
measured instantaneous current is a potentiostatic cur-
rent at a stationary spherical electrode. Owing to the
periodical renewal of the diffusion layer, once the cell in
guestion is connected with a conventional polarograph
a current-potential curve is obtained which is analogous
to a polarographic wave, the only difference being rep-
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resented by the fact that here the average current is re-
corded at a stationary spherical electrode rather than
at a growing drop. The current-potential curves were
recorded with a Beckmann TM30 Electroscan, em-
ploying the three-electrode system. As reference elec-
trode and as counterelectrode, two saturated mercu-
rous sulfate electrodes were used. Since we noted
that impurities of sulfate ions alter the behavior of
the voltammetric curves (particularly of the cathodic
one), a solution of 1M HC104was interposed between
the solution under study and each saturated Hg2S04
electrode. All potentials reported in what follows are
referred to the nhe.

The solutions of T1+ were obtained starting from re-
agent-grade Merck T12203 and BDH Analar HC104
The solutions of TI3+ were prepared starting from
TI(OH)3obtained by the method described by Huttig
and Mytizek13and were titrated iodometrically. Since
impurities of chlorides alter the behavior of the voltam-
metric curves, the precipitate of TI(OH)3was purified
by dissolving it with HC104 and precipitating it again
with NaOH; this procedure was repeated several times
until no visible turbidity was observed after addition of
AgNO03 Triply distilled water was employed, the first
two distillations having been performed from alkaline
permanganate. The solutions in the electrolysis cell
were deaerated with nitrogen 99.999% pure.

In order to obtain reproducible data it was found
necessary to pretreat the electrode before each single
recording. The pretreatments, consisting in evolving
hydrogen either at controlled current or at controlled
potential for a given period of time (in order to obtain
an oxide-free electrode) or in evolving oxygen (in order
to obtain an oxide-covered electrode), revealed them-
selves unsatisfactory. The irreproducible results ob-
tained by the above drastic pretreatments are largely
due to a rapid increase in the electrode roughness factor,
which has a remarkable effect upon the rate of the
charge-transfer process TI3+ + 2e =t T1+. Thus 4 or
5 pretreatments consisting in evolving hydrogen on the
electrode surface are sufficient to increase the roughness
factor from the initial value 1.5 to a value of about 2.
For the above reasons, in order to obtain an oxide-free
electrode we used a milder pretreatment, which consists

(4) J. Ulstrup, Electrochim. Acta, 13, 535 (1968).

(5) D. Cozzi and G. Raspi, Atti Soc. Toscana Sci. Nat. Pisa, Proc.
Verbali Mem., Ser. A, 70, 131 (1963).

(6) B. J. Bowles, Electrochim. Acta, 10, 717 (1965).
(7) B. J. Bowles, ibid., 10, 731 (1965).

(8) G. N. Mansurov, N. A. Balashova, and V. E. Kazarinov, Allektro-
khimiya, 4, 641 (1968).

(9) G. N. Mansurov and N. A. Balashova, ibid., 2, 1358 (1966).
(10) S. Trasatti, Electrochim. Metal., 1, 267 (1966).
(11) F. G. Will and C. A. Knorr, Z. Elektrochem., 64, 258 (1960).

(12) D. Cozzi, G. Raspi, and L. Nucci, J. Electroanal. Chem., 12,
36 (1966).
(13) G. F. Huttig and R. Mytizek, Z. Anorg. Allgem. Chem., 192,
187(1930).
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in applying a potential varying linearly from 0.300 V to
1.300 V and vice versa with a frequency of 0.05 Hz for 3
min to the electrode immersed in the electrolysis cell.
The pretreatment was arrested at 0.300 V and immedi-
ately after the cathodic curve was recorded from 0.300
V toward more positive potentials. Analogously, the
anodic curves on smooth oxide-covered platinum were
obtained by applying a potential varying linearly from
0.85 V to 1.85 V and vice versa with a frequency of 0.05
Hz for 3 min to the electrode immersed in the electrol-
ysis cell, arresting the pretreatment at 1.85 V, and pro-
ceeding immediately after to the recording of the anodic
curve toward less positive potentials. The variously
platinized electrodes were submitted to an analogous
anodic pretreatment; the only difference was that the
value of the positive extreme of the potential range
chosen for the pretreatment was decreased with an in-
crease in the platinization, in order that the current
density at such an extreme should not exceed 4 mA/cm?2

In order to avoid appreciable changes in the electrode
roughness factor during the recordings, each single se-
ries of recordings was carried out within one day starting
from a freshly prepared electrode and ascertaining that
the value for the roughness factor of this electrode at
the end of the series was equal to the initial value.
Whenever recording cathodic curves on smooth pre-
reduced platinum, the potential sweep-rate was kept
above a certain limit (100-150 mV per min) in order to
avoid the incipient surface oxidation of the electrode
during the recording of the lower portion of these curves.

Results

The potential range enclosing both the cathodic curve
of TI3+ to T1+ and the anodic curve of T1+ to T13+ on
smooth platinum is too wide for the state of the plati-
num surface to remain unchanged within this range
(see Figure 1). Thus, starting with a prereduced elec-
trode and shifting the applied potential toward more
positive values, the surface oxidation of platinum be-
gins at about +0.900 V and proceeds gradually up to
oxygen evolution. This is clearly shown in curve a of
Figure 2, given by 1 M HC104alone on platinized plati-
num with a roughness factor of 8 (it should be noted
that the voltammogram given by the supporting elec-
trolyte alone does not change its shape appreciably
with an increase of the roughness factor of platinum,
but simply increases in height). Conversely, if we
start with a preoxidized electrode and we proceed to-
ward less positive potentials, the electroreduction of
the surface oxide takes place in a relatively narrow po-
tential range (0.900-0.600 V), revealing itself by the
appearance of a cathodic peak at about +0.700 V.
This peak is clearly shown in curve a of Figure 3, given
by 1 M HC104o0n platinized platinum with a roughness
factor of 8.

The voltammogram given by a solution of 10 3 M
TI3+ and 10~3M T1+ in 1 M HC1040n smooth plati-
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Figure 1. Voltammograms of 10~3M TI+ + 10~3M TI3+in
1 M HCIOi on smooth platinum. Curve a was recorded
starting with a prereduced electrode and proceeding toward
more positive potentials. Curve b was recorded starting with a
preoxidized electrode and proceeding toward less positive
potentials. The dashed vertical line refers to the standard
potential of the T13+T 1+ system.

Figure 2. Voltammograms of 1 M HCIO4 alone (curve a) and
of 10-3 M TI++ 10~3M TI3+in 1 M HCIO4 (curve b) on
platinized platinum with a roughness factor of 8, as obtained
starting with a prereduced electrode and proceeding toward
more positive potentials. The dashed vertical line refers to the
standard potential of the T13+T1+ system.

num starting with a .prereduced electrode and pro-
ceeding toward more positive potentials is shown in
Figure 1, curve a. The cathodic curve develops en-
tirely at an oxide-free electrode and therefore can be
analyzed quantitatively. Conversely, the anodic curve
develops at an electrode which is undergoing simulta-
neous progressive surface oxidation. Consequently, the
anodic curve recorded under such experimental condi-
tions cannot be profitably analyzed. Among other
things, the cathodic limiting current of the voltam-
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Figure 3. Voltammograms of 1 M HC104alone (curve a) and
of 10-3 M TI++ 10-3 M TI3+in 1 M HC104 (curve b) on
platinized platinum with a roughness factor of 8, as obtained
starting with a preoxidized electrode and proceeding toward
less positive potentials. The dashed vertical line refers to the
standard potential of the T13+/T1+ system.

mogram in Figure 1 is diffusion-controlled, whereas the
anodic limiting current of the same voltammogram is
not. In fact an oscillographic examination of the in-
stantaneous potentiostatic current at the cathodic
plateau shows that this current obeys the Cottrell equa-
tion corrected for sphericity, whereas this is not the
case for the instantaneous current at the anodic plateau.
A different situation is encountered whenever we record
the voltammogram of the same solution of TI3+ and
T1+ starting with a preoxidized electrode and proceeding
toward less positive potentials (curve b in Figure 1).
In this case the anodic curve develops at an electrode
covered by a stable layer of surface oxides and its
limiting current is diffusion-controlled. Conversely
the cathodic curve splits into two partial waves, only
the second of which is diffusion-controlled. The first
cathodic wave was also observed by James,3 who re-
fers to it as to a “prewave.” Its rising portion de-
velops at an oxide-covered electrode but its ill-defined
limiting current falls within the potential range in which
the surface layer of platinum oxides is reduced.

The standard potential of the T13+#/T1+ couple is
about equal to 1.260 V Y and therefore is much closer to
the rising portion of the anodic curve at an oxide-
covered electrode (voltammogram b in Figure 1) than
to the rising portion of the cathodic curve at an oxide-
free electrode (voltammogram a in Figure 1). This
observation suggests that the rate for the electrode pro-
cess TI3+ + 2e TI+ is greater at an oxide-covered
than at an oxide-free platinum electrode. This con-
clusion is further supported by the peculiar shape of
voltammogram b of Figure 1. Here the point of zero
current coincides to a good approximation with the
standard potential of the T13+/T 1+ couple; in addition,
the rising portion of the anodic curve and that of the
cathodic prewave (both developing at an oxide-covered
electrode) are practically antisymmetrical with respect
to such a point, apart from the difference in their
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heights. In this respect the plateau of the cathodic
prewave can be regarded as having originated from the
mutual compensation of two conflicting tendencies:
they are, on the one hand, the natural tendency to an
increase in the reduction current of TI3+ as a conse-
quence of a decrease in the applied potential, and, on
the other hand, the tendency to a decrease in the same
cathodic current following the gradual reduction of
platinum surface oxides and the consequent decrease
in the exchange current for the cathodic process TI3+
+ 2¢ *m T1+. The second cathodic partial wave de-
velops on an electrode almost completely free from ox-
ides. From the above it is evident that in the voltam-
mogram b of Figure 1 only the anodic curve can be
analyzed quantitatively.

The preceding qualitative considerations are con-
firmed by the voltammetric behavior of the T13+/T1+
system on variously platinized platinum electrodes.
With an increase in the roughness factor of platinum
the voltammogram of 10-3 M T1+ + 10~3M TI3+ as
recorded toward less positive potentials starting with a
preoxidized electrode, undergoes the following changes
with respect to voltammogram b of Figure 1. (a) the
anodic curve shifts gradually toward less positive po-
tentials approaching the standard potential; (b) the
cathodic prewave shifts toward more positive potentials,
at the same time increasing in height, the more the
greater is the distance of its rising portion from the re-
duction peak of platinum oxides (see for instance volt-
ammogram b of Figure 3, recorded at an electrode with
a roughness factor of 8). The preceding behavior indi-
cates that the rate for the TI13+ + 2e  T1+ reaction at
an oxide-covered electrode increases remarkably as the
roughness factor of platinum is increased. In practice,
even for a roughness factor as low as 8, the cathodic pre-
wave reaches a height quite close to that of the corre-
sponding diffusion limiting current, which in voltam-
mogram b of Figure 3 is actually attained at potentials
more cathodic than those corresponding to the reduc-
tion peak of platinum oxides. In practice on preoxi-
dized platinized platinum with a roughness factor of
36 a solution of 10~3M TI3+ and 10~3M T1+ already
yields a cathanodic curve which intersects the zero-
current axis at the standard potential and which de-
velops entirely at an oxide-covered electrode.

As the roughness factor of platinum is gradually in-
creased the voltammogram of 10_.3 M TI3+ + 10~z M
T1+, as recorded toward more positive potentials start-
ing with a prereduced electrode, undergoes the following
changes with respect to voltammogram a of Figure 1
The cathodic curve shifts gradually toward more posi-
tive potentials, showing that the exchange current for
the TI3+ + 2e T1+ reaction also increases on oxide-
free platinum. As soon as the above shift brings the

(14) M. S. Sherrill and J. Haar, Jr., J. Amer. Chem. Soc., 58, 952
(1936).
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rising portion of the cathodic curve to potentials at
which a detectable oxidation of the electrode surface
starts to take place (~+1.00 V; see for instance curves
a and b in Figure 2), the cathodic current ceases to de-
crease with increasing potential and begins to increase,
exhibiting a minimum. Subsequently the current falls
rapidly in the proximity of the standard potential in-
tersecting the residual current at this potential. The
rise in the cathodic current occurring at the potential
of incipient oxidation of the electrode surface must be
attributed to the increase in the exchange current for
the TI3+ + 2e —» T1+ reaction following the gradual
surface oxidation of platinum. Incidentally, in the
following we will show that the adsorptivity of thallic
ion is greater on oxide-covered than on oxide-free plati-
num. Quite probably the increase in the surface con-
centration of TI3+ accompanying the progressive sur-
face oxidation of platinum as we proceed toward more
positive potentials contributes in causing the relatively
rapid increase in the cathodic current shown in curve
b of Figure 2. Obviously, when the standard potential
of the TI13+/T1+ couple is closely approached, the anodic
component of the current, which is due to the electro-
oxidation of thallous ion, starts to become appreciable
and the current decreases again, becoming zero at the
standard potential. As the roughness factor of plati-
num is increased beyond 8, the potential at which the
cathodic current starts to decrease perceptibly with re-
spect to its diffusion limiting value continues shifting
toward more positive values; consequently, the mini-
mum in the cathodic current increases so as to disap-
pear almost completely for roughness factors higher
than 12

In conclusion, upon recording the voltammogram of
10~3M TI3+ + 10-3 M T1+ toward more positive po-
tentials on variously platinized platinum, either the
whole or part of the cathodic curve, as well as the whole
anodic curve, develop at an electrode undergoing a
gradual surface oxidation. Likewise, the cathodic
curve recorded on platinized platinum starting with a
preoxidized electrode develops at an electrode on which
electroreduction of surface platinum oxides is in prog-
ress. Hence only the anodic curve recorded toward
less positive potentials starting with a preoxidized elec-
trode (see curve b in Figure 3) can be examined quan-
titatively on platinized platinum.

Voltammetric curves similar to those in Figures 2
and 3 were obtained by James3at an apparently smooth
platinum electrode. Since curves of similar shape were
obtained by us even on platinum electrodes having
roughness factors appreciably lower than 8 (e.g., 2.5)
and since a smooth electrode submitted to an excessive
number of pretreatments increases appreciably its
roughness factor, it is probable that the electrode em-
ployed by James had a roughness factor higher than
15. It must be noted that the conclusions drawn by
James are opposite to ours. In fact he assumes that
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Log C$ .

Figure 4. Plot of the half-wave potential Ei/2cfor the
cathodic curve of TI3+ on smooth prereduced platinum against
log cz=- The small circles denote experimental values, whereas
the solid curve expresses the theoretical behavior. The broken
lines a and b express the asymptotic behavior of Ei/2Cat low
and high values of log Cz*, respectively.

the process TI3+ + 2e ~ T1+ occurs more rapidly on
oxide-free than on oxide-covered platinum.

In the present paper we will examine from a quantita-
tive point of view the irreversible cathodic curve of
TI13+ on oxide-free prereduced smooth platinum as well
as the anodic curve of TI+ on both smooth and plati-
nized oxide-covered preoxidized platinum. When using
platinized platinum, in order to simplify the interpreta-
tion of data, we will confine ourselves to the examination
of the voltammograms recorded on electrodes with
roughness factors sufficiently low (p = 1.5-31) to yield
totally irreversible anodic curves.

The cathodic curve recorded on prereduced smooth
platinum exhibits a particular behavior with increasing
the bulk concentration of TI3+, C3* For concentra-
tions less than 5 X 10~4M the half-wave potential re-
mains constant (see Figure 4); furthermore a plot of
log [*c/(L.d —i0 ] against the applied potential E (where
i0is the mean cathodic current at the potential E and
icd the corresponding mean diffusion limiting current)
is linear along the whole rising portion of the curve and
exhibits a reciprocal slope of —130 mV. Upon in-
creasing C3* above 5 X 10~4M the half-wave potential
E ,/liC of the cathodic curve tends to shift toward less
positive values, at first slowly and subsequently more
rapidly. Accompanying the shift of ;i\/2c the slope of
the cathodic curve increases. Thus the value of ElA
— Ei/(, which for C3* = 5 X 10~6M is about equal to
125 mV, becomes 72 mV when C3* is increased to 10-2
M. Figure 5 shows two cathodic curves, recorded at
different sensitivities; curve a is given by a 10~4M so-
lution and curve b by a 10~2M solution of TI3+. Fur-
thermore, Figure 6 shows the ratio i¢i0d of the mean
cathodic current ic at a given potential E to the corre-
sponding mean diffusion limiting current i0d as a func-
tion of E for three different concentrations of TI3+.
The presence of T1+ in concentrations as high as 10_1
M does not alter either the shape or the position of the
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+ 0.60V + 0.60V

Figure 5. Cathodic voltammograms of 10-4 M TI3+ (curve
a) and of 10-2 M TI3+ (curve b) in 1 M HC1040n smooth
prereduced platinum. The vertical lines on each curve refer
to +0.60 V. The sensitivity at which curve a was recorded
is Vioo of the sensitivity at which curve b was recorded.

Figure 6. Plot of ic/lcd against E as obtained from the
cathodic voltammograms of 5 X 10-6 M TI3+ (curve a),

2 X 10~3M TI3+ (curve b), and 5 X 10~3M TI3+ (curve c)
in 1 M HC1040on smooth prereduced platinum. The small
circles denote experimental values whereas the solid curves
denote the theoretical behavior as expressed by eq 12 and 14.
The vertical lines on each curve refer to +0.65 V.

cathodic curve furnished by a given solution of T13+ on
smooth prereduced platinum.

The anodic curve of T1+ on smooth preoxidized
platinum shifts toward more positive potentials with an
increase in the bulk concentration Ci* of thallous ions.
In this latter case the shift in the half-wave potential,

is already appreciable at the lowest experimentally
accessible concentrations of T1+. This is clearly shown
in curve a of Figure 7, which reports Ei/,a against the
common logarithm of Ci*. For 105 M < C\ < 10-2
M the plot of -Eh,avs. log Ci* is linear with a slope of
110 mV. The slope of the anodic curve on preoxidized
smooth platinum, expressed by an E,/t — Ei/, value of
about 105 mV, does not change appreciably with a
change of Ci* and therefore of ;?i/,a as opposed to
what observed with the cathodic curve. Furthermore,
the plot of log — V)] vs. the applied potential
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Figure 7. Plot of the half-wave potential Em ,* for the anodic
curve of T 1+ on smooth preoxidized platinum (curve a) and

on platinized preoxidized platinum with a roughness factor of
7 (curve b), 14 (curve c) and 31 (curve d) against log Ci*. The
broken lines 1 and 2 express the asymptotic behavior of Eu2a
on smooth platinum at low and high values of log

Ci*, respectively.

E (where iais the mean anodic current at the potential
E and zad the corresponding mean diffusion limiting
current) is linear and exhibits a reciprocal slope of about
110 mV at all the concentrations of T1+ investigated,
if we add to a solution of T1+ of a given concentration
Ci* a comparable amount of T3+, then the half-wave
potential of the anodic curve shifts appreciably toward
more positive values.

The anodic curve furnished by a T1+ solution of a
given concentration on variously platinized preoxidized
platinum shifts toward decreasing overpotentials with
an increase in the roughness factor of platinum as a con-
sequence of the increased exchange current density.
Nevertheless, for a given roughness factor, the anodic
curve shifts toward more positive potentials ivith an
increase in the bulk concentration of T1+, Ci*, analo-
gously to what is observed on smooth platinum.
Curves b, ¢, and d of Figure 7 show the linear variation
of Ei/2awith log Ci* on platinized platinum of rough-
ness factor 7, 14, and 31, respectively. As the electrode
roughness is increased, the minimum value of Ci* for
which the anodic curve is still totally irreversible also
increases. In Figure 7 such a minimum value, for each
roughness factor, is expressed by the lowest Ci* value
for which the experimental value of ;\/,ais reported.

Discussion and Conclusions

Mechanism of the Overall Electrode Process TI3+ +
2e  TI+. On the basis of a theoretical treatment for-
mulated by one of us in a preceding paper,5 we can
state, prior to further discussion, that the shift in the
half-wave potential both of the anodic curve on preox-
idized platinum (Figure 7) and of the cathodic curve on
prereduced platinum (Figure 4) is due to the influence
of the specific adsorption of the reactant and the prod-
uct of electrolysis. A detailed quantitative examina-
tion of this shift will be carried out in the following sec-

(15) R. Guidelli, J. Phys. Chem., 74, 95 (1970).
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tion. Here we simply note that at the low concentra-
tions of T13+ for which the cathodic curve on prereduced
platinum maintains a constant half-wave potential
(see Figure 4), the influence of the specific adsorption
of TI3+ and T1+ may be considered to be negligible.
An examination of the cathodic curve at these low con-
centrations may give some useful information about
the mechanism of the electroreduction of TI3+ to T1+.
Although the anodic curve on smooth preoxidized plati-
num is affected by adsorption of both reactant and
product up the lowest accessible concentrations of
TIl+, we can state, again prior to further discussion,
that its shape is not appreciably altered by such an ad-
sorption. Hence the plot of log [id(vd — bd] vs. E
may be usefully employed in order to draw some con-
clusions about the mechanism of the electrooxidation
of T1+ to TI3+

The most plausible mechanisms by which the overall
electrode process TI3+ + 2e ~ T1+ may proceed are

Mechanism a

TI3+ + 2™ Ti+ 1)

Mechanism b
(TI++ e~ T I 2+ 2
(TI2+ + e T1+ 3)

Mechanism ¢
T13+ + e —> TI2+ ) 2

> toward reduction

12+ TI3+ + T1+) (4)
Mechanism a predicts the simultaneous uptake of two

electrorist by TBk2tirtd &herefbre is rather improbab(d)
Mechapisn) ¢ pgedicts a Sﬁo_'[}?j-o%\@’?%%' 130s d(la;)-
proportionation of TI2+ into TI3+ and T1+. Whether
the overall electrode reaction TI3+ + 2e ~ T1+ pro-
ceeds through mechanism a, b, or else through mecha-
nism c¢ in which the charge-transfer step is regarded as
the rate-determining one, the plot of log [V/ (id — )] vs.
E, as obtained from the cathodic curve as well as from
the anodic one, is expected to be linear (see ref 16 and
eq 18 in the present paper). The slope of such a plot
should be equal to —(a0—F)/2.3RT for the cathodic
curve and to -\-(a™0F)/2.3RT for the anodic one,
where the charge-transfer coefficients a0 *r and ar—Oare
given by
No—=T . .

I 71 o—»rPoxr
Vo-*-r1

&O0—*r

7
&T—+0 “f7 7 (5)
Vr-+-0

In eq 5 the subscripts o-*-r and r-*o indicate the direc-
tion in which the overall electrode process TI3+ + 2e
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AT 1+ proceeds; n isthe number of electrons preceding
the rate-determining stage, n' is the number of electrons
involved in the rate-determining stage, and v and /3 are
the stoichiometric number and the symmetry factor for
such a stage. Table | summarizes the values of n, n’,
v, and a both in the direction toward oxidation and in
that toward reduction for the various mechanisms,
under the reasonable assumption that the /3 value is
close to 0.5. The experimental plots of log [I/{ld —
1) ] vs. E are linear both for the cathodic and for anodic
curves. The values of r and ow Oas obtained from
these plots are, respectively, equal to 0.45 and 0.54.
We must therefore conclude that the rate-determining
step in the electroreduction of T 13+ to T1+ is expressed
by eq 2 whereas the rate-determining step in the electro-
oxidation of T1+ to TI3+is expressed by eq 3. From the
table it is manifest that it is impossible to establish
whether the step following the charge-transfer step (2)
in the electroreduction process (or the charge-transfer
step (3) in the electrooxidation process) is represented
by the disproportionation of T12+ as predicted by mech-
anism c or by a further elementary charge-transfer step,
as predicted by mechanism b.

Table |

A—-Toward reduction------- > - Toward oxidation-—— *
Mechanism 13— no—sr —r «o—r fir»0 N't—o V=0 °fr—o

a 0 2 1 ~ i 0 2 | ~ i
[the r.d.s. is
expressed by 0 1 1 -~0.5 | 1 | ~1.5
eq 2
[the r.d.s. is
expressed by i 1 1 ~1.5 0 1 | ~0.5
eq 3]

(the charge-

transfer step

is the rate 0 1 1 ~0.5 0 1 | ~0.5
determining

one)

Similar conclusions were drawn by Vetter and
Thiemkel in sulfuric acid, notwithstanding the fact
that they do not take mechanism c into account. It
should be noted that these authors do not base their
conclusions on the values of a0 *Tand ar »0, but rather
on the observation that the value of the exchange cur-
rent density for the process TI3+ + 2e ~ T1+, as ob-
tained by extrapolating the cathodic Tafel line to the
equilibrium potential, is appreciably different from,
and in fact, less than the value of the exchange current
density as obtained from the anodic Tafel line. Since
it is quite probable that even in sulfuric acid the ca-
thodic curve develops on an oxide-free electrode and the
anodic curve on an oxide-covered electrode, the differ-
ence between the two values for the exchange current
density, as observed by Vetter and Thiemke, could be
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simply attributed to this phenomenon and conse-
quently it does not represent a valuable criterion for
the determination of the mechanism of the electrode
process under study. Completely different conclusions
were drawn by Catherino and Jordan,2 according to
whom the experimental behavior of the voltammetric
curves of TI3+ and T1+ in 1 M HC104 confirms “in a
conclusive way” the validity of mechanism c. The
above authors base their conclusions on the observation
that the formal potential of the TP+/T1+ couple falls
at a point along the rising portion of the anodic curve
rather than in the zero-current region included between
the anodic and cathodic curves. As a matter of fact
this experimental observation was confirmed neither
by us nor by the various other authors who worked on
this subject. Quite probably the data of Catherino
and Jordan were distorted by the presence in the solu-
tion of traces of chloride ion, as was observed by
James.3 On the other hand, the phenomenological
treatment of mechanism c reported by Catherino and
Jordan is not correct. In fact the net current | is con-
sidered to be the resultant of a cathodic component I+,
due to the unidirectional reduction of TI3+ to TI12+ (eq
40, ref 2) and of an anodic component |I_, due to the
unidirectional oxidation of T1+ to TI2+ (eq 41, ref 2),
without accounting for the fate of the TI2+ ions pro-
duced irreversibly by these two component currents.
In fact the steady-state condition for the concentration
of T12+ions, expressed by eq 42 of ref 2, is not at all em-
ployed in the derivation of the final expression for the
current-potential characteristic (eq 43 of ref 2) em-
ployed by Catherino and Jordan.

Influence of the Adsorption of TI+ and TI3+ upon the
Voltammetric Curves of these Species. After having
drawn some conclusions about the mechanism of the
electrode process TI3+ + 2e ™ TI+, let us consider the
influence of the specific adsorption both of T13+ and of
T1+ upon such a process. In ref 15 one of us derived
an approximate expression of the current-potential
characteristic for the general process 0 + ne N R, in
which both 0 and R are specifically adsorbed according
to Langmuirian isotherms. In the present case the
current-potential characteristic for the cathodic curve
is derivable from the simple equations (c/. eq 27 of ref
15)

~o=ACF - €Y= IA - C (6)

and

to _  A/lc°O>IC3™~a°-x
2F ~ 1+ K3 T3+ KiCi

provided the electroreduction is totally irreversible.
Analogously, the current-potential characteristic for
the anodic curve is given by the equations
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~ = Hci- Cf*) = I(C3 - Q (8)
and
s _ Ak°MoCi&a-°
2F~ 1+ K30C3+ Ki,OCi 9)

provided the electrooxidation is totally irreversible.
In eq 6-9 C3and Ci are the volume concentrations of
TI3+ and T1+ at the electrode surface, whereas K3y,
Ki,rand K30 K W are the corresponding adsorption co-
efficients on a “prereduced” and a “preoxidized” elec-
trode, respectively. The parameter é is defined by the
equation

U= RT(E - Eo) (10)
where Eais an arbitrary reference potential; a0™Tand
aF»0 are the charge-transfer coefficients relative to the
electrode process proceeding toward reduction and ox-
idation, respectively, and are defined ineq5; fc°0—rand
fc’r—o are the rate constants of step 2 and step 3, respec-
tively, and are referred to potential Ea; A is the geo-
metric area of the electrode; |is a parameter which de-
pends on the mode of mass transport of the species
TI3+ and T1+ toward the electrode. For spherical
diffusion we have

| 2£>'a

P=Aley A (1D
where D is the diffusion coefficient, considered to be
equal for the species TI3+ and T1+, | is the period of
electrolysis, and rDis the radius of the stationary spheri-
cal electrode. In writing eq 6-9 it has been assumed
that the surface concentration of the unstable inter-
mediate T2+ is negligible with respect to those of T1+
and TI3+ at all potentials investigated. In view of eq
6 the cathodic mean diffusion limiting current, ica for
which the condition C3 = 0 holds, is given by

iea = 2FICt* (12)

Analogously the anodic mean diffusion limiting current,
fad for which the condition Ci — 0 holds, is given by

lad = -2 FICi* (13)

Upon suitably combining eq 6, 7, 10, and 12 we imme-
diately obtain the following ic — E characteristic

— K39 + 21(1 + KJT3* + Ai,{7i*)J
(14)
2 Afc°o_>r(tc,d — Ic)
Analogously, from eq 8, 9, 10, and 13 the following rela-
tion between the anodic mean current la and the po-
tential E is obtained
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E = Eo + n X

|
Cir™oF

h ~(KW- K39 + 2/(1 + K3aC3* + jKi.Ci*)!

2A/G°r_ M(Vd — ta)

The degree of accuracy of the approximate eq 14 and
15 is satisfactory, as was shown by comparing the |-
E characteristics derived from these equations with
those obtained through a rigorous numerical proce-

dure.18T77 In the case of validity of the inequality
K313 + « 1 (16)
we also have
Acl-ALr ANl ~c,d ] -Ax,r A3r]
2FI 2FI
C3\K,t- K3r]« 1 (17)

and consequently eq 14 for the cathodic curve simpli-
fies as follows
RT | RT

20+ Ak°o* CCoYF Ic

E = Eo (18)

This equation is the well-known current-potential char-
acteristic for a totally irreversible cathodic curve un-
complicated by adsorption phenomena. We have pre-
viously seen that eq 18 is actually verified on smooth
prereduced platinum for values of log C3* < —3.5 and
that from the experimental value of AF/A log [id(ic,d
— ig] = —130 mV the value 0.45 is obtained for the
charge-transfer coefficient a0—-

As log C3* is increased above —3.5 the unequalities 16
and 17 are no longer valid and the specific adsorption
of TI3+ and T I+ starts to affect the shape and the posi-
tion of the theoretical cathodic characteristic through
the occurrence of two phenomena, namely: (a) a shift
of Fi/,,c toward less positive values according to the
equation

F = F M L
cwF Afc°0_r  aO»tF

In X

KILT + K3T
1+ C3 + KITi* (19)

which is immediately obtained from eq 14 upon setting
ic = ¢cd/2 = FICs*, (b) a gradual change in the slope
of the cathodic curve according to the equation

i RT RT
Eifle Firce . In9 + In X
Go+F F
1+ KiCi* + + \k™C 3

(20)
1+ Fior<V + (~K3t+ f ) c 3
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which is easily derivable from eq 14 by setting alterna-
tively i0 = 3ic,d4 and ic = t,,,d/4. Both preceding
theoretical predictions have been verified experimen-
tally. The shift of E¥/NIC with an increase in log C3* is
shown in Figure 4 in which the circles express experi-
mental values and the solid curve expresses the theo-
retical behavior. The fitting of the theoretical and the
experimental Et!iC — log C3* curves has been realized
quite simply by plotting the function

2.3RT
eEW = g -—-mmememe - Iog (1 + X) (21)

against log x; in the expression (21) a0—ris given the
experimental value 0.45 whereas a= EO0 —RT/aQ\rF
In 1/(AK°0NT is given the experimental value of the
half-wave potential of the cathodic curve at the low
thallic ion concentrations at which adsorption is not
felt. We then slide this plot over an experimental
Ei/ACvs. log C3* plot characterized by a log C-* scale
unit identical with that of log x, until we obtain the
best overlap. Under these conditions the intersection
point P = (Ei/,c —a, x = 1) between the two straight
lines Ei/ZC= a and Fi/,0 = a —2.3RT/a0"rF log X
(the broken lines a and b in Figure 4), which express
the two asymptotic behaviors of Ei/,c = f(x) for low
and high values of x, respectively, is such that its pro-
jection on the log C3* axis equals

log C3*" = log t\/3,r+2~AI,r (22)
Equation 22 is immediately obtained by comparing
equations 19 and 21, in which equations Ci* is set equal
to zero and x equal to 1. From Figure 4 it appears
that C3** = 1.4 X 10-3 M, so that Ki,r+ K3r= 14 X
1031./mol. Since the addition of an excess of T1+ to a
solution of TI3+ does not appreciably alter either the
form or the position of the cathodic curve, then we must
conclude in view of eq 19 that KIiT is much less than
K3r and consequently that the adsorptivity of TI3+ is
much greater than that of TI+. Hence in practice on
smooth prereduced platinum K 3, Tequals 1.4 X 103l./mol.
The change in the slope of the cathodic curve with an
increase in C3*, predicted by eq 20, is also verified ex-
perimentally, as appears from Figure 6. In this figure
the circles denote the experimental cathodic voltam-
mograms relative to three different concentrations of
T 13+, whereas the solid curves express the corresponding
theoretical characteristics as derived from eq 12 and
14 upon setting aOM = 0.45, EO0 — RT/(a0/YF) In
I/(Ak°O*T) = 0.79 V, K3t = 14 X 103l./mol, Klir =
Oand i/A = 1.73 X 10_3cm/sec. This latter value has
been obtained from eq 11 upon noting that under the
present experimental conditions we have rO = 0.1 cm,

(16) J. Heyrovsky and J. Kuta, “Principles of Polarography,”
Academic Press, New York, N. Y., 1966, pp 208-217.

(17) R. Guidelli, Electroanal. Chem., 33, 303 (1971).
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ii = 3.7sec,andD = 8 X 10“6cm2sec. If we neglect
Ki,rwith respect to K XT, then from eq 20 it follows that
for C3* = 10~2M and KX = 1.4 X 103Il./mol the
quantity Eytc — E ,/tc equals 76 mV. This theoret-
ical value is in good agreement with the experimental
value of 72 mV.

From eq 13 and 15 it immediately follows that the
half-wave potential E,/,afor the anodic curve is given
by the equation

RT , I RT ,
Ev»a EOH-—m ~ - n X
X+ 0F Ak°T.0 at"oF
KW+ K
1+ Kags + (23)

In practice the half-wave potential Ei/fi&of the anodic
curve given by T1+ solutions of progressively increasing
concentrations on smooth preoxidized platinum already
shifts toward more positive values at the lowest experi-
mentally accessible concentrations (see curve a in Fig-
ure 7), so that the Ei/2avs. log Cx* plot already attains
a limiting slope of 110 mV for Ci* > 10“6M. In light
of eq 23 this limiting slope equals 2.3RT/aT OF, so that
arM = 0.54. The experimental plot of F',/,,avs. log
Ci*, denoted by circles, shows a slight curvature for log
Ci* < 10~6M; the theoretical plot of 1?i/2,a against log
Ci* is expressed by the solid curve a. The fitting of the
theoretical Ei/ti&vs. log Ci* plot to the experimental
one has been realized as usual by plotting the function
/> »= b+ 23RT/a”aF log (1 + x), in which ar*0
is set equal to 0.54 and b is given an arbitrary value,
against x. Upon overlapping in the best way this lat-
ter plot on an experimental E /za vs. log C\* plot having
the same scale units as the Eyba = Ei/™*(x) plot both
on the abscisses and on the ordinates, it is possible to
attribute the value 1.24 V to the parameter b, which
expresses the half-wave potential Ei/2a in the absence
of adsorption phenomena. The intercept of the two
dashed lines 1 and 2 of Figure 7, which express the two
asymptotic behaviors of Ei/sa = Ey~x), is such that
its projection, log Ci*', on the log Ci*-axis yields

Ci* = ——= 2__4 X 10-« M (24)
Rzo0o + RIi.0

Some properties of the anodic curve of T1+ on smooth
preoxidized platinum indicate that the adsorptivities
of T1+ and TI3+ are comparable on this type of elec-
trode. Thus the experimental plot of log [id(vd —
id] vs. E is linear at all the concentrations investigated
and, apart from a progressive shift toward more posi-
tive potentials with an increase in Ci*, its reciprocal
slope AF/Alog [id(iad —18] remains equal to 105 mV.
This behavior can be justified by the assumption that
Ki,0= K30. In fact in this case the equation for the
anodic characteristic [eq 15] assumes the form
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RT I(1 + K30C3 + KKIj*
OO oF AK°r~0

which predicts the linearity of the E vs. log [7a/(ia,d —
13] plot. According to eq 25 the slope of this plot
equals 2.3RT/aF.0F. The ar »0value derived from the
slope of the log [id(lad — ia] vs. E plot (<r—o = 0.54)
coincides with the value obtained independently from
the slope of the Ei/2avs. log Ci* plot. The substantial
validity of eq 25 explains why in the preceding section
we were in a condition to correctly use the slope of the
experimental log [ia/(iad — hO] vs. E plot for the com-
putation of ar »0without having to worry about adsorp-
tion phenomena. The most direct evidence that the
values of K30 and K X0 are comparable is furnished by
the experimental observation that the addition to a
given solution of T I+ ions of a comparable quantity of
T 13+ ions causes an appreciable shift of the anodic curve
toward more positive potentials. In view of eq 23 the
difference AFy,.» between the half-wave potentials of
the anodic curves furnished respectively by a T1+ solu-
tion of concentration Ci* and by a solution containing
T1+ of concentration C\ and TI3+ of concentration
C3* is given by

_Ca_*l

26
1+ KIlio/Kiocixd (26)

provided the inequality K3aC3* + {(K30 + Ai,0/2]-
Ci* » 1 holds. In practice this inequality is satis-
factorily valid for C3* > 10-6 M. For C3* = Ci* =
10-4 M and KIli0 = K30 eq 26 yields a Afi/,a value
equal to 32 mV. The experimental value of AEi/2&is
about 30 mV, thus confirming the approximate equality
of Ki,0and K30. In view of eq 24 we therefore have:
K\,0= K3o0= 4 X 10sl./mol. It should be noted that
on account of the scarse accuracy with which the Ci*'
value is determined (see curve a of Figure 7), only the
order of magnitude values of K X0 and K 3ais certain.

The anodic curves on variously platinized preoxidized
platinum yield linear plots of log [i]j (iad —id] against
E with reciprocal slopes of about 110 mV, just as on
smooth platinum. Furthermore, for all roughness
factors investigated, the plot of Ei/za vs. log Ci* is
linear, with a slope identical with that encountered on
smooth platinum (see curves b, ¢, and d of Figure 7).
The change AEytH in the half-wave potential of the
anodic curve following the addition of a given amount
of T13+to a given solution of T1+ is practically the same
both on smooth and on variously platinized platinum.
In view of eq 26 it follows that the ratio Kix)/K30 is
practically independent of the roughness factor p.

It is of interest to determine the dependence of the
rate constant fc°0 *r of eq 9 upon p. The rate constant
ic°r *o is defined by the equation (see ref 15)
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fcr_.o = fc°N\Ji:llo 27)

where rmis the maximum surface concentration of T1+
in mol/cm2 and the parameter k° is a proportionality
constant relating the current ijA per unit of the geo-
metric area to the surface concentration of T1+

L = -2FK°#*~*Tx (28)
Taking into account the procedure employed for the
determination of the roughness factor p, it is reasonable
to assume that Fmis proportional to p. It is of interest
to ascertain whether k° depends on p or not. In fact,
if fc° is independent of p, then the increase of fc°r »0with
p is exclusively determined by an increase in rm and
hence in the number of the adsorption sites available
for the charge-transfer process. Conversely, if fc° de-
pends on p, then we must conclude that platinization
causes the adsorption sites not only to increase in num-
ber but also to change their nature, at least as far as
their influence on the charge-transfer step is concerned.

In view of eq 23 and 27, the half-wave potential
Ei/2a of the anodic curve furnished by a T1+ solution
of a given concentration Ci* > 10-5 M not containing
T 13+ can be expressed under the form

RT | RT
o rm an™OF

In k° +

RT

cr—0F

In writing the above equation we have considered that
for Ci* > 10-6 M the inequality (KIt0O + K 30Ci*/2

1 is experimentally satisfied. Since K3i¥/KiOis ex-
perimentally independent of p, a plot of E against
—log p= —log rm+ constant should exhibit a slope
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Figure 8. Plot of the half-wave potential, Em,,,, for the anodic
curve of 10~3M TI+in 1 M HC104o0n differently platinized
platinum electrodes against the common logarithm of the
roughness factor, log p.

2.3i?7,/(ar—OF) = 110 mV if k° is also independent of
p. This is actually verified in practice, as shown in
Figure 8. We must therefore conclude that the change
in the adsorption sites following platinization is of a
quantitative rather than of a qualitative nature. The
above conclusions may probably be extended to several
other electrode processes taking place on platinized
platinum.

In the polarographic literaturel821 many redox sys-
tems are known which yield irreversible waves shifting
toward increasing overpotentials with an increase in
the reactant concentration. Consequently the method
for the determination of the entity of adsorption of elec-
troactive substances herein applied to the T13+T1+
system and based on a quantitative analysis of such a
shift is amenable to several other useful applications.
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by Pierre P. Infelta and Robert H. Schuler*

Radiation Research Laboratories, Center for Special Studies and Department of Chemistry,
Mellon Institute of Science, Carnegie-Mellon University, Pittsburgh, Pennsylvania 15213 (Received November 5, 1971)

Publication costs assisted by Carnegie-Mellon University and the U. S. Atomic Energy Commission

A detailed kinetic treatment of the effect of secondary electron transfer reactions in the irradiation of hydro-
carbon solutions containing two electron scavengers is given. It is shown that the possible extent of secondary
reactions is limited by the short lifetime of most of the geminate ion pairs. Expressions are developed to
describe the concentration dependence of product formation in two solute systems, and these expressions are
applied to competitive studies using CH3Br or CHXCL as indicator solutes. Results are presented on binary
systems containing SF§ N2, or C02from which the reactivities of these solutes toward electrons are obtained.
In competition between CH3C1 and each of these solutes the methyl radical yield is found to be lower than ex-
pected, presumably as the result of the removal of metastable CH3C1- radical anions by electron transfer
processes. Analysis of the results indicates that the lifetime of this anion is ~3 X 10-8 sec. Methyl bromide
behaves very nearly ideally in competition with both SF6and N2 as a result of a low transfer rate and/or rapid

autodissociation of the radical anion.
are observed.
petitive studies with methyl bromide.

In many cases2-10 it has been found possible to
describe the concentration dependence for ionic pro-
cesses which occur in the radiolysis of liquid hydro-
carbon solutions in terms of a function of the type

QPs

In eq | G(P)s is the yield of product P produced with
an efficiency t as a result of ionic reactions which
occur with the solute at concentration [S]. G6n and
Ggi are, respectively, the yields of free and geminate
pairs of ions and a is a constant which describes the
competition between scavenging of one of the ions and
recombination of the geminate pairs (see Rzad, et al.,n
for a detailed description of the physical and kinetic
significance of Gn, Gei, and a). In certain cases, where
the parameters of eq | can be evaluated directly from
measurements of G(P)s, it is possible to predict the
effects of solutes on other processes. Thus in cyclo-
hexane, measurements of the methyl radical yields
from methyl bromide solutions have allowed a predic-
tion of the way in which the hydrogen2and cyclohexyl
radical Byields are influenced by the addition of methyl
bromide. With a knowledge of the relative values of a
the effects of various other electron-scavenging solutes
can also be predicted. In fact, since eq | appears to
hold for both electron and positive ion scavengers,4
the effects of even these two different types of solutes
can be interrelated.4,12 13

Values for the parameter a are not always available
from direct measurements on the formation of product

vVAIS]  ~

Gfi + (2gi
91+ [Q)]

In competition with C02 however, spuriously high methyl radical yields
Because of this, considerable caution is indicated in the interpretation of results from com-

from the various solutes so that it is desirable to explore
the possibility of using competitive methods to deter-
mine appropriate values of a. The present studies were
carried out in an attempt to determine a for SF6 N2,
and CO02 by examining the influence of these solutes
on the methyl radical yield from methyl bromide or
chloride solutions. Competitive studies of ionic pro-
cesses have, in fact, been carried out previously by a
number of investigators,14-16 but quantitative treat-
ment of the data was difficult until the recent develop-
ment of an algebraic description of the scavenging
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process. A detailed treatment is now possible and the
initial study in which eq | was proposed2also included a
test of the validity of a competitive approach. There
is reason to believe from this previous study?2 that in
certain cases secondary ionic reactions interfere with
simple interpretation of the results from two solute
systems. The present results similarly indicate that
such competitive experiments should be used with con-
siderable discretion in any attempt to determine the
electron-scavenging coefficient for a particular solute.

Experimental Section

In general the approach used here is to examine the
reduction in the yield of product from an indicator
solute produced by the addition of a second solute.
In an idealized system where complicating secondary
reactions do not occur, this reduction should be directly
interpretable in terms of reaction of the electrons with
the second solute.2 In all cases cyclohexane was used
as the solvent, and methyl bromide and methyl chlo-
ride were used at concentrations of 0.01-0.3 M as the
indicator solutes. The yields of methyl radicals pro-
duced by irradiation with doses ~3 X 10I7eY/cm 3were
determined by trapping them with radioiodine present
at a concentration of ~10~3 M and separating the
resultant radiomethyl iodide gas chromatographically.
The product methyl iodide concentrations were ~10“5
M. The experimental procedures used were identical
with those described previously.2 The gaseous solutes
were measured volumetrically and added to the out-
gassed solutions of radioiodine on avacuum line. After
sealing, the sample tubes had a vapor space of <10%
so that very little of the added solute was present in the
vapor phase. All studies were carried out at room
temperature.

The equations derived in this type of study are fre-
quently very complicated algebraic expressions which
cannot be put into a form in which the parameters can
be evaluated directly. The best approach seems to be
to evaluate the expressions in the form of the experi-
mental results, i.e., Gvs. solute concentration, and make
a direct comparison with experiment. This was con-
veniently done, and the effects of the parameters were
examined in detail by plotting concentration de-
pendences with a Hewlett-Packard 9100 calculator-
plotter. For purposes of plotting the results, the
measurements were made at concentrations of the
indicator solute near the nominal values indicated in
the figures and slight corrections for any departures
made by multiplying the observed yields by the ratio
of the yields calculated from eq X 111 at the nominal and
real concentrations. This correction was insensitive
to the choice of parameters and never more than a few
per cent.

The radiomethyl iodide fraction usually contained
'~10,000 counts so that the inherent error in this type
of measurement is of the order of 1%. The repro-
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ducibility was only slightly poorer than this, and the
root-mean-square deviation of the G values between
the measured yields and those calculated from eq | was
~0.04 or 2-3%.2 Similar agreement should be ex-
pected for proper treatment of the data from multi-
solute systems.

Kinetic Considerations of lon Scavenging in
Two Solute Systems

It was previously indicated2 that from eq I it is ex-
pected when two solutes Si and S2are present in a hydro-
carbon system the total yield of scavenging should be
given by

Vi[Si] + a2[s?]
1+ 'Cai[Si] + a2[S2]

an

In eq Il G'(Pi)s! and G(P2S are the yields of products
from Si and S2 (each assumed to be produced with unit
efficiency) as affected by the presence of the other
solute. This expression allows one to take into account
the increased fraction of geminate ions which are
scavenged when a second solute is added to a given
system. If no secondary reactions occur, the partial
yield from Si should be given by

G(Pi)s, + <?(Ps)d

«. [Si]

GPOb sl + a[sq x

" Voi [Si] + az[S7]

e (HD
L 1+ V ai[Si] + a2[SZ])

and similarly for G(P2si by a2[S2)/(«i[Si] + a2[S2])
times the total yield.

Equation | has not, as yet, been derived from first
principles but merely represents a very good empirical
correlation of the experimental data, a correlation
which is accurate to within the experimental errors in-
volved in the measurements. There is, at the moment,
no basis to believe that eq | is exact and similarly eq
Il and Ill and the other equations derived here are
very probably only close approximations to the real
situation. It should be noted, however, that the form
of the scavenging dependence carries through the
various transformations involved in the integrations
discussed below and is reflected in the final expressions.
The fact that one is using an empirical expression to
describe the results in no way invalidates the qualita-
tive aspects of the conclusions, and the quantitative
aspects should be accurate to the extent that eq | is
accurate. In practice all of the yields calculated here
are based on Gfi = 0.12, Ggi = 3.80, e = 1, a values for
CH3C1 and CH3®r of 5.41 and 16.2 M ~x respectively,2
and appropriate values for the other parameters as
described below.

Equation 111 was originally written on the assump-
tion that the reactivities ai[Si] of the individual com-
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ponents are additive. Detailed considerations of eq |
show that ¢ must indeed be proportional to the rate
constant for reaction of the electrons with the individual
componentsll so that this assumption is, in fact, re-

quired by the model and eq 111 is a direct consequence
of eq I. While the result is obvious, it is useful to
carry out a rigorous derivation of eq Ill since it pro-

vides a model for the more complex situations involving
secondary reactions.

The partition of the free ion yield between the two
reactants can, of course, be treated readily by standard
kinetic methods and gives the term involving Gn in eq
I1l. For the contribution of the scavenging of the
geminate ions we will consider the scheme

RH - » [RH+ + e-] 1)

[RH+ + e-] -V RH )
e+ Si -*eSi- —*mPj ©)
e~ (-S2 “mS2 —> P2 (4)

where the brackets indicate that if scavenging does not
interfere, recombination of the initial electron-positive
ion pair will occur. In this scheme products Pi and P2
can be produced either by autodissociation of the source
anions or as a result of the charge neutralization process.
At this point the detailed mechanism is unimportant,
and it matters only that products Pi and P2ultimately
are produced with unit efficiency as a result of electron
scavenging by the respective solutes.

For an electron that has a lifetime t, the probability
that reaction will occur with solute Si in the absence of
other solutes is obtained by integrating the normalized
rate of reaction at time t' over the electron’s lifetime,

ie, f fci[Sile— 4di' = 1 — When a sec-
Jo

ond solute S2is added, the rate of reaction at time t' is
modified by the probability e- *181 that it will have
escaped reaction with the additional solute. In this
case

f h]8ile-
Jo

fci[S,]

X m[s;-(l _ e-PsjtMsj)«)

The fraction of the electrons wdiich react with Si in the
presence of S2 is obtained by integrating this prob-
ability over the lifetime distribution of the electrons.

q M St]
F(P1) fui[Si] + f2[s2]

Jlol fe(Oo(l

The appropriate lifetime distribution function fe(fo is
that for electrons in the hydrocarbon containing no
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» @
scavengers. Since\] fe(i)o = 1, eq IV becomes

o MSi]
FIPIK = Lirsi] + f2[s7]

[I - Jo feCOoe-M"+M~NdiIJ (V)
The integral in eq V is a Laplace transform which can
be evaluated from the form of the observed concentra-
tion dependence for scavenging, i.e.

“[Sl<dE = (V1)

where Xis a frequency characteristic of the ion-recom-
bination process (see ref 11). In the present case the
coefficient of (in eq VI is fci[Si] + f2[S2] so that the
fractional reaction is given by

Fea&)

_ M S»] X
( Ds!

fei[Si] + 2[S2] x

1 (VI
1+ Vvivtsi] + k2[S*)

If we now substitute m = fci/X, then eq VI reduces to
eq Ill. It should be noted that since the form
of the integral of eq VI is known from the observed
scavenging dependence, it has not been necessary to
give an explicit expression for fe(f)Onor to evaluate X

In principle, if eq 111 holds, the parameter a2can be
determined from a measurement of the yield of product
Pi from the two solute system. The applicability of
eq Il and 111 was tested in the previous study2for the
solute pairs CHBr-CH®Br and CHI-C2HBr where
both products Pi and P2 (methyl and ethyl radicals,
respectively) were measurable. In this case the com-
petitive situation is completely definable in terms of
parameters independently measured in the single solute
systems. In both of these cases the total yields were
found to be described very well by eq Il. In the case
of the CH3Br-CH®Br system the individual yields of
methyl and ethyl radicals were also described quite
reasonably by eq 111 although the methyl yields tended
to be slightly lower and the ethyl yields slightly higher
than expected, particularly at the higher solute concen-
trations. In the case of CHI-CH®Br a very sig-
nificant departure in this same direction occurred.
As was pointed out previously,2the measured values of
(G(CHO/[CHBr])/((?(CHI3/[CHZXI]) (which should
be equal to acHsBr/acHaci) are all higher than the ratio
of 1.45 expected from the results on the individual
solutes. The values of this ratio are, in fact, not con-
stant so that no one set of the a parameters can explain
all of the data and reactions over and above those in-
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eluded in scheme 1-4 must be important. Effectively
the ethyl bromide appears to be reacting with more
than its share of the electrons. It is difficult to see how
the low yields of methyl radicals can result from some
process other than aremoval by chemical reaction of the
intermediate radical anions produced in reaction 3.
It appears, therefore, that electron capture by the
CHXCI does not occur dissociatively and that as a re-
sult the CHjCI“ can undergo electron transfer to the
CXHaBr. Such a scheme then requires that the methyl
radicals which are observed be produced by a delayed
autodissociation process or upon neutralization. The
fact that the methyl yields are low and that the ethyl
radical yields are correspondingly high is in accord
with the suggested electron transfer from the chloride
to the bromide. The methyl radical yields, of course,
cannot be low if electron capture occurs dissociatively
and secondary reaction occurs at some later time.

Kinetics of Secondary Electron Exchange Reactions.
Various different complicating situations involving
secondary reactions can arise. We will treat here the
case qualitatively indicated above where the anion Si-
is stable and transfers an electron to S2so that a de-
crease in the yield of product Pj and a corresponding
increase in the yield of P2results. Equation 3 of the
above scheme is replaced by (3a)

e~ -f- Si — » Si~ (3a)
and reaction 5

si- + s2 si + s2- —Ppsi + P2 (5)

will then compete with the charge neutralization step
3b

Sl- + RH+—>Pi (3b)

Such a scheme conserves the total amount of product,
and eq Il remains valid.

As in the previous treatmentll we will consider
electrons which would have lifetime t in the absence of
scavenger but react with solute Si at time t' to produce
an anion which has a mobility less than that of the
electron. Effectively when capture occurs the residual
lifetime of the geminate pair (f — t') will be extended
as a result of the reduction in the mobility of the nega-
tive entity (see ref 11). The negative ion, Si-, if it is
stable, will exist for a period (t — t')rDwhere rDis the
ratio of the sum of the mobilities (or diffusion coef-
ficients) of the two ions before and after electron cap-
ture. In the following treatment the factor rD is as-
sumed to be constant for all times of capture and for all
anions. During the period (t — i)?-D the probability
that reaction 5 will occur is 1 — e-*¢SJ(i- ‘'VD
The fraction of the electrons of lifetime t which are
scavenged by Si but ultimately produce P2rather than
Pi is given by integrating the product of this probability
and the normalized scavenging rate as modified by the
presence of S2up to time t, i.e.
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e-Ms,] (<-<)rD)fcl[Sjje-M sj «'e-Ms ] «'di' =

1— 1) sl x

&i[Si] + A2[S2] — fcelS2]rD

(e-*[S,I< _ e-MSJIrD«) (VIII)

The fraction given by eq VIII can then be integrated
over the lifetime distribution for all the electrons, fe(Oo,
in much the same way as was done above, to give the
fractional contribution to P2as

y /ki[Si] + ®2IS,]

"B ] + g + W

feiLSi] _ [arsi \
MS,]11 - Z£[S7] A[Si] + f©[S2] - k[s2rD +
o [Si] Vfce[S2]rD

Zci[Si] + £2[S2] — /e[SArD V /fe[S2D + V x

We will now define an exchange parameter /& = (jo/
\)ke, multiply (1X) by Ggj, and subtract this contribu-
tion from eq I1l. Since the anions are assumed to be
stable, those produced from the free ions will always
undergo reaction 5 and the free ion component must
also be subtracted. The resultantyield is

r(v) ai[Si] V«i[Si] + 2[S2] w
<[Si] + a2[S2] 1 + 'Hid[Si] + az[S2]
ai[Si] + a2[S2] / _
ai[Si] + a2[S2] - /3e[S2]\ 1+ V&I[S2]

1+ V'ai[Si] + a2[SZ\

V«i[Si] + a2[S2] /

It is seen that when exchange is very slow the last two
factors in eq X approach unity. This equation is not
applicable to the case where /3 = 0 since it neglects the
free ion component.

The applicability of eq X to the methyl radical yields
from the CHXI-CH®Br system is tested in Figure 1
This system is particularly good for such a test be-
cause of the significant departures from ideality pre-
viously noted and because, as mentioned above, values
for all of the parameters except /32are known from direct
measurements on the individual solutes.2 It is seen
in Figure 1 that at a CH3C1 concentration of 0.1 M the
predicted methyl radical yield is quite dependent on
the choice of de and that, in fact, for no value of de does
the calculated curve fit the experimental data exactly.
From the results at high C2H®Br concentrations de must
have a value of at least 0.5 M~I. Such a value, how-
ever, predicts aslightly more rapid decrease in the CH3e
yield at low concentrations of added CZH®Br than is ob-
served. It is obvious from this that some complica-
tion in addition to reaction 5 must be important.
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Figure 1. Effect of CZH®Br on the CH3- yield from 0.1 AT
CH3C1 solutions. Data are taken from ref 2 and the curves are
calculated from eq X for the indicated values of (3e. The
uppermost curve represents the ideal case where secondary
reactions are unimportant. The approximate lower limit to the
yields expected, if reaction 5 interferes with the production of
CH3- radicals at a diffusion-controlled rate, is in the region
between the curves for /3 = 2 and 10 M~L.

Equation X was derived on the assumption that the
radical anion Si~ is stable and exists until either ex-
change or charge neutralization occurs. However, at
low concentrations of ethyl bromide, where the period
required for the transfer reaction is relatively long, the
experimental data indicate that this latter reaction does
not take place. The simplest explanation of such an
effect is the presence of a first-order decay of the anion
which occurs parallel to the competing reactions 3b
and 5.

Si- Pi + X - ()

Kinetic Treatment of Anion Decay. In describing the
kinetics involved in reactions 1-6 it is helpful to keep in
mind the time coordinates indicated in Figure 2. We
will consider an electron created at time O that has a
lifetime tin the hydrocarbon. If this electron reacts at
time t' the resultant anion will live for atime (t —)rp
provided neither decay nor secondary reaction has oc-

Anion j- \____1
0) r o (t-fyrd

Electron |-------—-- 1-
0 t' t

Figure 2. The reaction time coordinate. Electrons which have
a lifetime t react with scavenger at time t'. The secondary
anions formed will then live for a time (t — S'Fd provided
neither decay nor secondary reaction occurs within this period.
Note the shift of the origin of the time coordinate of the anion.
To calculate the amount of secondary reaction one considers
the rate of reaction at time t" and integrates this first over the
lifetime of the anion, then over all capture reactions that have
occurred up to time tand finally over the lifetime distribution
of the electrons (see eq X1I).
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curred. If we multiply the probability that decay has
not occurred at time t", i.e., e~"Ir, by the rate per
initial ion pair of the exchange reaction, Ae[S2le—*¢[]' ~
and integrate over the lifetime of the secondary ion we
obtain the fraction which undergoes reaction 5. In-
tegrating the product of this fraction and the rate of
scavenging by Si as modified by the presence of S2over
the lifetime t gives the fraction which is captured by Si
but subsequently exchanges with S2 Finally if we
sum over the entire distribution of electron lifetimes,
we obtain the total increment which should be observed
experimentally. The above can be summarized by
the expression

k exoh(P2)si —

/' fe)od< PK, [Sile~*i[S]'e - »*8d" di' X
] Jo

e~' ~ke[S2le-k™ * dt"  (XI)

Equation X1 is an exact description of the con-
sequences of scheme 1-6 regardless of the explicit form
of fe(flo- It assumes only that rDis a constant so that
the second integration can be carried out and that all
reactions involving the solutes can properly be described
in terms of pseudo-first-order kinetics. The integra-
tions can be readily carried out as indicated above for
the more simple cases since the various integrals in-
volved all reduce to Laplace transformations of the
form of eq VI. Introducing the parameter S = >/
X)(I/xi) (8is dimensionless since X has the dimension of
frequency) the fractional exchange of the geminate
component is given by

” /'IEN &[S2] V ai[S] + az2[S2] v
POV B+ @1+ Vai[Si] + a2[s7]

oil [Si] / «i[Si] + az[S]
0ilSi] + «2[S2]V [Si] + a2[S2]- O0Se[S2]+ 5i)
ai[Si] Njse[Se] + S

G[Si] + az1S2] — 0%[S2] + Si) | - V//32[S2] + S
(X11)

The fraction of the free ions which undergoes reaction 5
is given by considering the competition between reac-
tions 5 and 6 and is (ai[Si]/(«i[Si] + a2[S2]))(/3e[S2]/
(/7e\S2] + 81)). Subtracting these exchange com-
ponents from eq 11, the complete expression for the
yield becomes

_ oil [Si] &[S?7] )
QR0 = Jisi) + acfse pefs] + g O
a 'x/ai [Si] + a2[S2] x11)

1+ weri[si] + a2ls2
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where Q is a correction factor to the geminate com-
ponent of the ideal case given by

Q=1 )+ 5~
m[Si] + «2[S2]
ai[Sl] + @[] — (@[] + ¢l)
Vfo[S,] +
1+ ~de[S2] + 5l
1+ \WoitS] + 2KV

VASr] + a2[sy] [

(XHl1a)

It is seen that if either de is small (i.e., exchange is very
slow) or if 5i is large (i.e., the radical anion dissociates
very rapidly to produce Pi), then Q approaches unity
and eq X111 approaches eq Ill. Only if r is long and
de[S2] significant with respect to both cu[Si] and a2[S2]
does exchange become important. In the limit where
« isvery long, i.e., s —0, eq X111 reduces to eq X, as of
course it must.

The CHzCI-CzHiBr System. The methyl chloride-
ethyl bromide system appears to be relatively simple
in that the total radical yield from the solute obeys eq 11
very well.2 It seems likely that the difference in the
electron affinities of the chloride and bromide will be
sufficiently great that electron transfer will occur in
only one direction. As indicated above qualitatively,
the net transfer is in the direction of the bromide.
If this is so, then eq X 111 should be able to describe the
experimental results. It is somewhat unfortunate that
one must choose values for two parameters, but the
choice is made palatable by the fact that 5i is relatively
unimportant at high values of [S2]. This fact permits a
reasonable evaluation of de which in turn allows one to
choose an appropriate value of s, to describe the yields
at lower concentrations. The lifetime parameter &
is important only for nonzero values of de and for any
given value of de can only increase the yield of Pi over
that calculated from eq X. From Figure 1 it is seen
that de must have a value of at least 0.5 M - 1 in order to
explain the low methyl radical yields observed at the
highest CH®Br concentrations. Since the effect of
the terms involving de in eq X111 is reduced when the
secondary ions undergo some decay (5 > 0), the actual
value of de must be at least slightly higher than 0.5 M ~1.
A value of s, ~ 0.03 is required to explain the data at
low concentrations of S2 and with this de is estimated
to be 0.6 M~I. Somewhat higher values of de are
compatible with the data if the increased transfer rate
is compensated for by an increased decay rate. For
example, the data are predicted reasonably well for
de = 1 M~Iif5iisincreased to 0.1. Values of de and
S higher than these predict excessively high yields at
the lower concentrations of CH3CL.
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Figure 3. Effect of CilfiBr on the CH3- yield from 0.1 and
0.01 M CH3C1 solutions taking into account both autodissocia-
tion of the chloride and electron exchange from the chloride to
the bromide. The solid curves are calculated from eq X111
with = 0.6 M~land 8, = 0.03. Curves for /3 = 0.6 M~I,
8 = 0, and /3 = 0 (or 8 = co) are given by the dashed and
dotted curves, respectively. It is seen that when the lifetime
of the anion is limited by decay, this decay has very little effect
on the calculated yields at high C3H®r concentrations.

Plots of eq X111 calculated with de = 0.6 M~1 and
s1= 0.03 are given by the solid curves in Figure 3 for
CH3CI concentrations of 0.1 and 0.01 M. All of the
experimentally observed values previously reported2
are compared with the calculated values in Table I.
The data require a scheme of reactions at least as com-
plex as that written above (reactions 1-6). Such a
scheme seems reasonable and while there is, of course,
no guarantee that the actual system is not more com-
plex than this, it is seen that eq X111 does describe the
data very well.

Table I: Methyl Radical Yields from Methyl
Chloride-Ethyl Bromide Solutions in Cyclohexane

! «C 2|6r\
(CHsCI] [CiHsBr]  <(CHj)0sda GtCHsWed6 \ «cH3i / a
0.203 0.101 1.00 0.99 1.45
0.201 0.202 0.68 0.66 1.40
0.107 0.0103 1.40 1.49 1.72
0.100 0.049 0.93 0.93 1.49
0.102 0.104 0.63 0.63 1.46
0.103 0.202 0.38 0.40 1.50
0.103 0.491 0.17 0.18 1.56
0.0485 0.103 0.34 0.36 1.60
0.0209 0.103 0.18 0.17 1.31
0.0098 0.0100 0.38 0.40 1.50
OFrom ref 2. bCalculated from eq X111 with acmci = 5.41

M~1 acjHtBr = 7.82, /3 = 0.6 M -1, 8chzxi = 0.03. The sum of
the methyl and ethyl radical yields is given by eq Il with a
root-mean-square deviation of 2.8% between the calculated and
observed results. ¢ Calculated from eq XV with parameters as
above (see text). Average is 1.50 + 0.11. The ratio from the
direct measurements on the scavenging dependences is 7.82/
5.41 = 1.45.
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The equation previously given2to take into account
the secondary reactions in this system (arrived at by
analogy before one had the benefit of the detailed
mathematics presented here)

«i[&]

CPD = ilsi] + a2

VoitSi] + 2|99 \ N

(“Gn + i
1+ VajtSx] + a*[SsZ]/

(X1V)

is somewhat similar to the limiting approximation of eq
X111 when /2[S2] + 5« a,[Si] + a2[S2], Itisseenthat

eg X111 has an additional term (1 + Vai[Si] + a2[S2])/

VaitSj] + «2[S2] which magnifies the effect of the
exchange so that the present value of /X is somewhat
less than given previously. The other conclusions
based on eq X1V are modified only slightly by eq XI111.
As long as ft, « a2the correction factor Q given by eq
XHla will be only slightly dependent on [Si]. This
fact is borne out experimentally since, as was pre-
viously noted, the four experiments at 0.1 M CH@r
all give observed methyl radical yields which are 72%
of those calculated from eq IlIl. (For 0.1 M CH®@r
the calculated value of Q varies from 0.72 at 0.0209 M
CH3C1to 0.75 at 0.203 M CHZ3C1 and averages to 0.73).
One can show from eq Il and X111 that

oi gP»EI[S] __ Q
a2~ £ (Pi)SI'[S2 0ilSi] o)
+ a2[S2]

In the ideal case Q = 1 and the final factor on the right
side of equation XV also becomes unity. It is, of
course, attractive to attempt to determine the relative
rates from measurement of the product ratio since cer-
tain of the experimental uncertainties cancel. It is
seen, however, that the correction factor for exchange
can be considerable and can introduce errors of a factor
of 2 or even larger. For the data of Table | the last
factor in eq XV varies from 0.87 to 0.51. While the a
parameters enter into this correction, the factor itself
is not sensitive to these parameters so that the relative
reactivities can be evaluated reasonably well from the
measurement of the yields from both components.
Values of a2a lcalculated in this way are given in the
final column of Table I and are seen to be considerably
more constant than the ratios (G(P2si/G(Pi)s9([Sil/
[S2]) (see ref 2). The average, 1.50, agrees with the
ratio of the parameters determined on the individual
solutes and provides some measure of the internal con-
sistency of the above arguments.

Significance of the Magnitude of /3e and 5. From the
definition of 3e the rate constant ke for the electron ex-
change reaction is equal to (X/rD/3e. It has previously
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been shown that a good measure of X/rD can be ob-
tained from direct observations on the recombination of
anions with their geminate partners in pulse experi-
ments.11 The decay of diphenylide anion observed in
cyclohexane solution on the 10“8to 10“7sec time scale
by Thomas, et al..» can be interpreted in terms of a
value of ~1.3 X 109sec” 1for X/rD.11,18 The parameter
X depends only on the solvent and fn on the mobility
of the anion formed in the capture reaction. The
mobilities of most small anions are similar so that we
should be able to combine this value of X/rDwith the /3
of 0.6 M ~1 given above to obtain a rate constant of 8 X
10s M “1 sec” 1 for electron transfer from CH31" to
CHBr. Such a rate constant is similar to that for
transfer from diphenylide anion to phenanthrene (6 X
108M “ 1sec-1) ©Dand a factor of ~5 less than the maxi-
mum expected for a diffusion-controlled reaction be-
tween moderate size molecular entities. In general &
can be somewhat larger than observed in the CHX1-
CAHsBr system. Arai, Grev, and Dorfman® have, for
example, reported electron transfer rate constants be-
tween aromatic solutes in the range of 0.3 to 6 X 109
M~I sec* 1 The latter corresponds to /&2 = 5 M~\ a
value which would appear to be a reasonable upper
limit for this parameter. Because of the relatively
short lifetime of most of the geminate pairs, there is a
very strong restriction on the amount of secondary
ionic reaction which can occur. This point is very
important in treating systems such as nitrous oxide, as
will be commented on separately.

At concentrations of Si ~ 0.1 M the difference be-
tween the yields calculated from eq 111 and X become
significant only for values of /& in excess of 0.01 M“ 1
For smaller values the differences are of the order of the
experimental errors. It can be said, therefore, that
electron exchange reactions which occur with rate con-
stants ~107M ~1 sec” 1or less will have little effect on
the chemistry. They are sufficiently unimportant,
except at the highest solute concentrations, that the
results can be reasonably interpreted in terms of eq I11.
This conclusion is, of course, as it must be since the
lifetime of most of the anions is insufficient to allow the
secondary reactions to compete (90% of the anions have
lifetimes less than 10“ 7sec).1l

The above comments apply only if the anion in-
volved has a lifetime toward dissociation sufficiently
long that significant decay does not occur within the
period required for geminate recombination. From the
definition of 5, the lifetime t is (?d/X)(1/5). From the
value of 0.03 given above for Schsci in the CH3X1-
CHBr system, the lifetime of the methyl chloride

(17) J. K. Thomas, K. Johnson, T. Klippert, and R. Lowers, J. Chem.
Phys., 50, 5034 (1969).

(18) S. J. Rzad, P. P. Infelta, J. M. Warman, and R. H. Schuler,
ibid., 50, 5034 (1969).

(19) S. Arai, D. A. Grev, and L. M. Dorfman, ibid., 46, 2572 (1967).
(20) P. P. Infelta and R. H. Schuler, to be published.
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anion in the liquid state can be estimated to be ~3 X
to-8 sec. It is known from gas phase results that
methyl chloride does not capture electrons readily (the
second-order capture rate constant for CH3C1 has been
measured to be seven orders of magnitude less than that
for SF§.2L In spite of this, capture appears to occur
readily in solution.

It is seen in Figure 3 that anion decay can reduce the
effect of the exchange reaction at low concentrations of
S2but has relatively little effect at high concentrations.
This result is particularly important for CH31 at
concentrations ~0.01 M or less where exchange is of
relatively minor significance, and one can reasonably
readily estimate values for @> even with approximate
values of /3- One can proceed iteratively and estimate
the latter at high concentrations of both solutes. This
fact is made use of below in the CH31-N2 and CH3C1-

C02systems.
For anion lifetimes less than 10-10 sec (5 > 3) the
curves of eq X1l approach those calculated from eq

IIl. As far as the secondary chemistry is concerned
the initial capture can be regarded as having occurred
dissociatively. As will be remarked on next, the ex-
periments with CH3®r appear to approach this limit.
In this situation it is not possible to determine the
value of the exchange coefficient /3 nor even to dis-
tinguish between the two cases where the rate constant
for the exchange reaction is low or the period for auto-
dissociation of the anion is short. Finally we would
note that the value of 5 should be a property for each
given solute. This fact is tested below, as far as is
possible, in examining the results of CH3C1 in competi-
tion with the various second solutes.

The CIlIBr-C HIBr System. Data on the methyl
bromide-ethyl bromide system were previously re-
ported,2and it was shown that the individual yields are
predicted reasonably well by eq 11l (as shown by the
dotted curves in Figure 4) although at the highest con-
centrations there is a slight bias in favor of low methyl
and high ethyl radical yields. There seems to be no
question but that the lifetime of the methyl bromide
anion and/or the net rate constant for its exchange
reactions are very low in this system. If exchange is
assumed to be completely unimportant, then the data
can be fitted very well if the ratio «caMr/aciuBr is in-
creased by about 15%. The effect of exchange is not
very large, and it is clearly difficult to say that ex-
change definitely occurs in this system, but all the re-
sults are internally somewhat more consistent if one
assumes that a net transfer does occur in the direction
of reaction 5. The bias toward low observed methyl
radical yields seems very likely to be real, and if so it can
be explained only by a nonzero lifetime of the methyl
bromide radical anion. From the departure of the data
from the dotted curve at 0.1 M CH3®r one can estimate
the CH3Br~ lifetime as 1 X 10~9sec if /Zis taken as 0.6
M~1. However, /2may very well be somewhat smaller.
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Figure 4. Effect of ciHsBr on the cH 3- yield from cH 38r
Upper curve 0.1 if cH3Br, central curve 0.01 M
CH3Br, and lower curve 0.001 M cH®Br.
for ideal case calculated from eq IlIl. Solid curves calculated
calculated from eq X111 with 3@ = 0.3 M -1 and 5 = 0.3. |Itis
seen that with these parameters electron exchange is of

negligible significance at 10“ 2M cH®Br and below.

solutions.

Dotted curves are

A lifetime of 2.5 X 10-9 sec would be obtained if /3is
taken as 0.3 M ~1 (the solid curve of Figure 3). This
lifetime would seem to be a reasonable upper limit to
that for CH3r~. Unfortunately, however, it is not
possible to distinguish between the various situations
or even the complete lack of exchange as indicated
above. For the moment we can only suggest that
values of /2= 0.3 M~land 5 = 0.3 be used with eq X111
to correlate the data as is done by the curves of Figure 4.
It is seen in this figure that any effect of exchange is of
only trivial importance at the lower concentrations.
This latter fact is used in treating the data from the
mixed solutes CHBr-SF6and CHBr-N2D.

Determination of a for SF§ C02 and N2

Up to this point we have described the model and
illustrated the kinetics with data previously reported
on the CHXI-CH®Br and CHBr-CH®Br systems.
We will report here new data on the binary systems of
SF§ C02 and N2 with both CH®8r and CH31 in
cyclohexane solution at room temperature. These
studies were carried out with aview toward determining
a for SF§ C02 and N2, but it is obvious that the
complicating effects indicated above must be considered
in detail. In fact, except for the CH®r-SF6 and
CH3Br-N2 systems, even the first inspection shows
that the data cannot be fitted by eq 11 with a singular
value of a so that complications are unquestionably
present. In general it was expected that the CH31
systems would be complicated by exchange reactions
and that CH3r might be the better indicator solute.
This expectation seems to be borne out in the case of
SF6and N2. However the results with C02show that

(21) K. M. Bansal and R. W. Fessenden, private communication.
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figure 5. Effect of SF6on CH3- yields from CH3r solutions.
IH3Br concentrations are (A) 0.2, (A) 0.1, (O) 0.03, and (=)
101 M. Curves are calculated from eq X111 with <sFa= 17
if-1,i = 0.3 M~\ and 5cH®r = 0.3.

econdary reactions involving transfer to CH3®r can be
mportant and result in an excessively high methyl
madical yield. The high observed yields, if their source
s not recognized, might be misinterpreted in terms of a
ow value for aco2 Methyl chloride presumably has a
ow electron affinity so that electron transfer does not
lormally occur to this solute. Also it is relatively inert
toward radical attack. One concludes, therefore, that
DH3C1 is the better indicator solute provided the trans-
fer reaction can be taken into account. In all cases,
studies must be carried out at both high and low solute
concentrations in order to define the possible extent of
the complications.

CH3Br-SF6a Of the six systems studied in detail the
CH3Br-SF6system seems to be the closest to an ideal
me. Data are given in Figure 5 for the effect of SFe
an the CH3eyield at four CH3®r concentrations. The
data of this figure can be fitted very reasonably by eq
111 if avalue of aS%of 18 M -1 is assumed. It may be,
however, that the methyl radical yield is decreased
slightly by secondary processes and, as in the CH3Br-
CHBr system, it would be better to use eq XIII to-
gether with a value of ShsBi of 0.3 as given above.
With a value of 8 as high as this the choice of /&is not
critical. Taking /3 as 0.3 M~ the results at 10-2 M
should not be significantly affected by the exchange
process (see Figure 4), and one can use the data at this
concentration to determine asFs A value of 17 M~I
is indicated. The remaining data can then be fitted by
the solid curves of Figure 5 with no further adjustments
of the parameters. The possible range for «sf. is
certainly quite limited, and one has a fair degree of
confidence that the correct value is very close to the 17
M _1 given here. The decrease in the hydrogen yield
produced by the addition of SF6 to cyclohexane was
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Figure 6. Effect of SF6on the CH3- yields from CH2C1
solutions. CH3C1 concentrations are (A) 0.2, (A) 0.1, (O0) 0.06,
(O) 0.03, and (=) 0.01 M. Dotted curves are for ideal case
(eq 111) with <sf6 = 17 M~Il. Solid curves include electron
transfer and decay according to eq X111

03, = 0.5 M~\ 5 = 0.03).

previously explained2 in terms of asF, = 17.8 M _1,
but the present study provides a more critical evalua-
tion of this parameter. The fact that the methyl radi-
cal yields decrease as expected at the highest SF6 con-
centrations is a very strong indication that neither
electron exchange nor other spurious secondary chemi-
cal processes (e.g., H-atom attack) contribute sig-
nificantly to the observed methyl radical yield.

CH:CI-SFs.  Similar results for the effect of SF6
on the methyl radical yield from CH3C1 are reported in
Figure 6. If «sFtwere completely unknown, we could
first consider the data at 0.01 M and then proceed
iteratively as indicated above. A value of ~17 M~I
would be obtained. One, however, knows «sf. from
the above so that the yields expected from eq Il (the
dotted curves in Figure 6) can be readily calculated.
The observed yields are lower than calculated, and it
appears that considerable exchange from the methyl
chloride anion to SF6must occur. The reaction scheme
must be qualitatively similar to that used for the
CHXI-CHBr system and eq XIII should apply.
We know Scmci from the analysis of the CH3C1-
CZHBr data so it remains only to choose a value for &
to calculate the expected dependence. This value can
be determined from one of the measurements at a high
concentration of both CH®r and SF6with the results
at all lower concentrations then being completely deter-
mined. Excellent agreement with the remaining
yields is obtained with /&2 = 0.5 M-1 (and a2 = 17
M ~1, 8 = 0.03) as is shown by the solid curves of Figure
6. It is, of course, gratifying that the data for this
system can be fitted so well with a reasonable value
for the one remaining adjustable parameter.

CHsCI-N:2O. Nitrous oxide is a substance which has
received a considerable amount of attention in electron-
scavenging experiments. In 1964, the large nitrogen
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yields observed in the irradiation of N2 solutions in
hydrocarbons again drew attention to the importance
of electron scavenging.2 However, the nitrogen yields
observed are very much higher than the yields for
scavenging by alkyl halides at comparable solute con-
centrations and do not appear to be a proper measure
of the electron-scavenging process. In spite of con-
siderable controversy on the subject, it now appears
that the processes producing nitrogen are complicated
by side effects which very probably involve secondary
ionic reactions.2324 It is important to have a measure
of oaiO so that estimates of the initial yield can be
made. In the present study measurements have been
made against both CH3Br and CH3C1 as the indicator
solutes but, because of the possibility of complications
in the case of the bromide as is indicated below, the
results with the chloride should be considered first.

Data on CI IX1--N2D mixed solutes are presented in
Table Il. Qualitatively it is seen that addition of N2
reduces the CH3yield from CHX1 in much the same
way as the above samples. Taking ShjCi = 0.03 and

Table Il: Methyl Radical Yields from c Hac 1-n 20 Solutions
in Cyclohexane

[65:8]] INOL ((Clli),"  QQlspsd  GICHAWedG
0.266 0.033 2.19 1.64 1.61
0.266 0.064 1.24 1.30
0.268 0.098 1.04 1.08
0.266 0.130 0.92 0.93
0.100 0.100 1.73 0.59 0.57
0.101 0.200 0.35 0.34
0.027 0.025 1.17 0.54 0.50
0.022 0.016 1.09 0.60 0.55
0.010 0.005 0.84 0.53 0.52

“Yield in the absence of N2D. 6Yield calculated from eq
X111 with «NiO = 10M _1,/3=0.6 M-', and 5= 0.03.

iteratively fitting the other two parameters one finds
«njO = 10 M~l and de = 0.6 M-1. The agreement
with the yields calculated on the basis of cq XIII is
seen to be quite good, and as far as one can tell the
applicable scheme is very similar to that with both
CH3Br and SF6.

CH3Br-N2D. One suspects that this system might
prove to be abnormal in that both neutral and ionic
products from electron capture by the nitrous oxide
might attack the methyl bromide to give additional
methyl radicals. It is known, for example, that the
cyclohexyl radical yield from N2 solutions is ab-
normally high.13 In fact this system appears to be very
well behaved in that, as is seen in Figure 7, high con-
centrations of N2 reduce the CH3yield in the way
expected if a is taken as 10 M -1 (as determined above).
Even at high CH3r concentrations there is no evidence
of any large spurious methyl radical yield and the data
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Figure 7. Effect of ND on the CH3- yields from CH3r
solutions. CH3®r concentrations are (A) 0.2, (a) 0.1, (O) 0.04,
(=) 0.01, and (O) 0.002 M. Curves are calculated from eq
X1 with <NO = 10 Af-1, /3 = 0.5 Iff-1, and 6 = 0.3. The
fact that the yields decrease as expected indicates that spurious
secondary reactions do not result in Cl13=formation.

can be fitted very well by eq XIIl with aNo = 10
M-1,de = 0.5 M~I, and ScmBr = 0.3 (Figure 7). The
amount of exchange appears to be somewhat greater
than that which occurs for the case of CH38r-C2H3Br.
A lower value for de would require aslightly higher value
for «n® in order to explain the data at 0.1 and 0.2 M
N2D. If one were to consider only data on this system,
a lower limit of 9 M~ for aNb would be estimated but
even very small corrections for CH3radical production
from secondary reactions involving the N2 will in-
crease this value considerably.

CH3CI-C02 It is seen in Figure 8 that the CH3C1-
CO02 system qualitatively follows the format of the
other three systems containing CH3C1l and treatment
of the data appears to be fairly straightforward. Again
acch can be evaluated from the reduction observed at
0.01 M CH31. A value of 13 M~lis indicated. With
SchiCi taken as 0.03 an exchange parameter ~-0.25 M ~1
is required to describe the data at 0.2 M CH31. With
all the parameters determined by the above arguments
the remaining data are described very well by eq X111
as is seen in the figure.

CH3Br-C02 The data for the CH3Br-C02 system
presented in Figure 9 make it immediately obvious that
complications outside those considered above are
present. The dotted (lowermost) curves in the figure
illustrate the dependences expected if no secondary

(22) G. Scholes and M . Simic, Nature {London), 202, 895 (1964).

(23) The importance of secondary reactions was first pointed out by
Sato and coworkers [S. Sato, R. Yugeta, K. Shinsaka, and T. Terao,
Bull. Chem. Soc. Jap., 39, 156 (1966) ]. See also ref 24 for comments
on the subject.

(24) 3. M. Warman, K.-D. Asmus, and R. H. Schuler, Advan. Chem.
Ser., No. 82, 25 (1968).
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Figure 8. Effect of CO2 on CH3- yields from CH3C1 solutions.
CH3CI concentrations are (A) 0.2, (a) 0.1, (O0) 0.06, (O) 0.03,
and (=) 0.01 M. Curves are calculated from eq X111 with
aco2= 13 M~I, (2 = 0.25 M -1, and 3chsi = 0.03.

reactions occur (eq Il with a = 13 M ~xas given by the
above interpretation of the data from the CH31-C02
system). It is seen that, in general for this system, the
CHS3- yields observed are considerably higher than
predicted. For example, the yield from a solution 0.01
M in CH3r and 0.5 M in C02 is ca. five times that pre-
dicted by eq Ill. This situation contrasts with the
other systems discussed above where the observed
yields are lower than expected from simple competitive
considerations. Spurious reactions which produce
CH3- radicals over and above the yield expected from
the direct reactions of the electrons with the bromide
are apparently of considerable importance. Such re-
actions could conceivably involve a reactive neutral
intermediate produced from the C02 However, an
explanation of the results at 0.1 M CH3®r would re-
quire that about 50% of the electrons which react
with C02produce a product which attacks the CH3®Br
and ultimately produces CH3m The yields observed
at the lower CH3®r concentrations should then be
considerably higher and increase with C02 concentra-
tion. It is not apparent that a model of this sort can
satisfactorily explain the observed dependences.
Another possible explanation is that the anion pro-
duced in the capture by CO02transfers an electron to the
CH3r in a secondary ionic process. This would re-
sult in an increased CH3- yield which is quite parallel to
the excess C2H3- yield produced in the CHXI-CHBr
system.2 Such an explanation requires a considera-
tion of the competition between the transfer process,
recombination of the C02- with its positive ion partner
and other possible reactions of secondary or tertiary
anions. The concentration dependence expected is
embodied in an equation of the type of X1 with, how-
ever, an appropriate interchange of subscripts. The
fraction of geminate pairs which react with the C02and
subsequently transfer an electron to CH3®r will be
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Figure 9. Effect of C02011 the CH3myields from CH3Br
solutions. CH3®Br concentrations are (A) 0.2, (a) 0.1, (O)
0.03, and (=) 0.01 M. Dotted curves are calculated for the
ideal case with no secondary reaction. It is seen that in all
cases the experimentally observed yields are considerably
higher. The data at the highest concentration require a

de of at least 2.0 M~1lin eq XV to explain the observed
increase above the ideal but the dashed curves calculated
on this assumption (and 3 = 0) are then excessively high

at the lower concentrations. The solid curves are
calculated on the assumption that C02quenches the
transfer reaction, i.e., & = 0.05[C07Z],

given by an equation similar to eq XII. Adding the
increase in yield expected from transfer to eq Il the
total yield can be put in a form similar to eq XIII, i.e.
o ) m[Si]
Pi)s2 — . .
(P2 = Jilsi] + a7
/ 0slSs] ft[Sr] \
N\ + a,[si]lft[sr)y+ h) £ +
VailSr] + az2[s2]
Goi . (XV1)

1+ (/a’\fSi] + a2[s2]
ft[sl  resa
ft[si] + 2 ar[Sr]

ai[Sr] + <2[82]
oti[Sr] + a2[S2] — (ft[Si] + 2

VFIt[Sr] + ¢2
X
1+ ft[sr] + (2

I+ ai[si] + aZ[s2)\
VAISKH] + a2[s2] /_

(XVla)

Equation XV, in fact, describes the C2H6- yield from
the CHI-CH®Br system with the parameters ft and
g2 determined by the measurements on G(CH3. If
only exchange and recombination are important in the
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present case (i.e.,, s = 0), then the data at the highest
CH3r concentrations require that /&2be ~2 M~1 which
in turn gives the dashed (uppermost) curves in Figure
9. With an upper limit of 5 M~ i»for j® the lifetime of
the anions must be at least 4 X 10-9 sec (5 <0.2) in
order for exchange to produce the large effect noted at
0.1 and 0.2 M CH3r. This model predicts yields con-
siderably higher than observed at low CH®Br concen-
trations so that if it is at all correct some additional
process must limit the lifetime of the C02_ anions.
One can introduce into the model an exponential de-
crease of C02- with time which results either from a
spontaneous decay or more likely from a pseudo-first-
order reaction with the solvent. In this case 22will be
a constant and independent of the C02concentration.
A value of &2 = 0.025 is required to reproduce the yield
observed at 0.01 M CH®Br and 0.5 M CO02 but such a
value predicts considerably less CH3- than is observed
at lower C 02concentrations. The results of the experi-
ments at 0.01 M in both CH3®r and C02are ~0.2 units
above those predicted for the absence of secondary
reaction which indicates that s cannot be larger than
0.001 (i.e., that the inherent period for disappearance
of C02-~is greater than 10" 6sec).

The only internally consistent model which has been
found to reproduce the observed results is one involving
quenching of the secondary reactions by CO02 itself.
In this case the period r is given by the reciprocal of the
pseudo-first-order quenching constant fq[C02]. Equa-
tion XV1 can readily be adapted by replacing s2 by
dq[CO]2where Ay = fogrD’X. It isseen in Figure 9 that
the data can be fitted by such a treatment if j0gis taken
as 0.05 M~K This value is an order of magnitude less
than the exchange and corresponds to a self-quenching
rate constant of 6 X 108M _I sec-1 which is of reason-
able magnitude. In spite of the excellent agreement
between the calculated and observed yields such an
explanation is not very satisfying since it is not evi-
dent what reactions can be responsible for the required
quenching. The data, in any event, do seem to require
that in some manner C02inhibits the secondary reac-
tions responsible for CH3eproduction.

Summary of the Reaction Parameters

The reaction parameters for the various systems
studied above are summarized in Table I11. In general
except for electron exchange of the type indicated by
reaction 5, chemical complications in these competitive
experiments will result in an excess yield of methyl
radicals which could possibly be interpreted in terms
of a low value of a. As aresult, the values of a should
generally be regarded as lower limits, but they are be-
lieved to be accurate to ~20% or better. |If the methyl
halide anion does not decay rapidly, it is possible that
the methyl radical yields may be low but it is showm here
that the problem is of minimal importance at concentra-
tions of the indicator solute of -~10-2 M or below and
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can be taken into account reasonably well. The re-
sults certainly indicate that the radical products pro-
duced from electron capture by SF6and N2 do not
attack either of the methyl halides to any significant
extent. This fact is perhaps somewhat surprising in
view of the high cyclohexyl radical yields observed13
in both of these cases. Apparently the fragments pro-
duced from the SF6or N2 react very rapidly with the
solvent and are removed from further reaction.

Table I11: Summary of the Reaction Parameters
frmmmmmmeememmeeen Values of a-------------------- >
Hydro- Competitive
genc de- experiments
Direct® pression CIUCI CH®rd Ba S

CH31 5.4 5 ~0.03"
CH3r 16.2 16 >0.3/
CH®Br 7.8 ~16 8 ~8 0.6
sF6 18 17 >17 05 Q
nd —10A 16 10 >9 0.6 a
co2 8 13 ' 025 <0.001

0 Transfer coefficient from CH3C1 to second solute. bFrom
ref 2. cFrom ref 12. dDetermined assuming /& = 0.3 M~I
(0.5 M~I for ND) and 5 = 0.3. Values ~10% higher are ob-
tained if it is assumed that exchange is completely unimportant.
e A common value of Scmci of 0.03 satisfies the results observed
in competition experiments with CH®r, SF§ N2, and C02
1 Corresponds to /3eof 0.3 M ~Ifor electron exchange from CH3Br_
to second solute. aDecay not manifest in the present experi-

ments. * Rough estimate from concentration dependence of N2
formation. ' Not determinable because of secondary complexi-
ties.

In treating the data the parameters de and s are not
independent in that an increase in /& can be compen-
sated for by increasing s, i.e., a high rate of reaction is
compensated for by a short lifetime. Thus in the
CHXI-CHBr system the calculated curves for /& =
05 M~\ s = 0.02; ft, = 0.6 M~\ s = 0.03; and
= 07 M~I, s = 0.04 are essentially identical.
Certain limits are, however, imposed by the data. A
value of /smaller than 0.5 M ~l is insufficient to explain
the observed reduction at high C2H3Br concentrations
(see Figure 1). A value greater than 1 M~I requires
s > 0.1 and predicts less curvature to the concentration
plot than is observed at low concentrations. If we
accept the value of 0.03 for s then the values for the
parameter /3 for electron transfer from CH31~ to the
other solutes depend on the values taken for a but ap-
pear to be accurate to ~50%. Given that the values
of both a and s are correctly chosen, /3 cannot be
varied significantly. For the case of CH3XL, s and the
lifetime of the anion appear to be correct to within a
factor of 2. It is particularly noted that for this solute
the data from all four second solutes examined can be
satisfied with a common value of 0.03. In the case of
methyl bromide, the value of ScmBr depends on whether
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or not the exchange reaction has an appreciable rate
and the value obtained can be varied by an order of
magnitude in either direction if it is accompanied by
an appropriate change in the exchange parameter /Jo-
in this case the conclusion on ionic lifetime can only
be regarded as an approximate upper limit.

The values of a from the competitive experiments are
compared in the table with values estimated from the
decrease in hydrogen yield.22 As indicated previouslyR
the interpretation of the effect of solutes on G(H2 in
terms of a is subject to considerable uncertainty and
all of the present values are well within this uncer-
tainty. An estimate of aNO ~ 10 M~I can be given
from the measurement of nitrogen production if it is
assumed that each electron produces approximately
two molecules of nitrogen. A value of ~100 iff-1
would be required if only one molecule of nitrogen were
produced and such a value is obviously excessively
high. Comparison of nitrogen yields from N2 solu-
tions with the present results requires a detailed con-
sideration of the secondary ionic processes in that
system and will be treated separately.D

One should also comment on the high reactivity of
CO02toward electrons indicated by the present experi-
ments. As with CH3CL this result contrasts with gas
phase studies where the rate of electron attachment is
at least nine orders of magnitude less than that for
SFG&2L The high rate in hydrocarbon solutions is cor-
roborated by the large effect of CO2on G(H2 noted by
a number of observers. 12532 The rates of reaction
of a particular solute towards electrons in the liquid
hydrocarbon bears no resemblance to that found in the
gas phase although it seems likely that substances which
react rapidly with electrons in the gas will also do so in
solution.

Some General Comments

Perhaps the most important aspect of the present
contribution is the demonstration that various com-
plicating situations, where secondary ionic reactions
compete with the recombination of geminate pairs,
can be treated analytically and in detail. Given a par-
ticular reaction scheme the existence of a distribution
function for geminate pair lifetimes makes it possible
to develop algebraic expressions to describe the de-
pendence of yields on solute concentrations. These
expressions, while frequently very complicated, can be
readily evaluated and must describe the experimental
results quite closely if the proposed scheme is complete.
One, of course, can never be sure that the actual scheme
is not more complex than assumed, but certain limita-
tions on possible complications are imposed by the
short lifetime of the majority of the geminate pairs.

A number of examples have been presented here in
which the results appear to correspond to the scheme
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assumed. One scheme (reactions 1, 2, 3a-6) is common
to all but one example, and this scheme is sufficiently
simple (with reasonable values for the reaction pa-
rameters) that it is very probably close to a complete
description. The exception (CH38r-C02 can be
treated if it is assumed that C02- reacts competitively
with C02as well as with its geminate partner and with
methyl bromide. This assumption is at the moment
ad hoc and far from satisfying.

The various examples treated illustrate the extent
to which complicating secondary reactions can invali-
date simple interpretation of competitive experiments.
At this point there can be no question but that com-
plications exist. Any use of the competitive approach
to determine values of the reactivity parameter a
must involve experiments over a sufficiently extensive
range of solute concentrations that it is possible to
understand the complicating effects in at least some de-
tail. In certain cases where secondary reactions dis-
sociate the indicator solute (e.g., CH®Br-C02 it is
impossible to determine the value of a2 except within
broad limits. These cases are manifest by an excess
yield of product from the indicator at high relative
concentrations of the solute under study. In other
cases the limiting situations approach each other under
certain circumstances and often quite reasonable esti-
mates of the reactivity parameter can be made. This
comment is particularly true for the studies where
methyl chloride was used as the indicator solute since
as yet in no case has spurious decomposition of the
methyl chloride been noted. Electron transfer from
the chloride to the second solute is a problem at high
concentrations but of only minor importance at low
concentrations (~0.01 M and lower). One benefits
here from the fact that an estimate can be made of the
maximum effect that can possibly be attributed to
transfer (see Figure 3). Ideally one wishes to have as
an indicator solute a compound which undergoes rapid
dissociation to a measurable product upon electron
capture and with which spurious reactions do not occur
or at least do not give the same product. Methyl
bromide appears to fulfill this requirement in three of
the four cases examined, but the existence of the fourth
case argues for due caution in examining unknown situa-
tions.
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Crystalline samples of HD and D2 ice were irradiated with electron pulses from a Linac and the optical ab-
sorption spectrum of the transient electron was recorded at different temperatures from —5 to —190°. At
—10° the position of the absorption peaks in the two matrices are at 682 (1.82 + 0.01 eV) and 668 nm (1.86 *
0.01 eV), respectively. The peak energy continuously increases as the temperature becomes lower, and at
about —130° constant values of 1.90 and 1.94 eV are reached. The electron decay could be accounted for by a
second-order reaction between the electron and a species present in a concentration greater than its own. This
second species is very probably the proton, and the proton excess was found to increase as the temperature de-

creases. The rate constants for the reaction in HD and D2 ice at —10° are (1.95 * 0.06) X 10u and (0.42 *

0.04) X 10u M ~Isec“ 1 respectively, and the activation energies are 4.5 + 1.0 and 6.8 + 1.0 kcal/mol. The
yield of electrons ((?) decreases rapidly from 0.95 at —5° to 0.05 at —50°. Our interpretation of the kinetics

gives a reasonable explanation to this fact.

Introduction

The localized excess electron in the solid aqueous
phase was first observed as a long-lived species in ir-
radiated hydroxide-water glasses at 77°K.12 In this
matrix the electron is characterized by an esr singlet and
an optical absorption band in the visible part of the
spectrum.3 The trap is supposed to be a hydroxide
anion vacancy,4 and the degree of structural disorder
of the matrix was found to be of great importance for the
trapping.6‘8

Crystalline ice, on the other hand, would be expected
to have a low concentration of defects suitable as elec-
tron traps and, since self-trapping as in liquid water
would not be feasible due to the long dielectric relaxation
time, it was at first believed that the electron could not
be localized in this matrix. In spite of this the optical
absorption spectrum of a transient electron was ob-
served by pulse radiolysis of crystalline ice at tem-
peratures not far from its melting point.910 The
absorption spectrum of this new species closely re-
sembles that of the solvated electron in liquid water
(eag*). The vyield is, however, less and the lifetime is
shorter. The lifetime increases with decreasing tem-
perature and the vyield decreases rapidly. 112 At
77°K, at which the electron is stable, the yield (G) is
only 2 X 104134

In the present investigation the study of the localized
electron in crystalline ice has been extended to lower
temperatures (—190°) and to D2 ice. The tempera-
ture shift of the absorption peak has been recorded in
both HD and DX ice. The temperature variation
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of the yield has also been studied, and the kinetics
could be accounted for by a much simpler reaction
scheme (with only one type of electrons) than that given
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by Taub and Eiben.12 In addition our interpretation
of the Kkinetics gives a reasonable explanation to the
rapid decrease in the yield when the temperature de-
creases.

Experimental Section

Large blocks of transparent ice were grown in a
quartz tube from triply distilled HD or DD (DD
99.98%), which was degassed by shaking and evacua-
tion. The degassing procedure included saturation
of the water three times at a pressure of 1 atm with
hydrogen or helium gas that had passed a liquid nitro-
gen cooled trap. The quartz tube, surrounded by a
thermally controlled jacket and filled with the gas to 1
atm pressure, was then placed in a refrigerator, main-
tained at —20°, and the currents in the four heating
coils of the jacket were adjusted in such a way that the
freezing started at the water surface, proceeded down
the tube axis and stopped about 20 mm from the bot-
tom of the tube. Ice blocks, 70 mm long and 30 mm in
diameter, were obtained in about 4 days. Examination
of the blocks with polarized light showed that they
generally consisted of a few large crystals oriented in
different directions.

The blocks were stored at —20° for several days, and
before each run a 30-mm long sample was cut out from
the middle section of a block with a hot platinum wire.
The sample was heated to —5°, and its end faces were
made plane with a smooth warm aluminum plate and
polished with a filter paper. The sample was then
quickly transferred to the cryostat, cooled to the desired
temperature, and irradiated.

The cryostat loaded with an ice sample is shown in
Figure 1. Cooling is achieved by a pulsed stream of
liquid nitrogen, and an evacuated window cylinder and
an electrically heated wire (not shown) are used to
avoid frosting of the front window. W.ithin the tem-
perature range 0 to —190° the temperature was regu-
lated with a precision of +0.5° as measured by a small
thermocouple in direct contact with the sample sur-
face. This simple method of cryostating also proved
useful for growing single crystals of organic compounds
at subambient temperatures. The method for tem-
perature regulation is therefore described elsewhere.6

The optical detection system is fully described else-
where® and comprises the following principal optical
and electronic components: an Osram XBO, 450-W
high-pressure xenon lamp, a Zeiss MM12 double
quartz prism monochromator, a dc-coupled EM1 9558
Q photomultiplier tube, and two Tektronix 555 double
beam oscilloscopes equipped with Type W plug-in
units.

Three of the oscilloscope beams were used to record
the time profile of the transient in three different time
scales. The fourth beam was used to record the time
profile of the electron pulse, as monitored by the cur-
rent induced in a coil surrounding the electron beam.
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Electron Thermocouple

Figure 1. The cryostat and the light passage. The evacuated
window cylinder and an electrically heated wire (not shown)
are used to avoid frosting of the front window.

The oscilloscope traces were recorded on Type 3000
Polaroid film, enlarged four times and analyzed. The
overall time constant of the detection channel was 80
nsec.

The cryostat was irradiated from the mirror end with
single electron pulses from a Varian V-7700 linear
accelerator equipped with a single-pulse trigger gen-
erator.I/ The peak current of the pulse was 250 mA,
and the average energy was 11 MeV. The pulse length
could be varied from 0.25 to 4 psec.

The absolute dose was obtained from the recorded
absorption trace of the hexaeyanoferrate(lll) ions
420 €Mm = 1000 M ~1 cm-1) Bproduced by the electron
pulse in a polystyrene cell, replacing the ice sample,
which was filled with N2-saturated, 1 mM hexacyano-
ferrate(ll) solution. The cell had thin polystyrene
windows and the same length as the ice sample. For
relative dosimetry we utilized the time profiles of the
electron pulses as recorded on the oscilloscope screen.
The mean dose rate in the half of the sample facing the
evacuated window cylinder was 20% less than the mean
dose rate in the rear half. This inhomogeneity in dose
rate along the sample axis was accounted for.

Results and Discussion

1 Spectra.
trum of crystalline ice recorded after a single electron
pulse is very similar, both in shape and position, to that
caused by the solvated electron in liquid water. On
this basis the absorption has been assigned to a localized
excess electron es~, in structure almost identical with

(15) T. Dahlgren, T. Gillbro, G. Nilsson, and A. Lund, J. Sci.
Instrum., 4, 61 (1971).

(16) H. C. Christensen, G. Nilsson, P. Pagsberg, and S. O. Nielsen,
Rev. Sci. Instrum., 40, 786 (1969).
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Figure 2. Absorption spectra of the electron in HD ice (e,
extinction coefficient). The temperatures are given in order of
decreasing peak heights; dose 6 X 10T7eV/g;

pulse length 2.6 fisec.

ea.9-12' 9 The spectra of the excess electron in HD
ice recorded at different temperatures in the range —5
to —135° are shown in Figure 2. All the spectra are
broad bands with a single maximum and no structure.
The peak height decreases with decreasing tempera-
ture, and the shapes of the spectra in general agree with
those reported by Shubin, et al,,s and by Taub and
Eiben.R

For electrons in the hydroxide-water glasses at
77°K the extinction coefficient, e, is known, since the
electron concentration can be measured by esr spec-
troscopy. A “best” value of 2.0 X 104M~1 cm-1 for
fmai, differing very little from the value for water
(wrex = 1-85 X 104M~1 cm* 1),Dhas been reported.2L
For the transient electron in crystalline ice, on the
other hand, the extinction coefficient is unknown. Its
value can, however, be estimated if we presuppose a
temperature-independent oscillator strength, /. The
value of emax as calculated from the optical density is
then found to increase very slowly with decreasing
temperature below —50°, and by taking/ = 0.33 the
curve could be extrapolated to enex = 2.0 X 104M~1
cm-1 at 77°K. We thus obtain a value of the oscillator
strength for the electron in HXD ice which is smaller
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Figure 3. Absorption spectra of the electron in HD ice and
the absorption spectrum of the solvated electron in liquid
water.2 The spectra for the electron in ice are calculated using
an oscillator strength of 0.33.

than that for the electron in water (/ = 0.71).2 This
is in agreement with the calculations of Fueki, et al,Z
It may also be pointed out that the treatment of / as
temperature independent (as it is for F centers in alkali
halides) is a reasonable approximation supported by
the form of the theoretical expression for this quan-
tity. 24

By taking/ = 0.33 the spectra shown in Figure 3 are
obtained, which are thus based on a temperature-
independent oscillator strength, and the value of emax
for alkaline ice at 77°K. From this figure, which also
shows the eaq spectrum,2 we conclude that the elec-
tron absorbs in the same spectral range in ice and water.
The absorption peak is, however, shifted to a higher
energy in ice and the half-width of the peak is smaller in
the solid phase. All bands shown have a comparatively
sharp low energy edge and a tail on the high energy side.
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(1968).
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(1970).
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Figure 4. Absorption spectrum of the electron (broad peaks),
the OD radical (275 nm) and the DO2radical (250 nm) at
-6° (X) and at -101° (e); dose, 1.2 X 101BeV/qg;

pulse length 3.0 jnsec.

Raising the temperature broadens the band in ice (the
half-width increases from 0.52 eV at —50° to 0.70 eV
at —5°) and shifts Xmex to longer wavelengths, which
are properties common to the F center, eaq , and 6nh3-

The absorption of irradiated DD ice is very similar
to that of HD ice. Overall spectra obtained at —6
and —101° arc shown in Figure 4. The broad absorp-
tion band is due to the electron. The absorption be-
low 300 nm very much resembles that found by Taub
and Eiben at —98 and —14° in HD ice.2 In ac-
cordance with these authors assignment of the 280-nm
peak to the OH radical and the 230-nm peak to the H02
radical, we assign the 275-nm peak to the OD radical
and the 250-nm peak to the D 0 2radical.

Figure 5 shows the absorption spectrum of the elec-
tron in DD ice at different temperatures from —6 to
—190°. As seen from the figure the peak height at
first decreases with decreasing temperature as in HD
ice. Below —100°, however, it increases again (see also
Figure 8). In the same way as in H2 ice the band
maximum is shifted to higher energy with decreasing
temperature. At the same temperature, however, the
absorption maximum is at a shorter wavelength in D2
ice than in HD ice, which is clearly shown in Figure 6
for —5°, where the energy difference between the
maxima is 0.04 eV.

All points in the spectra shown refer to minimum light
transmission as read from the oscilloscope traces and
the values of eG are corrected for the decay during the
electron pulse. No displacement of the absorption
peak during the lifetime of the transient was detected
in the temperature range —10 to —40°; i.e., the full
trapping energy was developed within 0.25 ;;sec after
the electron pulse.

2. The Température Shift of the Absorption Peak.
The shift of the band maximum with temperature is
shown in Figure 7.  To avoid arbitrariness in the deter-
mination of Xmex, the midpoints of a number of hori-
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Figure 5. Absorption spectra of the electron in D2 ice («,
extinction coefficient). The temperatures are given in order of
decreasing peak heights; dose (1.1-1.2) X 1018eV/g; pulse
length 2.7 to 3.0 ;tsec.

zontal lines cutting an absorption curve were connected,
and the intersection between this line and the curve was
taken as the maximum point. The errors indicated are
estimated ones. The figure includes results of Gott-
schall and Hart for eag~ in liquid H2 ,% of Brown, et
al.,® and Schindewolf, et al.,Z for eaq~ in liquid D2,
and of Taub and Eiben for the trapped electron in HD
ice.22 As seen from the figure, the shift of the band
maximum is nowhere a linear function of the tempera-
ture, as it is for eag~ in liquid water® and as it was re-
ported by Taub and Eiben to be also for ice.12 Instead
the energy reaches a constant value at about —130°.
The positions of the band maxima at the plateau are
1.90 eV for HD ice and 1.94 eV for DoO ice. At —10°
the values are 1.82 + 0.01 and 1.86 + 0.01 eV, respec-
tively. The energy difference is 0.04 eV throughout
the whole temperature range, which can be compared
with a difference of 0.05 eV for the liquidsZand 0.12 eV
for the 10 M alkaline-water glasses at 77°K.6 At 0°
the curve for the liquid phase fits smoothly to the curve

(25) W. C. Gottschall and E. J. Hart, J. Phys. Chem, 71, 2102
(1967).
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Figure 6. Absorption spectra of the electron in HD (=) and
D2 ice (X) at —5°; dose 6 X 1017eV/g;
pulse length 2.7 /xsec.

Figure 7. Temperature shift of the maximum of the absorption
band of the electron in 11D (i) and DD ice (J). The figure
includes results of Gottschall and Hart for eag~ in liquid 1120 5
(0), of Brown, ct al.,w (md) and of Schindewolt, et a/.,Z7 (i o-h)
for eag~ in liquid DD and of Taub and Eiben12 (+) for
electrons in HD ice.

for the solid phase. The absence of a discontinuity
at that point is a strong indication that the trapping
mechanism is essentially the same in the two phases.
It may also be pointed out that the temperature shift of
Xmex as pictured in Figure 7 resembles very much the
temperature shift of the optical absorption band of the
F center. For both, Arex reaches a limiting value at
low temperatures.?B

3. Yield and Kinetics. The product eraiiG (Figure
8) decreases with decreasing temperature, at first very
fast, between —50 and —100° considerably slower, and
finally it increases in D2 ice at temperatures below
—100°. The increase is due to a population of short-
lived electrons which are not observed at the higher
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Figure 8. Temperature variation of the product of the
extinction coefficient eme* and G for the electron in H2D
(X) and DD ice (=).

temperatures. A similar increase would probably
have been found also for HD ice if the measurements
had been extended to still lower temperatures. This is
corroborated by the fact that below —100° the decay
becomes faster in HD ice. The slightly higher value of
emexG for D2 ice is in accordance with the behavior of
eag_ in the liquid phases where there is an increase in
both G (11%) and imax (28%) when passing from light to
heavy water.®

On the basis of enax from Figure 3 the temperature
variation of G for H2 ice has been calculated. The re-
sults are shown in Table I. The large variation of G
with temperature is remarkable since the yield in
liquid water is almost independent of the temperature
between +4 and +90°.5

Table I: The Temperature Variation of G for Localized
Excess Electrons in HD Ice

emaxG, Af'>cm -’

ea /100 eV «max, Af->cm-' G.
Temp, °C (X 107 (X 109 €8-/100 eV

-5 12.21 1.29 0.95
-10 8.66 1.53 0.57
-31 2.40 1.83 0.13
-50 0.91 1.90 0.05
-96 0.30 1.94° 0.02
-135 0.11 1.96¢ 0.01

“ Extrapolated values.

The Kinetic behavior of the electron in the tempera-
ture range —5 to —50° is characterized by increasing
half-life with decreasing temperature (about ten times)
and a longer half-life in D2 ice than in HD ice (about

(28) J. 3. Markham, Solid State Phys., Suppl. 8, 1(1966).
(29) E. M. Fielden and E. J. Hart, Radiai. Res., 33, 426 (1968).



Pulse-lrradiated Crystalline HD and DD lce

two times). The Kinetics can neither be fitted to a
first- nor to a simpler second-order plot, and it is not
a composite first-order decay, for if the optical density
is divided by the dose the resulting curves are not super-
imposable. The decay and the yield are furthermore
not affected by the total dose given to the sample.
Most samples were therefore pulsed repeatedly.

At present there is no general agreement regarding
the reaction order of the electron in crystalline ice.
Taub and Eiben12 characterized the Kinetics as pre-
dominantly simple second order above —14° and as first
order in the temperature range —40 to —70°. To ac-
count for the change in rate law with temperature they
postulate an equilibrium between immobile and mobile
electrons and a reaction scheme where the immobile
electrons react with mobile protons, giving rise to a
second-order decay, and the mobile electrons react
with OH and other radiation-produced species and give
rise to a pseudo-first-order decay. Since there is a
temperature-dependent competition between the two
decay modes, the overall decay changes from mainly
second order at —14° to mainly first order at —70°.
On the other hand, Pernikova, et al.,®studied the initial
decay rate of the electron after the pulse and concluded
that the Kkinetics could be accounted for by the parallel
occurrence of a true monomolecular process and a sum
of bimolecular reactions.

To gain some information about the kinetics from our
data, different kinetic models were fitted to sets of
decay curves obtained by varying the pulse length only.
The fits were performed by a computer, and each ex-
perimental point (optical density) was weighted accord-
ing to the relative standard deviation assigned to it.
The dose inhomogeneity along the sample axis was
taken into account by dividing the sample into two
halves having a dose rate ratio of 1:0.8. The dose rate
was also corrected, as it changed a little with the pulse
length. The goodness of the fit as given by the stan-
dard deviation = [2A2(n —s)] ,where Ais the differ-
ence between the experimental and computed values
for each point, n the number of points, and s the num-
ber of parameters, was then used to select the best model
for the electron decay.

Examination of our data showed that two decay
curves for the electron have the characteristic feature of
crossing each other if the decays start at different elec-
tron concentrations at the end of the electron pulse.
This behavior is most simply explained by general
second-order kinetics, the electron reacting with a
species present in a concentration greater than its own.
The reaction partner is very probably the proton and
one plausible explanation to the electron deficiency
may be that some electrons form dimers as they do in
the hydroxide-water glasses3dl and probably also in
water.32-34 This would show up as an electron de-
ficiency since the dimers, absorbing in the near-infrared
part of the spectrum, are not defected by us. How-
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Figure 9. The fit of experimental data to the general
second-order decay at —10° for excess electrons in H2 ice:
unfilled symbols, experimental points; filled symbols,
computed points. Pulse lengths: 1.79 (A,A); 0.77

(O, =); 0.68 (O, m) and 0.42 Msec (V, V).

ever, when testing a model with dimers, it was found
that the rate constant for the reaction of the dimers with
protons was almost zero, and the standard deviation
of the rate constant was very large. The precision of
the fit would thus not be less if the rate constant for the
dimer reaction was put equal to zero. This was indeed
the fact and the remaining equations

des-/di = PGe,- - foes-H+ @

dH+/df = PGh* - foesH + )

where P is the dose rate, G the yield, k (p sec-1) the rate
constant, and es- and H+ are the optical densities of,
respectively, localized electrons and protons, describe
the kinetics very well, as can be seen from Figure 9.
The computed curves cross each other and Ge-/Gh+
which is <1, decreases with the temperature (Figure 10).
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(34) G. Czapski and E. Peled, Chem. Commun., 20, 1303 (1970).
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Figure 11. Arrhenius plots for the electron decay between
—5 and —50° in HD () and D2 ice (CN.

The computed values of Ge-/GH+ and k with their
standard deviations are shown in Table Il. The rate
constants ftM (M ~1sec* ) in Table Il are for HD ice
based on the extinction coefficients of Figure 3. For
the optical absorption of the electron in DD ice erax
was supposed to be higher by 28%.20 The extinction
coefficients and the activation energies E, which were
obtained from Figure 11, are all given in Table I1I.

For —10° the model of Taub and Eiben (1) and
Pernikova, et al. (11), fit our experimental decay curves
with almost the same precision as the general second-
order decay (I11). The standard deviations of the rate
constants of | at —10° and of Il at —50° are, however,
considerably larger than for I11. If models | and Il
are compared, it is evident that the change of rate law
with temperature, which in Il is explained by a tem-
perature-dependent competition between two decay
modes, is inherent in the general second-order decay,
since Ge-/GH+ decreases with the temperature. The
kinetics therefore looks like simple second order at
high temperatures and becomes pseudo-first order at
low temperatures, all in accordance with Taub and
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Table Il1: The Computed Results of the General
Second-Order Kinetics*

emax. 1 &M M-l

Temp, cm-1 sec-1 E, kcal/
Sample  °C Ge-/<?H+ k,Msec 1 (X 109 (X 10») mol
h 2 -10 0.913 = 2.12 db 1.53 1.95 + 4.5 db
ice 0.012 0.06 0.06 1.0
-19 0.784 1.34 = 1.70 1.37 £
0.007 0.02 0.02
-31 0.512 * 1.03 1.83 1.13
0.060 0.15 0.16
-50 0.190 * 0.31 + 1.90 0.35 =b
0.049 0.09 0.10
D2 -6  0.860 = 0.63 * 1.76 0.67 + 6.8 *
ice 0.149 0.03 0.03 1.0
-10 0.680 = 0.36 + 1.96 0.42 +
0.156 0.03 0.04
-19 0.515 * 0.25 + 2.18 0.33 %
0.100 0.01 0.01
-21  0.475 % 0.18 =+ 2.20 0.24
0.133 0.02 0.03

0 The standard deviation of the activation energy, E, is esti-
mated. All other standard deviations are computed.

Eiben’'s observations.22 The concept of equilibrium
between two types of electrons, as proposed by Taub
and Eiben,1?is not required if the apparent rate law
depends on the Ge-/G!H+ ratio in a general second-
order decay.

The decay of the electron in crystalline ice can ap-
parently be accounted for in different ways. The
simplest way is, however, by the general second-order
kinetics (111), a model containing only two parameters,
the rate constant and the Ge-/G'H+ ratio. Since the
missing fraction of electronic charge, (Gh+ — Ge-)/
Gh+ increases with decreasing temperature, this model
also provides us with an explanation of the remarkably
rapid drop of the yield as the temperature decreases
(Table 1).

The fact that the two simple equations (1 and 2)
account for the decay must imply that either the missing
electrons are trapped as dielectrons or they are trapped
in some other way; they do not react with the protons
in either case. The OH radicals must therefore be of
minor importance as electron traps, since the rate con-
stant for the H+ + OH- reaction is very large. It
seems most likely that the missing electrons are to be
found in shallow (unrelaxed) traps in the matrix. The
presence of shallow traps near the conduction band has
in fact been observed in irradiated alkaline ice.&

The rate constant for the ess + H+ reaction in 0 2H
ice at —10° based on/ = 0.33 (1.95 X 101M ~Isec-1,
Table 1) is greater than the rate constant for the same
reaction in the liquid phase (2.06 X 100M~Isec-1),3®

(35) 1. Eisele and L. Kevan, J. Chem. Phys., 53, 1867 (1970).
(36) J. P. Keene, Radiat. Res., 22, 1 (1964).
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which, on the other hand, is somewhat less than the
diffusion-limited rate¥ as calculated from the Debye
equation.3

Considering the high value of the rate constant one
would expect that the es- + H+ reaction is diffusion
controlled in ice. The reaction rate would then be
determined by the proton mobility (which according to
recent measurements is almost the same in water and
ice394) since the electron mobility is so small compared
to the proton mobility that it can be neglected. The
activation energy measured by us for the es- + H+
reaction is, however, 4.5 + 1.0 kcal/mol (Table Il),
while the activation energy for the proton mobility in
ice is close to zerodl and there is even some evidence
that the mobility increases with decreasing tempera-
ture.®d In view of this fact the reaction cannot be
diffusion controlled but may instead take place in two
steps

H+ + e3 ~  (H+e.-) -A» H (3)

where the electron in the intermediate complex (H+es-)
has the same optical absorption characteristics as es~.

The first step of reaction 3 is fast and limited only
by the proton mobility. This step can be represented
by a diffusion-controlled equilibrium with equilibrium
constant K as given by Fuoss.£2 The second step is
slow and rate determining and can be represented by a
first-order rate constant K\ The experimental overall
rate constant f0is then given by.

4x/\W. 3
= hK = e o exp(—UM)ZRT) (@)

where N is Avogadro’s number, a the reaction distance,
R the gas constant, T the absolute temperature, and
U(<t the potential energy of interaction. The poten-
tial is coulombic, and the interaction energy is therefore
given by U(<r) = —eZeeffa, where e is the electronic
charge and eft the effective dielectric constant. The
simplest explanation of the slow second step is that the
proton is immobilized by two negative Bjerrum faults
(L defects)83 when it comes close to the electron site.
The concentration of L defects is certainly high in this
region due to the alignment of the water dipoles, and
the immobilized proton cannot start diffusing again (or
the electron cannot tunnel to the proton site) until a D
defect arrives and annihilates one of the L defects at-
tached to it. The time it has to wait is given by the
dielectric relaxation time, r. The first-order rate
constant can therefore be replaced by r-1 = A-1
exp(—B/RT)U and the overall rate constant becomes

4irAa3
o= — — expl(eeeff(r— B)/RT] (5)

where according to Table I, k0= 1.95 X 1011 M -1 sec-1
and (eZeeffr —B) = —4.5kcal/mol. By substituting
experimental values of A (5.3 X 10-16 sec)#4 and B
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(14.2 = 0.2 kcal/mol)bwe obtain = 6.1 A and eeif -
5.6. For/ = 0.71 we have instead /cM= k0= 4.18 X
W | M~" sec-1, and a repeated calculation gives a =
7.8 A and egft = 4.4. The values of the reaction dis-
tances are plausible, and the values of the effective di-
electric constants can be compared with that calculated
from the Onsager-Dupuis equation43

(feff)-1 = (ziZjed-1[(zie + <pig) X
(Zje + pg/ea + PP/ (e0 — «,)]  (6)

where e0and e, are the static and high frequency dielec-
tric constants, respectively, Zi and z, the ion valences
and jpi and {9 the number of Bjerrum faults of charge q
attached to each ion. The proton is always screened
by one L defect&of effective mean charge 0.53e.45 We
therefore take jpntq = —0.53e and for the effective
mean charge of the electron (—e + <®-q) the full
charge may be taken. Then with 0= 95and e, = 3.1
the value of esff becomes 6.6. Accordingly the two-step
treatment of the es- + H+ reaction in HD ice gives
plausible values of both the reaction distance and the
effective dielectric constant.

As already pointed out the decrease of the yield with
decreasing temperature, as shown by Table I, is re-
markable since it does not agree with the theory for the
motion of thermalized electrons in polar media. This
motion is governed simultaneously by diffusion and
coulomb attraction to the positive charge. Some elec-
trons are therefore recaptured by the positive charge,
and some escape charge neutralization. Onsager4/
showed that in the case of a nonpolar gas the escape
probability for ions is simply given by the reciprocal of
the Bolzmann factor with respect to the initial potential
energy or

p = exp(—eZeit«kT) ©)

where rOis the initial distance between the ions, a
dielectric constant, and k the Bolzmann constant.
The escape probability for ions in condensed polar

(37) M. S. Matheson, Advan. Chem. Ser., No. 50, 45 (1965).
(38) P. Debye, Trans. Electrochem. Soc., 82, 265 (1942).

(39) B. Bullemer, H. Engelhardt and N. Riehl in “Physics of Ice,”
International Symposium, Munich, Sept 9-14, 1968, N. Riehl, B.
Bullemer, and H. Engelhardt, Ed., Plenum Publishing Co., New
York, N. Y., 1969, p 416.

(40) M. A. Maidique, A. von Hippel, and W. B. Westphal, J. Chem.
Phys., 54, 150 (1971).

(41) M. Eigen, L. De Maeyer, and H.-Ch. Spatz, Ber. Bunsenges.
Phys. Chem., 68, 19 (1964).

(42) R. M. Fuoss, J. Amer. Chem. Soc., 80, 5059 (1958).

(43) L. Onsager and M. Dupuis, Electrolytes, International Sym-
posium Trieste 1959, Proceedings, Pergamon Press, Oxford, 1962,
p 27.

(44) R.P.Auty and R. H. Cole, J. Chem. Phys., 20, 1309 (1952).

(45) R. Ruepp and M. Kiiss in “Physics of Ice,” International Sym-
posium Munich, Sept 9-14, 1968, N. Riehl, B. Bullemer, and H.
Engelhardt, Ed., Plenum Publishing Co., New York, N. Y., 1969,
p 555.

(46) C. Jaccard, Phys. Kondens. Mater., 3, 99 (1964).
(47) L. Onsager, Phys. Rev., 54, 554 (1938).
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media was calculated by Mozumder,8 and he arrived
at an expression which for very long and very short di-
electric relaxation times reduces to the simple Onsager
formula.

Since the yield of escaped electrons may reasonably
be identified with their radiation chemical yield, Mo-
zumder4a calcuated the thermalization length of elec-
trons in water by matching the computed escape prob-
ability with c/ci, where G is the experimental radiolytic
yield of solvated electrons (G value) and Gi the ioniza-
tion yield. By taking Gi = 5 the thermalization length
was found to increase from 19.5 A at 100° to 35 A at 0°.
This is to be expected since at the lower temperature
the electrons have to lose more energy to become ther-
malized and the travel distance must be longer.

For ice we get a quite different result. In this case
the relaxation time is very long and Mozumder’s equa-
tion reduces to the Onsager formula. Taking ei =

= 3.1, Gi = 5, and G from Table | the thermalization
length in HD ice decreases from 94 A at —10° to 52 A
at —50°. A similar result was found by Mozumder#8
when using vyields reported by Taub and Eiben.12
The reason for this unexpected behavior is that for ice
the radiolytic yield cannot simply be identified with the
yield of escaped electrons. The general second-order

Z. Ciecierski-Tworek, G. B. Birrell, and O. H. Griffith

kinetics has shown that the observed electrons are only
a fraction of the total escaped electronic charge, and
this fraction steadily decreases as the temperature be-
comes lower (Figure 10). The yield of escaped elec-
trons which is the quantity to be used in eq 7, therefore,
decreases less quickly than the radiation chemical yield
as given by Table I. If we take this into account and
recalculate rOfrom the yield of escaped electrons, i.e.,
from G X Gh¥Ge-, where Gn+/Ge- is taken from
Figure 10, the thermalization length decreases from 96
A at —10° to 90 A at —50°. Taking into considera-
tion that the precision of Grt*/Ge~ is not so good, the
result, despite the absence of increase of rQ is reasonable
and the kinetics thus provides us with an explanation
for the rapid decrease of the G value when the tem-
perature decreases.
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Free radicals trapped in X-irradiated heptanal oriented in a single crystal of perhydrotriphenylene were in-

vestigated using electron spin resonance techniques.

An analysis of the data indicates the presence of two free

radicals: a short-lived radical, CHYCH24CHCHO, and a stable semidione radical, CHYCH23COHCO(CH25
CH3 All spectra are well resolved and agree with computer-simulated spectra. A table of proton coupling

constants and g values is given.

I. Introduction

Interest in radiation-produced free radicals in organic
molecules has led to numerous studies of aliphatic
acids23 and esters,4 ketones,6 and alcohols.67 How-
ever, progress on aliphatic aldehydes has been limited
to frozen glasses of short-chain aldehydes including
formaldehyde89 and acetaldehyde. 1011 However, be-
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cause the aldehyde molecules are randomly oriented in
these rigid glasses, esr spectra of the resulting radicals

(1) (a) This work was supported by the National Science Foundation
under Grant No. GP-16341; (b) Fulbright-Hays Exchange Scholar;
(¢) NIH Postdoctoral Fellow (Fellowship No. 5 FO3-CA42789-02)
from the National Cancer Institute.

(2) J.R. Morton, Chem. Rev., 64, 453 (1964).



Esr Spectra, of X-lrradiated Heptanal
Table I:
Radical

Short-lived radical

Stable radical

g, = 2.0046 £ 0.0002

° The numbers in parentheses represent the number of protons with a given coupling constant,
bRelative to DPPH (g = 2.0036).

tion with respect to the magnetic field.

are necessarily poorly resolved, making an accurate as-
signment difficult. To date no studies of aldehyde rad-
icals in an oriented matrix have been reported. The
purpose of this paper is to report a study of radicals
from X-irradiated heptanal, CH"CHOsCHO, trapped
in a single crystal of trans-cmti-trans-anti-trans-perhy-
drotriphenylene (PHTP). It has been shown by
Farina, Allegra, and Nattal2 that PHTP is capable of
forming inclusion compounds with a large variety of
guest molecules. Long-chain hydrocarbon molecules,
trapped in the tubular cavities of the hexagonal PHTP
crystals, are oriented with the long molecular axis of
the guest molecule parallel to the crystalline needle
axis. PHTP is a suitable host for the otherwise tran-
sient free radicals because all trapped molecules are
magnetically equivalent.13 Radical lifetimes vary but
are generally several minutes to several days at room
temperature.

1. Experimental Section

Single crystals of the heptanal-PHTP inclusion com-
pound were prepared in the following way: 30-35 mg
of PHTP (synthesized according to the method of
Farinal4 was dissolved in 1 ml of freshly distilled hep-
tanal (Aldrich) in a tightly stoppered vial. The re-
sulting solution was then cooled from 313 to 281°K
over a period of 2 days in a 600-ml Dewar containing
400 ml of water. The z axis was defined to lie along
the needle axis of the hexagonal crystal and the xy plane
was chosen to be perpendicular to the z axis. Crystals
were irradiated for 2 hr with a GE XRD-5 tungsten
target X-ray tube operated at 40 kV and 20 mA. Spec-
tra were recorded on a Varian E-3 esr spectrometer.
Spectral simulations were performed on a Varian 620/i
computer.

I1l. Results and Discussion

A. The Hydrogen Abstraction Radical. When hep-
tanal-PHTP inclusion crystals were irradiated at 77°K,
resulting esr spectra indicated the presence of one
prominent short-lived radical. Less intense spectral
lines belonging to other radicals were also present.
The room temperature esr spectrum of the short-lived

(1) (H = 28.0
(2) o*L = 19.0
g = 2.0045 + 0.0002

(4) am = 95+ 04 G
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Hyperfine Coupling Constants and g Values for Heptanal Radicals Trapped in Perhydrotriphenylene Inclusion Crystals*

Coupling constants and ( values**

0.3 G
0.3 G

(1) axyH = 14.5 0.3 G
(2) axvH = 18.0 0.3 G
gxv = 2.0042 + 0.0002

+ I+

+
+

(1) ox,H= 2.9 + 0.1 G
) =97+ 016G
(2) a,w = 9.9 + 0.1 G

gxy = 2.0042 + 0.0002

z and Xy indicate the crystal orienta-

radical recorded with the magnetic field perpendicular
to the crystalline z axis is shown in Figure la; Figure
Ib is the computer simulation. The esr spectra of the
short-lived radical result from two large isotropic pro-
ton coupling constants and one anisotropic proton cou-
pling constant. Coupling constants and g values for
this radical recorded at the major crystalline orienta-
tions are indicated in Table I.

An estimate of the isotropic component, a0, of the
anisotropic a-proton coupling constant can be obtained
from the relation4

00' = (V3(2axa + an) @)

where axya and am are the values of the a-proton cou-
pling constant measured with the magnetic field direc-
tion in the xy plane and parallel to the z axis, respec-
tively. Using eq 1 and the data of Table I, a“ =
19.0 G. Similarly the isotropic g value, g0 can be ob-
tained from the relationship4

d = (Vs)(2gxw + 02 )

Employing eq 2 and the data of Table I, g0 = 2.0043.

These coupling constant data clearly suggest a radical
having a large Tr-electron spin density on the a-carbon
atom. The most logical choices are the radicals
RCHOH or RCHCOR'. However, the values of a0
and g0are substantially higher than would be expected

(3) D. Kivelson and C. Thomson, Ann. Rev. Phys. Chem., 15, 197
(1964).

(4) O. H. Griffith, 3. chem. Phys., 41, 1093 (1964).

(5) O. H. Criffith, ibid., 42, 2644 (1965).

(6) P. J. Sullivan and W. S. Koski, J. Amer. Chem. Soc., 85, 384
(1963).

(7) G. B. Birrell and O. H. Griffith, 3. Phys. chem., 75, 3489 (1971).

(8) J. A. Brivati, N. Keen, and M. Cc. R. Symons, J. Chem. Soc.,
237 (1962).

(9) F. J. Adrian, E. L. Cochran, and V. A. Bowers, J. Chem. Phys.,
36, 1661 (1962).

(10) C. Chachaty and It. Marx, J. chim. Phys. 58, 787 (1961).

(11) V. I. Smirnova, G. S. Zhuravleva, K. G. Yanova, and D. N.
Shigorin, zh. Fiz. Khim., 38, 742 (1964).

(12) M. Farina, G. Allegra, and G. Natta, J. Amer. Chem. Soc., 86,
516 (1964).

(13) O. H. Griffith, Proc. Nat. Acad. Sci. U. s, 54, 1296 (1965).

(14) M. Farina, Tetrahedron Lett., 30, 2097 (1963).
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Figure 1. Experimental (a) and computer simulated (b) esr
spectra of the short-lived radical from an X-irradiated
heptanal-perhydrotriphenylene inclusion crystal. The
experimental spectrum was recorded at room temperature with
the magnetic field perpendicular to the crystalline z axis.
Coupling constants used in the simulation were aH = 18.0 G
(two protons) and oH = 14.5 G (one proton).

from an alcohol radical, RCHOH. For example,
Zeldes and Livingston¥observed a free radical formed
in the solution photolysis of acetaldehyde which they
identified as CH3CHOH with ata = 15.22 G, ak =
22.11 G, and gQ= 2.0032. Similarly, Dixon and Nor-
manX examined the free radical produced by the reac-
tion of ethanol with <OH in acidic solutions of TiCI3
H202and found that the CH3CHOH radical was formed
with ao* — 15.0 G and af = 22.0 G. In addition,
Birrell and Griffith7 studied the radicals formed in X-
irradiated long-chain alcohols trapped in single crystals
of urea and reported the predominant species to be
RCHOH, with a0® = 144 G, aB = 20.8 G, and ¢0 =
2.0031.

The data of Table I, however, are reminiscent of the
a0 of 18.5 G and gOof 2.0041 obtained for a variety of
aliphatic ketone radicals, RCHCOR', in X-irradiated
urea inclusion compounds,5which are derived from the
parent hydrocarbon by abstraction of a hydrogen atom
from the carbon adjacent to the carbonyl group. Based
on these similarities in a0’ and go, we conclude that the
short-lived radical formed by X-irradiating heptanal

CH3CHJXTHXCH

H
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30 G

Figure 2. Experimental (a) and simulated (b) esr spectra of
the stable free radical from an X-irradiated
heptanal-perhydrotriphenylene inclusion crystal. The
experimental spectrum was recorded at room temperature
with the magnetic field parallel to the crystalline z axis.

The simulation was performed on a Varian 620/i computer
using the coupling constants of Table I.

A similar radical, CHZHO, was observed by Liv-
ingston and ZeldesT during the solution photolysis of
ethylene glycol. The coupling constants reported by
Livingston and Zeldes were alH = 19.2 G, aH = 18.7
G, and aH = 0.5 G; g0 = 2.0046. A small splitting of
the order of 0.5 G would be effectively obscured in the
2-3-G line width of the heptanal spectra.

B. The Semidione Radical. At room temperature,
spectral lines belonging to the short-lived radical from
heptanal-PHTP rapidly disappeared, leaving the esr
spectrum of a second radical,18 as shown in Figures 2
and 3. Figures 2a and 3a are experimental spectra re-
corded at room temperature with the magnetic field
along the crystalline z axis and in the xy plane, respec-
tively; Figures 2b and 3b are the respective simula-
tions. The spectra result from four isotropic and
nearly equivalent proton coupling constants (of 9.5-10
G), wdiich are further split by one small (~3 G) proton
coupling constant when the magnetic field is in the
crystalline xy plane. The second radical was stable for
several weeks at room temperature. Similar spectra

(15) H. Zeldes and R. Livingston, J. Chem. Phys., 47, 1465 (1967).
(16) W.T. Dixon and R. O. C. Norman, J. Chem. Soc., 3119 (1963).

(17) R. Livingston and H. Zeldes, J. Amer. Chem. Soc., 88, 4333
(19686).

(18) Although it is possible that the short-lived radical is the pre-
cursor of the second radical, it was not possible to verify this in the
present study. Both of these radicals, of course, are relatively stable
and are not necessarily the initially formed species.
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Figure 3. Experimental (a) and simulated (b) esr spectra of
the stable free radical from an X-irradiated
heptanal-perhydrotriphenylene inclusion crystal. The
experimental spectrum was recorded at room temperature
with the magnetic field in the crystalline Xy plane.

The simulation was performed on a Varian 620/i

computer using the data of Table I.

were obtained from X-irradiated butyraldehyde-PHTP
inclusion crystals and also by subjecting a fresh (non-
irradiated) butyraldehyde-PHTP inclusion crystal to
uv light from a PEK 110-W mercury lamp for 12 hr.
Coupling constants and g values for the second radical
observed in heptanal-PHTP recorded at the principal
crystalline orientations are indicated in Table I.

The essential features of the spectra are the relatively
small coupling constants, suggesting a delocalized spin
distribution. This can best be explained by the for-
mation of a bimolecular reaction product of the type
RCH2ZOHCOCH®R where R is (CH24CH3 For ex-
ample, a hybrid of the structures

H H

/ \
0 0 0 0

rchZ— cchax rchZ— c¢cch2Zx

accounts for the esr data. Another explanation would
be rapid proton exchange between two radicals of the

type
HO 0 0 OH

RCHX—CCHR ~ RCHZX—¢chx

The available data, including a limited low temperature
study, do not distinguish between these two possibil-
ities.
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An INDOD calculation was performed on the free-
radical geometry

using as bond lengths Rc-h = 1.08 A, RCo = 132 A,
Rc— = 146 A, and Ro-n = 1.82 A and bond angles
ZHCH = 109.5°, ZCCO = 120° and ZCOH = 100°.
For this calculation we assumed a dihedral angle of 60°,
between the axis of the 2p orbital with unpaired spin
density and the projection of the C-H” bond onto a
plane perpendicular to the C-C bond. (A dihedral
angle of 60° is not unusual for molecules trapped in
PHTP inclusion crystals.2) As calculated by the
INDO method, the two out-of-plane methyl proton
coupling constants are 7.3 G, in reasonably good agree-
ment with the experimental results.

In a related study Norman and Pritchett2l obtained
Cchs = 8.3 G (six protons) and g0 = 2.0044 for the rad-
ical formed in the one electron reduction of biacetyl,
CH3OCOCH3 at pH = 0.5 using the TIiCI3H2D 2
system. Norman and Pritchett2l concluded that
their spectra were due to the monoprotonated semidione

radical. This free radical evidently exists in the tauto-
meric forms
Me OH Me @)
\ )
c—C c—C
/ '
Me HO Me

with the rate of interconversion of the tautomers vary-
ing with pH. Rates of interconversion were postulated
to be rapid at pH 0.5 (resulting in the two sets of methyl
proton coupling constants being equivalent) and di-
minishing as the pH was raised (with a resulting non-
equivalence of the two sets of methyl proton coupling
constants). Differences in coupling constants were
also noted for the cis-trans isomers of these tautomers.2L
It is interesting to note that in the photolysis of acet-
aldehyde in erf-butyl alcohol,5 the acetoin radical,
CH3OHCOCH3 with aGnH of 13.57 G (three pro-
tons), aCHHof 2.44 G (three protons), and aHof 1.97 G
(one proton) was the only species identified. In this
case, therefore, rapid proton exchange did not occur.

(19) J. A. Pople, D. L. Beveridge, and P. A. Dobash, J. Amer. Chem.
Soc., 90, 4201 (1968); a copy of this program (program 141) was ob-
tained from the Quantum Chemistry Program Exchange, Indiana
University, 1969.

(20) G. B. Birrell, A. A. Lai, and O. H. Griffith, J. Chem. Phys., 54,
1630 (1971).

(21) R. O. C. Norman and R. J. Pritchett, J. Chem. Soc. B, 3119
(1967).
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These solution studies, then, are consistent with the
single crystal results of this paper and serve to point out

Robert D. Allendoerfer and Richard J. Papez

the remarkable variety of conditions under which the
semidione radical can be observed.
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The esr spectra of Li+, Na+, K+, Rb+, Cs+, and TNBA+ durosemiquinone in DME solution are reported and

precise values of the g values and hyperfine splitting constants given.

An equilibrium between a contact ion

pair and the free ion is observed for Na, K, Rb, and Cs, and the thermodynamic parameters characterizing this
equilibrium are measured. These data are combined with the known rates of intramolecular ion exchange for
the tight ion pairs to give a more complete description of the mechanism of ion exchange.

Introduction

Since the first electron spin resonance experiment
with a p-benzosemiquinone radical,1 dozens of papers
have appeared describing the details of the esr spectra
obtained. From these compounds, two effects have
been of particular interest: first, the tendency of these
ions to show an alternation in line width in their spec-
tra, caused by rapid exchange of the counterion be-
tween positions adjacent to the one of the two carbonyl
groups; and second, the formation of various types of
ion pairs, which give rise to hyperfine couplings with
the counterion and distortions of the symmetry of the
semiquinone ion. These effects are particularly pro-
nounced in ethereal solutions. Our study is restricted
to 1,2-dimethoxyethane (DME) solution in an effort to
reduce the problem to feasible proportions. The semi-
quinone ions have been studied in this solvent by sev-
eral groups, principally those of Symons,2 Warhurst,3
Gough,4 and Das5 and their coworkers. These refer-
ences and those contained therein, while not intended
to be complete, should provide an adequate introduc-
tion to this complex field.

While numerous papers have been written about
durosemiquinone and related compounds, they have
not received the detailed analysis accorded the alkali
metal naphthalenide system with respect to the nature
of the ion pairs formed in solution, probably because
the semiquinone esr spectra are much more complex.
The simultaneous observation of contact ion pairs, sol-
vent-separated ion pairs, and free ions was first re-
ported by Hirota6for the sodium naphthalenide system
and has since been studied by several workers. Re-
cently, precise determinations of the kinetic and ther-
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modynamic parameters involved have been made by
Szwarec, et al., for the naphthalene ion pair equilibria,7
and the temperature and solvent dependences of the g
and various hyperfine coupling values have been deter-
mined by Dodson and Reddoch8 and by Fraenkel,
et al.9

In this paper, we have applied the precise techniques
used above to the durosemiquinone ion (DSQ--) in
DME solution to determine the thermodynamic pa-
rameters for the various equilibria involved and also
tried to correlate the trends in g and hyperfine coupling
values with current concepts of the nature of the ion
pairs in these solutions.

Experimental Section

The alkali metal durosemiquinone ion pairs were pre-
pared using the standard in vacuo reduction technique

(1) B. Venkataramen and G. K. Fraenkel, J. Amer. Chem. Soc., 77,
2707 (1955).

(2) J. Oakes and M. C. R. Symons, Trans. Faraday Soc., 66, 10
(1970).

(3 D. H. Chen, E. Warhurst, and A. M. Wilde, ibid., 63, 2561
(1967) .

(4) (@) P.S. Gill and T. E. Gough, ibid., 64, 1997 (1968); (b) T. E.
Gough and P. R. Hindle, Can. J. Chem., 49, 2412 (1971).

(5) M. P. Khakhar, B. S. Prabhananda, and M. R. Das, J. Amer.
Chem. Soc., 89, 3100 (1967).

(6) N. Hirota, J. Phys. Chem., 71, 139 (1967).

(7) K. Hbéfelmann, J. Jagur-Grodzinski, and M. Szwarc, J. Amer.
Chem. Soc., 91, 4645 (1969).

(8) C. L. Dodson and A. H. Reddoch, J. Chem. Phys., 48, 3226
(1968) .

(9) W. G. Williams, R. J. Pritchett, and G. K. Fraenkel, ibid., 52,
5584 (1970).

(10) D. E. Paul, D. Lipkin, and S. I. Weissman, J. Amer. Chem. Soc.,
78, 116 (1956).
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in 1,2-dimethoxyethane solution. Duroguinone was
obtained from the Aldrich Chemical Company, Inc.,
and sublimed (mp 112°) before use. The sodium, ru-
bidium, and cesium metal mirrors were obtained by de-
composition of the appropriate metal azide, obtained
from Matheson Coleman and Bell, Inc., under vacuum.
The metal thus obtained was then distilled to remove
any organic products of the decomposition. The
metal azides were used as the source of the alkali metal
not only for convenience and safety, but also to provide
a mirror free from contamination by other alkali metals.
The azides are much easier to purify than the metals
themselves. Freshly cut potassium metal was simply
introduced into the apparatus and distilled under vac-
uum. Lithium wire was cleaned in ethanol and intro-
duced rapidi} into the apparatus, where it was allowed
to react without further purification. To avoid con-
tamination of the sodium and potassium ion pairs with
K+ and Na+ ions leached from the Pyrex apparatus
used in the distillation, the apparatus was soaked in
cleaning solution prepared with sodium or potassium
dichromate in the hope of removing the undesired sur-
face ions by ion exchange. Using these procedures, we
have not observed any effects such as those described
by Tuttle, et al.,llwhich can be ascribed to the presence
of cationic impurities. The “electrolytic” durosemi-
quinone ion was produced by two electrode in situ elec-
trolysis using tetra-n-butylammonium perchlorate as
supporting electrolyte.

The esr spectra were obtained on a Varian V-4502
epr spectrometer equipped with the V-4540 tempera-
ture controller. Temperatures were measured with a
Cu-constantan thermocouple. For intensity compari-
sons, the required double integration of the spectra was
accomplished by digitizing the spectra with a Digital
Equipment Corp. PDP-8 computer and performing the
numerical integration on the CDC-6400, where drift
and base line corrections were more readily programmed
into the calculation. The g values were measured
using a Magnion G-502 gaussmeter and a Hewlett-
Packard 4245L frequency counter equipped with a
5255A frequency converter to measure the microwave
frequency. The measurements were made by adjust-
ing the magnetic field until it was stationary at the
first-derivative zero of the appropriate esr line and then
adjusting the gaussmeter nmr frequency until the first-
derivative nmr signal was nulled. Then, the radio and
microwave frequencies (vp and ve) were read as rapidly
as possible. Several gaussmeter probe positions were
used for each measurement to assess the Z magnetic
field gradient and the appropriate correction applied.
The g values were calculated from the equation g =
ki vy, 22using k = 3.041893 X 10~313 Using this tech-
nique, we can readily reproduce several of the g values
reported by Segal, et al.,122to within 5 ppm. The sec-
ond-order shift correction for durosemiquinone has
been neglected, since it is only 1 ppm.22 The endor
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spectra were obtained by modifying the V-4502 epr
spectrometer as we have described previously. 4

Results

The results of our esr measurements on the alkali
metal durosemiquinone ion pairs are given in Table 1.
The data are presented for —75° only, since the g shifts
do not vary with temperature within our experimental
error, and the temperature dependence of the metal
couplings, au, and the difference in proton couplings
between the two types of methyl groups, aH — ajH,
have been reported previously.246 In general, the
coupling constant difference aZH — aiH increases with
increasing temperature, as does the absolute value of
the metal coupling, which indicates tighter association
between the ions as the dielectric constant of the sol-
vent decreases.

Table |
oshifte rb 10 02H - aHa * oM° *
Cation ppm 0.01 G 0.01 G
Li+ 1303 1.76
Na+ 1323 1.27 0.19
K + 1404 0.98
Rb+ 1363 0.82" 0.366
0.1le
Cs+ 1316 0.76d 0.26
TNBA + 1289 >0
Free ion" 1452 0

° Temperature = -75°, solvent DME. 6SRb. c&Rb.

+0.05 G. ' From K +solution.

The g shifts are reported in somewhat unusual units,
parts per million (ppm), because we feel the data are
more easily understood when presented as shifts rather
than as a list of very similar absolute g values. Pre-
vious authors have presented g shifts in units of gaussd
and more accurately as simply the difference between
the observed g value and that of the free electron.9 We
feel g values of organic molecules should be presented
in a manner analogous to the chemical shift in nmr, and
hence we have defined our g shift as

/ ffosd - 2.0023192V

shift
g 20023192 |

We originally prepared the durosemiquinone ion
electrolytically to obtain a g value for the free ion.
However, careful analysis of the spectra obtained as a
function of temperature indicates an alternating line

(11) P. Graceffa and T. R. Tuttle, Jr., J. Chem. Phys., 50, 1908
(1969).

(12) B. G. Segal, M. K. Kaplan, and G. K. Fraenkel, ibid., 43, 4191
(1965).

(13) R. Allendoerfer, ibid., 55, 3615 (1971).

(14) R. Allendoerfer and D. Eustace, J. Phys. Chem. 75, 2765
(1971).
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width, which we interpret as being caused by time-de-
pendent motion of the tetra-n-butylammonium cation
(TNBA+) associated with the durosemiquinone anion,
(DSQ = ). Therefore, this ion pair should be classed
with the others in the table, and one can say that its g
value is not that of the free ion. Owing to the higher
viscosity of DME when it is 0.5 M in tetra-n-butyl-
ammonium perchlorate, and because of the greater
bulk of the TNBA+-DSQ-- ion pair, the rotational
correlation time for this molecule is much longer than
for the others in the series; consequently, the line
widths are much broader as the solvent approaches its
freezing point. This makes it impossible to accurately
determine the value of 7-(@H — «iH)2 where r is the
intramolecular ion-exchange correlation time. Thus,
this result indicates only that aH — «iH > 0. It is
tempting to correlate the g shift and value of aZH —
aiu, thus allowing one to make an estimate of aH —
aiH for the TNBA+ ion. However, the ionic strength
of the DME solution of the TNBA+-DSQ- ~ ion pair is
nearly 500 times that of the other ion pairs because of
the supporting electrolyte present, so the solvent effects
on the g values are not comparable and the TNBA+ g
value may not really belong in the table at all.

As will be shown below, all the ion pairs except Li+-
DSQ «_ are in equilibrium with their free ions; thus,
the g shift for the free durosemiquinone ion can readily
be measured from dilute solutions of these ion pairs.
The Na, Rb, and Cs nuclei all have nuclear spins which
are odd multiples of */2 so the esr spectra of their DSQ
ion pairs have no central line; unfortunately, the g
shift difference between the free ion and the ion pair is
approximately aM2 in every case, so that the central
line of the free ion is almost directly superimposed on
the first low-field line of ion pair and thus its position
cannot be accurately determined. For the K+ ion,
because of its smaller magnetic moment, the metal cou-
pling is too small to observe. Thus, the free-ion spec-
trum in this system is free of the overlapping lines men-
tioned above and the g value is readily measured.
Since this free-ion spectrum obtained by endor-induced
esrBshows no evidence of an alternating line width ef-
fect even at —78°, we believe that the spin density dis-
tribution is the static one of a symmetrically solvated
ion corresponding to aH — «iH= 0. The average
proton coupling (aiH+ aZH)/2is 1.92 + 0.01 G for all
the ions in Table I, which shows that, within the limits
of error of this measurement, the total spin density on
the methyl-bound ring carbons is independent of the
cation.

All of the ion-pair spectra with the exception of that
of lithium exhibit marked, temperature-dependent,
variations in line width. These variations are readily
interpreted by assuming that the cation migrates rap-
idly between two equivalent sites, one near each car-
bonyl group. The corresponding time-dependent
perturbation of the DSQ = spin distribution (caused
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by the polarizing effect of the cation) gives rise to an
out-of-phase modulation of the hyperfine couplings of
the two pairs of magnetically equivalent methyl groups.
This effect, often called the alternating-line-wddth
effect,7 can be used to analyze the experimentally ob-
served line-width variations for all the ion-pair spectra
observed.

Gough and Hindled have recently made a detailed
study of this effect for durosemiquinone ions in DME
and measured the correlation time for this intramolec-
ular ion exchange as a function of temperature. The
pertinent kinetic parameters describing this exchange
given by these authors4b are summarized in Table II.

Table I&
Cation Aff*, kcal AC, kcal AS*, eu
Li+
Na + 3.17 6.83 -18.3
K + 4.65 5.88 -6.2
Rb +
Cs+ 4.06 5.18 -6.1

“ Data taken from ref 4b for DME solutions of DSQ- ion
pairs at 200°K.

These data, along with similar data obtained in our
laboratory, including those for the Rb+ ion, have been
used to simulate the esr spectra of these rapidly ex-
changing pairs using a modification of the computer
program suggested by Bolton.7 Once the ion-ex-
change data are properly interpreted, the experimental
spectra can be compared with the calculated ion-pair
spectra to look for other species such as solvent-sepa-
rated ion pairs or free ions. For all the metal ions ex-
cept lithium, there is a second species present in in-
creasing abundance as the temperature is lowered.
This second species is generally considered to be the
free durosemiquinone ion.235 For reasons which will
be discussed belowj the metal ion systems with the
most negative enthalpy of dissociation to the second
species exhibit, at low temperature, a clear esr spectrum
of this second species. Figure 1 shows the Cs+ spec-
trum at —60°. At this temperature, the ion-pair spec-
trum consists of seven groups of sharp lines split by
3.84 G, with each group split into eight components of
equal intensity by the Cs+ ion with nuclear spin of
72 Only the central five groups are intense enough to
observe under high-resolution conditions. The six
missing groups are broadened beyond detection by the
alternating-line-wddth effect. Superimposed on .this

(15) R. Allendoerfer and R. Papez, J. Amer. Chem. Soc., 92, 6971
(1970).

(16) T.A. Claxton, J. Oakes, and M. C. R. Symons, Nature {London),
216, 914 (1967).

(17) P.D. Sullivan and J. R. Bolton, Advan. Magn. Resonance, 4, 39
(1970).
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Figure 1. The esr spectrum of cesium durosemiquinone in
equilibrium with the free durosemiquinone ion.

spectrum can clearly be seen the central nine compo-
nents of the symmetrical 13-line spectrum of the free
ion, with hyperfine splitting constant 1.92 G. The
spectra for the other ions are not as easily interpreted,
because the free-ion spectrum is not relatively as abun-
dant at the temperature where the alternating line
width is most important, but it can readily be observed
in very dilute samples. We also have performed endor-
induced esr experimentsBon each of the ion pairs and
satisfied ourselves that the distortion of the esr spec-
trum is, in every case, due only to the presence of the
symmetrical 13-line spectrum-of the free ion. While
the endor-induced esr experiment gives a more aesthet-
ically pleasing separation of the spectra, it is not suitable
for measuring the relative abundance of the two species
because the intensity of the endor enhancement de-
pends in a complicated way on the electron and nuclear
relaxation times, which, as the line widths in the esr
spectra indicated, are not the same for the two species.

In order to measure the relative abundance of the
free ion and ion pair, it was necessary to select the sets
of least overlapped esr lines, compute their statistical
weight, and measure their relative line widths and then
their relative peak-to-peak heights. If we assume that
the second species arises from the chemical reaction
MDSQe= M+ + DSQ ~_, then, in addition to the rel-
ative concentration of MDSQ « and DSQ =, we must
know the total radical concentration to compute the
equilibrium constant for the reaction. This was found
by comparison of the intensity of the overmodulated
spectra to that of spectra obtained under the same con-
ditions from known concentrations of the galvinoxyl
radical. The thermodynamic parameters derived from
studying the temperature dependence of this equilib-
rium are given in Table Ill. The AH data are more
precise than those for AG, not only because the total
radical concentration need not be known for AH, but
also because the ratio of the line widths of the two spe-

Table 111
Cation AH % 0.5 kcal A2 + 1 kcal AS * 5 eu
Li+
Na + -2.7 8.6 -38
K + -3.5 11.4 -50
Rb + -5.5 8.8 -48
Cs+ -7.5 8.9 -55

cies enters into the calculation of the equilibrium con-
stant to the fourth power, and this is the major source
of error in the calculation of the equilibrium constant.
Inasmuch as this ratio is independent of temperature,
it cancels out in a plot of log K vs. I/T. The uncer-
tainty given for the AH values is the least-squares error
in the slope of this plot, while that for AG includes our
estimate of the precision of the double integration and
relative line width measurement.

Discussion

Before any interpretation of the data given above
can be presented, the identities of the chemical species
involved must be established. Because of the magni-
tude of the alkali metal couplings, the species referred
to above as an ion pair is generally thought to be a con-
tact ion pair with no solvent molecules separating the
ions. The only exception is the lithium ion, for which
no metal coupling is observed at any temperature.
The sign and magnitude of alkali metal couplings are
known to vary markedly as the position of the alkali
metal changes with respect to the organic anion, even
to the extent of changing sign as a function of tempera-
ture for a single system.8B Thus, it is possible that the
lithium ion pair is a contact ion pair in which the lithium
ion lies at the point of zero coupling. It seems unlikely
that this would be the case over the entire temperature
range studied but the ion does distort the symmetry of
the DSQ- - ion more than any of the others, and no
effects of ion exchange are observed. Thus, this ion
pair must be tight as opposed to labile, but the possi-
bility of a solvent-separated ion pair remains. The
symmetrical 13-line esr spectrum with intensities fol-
lowing the binomial distribution expected for 12 equiv-
alent protons does not uniquely define the nature of the
second species in these solutions. A solvent-separated
ion pair in which the cation exchanges ends of the anion
rapidly with respect to aH — cql would give the same
spectrum as a free ion, where no correlation with a spe-
cific cation exists. Since all three species have been
observed simultaneously for sodium naphthalenide
systems by Hirota,6 it is important to distinquish be-
tween the two possibilities here. In an attempt to
prove that the species observed is a solvent-separated
ion pair, we first attempted to measure the g value for

(18) B. M. P. Hendricks, G. W. Canters, C. Corvaja, J. W. M.
deBoer, and E. deBoer, Mol. Phys., 20, 193 (1971).
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the second species of each of the alkali metals, but, as
discussed above, these measurements could not be made
with sufficient precision to establish any trends. Sec-
ond, we examined the line shape of the esr signal of the
second species obtained with cesium as the counterion
to look for possible hidden metal splittings as suggested
by Jones, et al..o The lines are broader in the wings
than a pure Lorentzian line, but this effect can be re-
produced in the calculated spectra either by including
a small unresolved metal coupling or by including the
effect of the strong but very broad ion-pair signal which
is always superimposed on the esr signal of the second
species. Endor-induced esr spectralk® for the cesium
system show no hint of metal couplings on the spectrum
of the second species, although metal couplings are ob-
served in endor-induced esr spectra of ion pairs just as
in esr. Thus, we believe the latter interpretation of
the line-shape data is correct. Positive, and we feel
compelling, evidence that the second species is indeed
a free ion was obtained by studying the concentration
dependence of the ratio of free ion to ion pair for the
potassium system. If the equilibrium is a simple dis-
sociation of an ion pair to two free ions

KDSQ - K+ + DSQ = (1)

then the equilibrium constant is given by K = rz/
(r + 1), where r is the ratio [DSQ-“]/[KDSQ -] and
c is the total radical concentration. If the equilibrium
involves contact and solvent-separated ion pairs

KDSQ =+ nDME K+(DME),DSQ -- ()

then in the limit of infinite dilution, K = r, the ratio of
the two species. By varying c over the range 10-3 to
10~6 M, we have obtained a quantitative fit to eq 1
Thus, the only important species and equilibria in-
volved are those given in Figure 2, the contact-ion-pair
exchange equilibrium Ai ?+ A2 and the tight-ion-free-
ion equilibrium A <>B.

The polarization of the DSQ -- spin density, as indi-
cated by aH — aiH decreases smoothly through the
series Li, Na, K, Rb, Cs, as one would predict consid-
ering the electronegativity of the metals, but we find
the increasingly negative enthalpy of dissociation some-
what surprising. The enthalpy can be divided into
two important terms, first the heat of solution of the
ions created and second the enthalpy associated with
breaking the ionic bond in the ion pair. The heat of
solution is expected to depend on temperature as the
dielectric constant of the solvent changes. Thus, linear
plots of log K vs. I/T are not expected unless this effect
on AH is linear with temperature or negligible. Our
plots are linear, but we are unable to distinguish be-
tween the two possibilities mentioned. Thus, the ab-
solute values of our overall enthalpies pertain to a sys-
tem of uncertain definition, but the differences among
ions in the same solvent should be meaningful, since,
at worst, the dielectric constant effect can only change

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

Robert D. Allendoerfer and Richard J. Papez

B

Figure 2. Species and equilibria present in DME solutions of
potassium durosemiquinone.

the intercept of the plot. We expect the apparent heat
of solution to be decreasingly negative as we go down
the series,D so the enthalpy of bond breaking must be
decreasingly positive. That is, the ion which polarizes
DSQ- - spin density most successfully also forms the
strongest bond. The large and uniformly negative
entropy of dissociation has been observed many times
previously and is indicative of the highly ordered sol-
vation of metal ions in glymes.2L

The g shifts first increase and then decrease as we go
down the series. The increase is thought to arise from
two sources. First, the total oxygen spin density
should increase, thereby increasing the effects of elec-
tron spin-orbit coupling with the oxygen orbitals as the
spin density distribution becomes more uniform and
the strength of the ionic bond decreases. Second,
strong polarization of the electrons in the carbonyl bond
will inhibit their orbital motion, thus decreasing the
spin-orbit coupling contribution to the g shift to the
largest extent for the most polarized ion. These con-
siderations predict a smooth increase in the g shift from
the 1303 of the most polarized Li+-DSQ- ~ to the 1452
of the symmetrical free ion. Fraenkel, et al.,9observed
decreasing g shifts for naphthalenide ion pairs in the
series K+, Rb+, Cs+, which they ascribed to spin-orbit
coupling with the orbitals on the metal ion. The elec-
tron spin-orbit coupling constant increases dramati-
cally in this series,9so it is also reasonable to ascribe the
decrease observed for the DSQ -~ ion as one goes from
K+ to Rb+ to Cs+ to this effect.

Some insight into the mechanism of the intramolec-
ular cation migration can be achieved by comparison
of the thermodynamic data for ion dissociation given
in Table 111 with the kinetic data for the ion exchange
given in Table Il. We have shown that the enthalpy
change for breaking the ionic bond correlates well with
the polarizing ability of the cation as measured by
aH — fliH Similarly, Gough and Hindled found a

(19) M. T. Jones, M. Komarynsky, and R. D. Rataiczak, J. Phys.
Chem., 75, 2769 (1971).

(20) M. Szwarc, Science, 170, 23 (1970).

(21) L. L. Chan, K. H. Wong, and J. Smid, J. Amer. Chem. Soc., 92,
1955 (1970).
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good correlation between AG* for the ion exchange and
aH — aiH. Thus, one can infer that there is a simi-
larity between the energetics of the processes involved
in promotion to the activated complex and complete
dissociation. For K, Rb, and Cs, the intramolecular
ion migration apparently takes place entirely within
the solvent shell, as indicated by the following argu-
ment. The free energies of activation for these three
systems are substantially less than the free energies of
dissociation given in Table 111, which would indicate
that the transition state cannot entirely resemble sep-
arated ions. Moreover, the calculated small negative
entropies of activation indicate that the transition state
is only slightly more solvated than the contact ion pair
and, accordingly, only slightly more ionic. For Na+-
DSQ =, on the other hand, the entropy of activation is
substantially more negative, nearly one-half the value
for complete dissociation. The free energy of activa-
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tion also approaches the free energy of dissociation, so
the transition state for the ion exchange more nearly
resembles the dissociated ions. The Li+-DSQ-~ ion
pair has not been observed to undergo this type of ion
exchange. However, Gough and Hindled extrapolated
their AG* data on the basis of the values for aH — OiH,
to give an estimate of 14 kcal/mol as the free energy of
activation for this exchange with the Li+ ion. This is
substantially greater than any of our values for the free
energy of dissociation. Thus, it seems likely that the
trend toward increasingly ionic transition states should
continue as the size of the cation decreases.
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The absorption spectrum of bromine vapor between 220 and 290 nm has been measured at 30°.

Deviation

from the Beer-Lambert law has been interpreted in terms of the formation of double molecules of Br2 and the
relative contributions of single and double molecules of Br2to the observed absorption have been assigned.

At wavelengths longer than 300 nm, light absorption
by bromine vapor obeys Beer's law, and the spectrum
has been well characterized.1 At shorter wavelengths,
a band centered at about 210 nm deviates strongly
from Beer's law. Passchier, Christian, and Gregoryl
and also Ogryzlo and Sanctuary2have attributed some
of this absorption to Br4molecules.

Reported absorbance data that recognize Beer's law
deviations12 do not cover the region between 230 and
300 nm. In connection with a kinetic study of the re-
action between Cl2and HBr,3we had occasion to mea-
sure the concentration dependence of light absorption
in this region.

Measurements were made with a Beckman DU spec-
trophotometer on a quartz cell with 9.8-cm optical
path thermostated to 30° by a water jacket. Mal-
linckrodt analytical grade bromine was dried over PD 5
at liquid nitrogen temperature and admitted to the evac-
uated cell. Final pressure was measured to better than

1 mm with a Pace Wiancko PIA-20 psia pressure trans-
ducer connected to a transducer indicator that had been
calibrated against a mercury manometer. Concentra-
tions (in the range 0.002-0.009 M) were computed by
assuming the ideal gas law. Although the apparatus
was designed primarily for kinetic measurements,3 it
was satisfactory for the spectral measurements.

The apparent extinction coefficients (defined as
A/s[Br2]t, where A is the absorbance, s is the cell
length in centimeters, and [BrZJtis the total concentra-
tion of bromine in moles/liter) are plotted against con-
centration in Figure 1 and show the deviations from
Beer’'s law at the shorter wavelengths. If these devia-
tions are due to equilibrium 1, then the total absorbance
can be described by eq 2, where €2and e4are the molar

(1) A. A. Passchier, J. D. Christian, and N. W. Gregory, J. Phys.
Chem., 71, 937 (1967), and references cited therein.

(2) E. A. Ogryzlo and B. C. Sanctuary, ibid., 69, 4422 (1965).
(3) W. Y. Wen, Ph.D. Thesis, University of Oregon, 1971.
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2Br2 < > Br4 1)
A = ex[Br7 + esKp.RT[Br22 )

extinction coefficients of Br2and Br4molecules, respec-
tively, Kpis the equilibrium constant for reaction 1 in
reciprocal atmospheres, RT is in liter atmospheres per
mole, and [Br2] is the true concentration of bromine
molecules. If the extent of association is sufficiently
small, no significant error is introduced by substituting
[Br2]t for [Br2] in eq 2.

The results of our measurements are presented in
Table | and compared with previously reported values
where possible. Values of « tend to be somewhat
smaller than those reported by Aickin and Bayliss,4
even if allowance is made for their failure to recognize
Beer’s law deviations, and the values of K pedextend the
wavelength range reported by Passchier, Christian,
and Gregory.1

Table I: Calculated Extinction Coefficients for Br2and Br4

Wave-

length, €, l./(mol cm;) Kpei, 1/(mol cm atm)
nm Reported This work, 30° Reported This work, 30°
220 3.33b 2.84 + 0.13 25.0¢ 21.0 + 0.1
225 3.236 2.93 = 0.09 14.3¢ 12.2 =+ 0.6
230 3.301 2.66 = 0.05 8.15¢ 7.6 £ 0.4
235 2, 85* 2.80 =+ 0.06 2,7 £+ 0.4
240 2. 60" 2.22 + 0..04 2.5+ 0.3
245 2,106 1.96 =+ 0.04 1.3 0.3
250 1.696 1.59 = 0..04 1.0 £ 0.3
255 1,3&b 1.00 + 0.04 1.2 =+ 0.3
260 1.08” 0.92 + 0.05 0.3+ 0.3
265 0.886 0.54 £ 0.04 0.8+ 0.3
270 0.656 0.28 + 0.06 08+ 0.4
275 0As6 0.24 £ 0.0a 0.4+ 0.3
280 OA tf 0.24 = 0.05
285 0,356 0.14 = 0.04 0.1+ 0.3
290 0AGs6 0.12 + 0O.05 0.2+ 0.3

“ 25° data of ref 1. » Room-temperature interpolated data of
ref 4, not corrected for concentration dependence of apparent ex-
tinction coefficients.

Any evaluation of edrequires an independent evalua-
tion of Kp. Results of gas density measurements are
ambiguous. Lasater, Colley, and Anderson6 inter-
preted deviations from the ideal gas law by means of
van der Waals' equation without any assumptions
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Figure 1. Plots of the apparent extinction
coefficients against [Brgt

about chemical equilibria, but Kokovin6 interpreted
his data by eq 3. Such an interpretation implies AH®

log Kp = (576/T) - 3.28 ©)

= —2.6 kcal/mol for reaction 1, in good agreement
with the temperature dependence of Kpedobserved by
Passchier, Christian, and Gregoryl at short wave-
lengths. However, such an evaluation of Kp assumes
that all deviations from ideal gas behavior are due to
association forming specific double molecules and that
long-range intermolecular forces do not affect those de-
viations. Because there is considerable uncertainty in
the value of any Kv calculated by means of such as-
sumptions, the data in Table | have been reported in
terms of Ape4 without any attempt to evaluate e4
However, the Kv of 0.043 atm*“ 1at 30° implied by the
Kokovin6 data indicates that even saturated bromine
vapor would have only about 1% Br4 molecules and
fully justifies the substitution of [Br2Jt for [Br2] in eq 2.
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The magnesium nitrate-water system has been examined by Raman spectroscopy covering the entire range from
highly dilute solution to the anhydrous molten salt mixture (Mg(N032-NaN03. The results indicate that
the above system can be divided into five approximate regions. At high dilutions both ions are completely hy-
drated, the nitrate ion being perturbed by the water molecules. As the water content is lowered, the polariza-
tion power of the magnesium begins to affect the nitrate ion, but no contact ion pairing occurs until the water
content is reduced below 6 moles of water per mole of salt. Below this region both contact ion pairs and solvent-
separated species are in equilibrium. At melt concentrations of Mg(N032-2.4H2D and Mg(NO32-2.0H2, a
specific rearrangement occurs producing Raman bands that are not present at either of the higher water con-

tents or in the anhydrous melt.

A perturbed quasilattice structure is suggested for this region.

Evidence is

also presented indicating that molten (Mg(N032-6H2 behaves as a hydrated melt.

Introduction

Raman spectroscopy is being increasingly used to
investigate ionic association and solvation in solu-
tion,1-3 especially in agueous metal nitrate systems,4
since the vibrational modes of the polyatomic ion are
sensitive to their environment and can be used as an
indicator of interionic interactions.

An isolated and unperturbed NO3 ion would have
D& symmetry and give rise to only four vibrational
frequencies, corresponding to the species Aff (R) +
AZ' (ir) + 2E' (R, ir), where.R and ir indicate Raman
and infrared activity, respectively. Lowering of the
NO03 ion symmetry by loss of the equivalence of the
three oxygen atoms, to produce CZ or Cs symmetry,
is expected to lead to loss of degeneracy from both of
the E' modes whether the nitrate acts as unidentate5
or bidentate6ligand. However, it has been noted that
the anticipated splitting of the r4(E') mode does not
occur unless contact ion pairs are present in the solu-
tion, while the r3(E') band appears as a doublet even
in very dilute aqueous solutions. This splitting is
attributed to perturbation of the nitrate ion by water
molecules.47

Angell8has proposed that fused hydrated salts such as
calcium nitrate tetrahydrate and magnesium chloride
hexahydrate might be treated as molten salts with
large cations, with the water bound up to the cation.
The proposal of a hydrated cation has been further
substantiated by such studies as transport properties9D
and volumetric propertiesll in Ca(N0324H2D and
in its mixtures with IvNOa and by spectrophotometric
studies of Ni(ll) in agueous magnesium chloride solu-
tions.22 Ellis and Hester,13 however, have shown that
the anion in a hydrate melt significantly affects the
pmr chemical shift, interpreting this to support dis-
placement equilibria of the type considered in a quasi-
lattice model, with anion displacement of water mole-

cules from the metal ion inner coordination spheres.
Further, Raman and infrared spectral studies of con-
centrated aqueous calcium nitrate solutions4% and
cadmium nitrate solutions® have been interpreted in
terms of the formation of contact ion pairs such as
CaNO03+ and CdNO3+. As stated by Braunstein,I7
contact ion pairs might not be inconsistent in molten
tetrahydrates (accompanied by some distortion of the
coordination shell) with Angell’s8 proposal of a large
hydrated cation, but it is more difficult to reconcile
with hexahydrated cations.

The present report presents results on the Mg(N032
H2 system covering almost the entire concentration
range from dilute solutions to ultraconcentrated aque-
ous solutions (2 mol of water to 1 mol of Mg(N032 in
order to investigate whether a hexahydrate melt also

(1) G. J.Janz, J. Electronal. Chem., 29, 107 (1971).
(2) R. E. Hester, Annu. Rept. Progr. Chem., 66A, 79 (1969).

(3) D. E. Irish in “lonic Interaction: Dilute Solutions to Molten
Salts,” S. Pétrucci, .Ed., Academic Press, New York, N. Y., 1971,
Chapter 9.

(4) D. E. Irish, A. R. Davis, and R. A. Plane, J. Chem. Phys., SO,
2262 (1969).

(5) H. Brintzinger and R. E. Hester, Inorg. Chem., 5, 980 (1966).
(6) R. E. Hester and W. E. L. Grossman, ibid., 5, 1308 (1966).

(7) A. R. Davis, J. W. Macklin, and R. A. Plane, J. Chem. Phys.,
50, 1478 (1969).

(8) C. A. Angell, J. Electrochem. Soc., 112, 1224 (1965).
(9) C.T. Moynihan, J. Phys. Chem., 70, 3399 (1966).

(10) J. Braunstein, L. Orr, A. R. Alvarez-Fumes, and H. Braunstein,
J. Electroanal. Chem., 15, 337 (1967).

(11) J. Braunstein, L. Orr, and W. Macdonald, J. Chem. Eng. Data,
12, 415 (1967).

(12) C. A. Angell and D. M. Gruen, J. Amer. Chem. Soc., 88, 5192
(1966).

(13) V. S. Ellis and R. E. Hester, J. Chem. Soc. A, 607 (1969).

(14) R. E. Hester and R. A. Plane, J. Chem. Phys., 40, 411 (1964).
(15) D. E. Irish and G. E. Walrafen, ibid., 46, 378 (1967).

(16) A. R. Davis and R. A. Plane, Inorg. Chem., 7, 2565 (1968).
(17) J. Braunstein in ref 3, Chapter 4.
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Table I: Nitrate Frequencies Observed in the Raman Spectra of the Mg(N032-HXD System*
#HD r Frequency, cm -1----- . Temp, °C
77 363 717 1048.5 1348 1400 1619 1658 90
42 356 716 1048.5 1348 1400 1640 1661 90
20 354 715 719 1047.5 1338 1407 1644 1657 90
13 348 712 720 1047.5 1332 1409 1644 1656 100
9.5 334 711 722 1048.5 1342 1428 1639 1652 100
6 344 711 725 1049 1347 1445 1644 1652 100
5.1 332 719 728 1049.5 1341 1445 1651 1641 100
4.2 322 717 746 1053 1337 1451 1650 1640 100
3.4 322 717 751 1053 1334 1461 1634 100
2.9 322 (vw) 717 751 1052 1341 1468 1634 120
2.4 717 754 1034 1060 1328 1486 1634 120
2.0 717 755 1038 1066 1333 1493 1634 120
Mg(NOa)2
NaNOs
1/1.35 713 757 812 1051 1330 1485 1620 200
Assignment  Mg-OH2
(Cu) (A) Symstr xs(Ai) V6(B2 ~(AD) Xi(Ai) im(B i) «(HOH) 22
p dp P p P dp dp p
sh msp msp sp b b m m

“p = polarized, dp = depolarized, sh = shoulder, m = medium, sp = sharp, b = broad, vw = very weak.

shows contact ion pairs, and also to study the structure
of concentrated solutions containing Mg(NC>3 2

Experimental Section

Baker Analyzed reagent grade Mg(N032-6HD
was used as the starting material without any further
purification. The water content of the starting ma-
terial was ascertained to be 6HZ2 by heating the
hexahydrate under vacuum at 120° for several hours
until constant weight was attained. Samples con-
taining more than 6 moles of water per mole of salt were
prepared by adding water to the hexahydrate, while
samples containing less than 6 moles of water were pre-
pared by removing controlled amounts of water from
the hydrated salt by careful heating and then weighing
to measure the amount of water vaporized. All
samples were filtered under pressure through a glass
frit directly into the Raman sample tube. The solutions
were heated in a simple tube furnace to the desired
temperature.

The laser Raman apparatus employed in the investi-
gations is that described by Claassen, et al.,Is and in-
cluded the following commercial units: a Spex 1400 |1
double monochromator, a Spectra-Physics 125 He-Ne
laser, a Spex cryostat fitted with an ITT FW 130-S-20
photomultiplier detector, a Victoreen 1001 dc ampli-
fier, and a Texas Instruments recorder. Further de-
tails are included in the cited reference. The positions
of the Raman bands were calibrated with reference to
the neon lines. The concentrations recorded in this
paper are given as mole ratios, R, moles of HD per
mole of Mg(N032

Most of the spectra were run at a temperature of
100° except for the very dilute solutions, where a

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

temperature of 90° was chosen (owing to the high
vapor pressure of the water), and for the most concen-
trated solutions (120°). Experiments have shown
that over a limited temperature range the positions of
the spectral line do not change.

Results

The results are recorded in Table | for the entire
spectrum range covered. Also included for com-
parison are our preliminary results for the Mg(N032
NaNO03mixture (at a ratio of 1 mol of Mg(N032to 1.35
mol of NaN03. The Raman band positions are be-
lieved to be correct to within +0.5 cm* 1for the sharp
Raman bands and within +1 cm-1 for the broader
bands. Where overlapping or superimposed Raman
bands existed or were believed to exist, a computer
technique was used to analyze the bands for the best
fit to the Gaussian function. As pointed out by Irish,
et al.,n and observed in our own present results, dis-
cretion and considerable physical knowledge of the
system must be applied in such analyses lest nonexis-
tent lines be invoked.

As observed from Table I, the frequency of the ca.
1050-cm_1 Raman band is quite concentration depen-
dent (Figure 1). Another interesting fact is the
sudden appearance of two bands around 1050 cm-1
for R equal to 2.4 and 2 (Figure 2). A value of 1048.5
+ 0.5 cm-1 obtained in the most dilute solution (R =
77) is in good agreement with the value of 1049 + 0.5
cm“ 1 reported by lIrish and Davis® for dilute alkali

(18) H. H. Claassen, H. Selig, and J. Shamir, Appl. Spectrosc., 23,
8 (1969).

(19) D. E. Irish and H. Chen, ibid, 25, 1 (1971).
(20) D. E. Irish and A. R. Davis, Can. J. Chem., 46, 943 (1968).
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rH20 Mg(NO3)2

Figure 1. The variation of the Raman band position at ca.
1050 cm-1 with the mole ratio concentration Rbio of magnesium
nitrate: (O) Mg(N032H D, (=) Mg(N032NaNO03

(ratio 1/1.35).

Figure 2. Raman spectra of Mg(N032at various mole ratio
concentrations in the ca. I0SO-cm-1 region: (a) Rhd = 42,
(b) 77HO = 2.9, (e) RstO = 2.4.

nitrate solutions. On decreasing the water content, it
appears as if the Raman band frequency slowly de-
creases to a minimum value of 10475 cm-1 at R = 20
and 13. Between R = 6 and 4.2, there is a sharp in-
crease to a value of 1053 cm-1 and then once more a
slight decrease which appears to approach the value for
the pure dry salt mixture (cf. alkali metal nitrate solu-
tions).D

The frequencies of the 700-750-em-1 Raman bands
are markedly concentration dependent, as observed
in Figures 3 and 4. It is observed that at high dilu-

1021

Figure 3. The variation of Raman band positions in the
700-750-cm_1 region with the mole ratio concentration of
magnesium nitrate: (©, O, =) Mg(N032H D, (C)
Mg(NO03)2NaNO03(ratio 1/1.35).

Figure 4. Raman spectra of Mg(N03)2at various mole ratio
concentrations in the 700-750-cm-1 region: (a) 7Jhd = 42,
(b) RuiO = 6, (c) Rhio = 2, (d) Mg(N032NaNO03 (ratio
1/1.35), (e) Ca(N032-4HD.

tion only one frequency is noted (Figure 4a), and it is
only at R = 6 that the appearance of a slight shoulder
on the high-frequency side of the band is visually
noted (Figure 4b). This splitting of the Raman band
becomes increasingly apparent as the water content
decreases (Figure 4c,d). However, by applying com-
puter techniques it was possible to resolve the 700-
750-cm~1 band into two separate bands even for
solutions where R = 20, as shown in Table I.

The unresolved two main peaks in the 1300-1500-
cm-1 region are listed in Table I. The variation of the
two Raman band positions and their change of band
shape with concentration are shown in Figures 5 and 6.

As the water content is reduced, it is noted that the
spectra become more complex and there appear to be
three or four lines in the 1300-1500-cm-1 region (Figure
6). This region was examined by a computer tech-
nique, and it was observed that for almost all concen-
trations it was possible to fit three and/or four bands
to the observed Raman spectra. The results obtained
therefore had to be treated with great care lest nonexis-
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Figure 5. The variation of Raman band positions in the
1300-1500-cm_1 region with the mole ratio concentration of
magnesium nitrate: (O) Mg(N032H D, B mode; (=)
Mg(N032H D, A mode: (C, 9) Mg(NO032NaN 03 (ratio
1/1.35), B and A modes.

Figure 6. Raman spectra of Mg(NOs)2at various mole ratio
concentrations in the 1300-1700-em-1 region: (a) RHb =
42, (b) -Rhd = 6, (c) Rbd = 2

tent lines be invoked. For all concentrations greater
than and including R = 5.1, it seems best to treat as
only two lines. Below this concentration the following
bands, as indicated in Table Il, can be tentatively
postulated.

The 1600-1700-cm* 1band can be separated for higher
water content into two bands (Figure 6a,b), one which
is polarized and whose relative intensity increases with
respect to the other band (depolarized) as the water
content decreases. At values of R equal to or less than
3.4, only one band is noted in this region. The
polarized band is assigned to the 2v2frequency, while
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Table 11: Nitrate Frequences in the 1300-1500-cm 1Region
0
6.0 1347 1445
5.1 1341 1445
4.2 1342 1444 1330 1454
3.4 1369 1443 1331 1484
2.9 1368 1462 1330 1492
2.4 1377 1469 1320 1512
2.0 1342 1490 1313 1555
0.0 1330 1485

the depolarized is the water deformation (or bending)
mode. The 2> band shows a steady decrease in fre-
quency with decreasing water content, reaching a
steady value of 1634 cm-1 as compared to 1620 cm-1
for the anhydrous molten salt mixture, and a value of
813 cm-1 for the fundamental V2 band.

Only one Raman band was observed in the 200-400-
cm_1 region, and this was a polarized line which de-
creased in frequency on decreasing water content.
Hester and Plane2l have attributed peaks in this region
to metal-water-oxygen symmetric stretching modes
consistent with the formation of hexacoordinated
aqua complexes. It is surprising to see a discrepancy
between our results for the nug-om stretching fre-
quency and those of Hester and Plane,2l who quote a
value of 370 cm-1 for a near-saturated solution at room
temperature. Our value for a near-saturated solution
(R = 20) at 100° is 354 cm-1. Experiments carried
out at room temperature on the dilute solutions showed
that the low-frequency line nig-om hardly changed
with temperature. However, the difficulty of as-
signing exact band positions which appear as shoulders
on the exciting line may account for the above dif-
ference. While it is difficult to compare intensities in
the present results, it was possible to observe that the
intensity of this low-frequency line decreased as the
water content was lowered below R = 6.0 and com-
pletely disappeared below R = 2.9. No band was
observed in the ca. 250-cm_1 region even for the molten
salt mixture, indicating that the metal-oxygen interac-
tion is primarily electrostatic.

Discussion

From a study of the work of Brintzinger and Hester,6
we believe it is possible to explain the changes in band
position with changing water content. These authors
calculated the fundamental frequencies in an NO03~
anion and frequency shifts caused by both M -0 bond
formation and polarization in a complex with C%
symmetry. From examination of Figure 1 of ref 5,
the following conclusions can be drawn. For the W\
frequency, polarization effects will cause a decrease of
the W frequency while metal binding effects will give

(21) R. E. Hester and R. A. Plane, Inorg. Chem., 3, 768 (1964).
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rise to the opposite effect—increase of the symmetric
stretching frequency value. Polarization effects will
cause a splitting of the degenerate v4frequency into A
and B modes, the B mode increasing with increasing
polarization and the A mode decreasing. Metal
binding will only affect the A mode, causing an in-
crease in stretching frequency, while the B mode will
be unaffected.

According to Brintzinger and Hester,8it is noted that
the metal-binding effects hardly affect the A and B
modes of the r3frequency, and it is only the polariza-
tion effects that cause the variation in the A and B
mode Raman band position. In the Mg(N032H D
system, it may be assumed that as long as the mole
ratio of water is larger or equal to six, then the Mg2+
cation will be completely hydrated and the nitrate ion
cannot be in contact with the cation and will therefore
feel only polarization effects. However, once there are
fewer than six molecules of water to each magnesium
ion, contact ion pairing is possible and the anion will be
influenced by both polarization and metal-binding
effects.

Thus, one would expect a sudden increase of the W\
stretching frequency for the Mg(NO032-H2D system
once R is less than six. Similarly, for the vdfrequency,
the A mode would be expected to show a sudden in-
crease once there are fewer than 6 moles of water per
mole of salt, while the B mode would be unaffected.
On the other hand, the A and B modes of the n fre-
guency would not be expected to show any sudden
changes once there is insufficient water to form a com-
plete hydration sheath around the magnesium ion.
The above effects are indeed observed.

At R = 77 and 42, the nitrate ion is completely un-
affected by the cation, as shown by the agreement of
our vi frequency value with that obtained by Irish and
DavisDfor dilute alkali nitrate solution. It is possible
that there is a slight decrease in n, at R = 20 (although
this is uncertain owing to the error in measuring the
frequencies), suggesting that even through about two
layers of water molecules the high polarization ability
of the magnesium (z/r = 3.03) is being felt. The
sudden increase in band position from 1049.5 to 1053
cm-1 for the frequency that occurs between R = 5.1
and 4.2 is explainable by the fact that the nitrate ion
can now form direct contact ion pairs and the metal-
binding effects more than overcome the polarization
effects. On further decrease of water content, the W\
band position decreases slightly, indicating that the
polarization effects continue to increase as the re-
maining water is removed.

In the 720-750-cm-1region (v4, it is observed that at
high dilution only one frequency is noted (polarization
too weak to affect the vdband); however, at R = 20 a
split of 4 cm-1 is observed, which increases to 14 cm-1
at R = 6. The higher frequency can be attributed to
the B mode, which increases with decreasing water

1023

content (increase of polarization due to smaller sepa-
ration between cation and anion), and the lower fre-
guency to the A mode.

With fewer than 6 mol of water per mol of salt, while
the B mode frequency continues to increase monoton-
ously, the A mode moves from 711 cm-1 at R = 6 to
719 cm-1 at R = 5.1. This is consistent with the fact
that below R = 6 metal binding comes into play,
causing an increase in the A mode but leaving the B
mode unaffected. On further lowering of the water
content, the B mode continues to increase, reaching a
value almost equal to that in the Mg(N032NaNO03
mixture. The A mode, on the other hand, drops
slightly and remains constant at 717 cm-1 from R =
4.2 to R = 2.0, indicating that the increasing polariza-
tion effect is balancing out the opposing metal-binding
effects.

Irish, et al.,4 have suggested that the loss of degen-
eracy from M be taken as an indication of contact ion
pair formation. In the present case it is obviously not
so, since r4 looses its degeneracy before contact ion
pairing occurs. Apparently, in most cases where con-
tact ion pairing does not occur, the polarization effect is
too weak to noticeably affect the v4frequency. How-
ever, the polarization of the magnesium cation is
sufficient to cause loss of degeneracy. Even then, only
by applying computer techniques could the lines be
resolved. However, once contact ion pairing does
occur, the polarization and metal-binding effects are
large enough to cause noticeable splitting of the 4 fre-
quency.

From the previously mentioned work of Brintzinger
and Hester,6 the sudden appearance of metal-binding
effects at R < 6 should not be expected to affect the A
and B modes of the r3frequency. This is in fact ob-
served, the B mode showing a monotonous increase
with decreasing water content, while the A mode also
decreases, albeit in not so regular a manner. Both
modes approach almost the values obtained for the
molten salt mixtures. It is not to be expected that the
changes will be regular, since it is obvious, as observed
in Figure 6, that there are more than two bands present
in the 1300-1500-cm-1 region, especially in the higher
concentration region. It should be noted that while
it might be expected that the changes in frequency of
both the A and B mode should be of similar magnitude,6
this isnot so. The B mode shifts by 85 cm-1, while the
A mode decreases by only 18 cm-1. The nitrate ion is
unidentate in all cases, since the lower frequency
band is polarized, whereas the higher frequency line is
depolarized.56

As has been observed previously, Irish and Davis®
assigned the splitting of the r3(E') mode for even very
dilute solutions of aqueous alkali nitrates as being due
to perturbation of the NO3 ion by water molecules.
The perturbation of the dilute-solution nitrate spec-
trum, which has been ascribed to hydration, has been
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verified by comparison with ir studies of chloroform
and methanol solutions of tetraphenylarsonium nitrate.7
Davis, et al, further suggested that the splitting is a
direct result of hydrogen bonding of water to nitrate
rather than a perturbation imposed by specific water
structure. Irish and Davis® observed a split of 56
cm-1 for all the aqueous alkali metal nitrates studied
at 25°. At room temperature, we also obtained a
splitting of 56 cm-1 for magnesium nitrate solutions
at R = 77 and 42, suggesting also that the nitrate is
completely hydrated and that the splitting of the
J3(E'-) nitrate mode is not a function of the cation
present at very high water contents. The separation
of the two bands at 90° decreases to 52 cm-1, indi-
cating a slight weakening of the hydration at 90°.

As the water content is reduced to R = 20, the
splitting of the r3E") mode increases, indicating once
more that the nitrate ion is feeling the polarization
effect of the cation even through about two layers of
water molecules. It may be correct to assume that the
?7«(E") mode of the nitrate ion is affected now both by
the hydration effects of the water and the polarization
effects of the magnesium cation. Hester and Krish-
nan2 have shown that the magnitude of splitting of the
r3(E') mode for some molten divalent metal nitrates
can be correlated with the polarization power (z/r)
of the cation. If we assume that at R = 6 the mag-
nesium cation is completely hydrated and acts as a
large cation, as suggested by Angell,8 this will give a
value of z/r for the Mg(H2 )&+ cation of 0.58. The
split separation of the two bands in the 1.300 1500-cm” 1
region for the hexahydrated melt is 98 cm-1. On sub-
tracting the hydration effect split of 52 cm-1 (assuming
it remains constant as the water content is decreased),
then the split due to the polarization effects will be 46
cm-1, which fits quite well the correlation graph of
Hester and Krishnan2 (see Figure 7).

It is obvious by examining Table | that the nitrate
ion experiences a strong change in environment as the
water content is varied below R = 6. It is possible,
however, to separate the changes into four separate
regions, R = 6.0-5.1, 4.2-2.9, 2.3 and 2.0, and 0, or the
anhydrous molten salt mixture. On reducing the
water content from 6 to 5 mol per mole of magnesium,
the bands remain essentially the same with only a
small increase in separation due to the increase of the
polarization effects. However, from R = 42 to R =
2.9 it is possible to separate the bands into four distinct
bands. Two of the bands can be assigned to the ni-
trate-magnesium contact ion pair as in the molten salt
(ca. 1330- and ca. 1490-cm-1 lines), especially for the R
= 3.4 and 2.9 concentrations. The other two lines may
be assigned to the nitrate ion which is not in contact
with the magnesium. While at R = 4.2 and 3.4 the
ca. 1444-cm_1 line remains almost in the same position
as for the If = 5.1 concentration, the other lower fre-
quency line increases suddenly from 1341 (R — 5.1)
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Figure 7. Plot of ionic potential z/r against the frequency
difference in the 1300-1500-cm-1 region for various divalent
molten nitrates (Figure 5a, ref 22). Also included are results
for Li+and TI+ [S. C. Wait, Jr.,, A. T. Ward, and G. J.
Janz, J. Chem. Phys., 45, 133 (1966)] and present result

for Mg(HD ) 82+,

to 1372 (R = 4.2) and then remains almost constant.
The decrease in the band separation at R = 4.2 may be
assigned to a decrease or complete removal of the pre-
viously noted hydration effect of the water, which
caused a 52-cm_1 split in the V3band at high dilutions.
Thus, this region can be described as a region where
part of the nitrate ions are in contact with the mag-
nesium ion, as for the molten salt, while the remaining
nitrate ions are pevented by the water molecules from
completely approaching the cation.

For the two solutions Mg(N032-2.4HD and Mg-
(NO3r2.0H2, it is obvious that there is a sudden
change of environment for the nitrate ion, new bands
appearing for both these concentrations, similar to the
effect observed in the ca. 1050-cm-1 region, but not
observed in the 700-750-cm” 1 region. Surprisingly,
bands corresponding to the anhydrous melt (1330 and
1485 cm-1) are absent, suggesting that at these two
concentrations a special type of orientation is occurring
around the nitrate ion. On removing all water, the
anhydrous mixture Mg(N032NaNO03 (1/1.35 mole
ratio) shows only two bands corresponding to the
cation ion pair with a separation of 155. Hester and
Krishnan2 also reported a difference between the two
lines in this region of 155 cm-1, although the absolute
positions were different (1320 and 1475 cm-1).

It appears, therefore, that below If = 6.0 a portion
of the magnesium ions remain hexacoordinated to the
water molecules and the remaining cations are hy-
drated with fewer than six water molecules. However,
once a concentration of fewer than three water mole-
cules per molecule of salt is reached, it appears that it is
no longer possible for part of the cations to be hexa-

(22) R. E. Hester and K. Krishnan, J. Chem. Phys., 47, 1747 (1967).
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hydrated and in equilibrium with fewer hydrated cat-
ions, and a sudden change of configuration occurs, as
also observed by the changes in position of the other
Raman bands at the R = 2.4 and 2.0 concentrations.

The sudden appearance at very low water content
(R = 2.4 and 2.0) of two lines in the 1050-cm*“ 1region
is worthy of note. Neither of these two lines appears
at frequencies similar to those of solutions of higher
water content or the anhydrous melt.

Splitting of the ca. 1050-cm-1 band in a manner
similar to the present case has been reported, however,
by Hester and KrishnanZin their study of the vibra-
tional spectra of some glasses of alkali nitrates with
group lla and lib metal nitrates and with zinc chloride
and water. We have recently noted a similar effect in
molten Mg(N032NaN03 and Mg(N032KNO3
Hester and KrishnanZ3 interpreted their results by
postulating the existence in the glasses of definite mag-
nesium nitrate complexes distribututed in a matrix
whose structure is essentially that of the simple alkali
nitrate melts. However, in the absence of a second
cation in the Mg(N032H D system, it must be as-
sumed that both the frequencies are attributable to
the nitrate ion affected by the magnesium cation.

Irish, et al.,2i in a recent paper have suggested quasi-
lattice features for highly concentrated lithium nitrate
solutions. They suggested from a comparison of the
results for concentrated aqueous solutions, hydrated
and anhydrous solids, and also the results for molten
lithium nitrate, that in the melt there may exist two
sites for the nitrate anion. One or more nitrate
ions may contact the lithium in the plane of the nitrate
(layering) and other nitrates above and below these
layers. Similarly, in the present system, the Mg-
(N032-2.4H2D and Mg(N032-2HXD melts may possess
a perturbed lattice structure of the two-site model
suggested by Irish.24 Apparently the two remaining
water molecules are in contact with the magnesium
cation, producing two nonequivalent sites for the nitrate
anion. This behavior is supported by the frequencies
observed in the 1300-1500-cm*“ 1 region for the above
two solutions.

General Interpretation. The structure of the Mg-
(N032H D system can be divided into five approxi-
mate concentration ranges, but sharp changes are not
implied. The first stage is the very dilute range (R >
20), where the nitrate ion and the magnesium ion are
completely hydrated and the nitrate is not at all
affected by the cation present but is hydrated by the
water molecules. In the second region (R = 20-6),
the magnesium and nitrate ions remain hydrated, but
now the nitrate ion is feeling the increasing effect of the
polarization power of the cation in addition to the hy-
dration effects. It is further suggested that the
magnesium cation is hexahydrated and behaves like a
large cation, as suggested by Angell,8and behaves as an
aqueous melt.
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Apparently, the fact that the magnesium is hexa-
hydrated allows it to behave as a unique large cation
without any contact ion pairing until the water con-
tent is reduced to less than 6 moles per mole of mag-
nesium nitrate. This is in contrast to salts such as
Ca(N0324H2D and Cd(N032-4HD, which melt
retaining their water and show contact ion pairs even
at high water concentration.14182% Thus, while a
salt such as Ca(N032-4H2 melts retaining its water
molecules, coordination factors still allow contact ion
pairs, as suggested by Braunstein.I/ Recent crystal-
lographic work® on calcium nitrate tetrahydrate has
shown that the solid consists of centrosymmetric
Ca2(N034-8HD units with oxygen atoms both of the
nitrate ions and water dipoles in contact with the cal-
cium cation. Irish, et al., note alsoZ that the nitrate
ion does not come into contact with the magnesium ion
until the water ratio decreases below 6:1, when the ap-
pearance of a band at ca. 750 cm-1 indicates contact
ion pairing, agreeing with the present results.

In the third region {R = 5.1-2.9) there is insufficient
water to form complete hydration sheaths around all
the cations. The removal of water now results in con-
tact ion pairs, but there probably also exists in the so-
lution hexahydrated cation in equilibrium with the
contact ion pairs

NO3
Mg(HD)e2+ ++m Mg2+(NO03)I(HD)6 I

(x = 1or 2), with the equilibrium being pushed more
to the right as the water is removed. In the fourth
region (R = 2.4-2.0), a structural rearrangement ap-
pears to occur. With the limited information avail-
able, it is difficult to postulate exactly what is occurring
here. Apparently, some type of quasilattice or glass-
type rearrangement has taken place (both concentra-
tions, however, crystallize out on cooling), which pro-
vides two different sites for the nitrate anion around
the cation. Or maybe the nitrate ions and water mole-
cules are forming some type of quasilattice and trapping
the magnesium inside. More careful work is being
carried out on these extremely concentrated solutions
and will be reported in the near future. The final stage
is arrived at by completely removing all the water to
produce a quasilattice molten salt with contact ion
pairs.

(23) R. E. Hester and K. Krishnan, J. Chem. Soc. A, 1955 (1968).
(24) D. E. Irish, D. L. Nelson, and M. H. Brooker, J. Chem. Phys.,
54, 654 (1971).

(25) See also the Raman spectra for molten Ca(N03)2-4H20 at 50°
(Figure 4) in the 700-750-cm-1region. Note the relative intensity
of the higher frequency to lower frequency line and the separation
between them as compared to that for Mg(NC>3)2' 6 H20.

(26) A. Leclaire and J. C. Monier, C. R. Acad. Sci., Ser. C, 271, 1555
(1970).

(27) D. E. Irish, G. Chang, and D. L. Nelson, Inorg. Chem., 9, 425
(1970).
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Crossed molecular beam vapor cocondensation techniques have been used to prepare thin films of the potassium
salts of anthracene in a form well suited to both infrared and Raman sampling. Three distinct stoichiometric
salts, as contrasted to solid solutions of potassium in anthracene, are apparently produced by variation of the
metal-anthracene ratio. Though the existence of distinct salt crystals is strongly suggested by the observation
of three sets of characteristic infrared and Raman bands, an identification of the salts as KA2 KA, and K2A
remains tentative. The vibrational data represent the best available empirical evidence of the effect of electron
transfer on the bond strengths in anthracene but are of marginal value barring transformation into force con-
stants. Resistivities and electronic absorption spectra have also been measured for selected samples. Re-
sistivity values, which roughly match those reported by Ubbelohde, decreased somewhat with increasing metal
to organic deposition ratios. The anthracene skeletal symmetric stretching mode gave a strong resonance
Raman effect with 5145-A (green) excitation of the K2A salt.

Introduction

The polycyclic hydrocarbon anions, typified by the
mono- and dinegative ions of anthracene, are of interest
as possible reaction intermediates, as subjects for the
testing of chemical bonding theories and because their
solid state salts may be characterized by unusual elec-
trical properties. Thus, Hoijtink, et al., have argued
that one-electron LCAO MO methods apply more quan-
titatively to the mono- and dinegative ions than to the
corresponding neutral arenesland have compared theo-
retical predictions with liquid solution transition ener-
gies.2 The radical anion esr spectra have long been of
interest3primarily as information regarding charge den-
sities and the association with cations in solutions.
However, solid state studies have been almost com-
pletely restricted to the work by Ubbelohde, et al., on
dielectric and conductivity properties of bulk solids
with alkali metal donors.4 The bulk solids were not
characterized by either X-ray or spectroscopic methods
but were apparently viewed as solid solutions of alkali
metals in the crystalline arenes.

Although the bond order changes that accompany
electron transfer to various arenes have been estimated
theoretically,1 no direct experimental measure of the
differences in bonding between the arene anions and the
parent hydrocarbons has been reported. In particu-
lar, neither solution nor solid state vibrational spectra
are available. Solid state fluorescent spectra for alkali
metal-anthracene salts of unknown composition have
been described,6but electronic spectra for stoichiometric
solid salts are apparently missing from the literature.
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A basically spectroscopic study of the potassium salts
of anthracene is reported here as part of a more general
study to obtain solid state vibrational and electronic
spectra for stoichiometric salts of arene anions. Such
data will allow ready identification of these salts in the
future and, also, permit the determination of empirical
force constants for certain arene anions and, thus, a
comparison with theoretical predictions of bond order
changes relative to the neutral arenes. Finally, resis-
tivities determined by the four-point probe method6on
thin salt films will be compared with values reported by
Ubbelohde for related bulk samples.4

Experimental Section

The potassium salts of anthracene have been pre-
pared by cocondensation of the metal with the organic
from molecular beams which cross at the surface of a
substrate having properties appropriate for the antici-
pated measurement. The techniques are an extension
of those originally developed for infrared sampling of
thin films of the alkali metal salts of tetracyanoethyl-

(1) P. Balk, S. DeBruijn, and G. J. Hoijtink, Reel. Trav. Chim. Pays-
Bas, 76, 813 (1957).

(2) K. H. J. Buschow, J. Dieleman, and G. J. Hoijtink, J. Chem.
Phys., 42, 1993 (1965).

(3) D. Lipkin, D. E. Paul, J. Townsend, and S. I. Wfeissman, ./. Amer.
Chem. Soc., 78, 119 (1956).

(4) See, for example (a) J. P. V. Gracey and A. R. Ubbelohde, J.
Chem. Soc., 4089 (1955); and (b) G. C. Martin, N. D. Parkyns, and
A. R. Ubbelohde, ibid., 4958 (1961).

(5) V. V. Slobodyanik and A. N. Faidysk, Opt. Spektrosk., 26, 138
(1969).

(6) L.B. Valdes, Proc. I.R.E., 41,420 (1954).



Solid State Spectra and Potassium Salts of Anthracene

ene.7 The molecular beams originated from Knudsen
cells containing the liquid metal (~200°) and crystal-
line anthracene (~120°). The Knudsen cells were
mounted within the vacuum shroud of a low-tempera-
ture cell (resembling those commonly employed in ma-
trix isolation spectroscopy)8 and directed towards the
cryotip which supported appropriate substrates for ab-
sorption, Raman scattering, and conductivity measure-
ments. Deposition was thus simultaneously onto a
central CsBr optical plate, an aluminum wedge for
Raman sampling by the single reflection technique,%
and a gold striped fused quartz plate for conductivity
measurements. The ratio of metal to organic in the
condensate was controlled by varying the Knudsen cell
temperatures.

Originally depositions were made at ~100°K (sub-
strate temperature), but the occlusion of unreacted po-
tassium or anthracene aggregates, though a source of
some unusual spectroscopic effects, tended to confuse
both the spectroscopic and conductivity results. Con-
sequently, the technique has evolved wherein the thin
films are prepared at 25° but subsequently cooled to
liguid N2 temperatures for most measurements. The
reduced temperatures kinetically stabilized the deposits
which detectably deteriorate in a few hours at 25°, even
ina 10-5 Torr vacuum. Since the anthracene isvolatile
at 25°, the warmer temperatures guarded against depo-
sition of pure anthracene in anthracene-rich deposits
while the potassium was sufficiently mobile at 25° to
ensure the absence of metal aggregates in a 2:1 (metal-
rich) deposit. The warmer substrate temperatures did
necessitate that more extreme precautions be taken to
eliminate surface moisture, since, at 25°, such moisture
is highly reactive towards the anthracene salts.

The deposits were transparent, brightly colored (yel-
low-green through blue) films a few microns thick as
required for measurement of the infrared spectra.
Raman spectra were also easily obtained, although
sample fluorescence (probably from tetracene impurity
in most cases) often dictated a choice of the laser ex-
citation wavelength of 5145 A rather than 4880 A.
The sample film thicknesses, optimized for measure-
ment of vibrational spectra, were, in general, too great
for observation of details in the electronic absorption
spectra though qualitative data have been obtained.

Infrared data were recorded from 600 to 4000 cm-1
on a Beckman IR-7 spectrometer, while the Raman and
visible absorption measurements were with a Jarrell-
Ash 25-100 dual monochromator fitted with an ITT
FW-130 PM tube and photon-counting gear. Raman
spectra were excited with a Coherent Radiation Model
52 argon ion laser using both the 4880 (blue) and 5145
A (green) lines. The electronic spectra were deter-
mined in a single beam mode with a tungsten lamp
source and using the Jarrell-Ash system, rather than a
conventional uv-visible instrument, as dictated by
the size and geometry of our sampling system. Re-

17

sistivities were deduced from voltage and current mea-
surements from the thin films on a fused quartz sub-
strate using a four-point probe.6 Current measure-
ments were with a Keithley Model 417 picoammeter
while voltages were followed using a Philbrick/Nexus
millivoltmeter.

Results and Discussion

A. Vibrational Spectra. Both the vibrational and
electronic spectra of the codeposits clearly suggest that
the anthracene molecule can assume three distinctly
different forms in the potassium-anthracene solid films.
Each form has a unique vibrational spectrum that dif-
fers significantly from that of pure anthracene and,
thus, suggests that considerable ionic character is in-
volved in the metal-organic interaction in each case.%
Based on the approximate K/A ratios that produce the
films in which the various unique spectra are dominant,
it is suggested that the different anthracene forms cor-
respond to (a) two anthracene molecules with one asso-
ciated potassium atom (KA2, (b) one anthracene mole-
cule per associated potassium atom (KA), and (c) one
anthracene molecule per two associated potassium
atoms (K24).

Although it has been possible to obtain KA and IvA
in nearly pure form, this alone does not completely con-
firm that stoichiometric salt crystals of regular struc-
ture are the dominant solid forms. It is still conceiv-
able that the solids arc basically solutions of continu-
ously variable composition with irregular structures in
which KA2 KA, and K2A units occur with a frequency
dictated by the metal-organic ratio deposited. How-
ever, it is our judgment that the uniqueness and sharp
quality of the three sets of vibrational spectral features
are indicative of the formation of three regular stoichio-
metric salts, KA2 KA, and K2A, with the potassium
assuming a cationic form in each case. Tentatively,
and as a basis for discussing the various experimental

Figure 1. Infrared spectra for anthracene (bar graph) and
the potassium salts of anthracene: (a) KA2
(b) KA, and (c) KA.

(7) J. Stanley, D. Smith, B. Latimer, and J. P. Devlin, J. Phys.
Chem., 70, 2011 (1966).

(8) See, for example, L. Andrews, J. Chem. Phys., 54, 4935 (1971).

(9) (a) 1. Levin, Spedrochim. Acta, Part A, 25, 1157 (1969); (b) Y.
Matsunaga, J. Chem. Phys., 42, 1982 (1965).
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results, we have assumed that three salts are formed:
yellow-green KA2 green KA, and green-blue K2A.

The infrared spectra for the three salts and the
Raman spectra for Iv2A and KA, along with the spectra
for pure anthracene, are presented in Figures 1 and 2.
The Raman spectra are untouched, while the infrared
curves are composites of measurements from several
different deposits. Xo Raman spectrum for KA2 is
shown although a few band frequencies are listed in
Table 1. This reflects the instability of this salt, par-
ticularly in the laser beam, which prevented its prep-
aration in a form approaching the pure state.

Table I: Frequencies (cm ') of Raman bands of
Anthracene, KA2 KA, and K2A*

Anthracene” KA, KA K,A
2715
1632 1598 1542
1555 1538 1470
1481 1471 1442 1390
1403 1395 1357
1293 1315
1261 1260 1260
1188 1180 1160
1165 1155 1152
1009 1025 1022 1017
956' 950
904" ~900 880
835
754 738 735 722
655 642 650(?)
602 605 595
525 480
395 370 390
200* 305 210(?)

" For relative intensities see Figure 2. bN. Abasbegovic, N.
Vukotic, and L. Colombo, J. Chem. Phys., 41, 2575 (1964).
¢ M. Suzuki, T. Yokoyama, and M. Ito, Spectrochim. Acta, Part A,
24, 1091 (1968).

The untouched Raman curves of Figure 2 are evi-
dence of the near purity of certain of the K2A and KA
films. It should be emphasized, however, that the
preparation procedures only guarantee that the “K2A”
deposits are richer in K than the “KA” deposits but do
not require that the actual metal to organic ratios be
2:1 and 1:1, respectively. In other words, despite the
control of such parameters as temperature and orifice
size, the relative densities of the molecular beams from
the potassium and anthracene Knudsen cells have not
been established with sufficient accuracy. What is
known is that the bands in Figure 2a (or 2b) go with a
single compound judging from their constant relative
intensities over the range of deposition ratios in which
they are detectable. The stability of the mono- and
dinegative anthracene anions in solution2favor the KA
and Iv2A choice for the stable salts.
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Figure 2. Raman spectrum of anthracene (bar graph) and the
potassium salts of anthracene: (a) KA and (b) K2A. The
asterisk denotes KA2impurity in KA, and the daggers denote
KA impurity in KA2

Figure 3. Electronic absorption spectra for the potassium
salts of anthracene in the 12-21-kK frequency range: — =,
KA2; ----- , KA, —, KA.

The vibrational data for the three salts are tabulated
in Tables I and Il with an attempt made to follow the
frequency variation of some modes through the series
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A —»K2A. Itisexpected that a force constant analysis
will establish more clearly the trends in bond order
changes for this series and eventually permit reliable
assignments of the vibrational data to molecular normal
modes. Until such empirical force constants have been
determined (from a study now in progress) the precise
significance of the individual frequency shifts will re-
main obscure. It can be noted, however, that theory
predicts that certain bonds will be strengthened while
others are weakened as a result of one and two electron
transfer to anthracene.l Thus, although the trans-
ferred electron(s) has a net antibonding quality, an
orderly decrease in the fundamental frequencies is not
expected. In fact, irregularities are apparent in the
behavior of certain modal frequencies in Tables I and
Il [e.g., the anthracene mode at 1009 cm* lincreases to
1022 cm* 1in KA but then decreases to 1017 cm* 1in
K2A). The lack of a completely regular pattern makes
a force constant analysis an imperative step in any
guantitative consideration of bonding effects.2

Table Il: Frequencies (cm *) for Infrared Bands of
Anthracene, KA2 KA, and K2A“

Anthracene6 KAj KA K,A
3049 3030 3010
3022 2990 2960

1600
1620 1564 1567 1533
1530
1533 1515 1475 1519
1448 1448 1445 1431
1398 1383 1395 1387
1316 1320 1288 1312
1269
1169\ il 194
1150] 1173 17 \ 1155
1090
999 1023 1025 1016
956
886 882 888
743 798 782 793
737\ 710 715 740
7271

“ For relative intensities see Figure 1.
J. Chem. Phys., 36, 903 (1962).

bFrom S. Califano,

B. Electronic Absorption Spectra. Qualitatively
useful visible absorption spectra for the anthracene
salts are presented in Figure 3 for the frequency range
12 to 21 kK, the region where new bands are knowm to
appear in the solution spectra of these anions. The
electronic spectra are of particular interest for compari-
son with solution spectra reported for the mono- and
dianions associated with various cations.2 The visible
spectra were also of interest in this study because res-
onance Raman effects have been detected (see next sec-
tion) that suggest absorption patterns requiring sub-
stantiation.
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The salt spectra resemble those of the corresponding
solvated anion. Thus, K2A has a structured absorp-
tion band centered near 18 kK as does the dianion in
association with the potassium cation in solution.2 The
comparison for the KA salt with the mononegative
anion spectrum shows a greater difference, but the red
shift relative to K2A is in the direction of the ~14-kK
band peak reported for the mononegative anion asso-
ciated with Na+ in solution.2 The absorption curve
for the KA2solid, like most of the data for this extremely
unstable compound, may be less reliable. The KA2
spectrum, however, is markedly different than for the
other salts with no obvious band maxima in the 12 to
21 kK range, a fact consistent with the yellow-green
color.

The K2A absorption band system near 18 kK has
components spaced by ~1300 cm*“1with maxima at
16.1, 17.4, and 18.7 kK. The spacing of maxima is
reminiscent of that of '~1400 cm* 1in the familiar ab-
sorption and fluorescence spectra of pure anthraceneD
and suggests that the same vibrational mode, a sym-
metric ring-stretching mode, is involved in the dianion
absorption process.

C. K2\ Resonance Raman Effect. The colored
quality of the salts and the nature of the Raman sam-
pling procedure favored observation of the resonance
Raman phenomenon.ll In particular, the visible ab-
sorption spectrum for the K2A salt (Figure 3) indicates
that the 18.7-kK component is absorbing at the 19.4-kK
frequency of the argon laser green line. Further, the
thin film character of the samples minimized the prob-
ability of reabsorption of resonantly scattered light.
Thus, not surprisingly, the K2A Raman active mode at
1357 cm-1 gave a strong Resonance Raman effect with
green line (5145 A) excitation. This mode displayed a
normal intensity with blue (4880 A) excitation, but ap-
peared with a factor of 5 greater intensity” than any
other KA Raman feature when the 5145 A line was
used. It is possible that other modes displayed less
pronounced resonance scattering, but only the intensity
of the K2A feature at 1357 cm* 1lvaried in a striking
manner with change of excitation frequency. The
resonant character of the scattering was further evi-
denced by a significant overtone intensity (2715 cm* J).

As was noted above, the K2A electronic absorption
(~18 kK) was characterized by components spaced by
~1300 cm-1. This observation is undoubtedly rele-
vant to the resonant scattering noted for the 1357 cm*“ 1
mode since it is known that the resonance effect is most
pronounced when the excitation frequency is matched
to a vibronic absorption feature involving the vibra-
tional mode in question.1 In other words, the reso-
nant scattering at 1357 cm* 1is consistent with the as-

(10) See, for example, B. J. Mulder, J. Phys. Chem. Solids, 29, 182
(1968).

(11) J. Behringer in “Raman Spectroscopy,” H. Szymanski, Ed.,
Plenum Press, New York, N. Y., 1967.
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signment of the structure on the electronic absorption
band as the result of vibronic transitions involving the
anthracene ring symmetric stretching mode. Of
course, the ~1300-cm~1value would be characteristic
of the mode for the electronic excited state.

D. Conductivity Results. Ubbelohde, et al.,
described rather extensive studies of the electrical char-
acteristics of the alkali metal-anthracene crystals pre-
pared from solution. They conclude that the conduc-
tivity increases significantly as the metal to anthracene
ratio is increased, but that resistivities remain quite
high—in the 108to 100ohm-cm range at 20°. Though
our thin film spectroscopic results seem to contradict
their view of the solids as solutions of metal atoms in
anthracene with a continuously variable composition,
the new data support their contention that electron

have

D. Frost, F. Herring,A. Katrib, C. McDowell, and R. McLean

transfer occurs from the metal atoms to anthracene.
Further, our resistivity data, obtained by the four-point
probe method, are reasonably compatible with the pub-
lished values from the bulk samples. Thus, the resis-
tivity was observed to decrease roughly two decades as
the metal to anthracene ratio was varied from 1:2 to
2:1. However, the measured thin film resistivities
were significantly lower than those reported for bulk
samples of comparable composition, the range extending
from 106to 108ohm-cm at '~100°K. Our data do not
warrant a more quantitative presentation at this time.
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The first ionization potential in the photoelectron spectra of CH3H (9.42 eV) and (CH32S (8.65 eV) asin H2S
(10.47 eV) corresponds to ionization of a lone-pair electron, and, although there is a small r interaction in the

C-S bond, the inductive effect is thought to cause the considerable shift to lower energy.

In contrast to these

molecules and a-toluenethiol (first 1.P., 9.25 eV) the sulfur lone pair in thiophenol exhibits a considerable amount

of interaction with the adjacent benzene ring.

The higher 1.P.’s of CH3H and (CH32S have been assigned,

and it is shown that ionization occurs more readily from a orbitals situated mainly in the C-S bond than the S-H

bond.

Introduction

Photoelectron spectroscopic studies have been carried
out previously on divalent sulfur compounds.22 In
particular the PE spectrum of hydrogen sulfide is the
subject of intensive research.2 The present study re-
ports the effect on the PE spectrum of successive re-
placement of the hydrogen atoms in HXS by alkyl and
phenyl groups.

Divalent sulfur is generally thought to participate
in bonding via two a bonds involving mainly two of the
three 3p orbitals on the sulfur atom leaving the 3s or-
bital and the remaining 3p orbital to accommodate the
four nonbonding electrons. The possibility of the sul-
fur 3d electrons playing a role in the bonding is dis-
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cussed in section D later in this paper. The formally
*3s nonbonding pair” is much more tightly held by the
sulfur atom than the “3p nonbonding pair” and is di-
rectly involved in molecular bonding. The replace-
ment of hydrogen atoms in HXS by electron-donating
groups leads to a destabilization of these electron pairs,
which is reflected in the ionization potentials of these
molecules. The first ionization potentials of a number

(1) W. R. Cullen, D. C. Frost, and D. A. Vroom, Inorg. Chem., 8,
1803 (1969).

(2) (@) J. Delwiche and P. Natalis, Chem. Phys. Lett., 5, 564 (1970);
(b) D. W. Turner, C. Baker, A. D. Baker, and C. R. Brundle, “Mo-
lecular Photoelectron Spectroscopy,” Wiley, New York, N. Y., 1970,
Chapter 4; (c) D. C. Frost, A. Katrib, C. A. McDowell, and R. A. N.
McLean, Int. J. Mass Spectrom. lon Phys., 7, 485 (1971).
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Table I: Vertical lonization Potentials of Methylmercaptan and Dimethyl Sulfide (eV)
Methyinercaptan: mDinethyl suifice
CNDO/2 Experinental Orbital type CNDO/2 Bxperinental Orital6 type
8.4 9.42 n(s3p) a" 7.7 8.68“ 8.65 n(S3p) bi
10.8 12.0 RS-C) a’ 11.4 10.96  11.2 <r(S-C) ar
14.5 13.9 cr(S-H) a’ 11.5 12.16 12.6 <r(S-C) b2
17.1 15.0 <r(CH3 a” 15.1 13.68 14.2 <r(CH3) b2
17.3 15.5 <r(CH3) a" 16.1 14.8 j(CHI) a2
21.4 ~20.0 n(s,3s) a' 17.5 15.4 <r(CHa) b!
18.4 15.7 <CH?3) ai
20.3 19.7 ~n(S,3s) ai
“ From ref 1 (adiabatic 1.P.’s). bAssuming C2v symmetry.
of divalent sulfur compounds earlier obtained by other 042
methods3 illustrate this effect, e.g., CHXIH (9.44 eV),
CHeH (9.285 eV), CHECHZSH (9.195 eV), CHISCH3
(8.685 eV), CHBCH3 (8.55 eV), and CHEBC2H6 (8.43 105 1075
eV). Obviously the larger the alkyl group, the greater
will be the destabilization and the lower the ionization
potentials.
We wish to report here the high-resolution 584-A
photoelectron spectra of methyl mercaptan, dimethyl
sulfide, thiophenol, and a-toluenethiol together with
CNDO/2 calculations which are used to aid the inter- n
pretation in the absence of more rigorous calculations. cBhSeh2sh
Experimental Section
The photoelectron spectrometer used in this work
will be fully described elsewhere.4 The energy source
is the helium | 584-A (21.22 eV) resonance line. Cal-
ibration of the spectra was accomplished by inclusion
of small amounts of argon as an internal standard. o5 0 950 100 eV
The sample pressure in the instrument was about 10~8 ) )
Figure 1. First I.P.’sof HS, CH3H, CEHB&HXSH, and (CH3X=

Torr.

The materials for the study were obtained from
Matheson Co. Ltd. (CH®H) and K & K Laboratories,
Inc. (CH3%, CaHE&BH and CEHBCHZ2SH).  There were
no obvious impurity lines observed in the spectra.

In the following discussion Koopman’'s theorem is
assumed to hold. The vertical ionization potentials
and results of CNDO/2 calculations for CH3H and
(CH32 are listed in Table I.

Results and Discussion

A. “Nonbonding" Electrons. It is to be expected,
as in HZS, that the first electron removed from mole-
cules of the type RSH or RS will come from the “3p
lone-pair” orbital unless one of the groups R possesses
energy levels of its own near the energy of the sulfur
3p orbital. This situation occurs in thiophenol and
a-toluenethiol where the benzene ring I.P.’s lie at about
the same energy as the sulfur lone-pair I.P.

The PE band produced on ionization of a nonbonding
electron is characteristically sharp reflecting the neg-
ligible change in the Franck-Condon envelope between
the neutral species and the ion. Consequently the lone-

observed in their photoelectron spectra obtained using the
He 584-A resonance radiation.

pair I.P.’s in CH®H and (CH3X are readily identifi-
able, as can be seen from Figure 1, at 9.42 and 8.65 eV,
respectively, compared to 10.47 eV for HXS. These
compare well with earlier values.36 Therefore, as ex-
pected, the sulfur lone pair has become progressively
destabilized. The CNDO/2 calculations6 we have
carried out predict the separation of the lone-pair ioni-
zation of these compounds (HZ, 9.4; CH3XH, 8.4;
(CH3Z, 7.7 eV) well, although after the usual 4-eV
scale has been employed the predicted I.P.’s are about
1 eV too low. The results of the calculation indicate
that the methyl group orbitals destabilize the sulfur 3p

(3) K. Watanabe, T. Nakayama, and J. Mottl, J. Quant. Spectrosc.
Radial. Transfer, 2, 369 (1962).

(4) D. C. Frost, A. Katrib, and C. A. McDowell, to be published.

(5) G. Herzberg, “Electronic Spectra of Polyatomic Molecules,”
Van Nostrand, Princeton, N. J., 1967.

(6) J. A. Pople and D. L. Beveridge, “Approximate Molecular Orbi-
tal Theory,” McGraw-Hill, New York, N. Y., 1970.
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orbital and produce an increasingly S-C “#-antibonding
molecular orbital.

The vibrational spacing evident in the photoelectron
spectra should give some indication of this antibonding
character. For CH3SH, the vibrational spacings are
680 + 40 and 1250 + 80 cm-1. The first obviously
corresponds to the C-S stretching vibration, which is
expected to be excited if there is any interaction be-
tween the sulfur p7#orbital and a carbon p orbital. As
the C-S stretching frequency is 704 cm-16in the neu-
tral species, it is impossible to say whether the highest
orbital is bonding or antibonding with respect to the
carbon-sulfur bond, but whichever it is the interaction
is apparently fairly small. The 1250-cm-1 vibration
almost certainly corresponds to the symmetrical defor-
mation of the CH3group (reduced from 1335 cm-1 in
the neutral species) in line with the slight amount of
CH3 (r-bonding character in the mainly lone-pair or-
bital. It would be useful to compare the vibrational
structure on the first PES band of CH3H with that of
the alkyl halides. The best molecule for such a com-
parison would be CH3 where the spin-orbit coupling is
large enough to produce two components well enough
separated such that their mutual interaction is small.
Also as far as interaction of the “lone pair” with other
orbitals is concerned, it is best to compare sulfur and
iodine, since CH3A has its first I.P. at ~9.50 eV.7 In
CH3 the principal vibration excited is V2 the symmet-
ric deformation (1290,21260,80r 1225 cm-17). The C-I
stretching vibration is also evident,78though it is not
well resolved in the former study, and the symmetric
CH-stretching vibration has been observed7 as well.
In CH3J there is similar slight reduction in the C-I
stretching frequency on ionizing, indicating a slightly
Tr-bonding interaction in the C-l1 bond. It seems
therefore that if anything the slight reduction for
CH3>H may just be significant despite the error limit
and that in contrast to the calculation there is a very
small amount of ir-bonding character in the C-1 bond.
However as a whole the sulfur lone pair is destabilized
compared to that of HXS by interaction with the methyl
group, mainly by a donation.

The substitution of another H atom by a CH3group
does not have as large an effect on the I.P., but the vi-
brational frequency is now somewhat greater for the
ion (750 = 60 cm-1) than in the neutral species (685
cm-1).9 The lone pair must be very slightly antibond-
ing with respect to the two carbon atoms which must
be bonding with respect to each other. This was also
shown in the CNDO/2 calculations. It seems that the
large shift of the first I.P. to lower energy in (CH32
and CH3XH compared to HX is due principally to a
large cr-inductive effect raising the coulomb energy of
the sulfur 3p orbitals, and to a much lesser extent, to ir
interaction between sulfur and carbon orbitals.

The 7 interaction of a sulfur lone pair with methyl
groups is relatively small. However, we shall now see
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that the opposite is the case when sulfur is attached to
a phenyl group. This can best be seen by comparing
the PE spectra of benzenethiol (PhSH) and toluenethiol
(PhCHZH). In benzene the lowest I.P. due to ioniza-
tion from the weigorbital is at 9.25 eVDand in mono-
substituted benzenes (C2s or lower symmetry) this is
split into two orbitals, one having a 7 interaction with
the substituent (bi in C2) and one non- (or less) inter-
acting (a2in C2j). The separation between these two
levels is greatest with substituents with polarizable lone
pairs and least for a substituent with no lone pairs.1l
Toluene is of this latter type and the PE band exhibits
only a slight broadening and a shift to lower energy
compared to benzene. 112 Replacement of one of the
H atoms of the CH3group by the SH group produces
no remarkable changes in the PE spectrum except for
the superposition of a new sharp peak (at 9.25 eV) with
at least one other vibrational component (spacing
~1220 cm-1). The first vertical I.P. is 8.85 eV (c/.
8.81 eV in toluene). It can be seen in this case that
the sulfur lone pair has an almost negligible effect on the
orbitals of the benzene ring. The inverse is also true, as
besides the sharp band, PhCHZXZH has its sulfur lone-
pair 1.P. at 9.25 eV (Figure 1) compared with that of
CHXHZXH at 9.285 eV.3 The vibrational spacing of
1220 + 50 cm-1 probably corresponds to the wagging
motion of the CH2group at ~1400 cm-1, as there will
be some interaction between the sulfur lone pair and
the CH2orbitals.

In contrast to a-toluenethiol, the replacement of one
H atom in benzene by a SH group has an enormous
effect. Below 11 eV instead of the one I.P., there are
three at vertical 1.P.’s 8.28, 9.38, and 10.65 eV, respec-
tively (Figure 2). The 9.38-eV band obviously corre-
sponds to the noninteracting benzene ring orbital.
The separation between the other twio 1.P.’s (2.37 eV)
shows the size of the interaction between the sulfur
lone pair (originally at ~9.4 eV) and the w (“Bi”) or-
bital of the benzene ring (originally at 9.38 eV). lodo-
benzene also shows a large interaction, but the separa-
tion between the two bi I.P.’s is only 1.78 eV and the
lowest I.P. is at 8.67 eV.1l This latter is also mainly
T (CHYH as the a2F (CEHY is still at 9.38 eV and the b2
T (1) isat9.64 eV. The 8.28-eV I.P. of PhSH is slightly
narrower than the 10.65-eV band and because the 0 —

(7) J. L. Ragle, I. A. Stenhouse, D. C. Frost, and C. A. McDowell,
J. Chem. Phys., 53, 178 (1970).

(8) A. W. Potts, H. J. Lempka, D. G. Streets, and W. C. Price, Phil.
Trans. Roy. Soc. London, Ser. A, 268, 59 (1970).

(9) G. Herzberg, “Electronic Spectra of Polyatomic Molecules,”
Van Nostrand, Princeton, N. Y., 1967, p 652.

(10) I. D. Clark and D. C. Frost, J. Amer. Chem. Soc., 89, 244
(1967).

(11) (& D. W. Turner, C. Baker, A. D. Baker, and C. R. Brundle,
“Molecular Photoelectron Spectroscopy,” Wiley, New York, N. Y.,

1970, Chapter 11; (b) A. D. Baker, D. P. May, and D. W. Turner,
J. Chem. Soc. B, 22 (1968).

(12) A. Cornford, D. C. Frost, and R. A. N. McLean, unpublished
results.



The Bonding between Sulfur and Carbon

Figure 2. The photoelectron spectrum of C&H5H obtained
using the He 584-A resonance radiation.

0 transition is the vertical one, we believe the corre-
sponding orbital to have more sulfur lone-pair charac-
ter. The vibrational structure on the band consists of
a progression of eight peaks separated by ~400 cm-1,
which probably corresponds to the substituent-sensitive
ring breathing mode at 412 cm-1 in the neutral thio-
phenol.13

CNDO/2 calculations carried out on a-toluenethiol
assuming the C(H2-S-H plane to be perpendicular to
the ring predict the second ionization potential to be
associated with the removal of an electron from the
sulfur lone-pair orbital. This lone-pair orbital is almost
completely noninteracting as regards the benzene ring.
Slight deviations in this configuration are predicted to
cause little change in the ionization potential. How-
ever, if the C(H2-S-H plane coincides with the plane
of the benzene ring and becomes the origin of the lowest
I.P. comparison of the calculations and photoelectron
spectra indicates that the former configuration is pre-
ferable. In the case of thiophenol the calculations
show that the first I.P. arises from an orbital which is
formed mainly from the sulfur lone pair with a consid-
erable amount of benzene ring character, which is in
agreement with the interpretation of the PE spectrum
suggested above.

B. Sulfur-Carbon and Sulfur-Hydrogen o-Bonding

Electrons. For methanethiol and dimethyl sulfide, the
second and third ionization potentials (see Figures 3
and 4) should correspond to ionization from mainly the
C-S-H and C-S-C bonding regions, respectively. In
CH3XH the second and third I.P.'s are at 12.01 and
13.9 eV, neither band having any resolvable vibrational
structure (the lack of structure in the second band is
probably due to a dissociation to CHXS+ at 11.2 + 0.5
eV). 4 By comparison with H>S and (CH3X it should
be possible to decide which orbital has more S-H char-
acter and which more S-C character. In HZXS the S-H
bonding orbitals are at —13.4 (ai) and —15.2 eV (b2,
and in (CH32 we assign the C-S bonding orbitals
I.P.s as 11.2 (a¥ and 12.6 eV (b?). Thus, by taking
the average of these two it seems that the 12.0-eV band
arises from an orbital with more S-C character and the
13.9-eV band from an orbital with more S-H character.
The CNDO/2 calculations show an almost equal
amount of each with the second I.P. MO having most
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Figure 3. The photoelectron spectrum of CH3SH obtained
using the He 584-A resonance radiation.

of its density on the sulfur and the third on carbon and
the unique hydrogen, hence the usual®overestimation
of the separation between them. Methyl iodide (which
we have compared with methanethiol above as regards
the lone pairs) has its C-1 v-bonding I.P. at 12.50 eV,
which is again fairly close to the mainly C-S c-bonding
I.P. at 12.0 eV.

C. Other Bands of Methanethiol and Dimethyl Sul-

fide. As in the alkyl halides7816 the higher energy
I.P.’s below 21.22 eV can be assigned as from mainly
CH3bonding orbitals. Around 15 eV in the alkyl ha-
lides there is a band with a Jahn-Teller contour as-
signed as ionization from the e (CH3 bonding orbital.816
In methanethiol there is a broad band of intensity twice
that of the 12.0- and 13.9-eV bands with twin maxima
at 15.0 and 15.5 eV which is almost the same as occurs
in the PE spectrum of CH®3Br. It could almost be con-
sidered that the CH3 group is only observing the SH
group as a single atom, and certainly the CNDO/2 cal-
culations indicate this as the two low-energy bonding
CH3I.P.'s are almost degenerate at 17.11 and 17.27 eV.
The other CH3bonding orbital which appears to be
almost all C(2s) produces a very diffuse band in the
alkyl halides PE spectra at ~20 eV, and the same thing
is observed in the case of methanethiol.

For dimethyl sulfide four low-energy CH3bonding
orbitals are expected and in the broad band from 13.50
to 16.4 eV four components can be isolated. The
CNDO/2 calculations indicate a much larger than ob-
served range for these CH3orbitals and probably over-

(13) D. "IV. Scott, J. P. McCullough, W. N. Hubbard, J. F. Messerly,
I. A. Hossenlopp, F. R. Frow, and G. Waddington, J. Amer. Chem.
Soc., 78,5463 (1956).

(14) W. E. W. Ruska and J. L. Franklin, Int. J. Mass Spectrom. lon
Phys., 3, 221 (1969).

(15) We have generally found that CNDO/2 calculations tend to
overestimate the interaction between symmetry related orbitals of
similar energies. This can lead to errors in the assignment of PE
spectra, but with consideration of this complication this can be
eliminated at least in small molecules.

(16) D. W. Turner, C. Baker, A. D. Baker, and C. R. Brundle,
“Molecular Photoelectron Spectroscopy,” Wiley, New York, N. Y.,
Chapter 8.
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Figure 4. The photoelectron spectrum of (CH3ZX obtained
using the He 584-A resonance radiation.

estimate the interaction between orbitals on the two
CH3groups.

D. Sulfur 8d,-Orbital Participation. There has been
considerable discussion on the involvement of 3d orbit-
als in the bonding of bivalent sulfur compounds.17-19
It is possible to make deductions about d-orbital par-
ticipation in the normal valence states of second row
elements from the PE spectral data,® although there
may be other interactions which produce the same ef-
fects. We believe some of our results are pertinent in
this regard.

Goodman and Taft2l explained the decrease in the
intensity of the 'Lb < 'A transition in going from thio-
phenol to p-methylthiophenol in their substituent inter-
ference experiments in terms of a strong interaction be-
tween the worbitals of the benzene ring and sulfur 3d
orbitals. However, remeasurement of the spectra by
Di Lomardo and ZauliZindicated that there was a slight
increase in intensity from thiophenol to p-methylthio-
phenol. They inferred that there is little involvement
of the sulfur 3d orbitals and that the only perturbation
of the benzene ring . orbitals is via S(3p7r)-C(2p7r)
bonding. This latter interaction has been considered
fully above, but we also have evidence to support Di
Lomardo and Zauli's conclusion. Again assuming
C2s symmetry for thiophenol, it is possible for the “a2
benzene ring « orbital to interact with the sulfur dxy
orbital and the “bi” benzene . orbital to interact with
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the sulfur dxaorbital. In the first case the overlap will
be very small as the constituent orbitals involve non-
adjacent atoms, and, as expected the “a2" . orbital oc-
curs at almost exactly the same energy (0.1 eV) as in
PhOH, PhNH2 PhCH3 PhSiH3 and many other mono-
substituted benzenes. The real test of sulfur d-orbital
interaction is in the “bi” worbitals with I.P.’s at 8.28
and 10.65 eV, respectively, which, as mentioned above,
must have almost equal amounts of benzene . and sul-
fur lone-pair character. If the unperturbed benzene
ring bi orbital I.P. were at the average of these two
I.P.'s i.e., 9.46 eV, the stabilization compared to the a2
orbital would be negligible. It could be explained by
the expected greater inductive effect of the sulfur atom
on the bi orbital. As both levels would be almost at
the same energy if they were unperturbed ~9.40 eV, it
is difficult to find any other method of measuring the
interaction. We believe that this indicates if there is
any stabilization of the bi « orbitals by the use of sulfur
3d orbitals, it is very small and has little effect on the
orbital energies. The main effect on the orbital ener-
gies is the interaction between the sulfur 3p7r orbital
and the benzene . orbital.
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The structural chemistry of a wide range of glass-forming molten acetates has been examined using cobalt(l1)

as a spectroscopic probe.

In several systems containing lead acetate, e.g., Pb(OAc)2KOAc, cobalt(l1) undergoes

an octahedral-tetrahedral transition which is analogous to similar phenomena previously reported in chloride
melts and borate glasses. On this basis, it is possible to distinguish between the covalent (polymeric) structure

of lead acetate glass and the more ionic character of other acetate glasses.

Measurements of the glass transition

temperature, Te, indicate that the LiOAc-NaOAc glasses fall into the same pattern of behavior as the ionic
nitrate glasses, but that appreciable deviations occur for the lead(ll) containing glasses. Molten acetates
provide an interesting system for testing current theories of mass transport in molten salts.

Introduction

In recent years, it has been discovered that a wide
range of fused salts, other than silicates, borates, and
phosphates, can be quenched to form glasses.1-6 These
systems have received attention for two reasons. First,
it is possible to test the various structural theories of
glass formation for both polymeric and ionic glasses.6
Second, since the glass transition can be regarded as the
true low-temperature limit of the liquid state,7 trans-
port measurements in these supercooled melts can be
very informative. These two aspects of glass-melt be-
havior are clearly related, and if a satisfactory treat-
ment of transport behavior in molten salts is to be
achieved, then something must be known about glass
structure. This point is illustrated by the variation in
the T J Toratio with glass structure. The glass-forming
nitrate melts have been the subject of extensive study,@®
and it is found that the experimental glass transition
temperature, Tg, is only a little higher than the ideal
glass transition temperature, TO (calculated from trans-
port and thermodynamic measurements). Typically,
for the KN03Ca(N032 (62:38) glass Tg/TO = 1.05,
and this has been correlated with the typically ionic
structure of melt and glass. In contrast, in the poly-
meric borate and silicate systems Tg/TOratios are 1.5 or
greater. It is apparent, therefore, that in the discus-
sion of these glass-melt systems, the nature of the ionic-
covalent interactions among the constituent particles
is important and can influence strongly both the liquid
state transport properties and the glass transformation
phenomena. For this reason, systems in which changes
in ionicity can be brought about by straightforward
composition changes (e.g., ZnCl2+ KC1) are of special
interest and have recently received some attention.G58

The glass-forming molten acetates can also provide a
bridge between essentially polymeric and ionic systems,

and evidence for this is discussed in this paper. Thus,
Bartholomew, et al.,bi have shown that there exists a
wide range of glass compositions, and these embrace
cations of widely different chemistries. This range in-
cludes (i) single-component systems, e.g., LiOAc or
Pb(OAc)2, and (ii) various mixtures, e.g., KOAc-Ca-
(OAc)2 and KOAc-Pb(OAc)2 Of particular interest
are the two-component systems based on lead acetate,
since it is possible that major changes in glass structure
with composition can be detected spectroscopically.
The spectra of transition metal ions can provide such
insight into the structure of glasses.@89 In this inves-
tigation cobalt(l1) is used as a spectroscopic probe to
distinguish different types of acetate glass. On the
basis of the structural models proposed, a comparison
is made between the acetate and nitrate glasses and
further work in the acetate system is suggested.

(1) (@ A. P. Rostkowskii, Zh. Obshch. Khim., 62, 2055 (1939); (b)
E. Thilo, C. Wieker, and W. Wieker, Silikat Tech., 15,109 (1964).

(2) 1. Schulz, Naturwissenschaften, 14,536(1957).

(3) (@ T. Forland and W. A. Weyl, J. Amer. Ceram. Soc., 33, 186
(1950); (b) M. D. Ingram, J. A. Duffy, and S. M. Forbes, J. Appl.
Electrochem., 1, 53 (1971).

(4) C. A. Angell, 3. Amer. Ceram. Soc., 48, 540 (1965).

(5) (@ A. Lehrman and P. Skell, J. Amer. Chem. Soc., 61, 3340
(1939); (b) J. A. Duffy and M. D. Ingram, J. Amer. Ceram. Soc., 52,
224 (1969); (c) R. F. Bartholomew and H. J. Holland, ibid., 52, 402
(1969) ; (d) R. F. Bartholomew and S. S. Lewek, ibid., 53, 445
(1970) .

(6) (a) C. A. Angell, ibid., 51, 117 (1968);
Wong, J. Chem. Phys., 53, 2053 (1970).

(7) C. A. Angell and C. T. Moynihan in “Molten Salts, Characteriza-
tion and Analysis,” G. Mamantov, Ed., Marcel Dekker, New York,
N. Y., 1969, pp 315-376.

(8) (&) J. R. Moyer, J. C. Evans, and G. Y.-S. Lo, J. Electrochem.
Soc., 113, 158 (1966); (b) C. A. Angell and D. M. Gruen, J. Phys.
Chem., 70, 1601 (1966) ; (c) C. A. Angell and D. M. Gruen, J. Inorg.
Nucl. Chem., 29, 2243 (1967).

9 (@ J. A. Duffy and M. D. Ingram, J. Chem. Soc. A, 398 (1969);
(b) M. D. Ingram and J. A. Duffy, 3. Amer. Ceram. Soc., 53, 317
(1970).

(b) C. A. Angell and J.
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Experimental Section

Materials. Both reagent grade and AnalaR chem-
icals were used after drying in vacuo at 100° and with-
out further purification. The purity and dryness of
the solids were checked by determination of the melting
point and the values obtained (LiOAc, 285°, KOAcC,
304°; Pb(OAc)2 203°) were found to be in good agree-
ment with published values. D

Glass Preparation. In the Pb(OAc)2KOAc¢ and
Pb(OACc)2LiOAc systems, glasses were prepared con-
taining up to 60% KOAc and 67% LiOAc, respectively,
and it was also possible to prepare a pure LiOAc glass.
To confirm that the “glasses” were not supercooled
liquids, experiments performed with a Dupont 900
differential thermal analyzer confirmed the occurrence
of a glass transition above room temperature in each
case. The values of the glass transition temperature,
Tg, were reproducible to +2° for different glasses of the
same composition.

Care is required in preparing glasses suitable for spec-
troscopic study. First, decomposition occurs if the
glass-forming mixture is allowed to overheat, and sec-
ond, some of the glasses are hygroscopic. Several tech-
niques were tried, but it was found that these difficulties
could be minimized by preparing the glasses inside Py-
rex test tubes using gentle heating from a cool Bunsen
flame. In general, it was found most convenient to
prepare an intimate mixture of the components before
melting. For one composition, Pb(OAc)2KOAc (3:2
mole ratio), a melt vras not obtained from the above
procedure, and it appeared that potassium acetate crys-
tals were catalyzing the decomposition of the lead ace-
tate. Successful melting was achieved by keeping the
components in separate layers and allowing potassium
acetate to dissolve directly into the lead acetate melt.
The glasses were stored in a desiccator.

Spectroscopic Study. Spectra weére recorded on a
Unicam SP 700C spectrophotometer. Owing to the
number of spectra which were required, and because of
the limited life of optical cells when used for quenching
acetate melts, the spectrophotometer was adapted so
that it Would record spectra of glasses in 12 X 75 mm
Pyrex or silica test tubes.

Glass densities (required for the calculation of mo-
larities) were measured with a Beckman Air Compari-
son pycnometer.

Results and Discussion

A. Spectroscopic Measurements. Spectrophoto-
metric data for cobalt(ll) in glasses in the Pb(OAc)2
KOAc, Pb(OAc)2LiOAc, and Pb(OAc)2NaOAc sys-
tems are included in Table I. For each glass composi-
tion, four spectra were obtained with varying concen-
trations of cobalt(ll), and the average extinction coeffi-
cients were calculated. In a previous study@ it was
noted that when cobalt(l1) acetate was used low values
for the extinction coefficient were obtained (probably
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fable |
Glass
composition Density,
(mole ratio) kg I.-* »max. kK ‘maxl
Pb(OAc)2KOAe system
1:0 3.22 7.2 8
18.4 35
3:1 3.00 7.2 15
17.8 85
18.8 sh
3:2 2.70 7.6 21
17.6 155
18.8 sh
1:1 2.60 7.6 30
17.6 255
18.8 sh
2:3 2.36 7.8 36
17.6 300
18.8 sh
Pb(OACc)2LiOAc system
1:1 2.69 7.2 9
17.8 55
18.6 sh
1:2 2.19 7.2 11
17.8 80
18.6 sh
0:1 1.25 7.5 15
17.8 125
19.0 sh
Pb(OAc)2NaOAc system
1:1 2.50 7.4 22
17.6 185
18.8 sh
Ca(OAc)2KOAc system
2:3 1.57 7.2 30
17.6 180
18.8 sh
LiOAc-NaOAc system6
4:3 1.40 7.2 30
17.6 180
18.6 sh

[Co(CF3C024]2_ in acetonitrile”

7.1 30
17.4 180
18.8

“ The values of emal were reproducible to +5%, but an ap-
parent dependence of absorbance on experimental variables in-
cluding the quench rate makes the absolute accuracy difficult to
assess. 1Seeref9a. c Seeref 11

due to a decomposition reaction), and so in this investi-
gation cobalt(ll) was added as CoCIl2-6HZ. Check
experiments revealed that identical spectra were ob-
tained with addition of anhydrous CoCl2 CoS04-7H2,

(10) (@) A. Lehrman and E. Leiper, J. Amer. Chem. Soc., 60, 142
(1938); (b) E. J. Pochtakova, Russ. J. Inorg. Chem., 10, 1268 (1965);
(c) M. Braghetti, D. Leonesi, and P. Franzosini, Ric. Sci., 38, 116
(1968).
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FREQUENCY (kK)

Figure 1. Spectra of cobalt(ll) in lead acetate-potassium
acetate glasses. Percentages of potassium acetate are as
follows: A, 0%; B, 25%; C, 40%; D, 50%; E, 60%.
Note: 1kK = 1000 cm-1.

and Co(N032-6H2, and so interference from the trace
anion can be discounted.

Lead Acetate-Potassium Acetate System. Figure 1
shows the spectrum of cobalt(ll) in lead acetate glass,
and the changes brought about by a progressive increase
in the potassium acetate content. (Below 7.5 kK the
spectra are shown as dashed lines because of regions of
nontransparency in the glasses.)

Curve A is the spectrum in pure lead acetate glass
and may be tentatively assigned to an octahedral en-
vironment. However, the spectrum differs from that
of cobalt(ll) in glacial acetic acid (previously assigned
to octahedral coordination).9" For example, in the vis-
ible region the absorption maximum is at 18.4 kK in-
stead of at 19.1 kK, and the extinction coefficient is 35
instead of 17. This pattern of data is very similar to
that found in changing from sulfuric acid to a sulfate
glass.® It seems reasonable to advance here a similar
explanation, namely that in the glass some of the ace-
tate ions in the coordination sphere of the cobalt(ll)
are acting as chelating ligands.

Curves B to E show the growth of bands correspond-
ing to a new cobalt(ll) species with tetrahedral sym-
metry as potassium acetate is added. The spectrum of
this species (e.g., curve D) is nearly superposable with
that of cobalt(ll) in the LiOAc-NaOAc glass,9' and
also with that of the complex anion [Co(CF300)4]2_
(see Figure 2),11 and it seems reasonable to infer the
presence of the species [Co(OAc)4]2~ in the glass.
Over the range of compositions studied, the molar ex-

Figure 2. Spectra of “aeetato”-cobalt(ll) complexes.
Spectrum---——- is for [Ph4As]2[Co(CF3C00)4 in MeCN;
spectrum---—-—-- is for cobalt(ll) in

Pb(OACc)2KOAc (1:1) glass.

tinction coefficients of both spectral bands continued to
increase with added potassium acetate, and so it is not
possible to say when conversion into the [Co(OAc)4]2~
complex ion is complete. However, since the extinc-
tion coefficients in the glasses D and E (Figure 1) are in
fact greater than the corresponding values for the
[Co(CFX0O0~)4]2~ complex in acetonitrile, it seems
reasonable to conclude that in the “high-alkali” acetate
glasses, conversion into the [Co(OAc)4]2_ complex is
substantial. The difference caused by replacing CF3
COO~ by CH3OO_ is difficult to assess, but it is note-
worthy that the spectrum of cobalt(ll) in CFTOOH is
little different from that in CH3OOH.%a

Lead Acetate-Lithium Acetate System. Figure 3
shows the spectrum of cobalt(ll) in lead acetate glass
and the corresponding changes brought about by addi-
tion of lithium acetate. The changes are very similar
to those induced by the addition of potassium acetate,
but the spectrum assigned to the [Co(OAc)4]2~ species
grows more slowly.

Comparison of Lead Acetate-Alkali Metal Acetate
Systems. It is possible to compare the extent of for-
mation of the complex [Co(OAc)4]2~ in different
glasses by comparing the molar extinction coefficients
of the band maxima at 17.6 kK. For three glasses,
Pb (OAc)2LiOAc, Pb(OAc)2NaOAc, Pb(OAc)2KOAc
(each in 1:1 mole ratio), the extinction coefficients

(11) J. G. Bergman and F. A. Cotton, Inorg. Chem., 5, 1420 (1966).
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Figure 3. Spectra of cobalt(ll) is lead acetate-lithium acetate
glass. Percentages of lithium acetate are as follows: F,

0%; G, 50%; H, 67%; and I, 100%.

have values of 55, 185, and 255, respectively. The
order of effectiveness of the alkali metal acetates in
producing the [Co(OAc)4]2_ complex is thus lithium <
sodium < potassium.

B. lonic-Covalent Interactions. It is apparent that
acetate glasses can provide two distinct types of en-
vironment for the Co2+ cation. In pure lead acetate
glass, cobalt(ll) occupies approximately octahedral
sites whereas in other acetate glasses, the [Co(OAc)4]2_
complex anion is present to an extent which depends on
glass composition (see Table I). In the Pb(OAc)2
KOAc system, a well-defined octahedral-tetrahedral
change is observed, and this can be represented sche-
matically by the equation

~ KO

Co2+ - n

(octahedral sites)
Pb(OAc)2glass

[Co(OAC)4]2
(tetrahedral sites)
KOAc-Ph(OAc)2glasses

The spectra do not indicate whether this change occurs
via a two-species equilibrium or a continuous distortion
mechanism.

The significance of this coordination change is evi-
dent, if reference is made to analogous changes found in
chloride melts2 andborate glasses.l3 These may be
summarized as

TCCM

Co2+ —n [CoCl4]2-
(octahedral sites) (tetrahedral complex)
A1Z16 melt KCI-AICb (> 1:1) melt
Co2+ [Co04]6-
(octahedral chromophore) (tetrahedral
B2 3 glass chromophore)

K2D-B2D3(3:7) glass

In both cases, cobalt(ll) changes from octahedral to
tetrahedral coordination as the ionicity of the glass or
melt increases, and indeed this effect seems to be quite
general for transition metal ions in oxidation state +2.14
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It can be concluded, therefore, that there is appreciable
covalent bonding in lead acetate glass and that its
structure differs qualitatively from the ionic structure
present in the other acetate glasses. In short, the
failure to detect the [Co(OAc)4]2~ species in lead ace-
tate glass indicates the absence of “free” acetate ions.

The covalent nature of lead acetate glass is in accor-
dance with the observed tendency towards glass forma-
tion, since in a single-component melt it is difficult to
understand the suppression of crystallization processes
unless polymeric species are present. The presence of
such polymeric species is not surprising in view of the
known power of acetate to act as a bridging ligand,b
and the “polymers” must be polynuclear [Pb(OAc)2lK
complexes. These polynuclear species might be either
chains or three-dimensional networks, but in view of
the low Tg value, it is tempting to draw an analogy
with vitreous boric oxide and to postulate a random
network containing a high proportion of ring systems.%
The increase in ionicity on addition of KOAc (and to a
lesser extent NaOAc and LiOAc) to Pb(OAc)2 glass
can thus be understood in terms of the breakup of [Pb-
(OAc)2IKgroups and the concurrent formation of dis-
crete complexes, possibly [Pb(OAc)3]-or [Pb(OAc)4]2-~.

With reference to the spectrum of cobalt(ll) in pure
lithium acetate glass, it is apparent from the band
maximum at 17.6 kK that the [Co(OAc)4]2_ species is
present but the low molar absorbance is evidence either
for distortion of the complex or presence of octahedrally
coordinated cobalt(ll) (which has low absorbance).
There is probably some polymeric character in lithium
acetate glass, but there is less covalency than in the lead
acetate glass.

It is instructive also to make a comparison between
glasses containing lead(ll) and calcium(ll). The
extinction coefficient of the band maximum at 17.6 kK
is higher in a Pb(OAc)2KOAc glass than in the corre-
sponding Ca(OAc)2KOAc glass; for 2:3 mole ratio
glasses, the values are 300 and 180, respectively. This
observation is interesting, since it might be taken as
indicating greater ionicity in glasses containing lead(ll)
as compared with calcium(ll). However, as mentioned
above, in the “high-alkali” lead(ll) glasses the stoichi-
ometry permits the formation of [Pb(OAc)s]~ and
[Pb(OACc)4]2~ complexes, and these are likely to be
both more stable and more covalent than the corre-

(12) H. A.Oye and D. M. Gruen, J. Inorg. Chem., 4, 1173 (1965).

(13) (@) M. A. Aglan and H. Moore, J. Soc. Glass. Technol., 39, 351T
(1955); (b) B. F. Dzhurinskii, lzv. Akad. Nauk SSSR, Neorgan.,
Mater., 1, 272 (1965); (c) A. Paul and R. W. Douglas, Phys. Chem.
Glasses, 9, 21 (1968).

(14) (a) T. Bates in “Modern Aspects of the Vitreous State,” Vol.
2, J. D. Mackenzie, Ed., Butterworth, London, 1962, pp 145-254;
(b) W. E. Smith, J. Brynestad, and G. P. Smith, J. Amer. Chem.
Soc., 89, 5983 (1967).

(15) (a) C. Oldham in “Progress in Inorganic Chemistry,” Vol. 10,
F A. Cotton, Ed., Wiley, New York, N. Y., 1968, pp 223-258;
(b) R. W. Brandon and D. V. Claridge, Chem. Commun., 677 (1968).

(16) J. Krogh Moe, J. Non-Cryst. Solids, 1, 269 (1968).
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sponding Ca2+containing species. In short, the polariz-
ing power of the Pb2+ ion is effectively screened by
complex formation, and the remaining acetate ions
in the glass are essentially free to coordinate with the
Co2+ probe cation. In contrast, the interaction be-
tween Ca2+and (OAc-) ions is less specific; moreover,
the coordination number of Ca2+ may be higher than
that of Pb2+ and so all the acetate ions in the glass may
be modified to some extent. It is to be expected there-
fore that the long-range coulombic forces, which are
largely responsible for the cohesive energy of the glass,
will be less in Pb(OAc)2KOAc than in corresponding
Ca(OAc)2KOAcC systems.

C. Glass Transition Temperatures.
for awide range of acetate glasses are listed in Table II,
together with comparable data obtained by Bartholo-
mew.T7 It is apparent that the present Tg values are
some 12-15° higher than those previously reported.
The data appear to be reliable since the melting points of
LiOAc and Pb(OAc)2 recorded on the D.T.A. trace
agreed satisfactorily with directly determined values
(as is also true for Bartholomew’s data). Furthermore,
the same heating rate (10°/min) has been used in both
investigations. The discrepancy in Tg values appears,
therefore, to be genuine and may arise from a difference
in the technique of sample preparation. In the present
experiments, the glasses were melted in the D.T.A.
capillaries and quenched in situ, whereas Bartholomew

Table 11
Cation
potential
Glass ZVidii
composition Tg, °C Tg. "K 7
LiOAc-NaOAc system
1:0 134(121") 407 (394") 1.68
113 386 1.63
3:1 92 365 1.52
2:1 84 357 1.47
4:3 77 (62") 350 (335) 1.41
Ca(OAc)2-KOAcC system
1:1 110 383 1.39
2:3 100 373 1.26
1:2 100(87%) 373 (360%) 1.17
LiOAc-Pb(OAc)2system
1:0 134 407 1.68
2:1 53 326 1.63
1:1 50 323 1.57
0:1 44 317 1.52
25 OoNc -KOACc system
1:0 44 317 1.52
3:1 42 315 1.33
1:1 53.5 326.5 1.14
2:3 48 321 1.06
“ See ref 16a.

Values of Tg
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Figure 4. Composition dependence of Tgin acetate and nitrate
glasses. Selected acetate systems: (i) O, LiOAc-NaOAc;

(ii) A, Ca(OAc)2KOAe; (iii) =, Pb(OAc)2KOAc. Nitrate
systems:  ------- , Ca(N032KNO03; ------ ,, CA(N032TINO3

used powdered samples,Ib and thus some annealing
could have occurred.

To display the general pattern of data, selected values
of Tg are plotted (in Figure 4) vs. the mean cationic
potential of the glass, 21Vsz-jr-,, where the symbols have
their usual meaning.l8 For comparison, straight-line
plots of data for the KN03Ca(N032 and T1NO3
Cd(N032systems taken from Figure 6, ref 7, are in-
cluded in the diagram. The acetate systems differ
somewhat in behavior, and it is convenient to consider
briefly each in turn.

LiOAc-NaOAc System. The Tg values, curve i,
increase almost linearly with cationic potential and lie
close to the linear extrapolation of the data from the
KNO03Ca(N032system. This seems to indicate the
presence of simple ionic species in these acetate glasses.

KOAc-Ca(OAc)2 System. Tgvalues in this system,
curve ii, are higher than Tg values of corresponding
glasses in the KNO03Ca(N032 system. No satis-
factory explanation for this can be advanced, but it
may be related to more efficient packing geometries in
the acetate glasses.

KOAc-Pb(OAc)2 System. The behavior of this
system, curve iii, is noteworthy in two respects: (i)
The Tgvalues do not increase uniformly with increasing
cation strength but exhibit a slight maximum at the
equimolar composition; and (ii) Tgvalues are in general
noticeably lower than for the corresponding Ca(OAc)2
KOACc glasses.

Both these effects can be explained in terms of the
structural model for acetate glasses developed in the

(17) (@ R. F. Bartholomew, J. Phys. Chem., 74, 2507 (1970); (b)
R. F. Bartholomew, private communication.

(18) C.A. Angell, /. Phys. Chem., 68, 1917 (1964).
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preceding section. Thus, if lead acetate glass consists
partly of ring structures, the cohesive force will be low
and Tgwill be low. Addition of alkali acetate leads to
production of discrete charged complexes, e.g., [Pb-
(OAQ3]_, and the resulting enhancement of ionic
interactions causes the observed maximum in the Te
curve. Further addition of alkali acetate produces
only a minor effect. (See also ref 7, pp 366, 367.)
However, even in the “high-alkali” acetate glasses,
covalent bonding within the [Pb(OAc)3]~ and [Pb-
(OAc)4]2™ complexes leads to partial neutralization
of the charges on the Pb2+ and (OAc)~ ions, and the
cationic potential of the glass is therefore less than the
value expected from XNiZi/ri. The present authors
understand this “charge neutralization” effect to be a
very general phenomenon in glasses and molten salts;
this point will be discussed in future papers.

It is also possible that the lower Tg values in the
Pb(l11) containing acetate glasses and in the TINOs-
Cd(N032 glasses may be related to the high atomic
weights of the constituent atoms. Thus Angell7 has
suggested that the glass transition temperature is
equivalent (or nearly equivalent) to the Debye tem-
perature in amorphous systems, and therefore an in-
verse square root dependence on effective masses is to be
predicted. However, more recently Schnaus, et al,,19
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have demonstrated for a series of glasses (As2 3 ASZXS3
AsSe3 AsXSelbrei.j that 0D shows the expected mass
dependence but Tg does not. On balance, it seems
more satisfactory to correlate apparently “low” Tg
values with charge neutralization effects.

D. General Conclusions.
that acetate glasses vary considerably in ionic-covalent
character. Whereas the pure lead acetate system is
appreciably covalent, at the other extreme the mixed
lithium acetate-sodium acetate glasses are essentially
ionic and are closely related to the nitrate glasses.
When the problem of chemical instability in acetate
melts is overcome, these systems will offer promising
opportunities for examining changes in transport be-
havior which accompany major structural changes in the
liquid state.
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The uptake by Bio-Rad AG1-X4 anion resin of LiCl and of solvent from isopropyl alcohol-water solutions has

been measured.

As with dioxane-water solutions, the resin selectively absorbs water.

The values of the

distribution ratios, D, for tracer ReCh-, |-, Br~, and F- with macro Cl- concentrations was determined as a
function of alcohol mole fraction, as was also D vs. acetone mole fraction for tracer Re04_, Br~, and F~. The
distribution ratios for the larger anions decreased with increasing solvent mole fraction, while those for F~

increased.
complex anions is also indicated.

Introduction

A previous paper has discussed the anion-exchange
selectivity shown by (organic) ion-exchange resins with
water-dioxane solutions.2 Experimentally, the selec-
tivity dropped markedly with an increase in dioxane
content, so that by 50% mole fraction dioxane, the ratio
of the distribution coefficients of I~ to F~ was only
~4, instead of the ~100 in water alone. That paper

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

For reasons discussed in the text this is expected to be a general phenomenon.

The behavior of

pointed out, as is generally recognized, that -water is a
much better solvating agent for anions than is dioxane,

(1) (@ Work supported under the auspices of the U. S. Atomic
Energy Commission; (b) Summer visitor, 1967, NSF College Teach-
ers Research Participation Program; permanent address: Cabrillo
College, Aptos, Calif; (c) Summer visitor, 1970, Undergraduate
Research Participation Program; (d) Present address: The Re-
search Institute for Iron, Steel and other Metals, Tohoku University,
Ooarai-machi, Ibaragi-Ken, Japan.

It has been established
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for a number of reasons.3-6 Thus, anions would com-
pete to follow the distribution of water between the
resin and external phases, and the smaller, more basic
anion, which stands to gain the most in solvation en-
ergy, would win and push the other larger, less basic
anion into the dioxane-rich phase. Since it was also
found that the resin phase took up water in preference
to dioxane, this means that the smaller anions, which
strongly favor the external phase with dilute aqueous
solutions, should prefer that phase less and less as the
proportion of dioxane increases. This is just what was
observed.

But if this idea has validity, it would be interesting
to compare the behavior of the same anions and resin
when using mixtures of water and a hydroxylic solvent,
such as an alcohol. Certainly a less marked decrease
in selectivity with increasing organic-solvent mole frac-
tion should be expected than was the case with dioxane,
for the alcohol molecule can hydrogen-bond to an anion
and so offer it better solvation, though still not as com-
plete as with water. Isopropyl alcohol was chosen for
this study.

Experimental Section

Reagents. The anion-exchange resin used was the
same Bio-Rad AG1-X4, 100-200 mesh, employed in the
previous study.2 Its capacity and water uptake were
4.04 mequiv and 1.73 g, respectively, per gram of dry
Cl“-form resin. The isopropyl alcohol used was
Matheson Coleman and Bell, spectral grade, and the
acetone was Baker and Adamson, reagent grade. The
LiCl was Baker and Adamson, reagent grade; a sat-
urated solution was made, filtered, diluted, and ana-
lyzed with standard AgN 03using dichlorofluorescein as
indicator. The 8Br_ and 18ReOi“ tracers were pre-
pared by neutron irradiation of LiBr and KRe0O4at the
Vallecitos Reactor. The 18*“ tracer was prepared by
the 1 (a,d)1d reaction on conductivity water at the
Lawrence Berkeley Laboratory 8<S-in. cyclotron. The
@Fe tracer was purchased from New England Nuclear
Corp. as Fem in dilute HC1.

Procedure. The uptake by the resin of isopropyl
alcohol and water from solutions of varying composi-
tion was determined in the same manner as previously,2
using the index of refraction of the solutions to deter-
mine their composition.

The ion invasion of the resin by 0.010 M LiCl in the
solutions of different alcohol mole fraction was studied
in the same manner as previously,2including making a
correction for liquid adhering to the outside of the resin
beads by using an equal volume of glass beads of 170-
230 mesh.

The distribution measurements were made by batch
experiments as before,2 except that 60-ml glass-stop-
pered bottles were used. The value of the distribution
ratio, D, is given by
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[(counts/min) initiai —
N IXA]
[X-1

(counts/min)equii][volume of solution]
(counts/min)equi X
[g of dry CI“-form resin]

(1)
Results and Discussion

Solvent Uptake. It can be seen in Figure 1that above
an external-phase mole fraction of ~0.07 isopropyl al-
cohol, this strong-base resin in the CI* form prefer-
entially takes up water into the resin. In the very
dilute alcohol region, isopropyl alcohol is somewhat
preferentially absorbed. Both of these results are in
agreement with earlier studies on alcohol uptake by
other investigators.67 At this time it is hard to give a
detailed explanation for this behavior, but we believe
the following description is essentially correct.

The dominating feature of the solvent uptake from
aqueous solutions of dioxane and of isopropyl, n-propyl,
ethyl, and to a smaller extent, methyl alcohols is the
preferential absorption of water by the strong-base
resin. Since it requires more work to place charges in
the aqueous-organic mixture (of lowered bulk dielectric

Mole fraction isopropyl alcohol (solution)

Figure 1. The isopropyl alcohol mole fraction in the resin
(left-hand ordinate scale) and total uptake of solution, g/g of
dry resin, (right-hand scale) vs. the isopropyl alcohol mole
fraction in the equilibrium solution. The resin is Bio-Rad
AG1-X4 in CI- form.

(2) C. H. Jensen and R. M. Diamond, J. Phys. Chem., 75, 79 (1971).

(@) (a) E. Price, “Solvation of Electrolytes and Solvation Equilibria,”
in “The Chemistry of Non-Aqueous Solvents,” Vol. I, J. J. Lagowski,
Ed., Academic Press, New York, N. Y., 1966; (b) E. Grunwald, G.
Baughman, and G. Kohnstam, J. Amer. Chem. Soc., 82, 5801 (1960).

(4) A. J.Parker, Quart. Rev., Chem. Soc., 16, 163 (1962).
(5) D.Feakinsand D. J. Turner,./. Chem. Soc., 4986 (1965).
(6) Y. Marcus and J. Naveh, J. Phys. Chem., 73, 591 (1969).

(7) H. Rttckert and O. Samuelson, Acta Chem. Scand., 11, 303
(1957).
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constant) than in the original aqueous system, there is
an increase in the electrostatic free energy of the system
when water molecules are replaced by the organic mole-
cules. Upon addition of solvent, the resin phase will
suffer a much larger electrostatic free-energy increase
than the external phase, because it has a high concen-
tration of charge while the external solution is usually
dilute, or may not have any electrolyte present at all.
Water and the organic diluent distribute in such a way
as to minimize this increase in free energy for the whole
system, and clearly, this can best be done if the solvent
that can provide the best electrostatic solvation moves
preferentially into the resin phase. Molecules with the
largest bond dipole moments and with the smallest size,
so as to furnish the largest number of moments per unit
volume, will provide the maximum of such solvation to
the resin-phase ions. In comparison to most of the
usual polar organic solvents, water, with a dipole mo-
ment of 1.85 D8and a small molar volume (18 ml), is by
far the best solvating agent. So with increasing or-
ganic-diluent mole fraction, the resin phase preferen-
tially takes up water rather than diluent, thus mini-
mizing the electrostatic free energy of the concentrated
resin phase and of the system as a whole.

It should also be noted that the free energy of short-
range chemical solvation ordinarily leads to the same
conclusions. Water molecules usually provide anions
with the best hydrogen-bonded first-shell coordination;
small highly charged anions obtain additional solvation
by means of additional shells of oriented water mole-
cules. Since the concentration of counteranions is
greater in the resin phase than in the dilute external
solution, we would expect (from chemical solvation) a
preferential uptake of water in the resin phase, the de-
gree of uptake depending on- the type of counterion.
Therefore we might anticipate (1) the smaller CI- to
require more water in the CR-form resin than C104~ in
the C104 -form resin; (2) F~- or OH- - or polyvalent
anion-form resins (those greatly in need of hydration)
to be very selective in water uptake; and (3) resins con-
taining large singly charged anions such as AuBr4 to
be much less selective, or even to prefer polar organic
solvents with large dipole moments. The first expecta-
tion has been observed,67the second has been substan-
tiated by work with OH- -form9and S04--form7resins,
and the third has yet to be tested.

It remains to explain the behavior at very low alco-
hol mole fraction, where the resin shows a small prefer-
ence for the alcohol over water. We believe this is due
to the difference of the water structure in the two
phases. In the external solution of nearly pure water
the hydrocarbon tail of the alcohol interacts with the
hvdrogen-bonded water structure about as any hydro-
carbon would, namely it tends to be pushed out of the
way of the water structure into the less highly hydrogen-
bonded structure in the resin phase.l0 That is, the
presence of the hydrocarbon tightens up the water
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structure around it lowering both the enthalpy and the
entropy of the water.11'2 In the resin phase, the water
structure is much less complete, due to the high concen-
tration of ions there and to the fact that the resin ma-
trix itself occupies about half of the volume, forcing the
water into small layers and pores having at least one
dimension of the order of only a few angstroms. Be-
cause there is less water structure for the organic mole-
cules to counter in the resin phase, positive values of
AH and TAS should accompany their transfer from the
aqueous into the resin phase, and the larger value of
TAS should be the driving force,13 just as with their
transfer from an aqueous to an organic diluent
phase. 1?2 The value of TAS should be larger, the
larger the hydrocarbon tail. We believe this is the
origin of the initial preferential uptake of alcohol by the
resin, and the uptake does seem to be larger, the larger
the alcohol. As the proportion of organic diluent is in-
creased, however, the three-dimensional hydrogen-
bonded water structure of the external phase is de-
stroyed, both because the organic molecules occupy
space (just like the resin matrix), and because the alco-
hol or dioxane molecules themselves can hydrogen-bond
to water but form a much less extensive three-dimen-
sional network. The main effect quickly becomes that
of solvating the much higher concentration of ions in
the resin phase, as described earlier, and a marked resin
preference for water then shows.

Supporting evidence for the point of view expressed
in the previous paragraph can be extracted from a study
of ion-exchange resin separations of carboxylic acids by
Davies and Owen¥ and from a study by Reichenberg
and Wall¥6on the absorption of such acids and of alco-
hols by ion-exchange resins. They found that methyl,
ethyl, and propyl alcohols and formic, acetic, propionic,
butyric, and phenylacetic acids were absorbed by resins
from aqueous solution, sometimes to well beyond the
resin capacity and in order of increasing size. This be-
havior was attributed mainly to van der Waals inter-
actions in the resin phase. But we believe the fact that
the absorption decreases when dioxane is added to the
system rules out the importance of such interactions in
the resin phase (except for effects of the ir electrons in

(8) “Handbook of Chemistry and Physics,” R. C. Weast and S. M.
Selby, Ed., Chemical Publishing Co., Cleveland, Ohio, 1966, p 61.

(9) E. Sjostrom, L. Nykanen, and P. Laitinen, Acta Chem. Scand.,
16, 392 (1962).

(10) B. Chu, D. C. Whitney, and R. M. Diamond, J. Inorg. N'ucl.
Chem., 24, 1405 (1962).

(11) D. D. Eley, Trans. Faraday Soc., 35, 1421 (1939).
(12) H. S. Frank and M. W. Evans, J. Chem. Phys., 13, 507 (1945).

(13) We are not aware of thermodynamic measurements of anion
exchange involving an organic (hydrophobic) ion, but the free ener-
gies, enthalpies, and entropies of the cation exchange of sodium and
tetraalkylammonium ions have been determined [G. E. Boyd and
Q. V. Larson, J. Amer. Chem. Soc., 89, 6038 (1967)] and with the
larger alkylammonium cations the entropy term is dominant.

(14) C.W. Davies and B. D. R. Owen, J. Chem. Soc., 1681 (1956).
(15) D. Reichenberg and W. F. Wall, ibid., 3364 (1956).
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aromatics); we would not expect the presence of or-
ganic molecules mainly in the external phase to decrease
the effect of van der Waals interactions in the resin
phase. But if the absorption of alcohol or carboxylic
acid is caused by rejection by the water structure in the
external phase, it follows that the absorption would de-
crease with addition of organic diluent, as the diluent
does destroy the water structure. This is precisely the
unidentified factor mentioned by Reichenberg and
Wall as necessary to explain why the order of the acid
absorption reverses with increasing organic acid con-
centration.

Finally it should be mentioned that it is not neces-
sarily true that water molecules provide better solva-
tion for anions than all polar organic molecules. Form-
amide, A-methyXormamide, and dimethylformamide,
for example, have dipole moments of 3.37 D at 30° in
benzene,’6 3.86 D at 25° in benzene,7 and 3.86 D at
25° in benzene,Brespectively, compared to 1.85 D for
water. Although the effectiveness for electrostatically
solvating an anion may be more closely related to a
bond dipole moment and its steric availability than to
the overall molecular moment (and other important
factors in the total solvation of the anion include hy-
drogen bonding when the organic solvent is capable of
donating a proton, and dispersion force interactions
when it has delocalized orbitals), any one of the above
molecules may be more effective than water, on a 1:1
basis, in shielding an ion’s charge. Water, however,
has the advantage of the smaller molar volume, so that
more water dipoles can pack around the ion. Inside
Dowex 1 CR-form resin, these two factors must just
about balance out for formamide and water, as little
selectivity is shown in this case for distributing between
the external solution and the resin phase over the entire
range of diluent mixtures.6 Dimethylformamide
(DMF) cannot provide chemical (hydrogen-bonded)
solvation for small anions, as can water and formamide,
and is larger; it is discriminated against with respect to
water by the resin when small counterions are involved.
But when the resin form involves large, weakly basic
anions, such as C104~, which do not require much hy-
drogen-bonded solvation, then the large bond moment
and dispersion force interactions from the resonance

H H

0=C-N< ™ 0--C=N+<

can dominate the solvation, and DMF becomes even
slightly preferred by the resin phase.6

Although we did not determine the resin uptake for
acetone-water mixtures, we would predict, on the basis
of the reasoning given above, that our CR-form resin
would preferentially take up water, and possibly even
more strongly than with isopropyl alcohol, as the ace-
tone cannot chemically solvate (hydrogen bond to) the
Cl- counterions in the resin phase. For nearly pure
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water solutions, however, acetone might well be taken
up preferentially, as are the alcohols, and for the same
reason. Fragmentary data (two points) in the litera-
turel seem to indicate this behavior, and this is cer-
tainly true for uptake by a cation-exchange resin.D

Nonexchange Electrolyte Uptake. A plot of the LiCl
resin invasion in milliequivalents of CD per gram of
dry CR-form resin vs. the equilibrium external-phase
isopropyl alcohol mole fraction with a constant concen-
tration of 0.010 M LiCl in the external solution is shown
in Figure 2. The curve is somewhat similar to that
with dioxane,2but with increasing organic-solvent mole
fraction, the alcohol curve increasingly shows less resin
invasion by nonexchange electrolyte. This is likely
due to the higher dielectric constant of the alcohol-wa-
ter mixtures2l (also shown in Figure 2), for as a result,
there will be less ion pairing in that system. Since ion
pairs are not subject to the Donnan potential2 and so
to exclusion from the resin phase, to whatever extent
there is less ion pairing of LiCl in the resin phase with
alcohol-water mixtures over that with dioxane-water
solutions, the amount of resin invasion by LiCl will be
lower.

Anion Selectivity. Our basic premise, as with purely
aqueous systems, is that the ion which most needs solva-
tion (the smaller, more highly charged one) goes into
that phase which provides the better solvation, and in
the exchange pushes the other ion into the poorer sol-
vating phase.2102324 The primary exchange reaction
is

X-+ CR”™ X-+ CR (2)
with

_ (X )er ) _
X"ICl'~ (X-)(CR) ~

[X TICI jTrRXTLIiCI
[X-1[CR]7Lix7Rci

[X-]1[CR]
[X-1[CR]

[xX-1_
[X-]

[CR]
X'ICl~ [CR]

(16) W. W. Bates and M. E. Hobbs, J. Amer. Chem. Soc., 73, 2151
(1951).

(17) 1. P. Gol'dshtein, Yu. M. Kessler, Yu M. Povarov, and A. I.
Gorbanov, Zh. Strukt. Khim., 4, 445 (1963), as given in Chem. Abstr.,
59, 5894 (1963).

(18) M. H. Hutchinson and L. E. Sutton, J. Chem. Soc., 4382
(1958).

(19) D. G. Howery, G. Senum, and L. H. Madoff, Anal. Lett., 3,
483 (1970).

(20) C.W. Davies and B. D. R. Owen, J. Chem. Soc., 1676 (1956).
(21) G. Akerlof, J. Amer. Chem. Soc., 54, 4125 (1932).
(22) F. G. Donnan, Z. Phys. Chem. (Leipzig), A168, 369 (1934).

(23) C. H. Jensen and R. M. Diamond, J. Phys. Chem., 69, 3440
(1965).

(24) R. M. Diamond and D. C. Whitney, “Resin Selectivity in Dilute
to Concentrated Aqueous Solutions,” in “lon Exchange,” Vol. I,
J. Marinsky, Ed., Marcel Dekker, New York, N. Y., 1966.
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Figure 2. Uptake by the resin of nonexehange electrolyte
from 0.010 M LiClI vs. isopropyl alcohol mole fraction. The
left-hand ordinate scale is in milliequivalents of CI- per gram
of dry Cl_-form resin, and the resin capacity is 4.04 mequiv/g
of dry Cl_-form resin. Also shown is a plot of the dielectric
constant (right-hand scale) vs. the isopropyl

alcohol mole fraction.

where parentheses indicate activities and brackets in-
dicate concentrations.

For purely aqueous systems, solvation by water is
best in the dilute external phase, and so the smaller,
more highly charged, and more basic anions are held
there. This leads to the predicted resin selectivity
order, Auc li- > Re04~ = C104_ > 1- > Br- > Cl- >
F~, which is that observed experimentally. Now what
happens when the water in the system is gradually re-
placed by alcohol?
start with a simpler example than anion exchange,

To answer this, we may perhaps

namely the distribution of neutral hydrophilic organic

molecules. Samuelson and his coworkers25% have
found that polyhydroxy substances such as sugars and
polyalcohols distribute between the resin and the ex-
ternal solution, favoring the latter. These strongly
hydrating substances find the best hydration there
(just as do anions).

the system, the external-phase water mole fraction de-

But as alcohol replaces water in

creases more rapidly than that of the resin phase, so
the polyhydroxy molecules decreasingly prefer that
phase, and their uptake by the relatively water-rich
resin phase increases.
finds increasingly poorer solvation in the external phase

Similarly, a small, basic anion

as the organic mole fraction increases, and so its binding
to the external solution decreases and its distribution
into the resin increases. In an exchange, the distribu-
tion of the other larger, less basic ion (less in need of
solvation) must correspondingly decrease, leading to a
decrease in selectivity. It might be expected, however,
that the decrease in distribution ratios, D, for the larger

The Journal of Physical Chemistry, Vol. 76, No. 7, 197®

Figure 3. Plots of D vs. isopropyl alcohol mole fraction in the
solution for 0.010 M LiCl and the tracer anions: F~, v; Br~,
m; |-, =; and ReO(-, A.

Figure 4. Plots of D vs. isopropyl alcohol mole fraction in the
solution for 0.030 M LiCl and the same tracer anions and
symbols as in Figure 3.

anions (and increase in D for F~ when C |- is the macro-
anion) would be less severe with isopropyl alcohol than
with dioxane because the hydroxyl group of the former

(25) H. Rtickert and O. Samuelson, Acta Chem. Scand., 11, 315
(1957).

(26) M. Mattisson and O. Samuelson, ibid., 12, 1386 (1958); 12,
1395 (1958).
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Figure 5. Plots of D vs. isopropyl alcohol mole fraction in the
solution for 0.10 M LiCl and the same tracer anions and
symbols as in Figure 3.

can hydrogen bond to the (smaller) anions and partially
replace the chemical solvation lost with the gradual de-
hydration of the system. This would help to hold the
smaller anions in the external solution and so would
diminish the changes in D with increasing alcohol mole
fraction, when compared with dioxane solutions.
Inspection of Figures 3-5 giving plots (for 0.010,
0.030, 0.10 M LiCl) of D vs. external-phase alcohol mole
fraction show that the values of D for tracer Re04 ,
1", and Br_ fall with increasing alcohol content, while
that for F _ increases. Thus, the major result of adding
isopropyl alcohol is the same as adding dioxane, and we
think this is due, as already described, to the tendency
of the smaller, more basic anions to follow the distribu-
tion of water into the resin phase. However, it must
be noted that the values of the distribution ratios start
to fall with the first addition of isopropyl alcohol, even
though below an alcohol mole fraction of ~0.07 the
resin phase prefers the alcohol somewhat to water.
Possibly the water and organic molecules are not homo-
geneously distributed in the resin phase at low organic
mole fraction. The individual waters may tend to
cluster about the counterions and the resin-bound
charge sites, while the organic molecules fit around the
hydrocarbon matrix. Even though the stoichiometric
proportion of water in the resin phase is slightly less
than in the external solution, the small amount of or-
ganic solvent there may essentially act like a part of the
hydrocarbon framework and leave the immediate vi-
cinity of the resin-phase ions unchanged. Thus, the
addition of a few mole per cent solvent to the resin
phase would not greatly affect the solvation of resin-

phase ions there. But in the external phase, the addi-
tion of the same proportion of organic molecules to a
purely aqueous solution does decrease the secondary
solvation of the ions there, thus decreasing the selec-
tivity of the external phase for the smaller, more highly
hydrated anions.

A comparison of Figures 3-5 with the corresponding
figures in ref 2 for dioxane-water mixtures shows that
the differences in results with dioxane-water and isopro-
pyl alcohol-water mixtures are in the expected direction,
but to us, are surprisingly small. The D’s with alco-
hol solutions change almost as rapidly as with dioxane
mixtures, while we expected a significantly slower rate.
It is true that the dioxane curves are a little high (arti-
ficially) due to the larger nonexchange resin invasion
with that solvent. For in the batch experiments, the
invasion electrolyte comes from, and so diminishes, the
external solution LiCl concentration and this increases
D (eq 5). However, this is an effect of at most tens of
per cent for the dioxane solutions of ~0.5 mole fraction.
More importantly, the dielectric constant is lower for
dioxane-water mixtures than alcohol-water mixtures,
and so there is an increased possibility of ion pairing
with Li+. This will tend to hold CI- more firmly in
the external phase, leaving the larger ions in the resin.

This is certainly part of the explanation. Another
possibility involves an idea already in the literature.Z
The dioxane molecule normally exists in the chair form,
and consequently the two bond moments oppose each
other resulting in a small overall dipole moment, 0.45
D.28 But there is a small amount of the boat form in
the equilibrium mixture, and in this case the two bond
moments tend to add. In the Coulomb field of the ions,
the dioxane equilibrium is shifted toward the boat form,
and so the dioxane molecules around the ions can pro-
vide much better (dipole moment) solvation for anions
than would be expected from the properties (dipole
moment and dielectric constant) of bulk dioxane. Such
an idea has been used by HyneZ to explain the lower-
than-expected ion-pair formation of n-BufNBr in di-
oxane-water mixtures and was derived from similar
reasoning employed earlier by Ramsey and coworkers2
to explain the lower-than-expected ion pairing of n-
BuMN+C104 in 1,2-dichloroethane. Yet another pos-
sibility is that we have greatly overestimated the ability
of alcohol to hydrogen bond to small anions or the im-
portance of such bonding.

To try to distinguish among these possibilities, par-
ticularly the last, we did some experiments with ace-
tone-water mixtures. Acetone has a size, structure,
and dielectric constant similar to isopropyl alcohol, but
is missing the latter’'s hydroxyl hydrogen. As already

(27) J. B. Hyne, J. Amer. Chem. Soc., 85, 304 (1963).
(28) R. Sangewald and A. Weissberger, Phys. Z., 30, 268 (1929).

(29) Y. H. Inami, H. K. Bodenseh, and J. B. Ramsey, /. Amer.
Chem. Soc., 83,4745 (1961).
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mentioned, we did not determine the solvent uptake by
the resin for acetone-water mixtures, but almost cer-
tainly the anion-resin phase will take up water prefer-
entially for the same reasons that it does so for dioxane-
water and alcohol-water solutions (in fact, it appears
to do so019. |If the ability to hydrogen-bond to the
anions is an important feature of solvating them, as we
think, then the replacement of water by acetone in di-
lute solutions of LiCl should drive the smaller anions
into the resin phase more strongly than when using
isopropyl alcohol. Consequently, we would expect the
values of D for the larger anions to decrease more
sharply with increasing acetone mole fraction than with
isopropyl alcohol mole fraction and to increase more
rapidly for the small F-. The results for tracer Re04 ,
Br-, and F- with macro CIl- (the external solution is
0.010 M LiCl) are shown in Figure 6, and it can be seen
that these expectations are fulfiled. Apparently, ace-
tone cannot solvate the F- and CD aswell asisopropyl
alcohol; the ability of the latter solvent to hydrogen-
bond to anions makes a significant difference in the dis-
tribution ratios.

The problem that remains is why do the dioxane-
water mixtures yield intermediate results rather than
resembling the acetone solutions? But in fact, if one
observes carefully the low mole fraction region of Figure
6, it can be seen that for both Re04- and Br- tracers
the dioxane curves fall even more steeply than the ace-
tone curves out to a solvent mole fraction of ~0.2.
Then at higher mole fraction the curves for dioxane
tend to level off, coming between those for acetone and
isopropyl alcohol. This behavior indicates that diox-
ane solvates the small anions poorly, even more poorly
than acetone (due to its smaller dipole moment), as
originally expected, but that some other phenomenon
comes into prominence at higher proportions of dioxane
in the mixtures. We believe this latter effect is the re-
sult of ion pairing of the smaller anions with the lithium
cation in the external phase, since the dioxane-water
mixtures have considerably lower dielectric constants
than the corresponding alcohol- or acetone-water mix-
tures. Because the lithium cations are mainly in the
external phase, ion pairing with them tends to hold the
Cl- there; consequently, the values of D for Re04-,
I-,and Br- in dioxane-water mixtures tend to remain
higher than they would otherwise, as observed.

But as can be seen in Figure 6, the main effect of
adding any of the three organic solvents used (and for
the reasons given above we believe this to be a general
phenomenon) is to decrease the value of D for the larger,
less basic (than Cl-) anions and to increase it for the
smaller, more basic ones. As a result, the selectivity
coefficients become closer to unity (Re04 and Br—
actually reverse their order in acetone-water and di-
oxane-water mixtures), and separations become poorer.
This effect should be even more pronounced with anions
differing still more widely in size and basicity. Thus,

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

Mole fraction solvent

Figure 6. Plots of D vs. solvent mole fraction in the solution
for 0.010 M LiCl and tracer F~ (half-filled symbols), Br-
(filled symbols), and Re04~ (open symbols). Data from
isopropyl alcohol solutions are represented by triangles, from
acetone by squares, and from dioxane solutions by circles.

a larger, still less hydrated species than Re04 , such as
AuC 14 ,should show even a more marked decrease than
Re04 from the enormous distribution ratio it has in
aqueous solution. Qualitatively, this behavior is shown
in the work of Burstall, et al.,dwho have reported on
the very marked uptake and concentration of the cyano
complexes of gold and silver on anion-exchange resins,
and then the subsequent elution of these complexes
from the resin by acetone-aqueous HC1 solutions. An-
other example is furnished in a paper by Dobud, etal.,3l
where they show that the D for AuC%4 on Amberlite
IRA-400 from 4 M HCL1 falls by a factor of over 100 in
going from aqueous solution to ~0.25 mole fraction n-
propyl alcohol. This is certainly a larger drop than we
observe for Re04 . But the situation here is not so
clear because of the use of concentrated HC1 rather
than dilute LiCl. Two additional effects must be con-
sidered, both related to association of the H+ and CI-
ions. One is that in the resin phase (with a large CI-
concentration) some HC1 and HCL- will form;323 the
latter species especially will cause a decrease in the
value of D for AuC24-. This effect is now well known
in aqueous anion resin systems where the use of moder-
ately concentrated HC1 leads to much smaller D’Sthan
are obtained with similar concentrations of LiCl.32-35

(30) F. H. Burstall, P. J. Forrest, N. F. Kember, and R. A. Wells,
Ind. Eng. Chem,, 45, 1648 (1953).

(31) P. Dobud, H. M. Lee, and D. G. Tuck, Inorg. Chem, 9, 1990
(1970).

(32) B. Chu and R. M. Diamond, J. Phys. Chem,, 63, 2021 (1959).
(33) S. Lindenbaum and G. E. Boyd, ibid., 66, 1383 (1962).
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The other effect is that as the effective dielectric con-
stant in the external solution falls, the H+ and Cl~
associate.® That is, the activity of HC1 does not rise
as rapidly as that of the same stoichiometric concentra-
tion of LiCl with increase in organic-solvent mole frac-
tion.3 This makes the value of D for the other anion
(if less basic than CI-) larger than in LiCl. Thus, the
two effects just described tend to cancel in anion-resin
systems (but not in cation-resin systems). For ex-
ample, plots of D vs. isopropyl alcohol mole fraction for
tracer Br" from 0.20 M HC1 and 0.20 M LiCl (not
shown) are not greatly different; that for HC1 drops a
little below the one for LiCl above 0.3 mole fraction
alcohol.

In the paper on the exchange of AuCl4' from 4 M
HC1, already mentioned above,3l the bulk dielectric
constant was cited as a main parameter in explaining
the decrease in D with increasing organic solvent con-
tent, both because of increased ion association and be-
cause of decreased (positive) electrostatic free energy
of transfer of the smallest anion from the external solu-
tion to the resin phase. These certainly do have an
influence; the second result does lead to a decrease in
D and is encompassed in the change in free energy of
solvation of the ions with organic-solvent mole fraction
that we have discussed earlier. The first effect, how-
ever, leads to an increase in D for AuCl4" (because HC1
is surely more highly associated in the external solution
than is HAuCL) and so is in opposition to experiment.
In any case, a simple dependence on a bulk property
like the dielectric constant is not likely to be useful be-
yond a homologous family of solvents, since it is the
microscopic solvation properties that are important.
These are more complicated, being related to the effec-
tive bond moments and their spatial arrangement, the
dispersion-force interactions of mobile electrons such as
the 7 electrons in aromatics, etc. Examples in point
are the marked differences observed in this work with
acetone and isopropyl alcohol solutions, though they
have nearly the same bulk dielectric constants.

Finally, we can treat the situation in which a (labile)
complex anion must be produced as well as exchanged.
Plots of D vs. aqueous HC1 and aqueous LiC| are shown
in Figure 7 for Felll. At low CI" concentrations the
iron is mainly in cationic complexes, and so there is
little FeCh" present to exchange with the CI"-form
resin. As the CI" concentration increases, however,
the proportion of FeCl4" increases until this species is
dominant. If it were not for resin invasion by the con-
centrated aqueous electrolyte and other “nonideal” be-
havior, the maximum in the distribution curve would
represent the point where the average Felll species is
electrically neutral.38'40 Beyond that CI" concentra-
tion, the average iron species is anionic, and the de-
crease in D is due to the normal mass action effect on
an anion of increasing the CI" concentration. In re-
ality, resin invasion by the electrolyte may affect the
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Figure 7. Plots of D for tracer Felll vs. chloride molarity in
purely aqueous systems: LiCl, O; HC1, O.

peak position, as will other effects. In Figure 7, the
plot of D for aqueous HC1 falls increasingly below that
for LiCl at higher CI" concentration, due, as mentioned
earlier, to the formation of HC12" in the resin phase.
If now at a particular HC1 or LiCl concentration (below
that of the maximum in the curve), the water is grad-
ually replaced by an organic solvent, the activities of
the ionic species will (at least initially) increase and the
complexing equilibrium

Fe(HD)I3+ + 4C1" ~ FeCL" + rrH2

will be shifted to the right. This will occur because the
addition of the organic substance lowers the dielectric
constant and water activity of the solution, and the
product has a lower charge and less hydration than the
reactants (Le Chatelier’'s principle). Thus, above some
minimum CI" value, we would expect a maximum in
D for Felll to occur with an increase in organic mole
fraction at constant CI" concentration. The value of
D at this maximum would not necessarily be the same
as when varying the CI" concentration in an aqueous
system. If no additional effects are considered, the

(34) K. A. Kraus, F. Nelson, F. B. Clough, and R. C. Carlson, /=
Amer. Chem. Soc., 77, 1391 (1955).

(35) R. A. Horne, J. Phys. Chem,, 61, 1651 (1957); Y. Marcus and
D. Magdan, ibid., 67, 979 (1963).

(36) H.S.Harned and B. B. Owen, “The Physical Chemistry of Elec-
trolytic Solutions,” 3rd ed, Reinhold, New York, N. Y., 1958, p
452.

(37) G. Akerlsf, J. Amer. Chem. Soc., 52, 2353 (1930).
(38) S. Fronaeus, Sv. Kem. Tidskr., 65, 1 (1953).

(39) Y. Marcus and C. D. Coryell, Bull. Res. Council Israel, SA, 1
(1959).

(40) K. A. Kraus and F. Nelson in “The Structure of Electrolyte
Solutions,” W. J. Hamer, Ed., Wiley, New York, N. Y., p 340.
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Ivalue of D would be lower because the CI-, in the mixed
;xternal solution, would have a greater tendency to go
uto the resin phase and push out the larger anion than
m a purely aqueous system (this is just our main argu-
ment for the decrease in D of large anions with increas-
ing organic mole fraction). Figure 8 shows that this
situation does hold for Feln. A maximum in D not
much below the value at ~11 M aqueous LiCl is ob-
served for a high fixed LiCl concentration and a low

Mole fraction solvent

Figure 8. Plots of D for tracer Feln vs. solvent mole fraction
for various concentrations of LiCl. The filled symbols
represent acetone solutions, and values of D are to be read
from the left-hand scale. Unfilled symbols indicate isopropyl
alcohol solutions, and values of D are to be read from the
right-hand scale. LiCl molarities for each curve

are given near it.

isopropyl alcohol mole fraction; the peak value of D
decreases for lower fixed values of LiCl and occurs at
higher alcohol mole fractions. The same story appears
to hold for acetone-water mixtures, except that the de-
crease of D on the high organic mole fraction side is even
steeper than with isopropyl alcohol (corresponding to
the steeper curves for Re04 and Br- with acetone),
and so cuts off the maximum value of D at a lower value
and at a lower organic mole fraction.

Summary

We have found that the strong-base resin in the Cl-
form preferentially takes up water from isopropyl alco-
hol-water solutions, just as from dioxane mixtures.
The origin of this selectivity derives from the need to
minimize the electrostatic free energy of the high con-
centration of charge in the resin phase and from the
(hydrogen-bonding) solvation requirements of the resin
counterion, Cl-. The initial preference of the resin for
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the organic molecules as noted with the first few per
cent mole fraction organic solvent is caused, we believe,
by the hydrogen-bonded water structure in the dilute
external solution pushing these molecules into the less-
structured resin phase. As the water structure breaks
down with increasing solvent mole fraction, this feature
disappears.

Anion selectivity is considered to arise from the com-
petition of the ions for that phase providing the most
complete solvation; the smallest, highest charged, and
most basic anion wins, leaving the other ion to go into
the poorer solvating phase in the exchange. In a
purely aqueous system, it is the dilute external phase
that provides the most complete hydration, and so
favors that ion most in need of solvation. But as alco-
hol (or dioxane or acetone) is added, the ability of the
external phase to solvate anions decreases markedly
while that of the (water-rich) resin phase decreases
more slowly. As a result, the smaller anions are bound
less strongly into the external phase, and so the distribu-
tion ratios for the larger anions fall. The ability of al-
cohols to hydrogen-bond to anions slows down the rate
of decrease of D with organic mole fraction in compari-
son to the behavior with acetone, dioxane, and other
aprotic solvents. Solvent mixtures with low dielectric
constants, such as those with dioxane, introduce still
another feature, namely ion pairing of the salts in the
external phase. This, too, tends to hold the smaller,
more basic anions in the external phase (lowers their
activity) and so leads to a smaller decrease in D for the
larger anions than would otherwise be expected.

Several rather general conclusions and predictions
can be made. Most organic solvents will be discrim-
inated against with respect to water by the anion-resin
phase. This comes about because water molecules
usually provide more complete ion solvation than the
organic molecules (water has a moderately large dipole
moment, a very small molar volume, and is capable of
hydrogen bonding to the anion) and so are better able
to lower the free energy of the concentrated resin phase.
Such behavior is particularly true when the resin coun-
terion is small and basic, €g., Cl-,F-,or OH-. Itis
most likely to be violated when the counteranion is
large, €.0.,, C104-, as such an ion needs little (hydrogen-
bonded) solvation.

W ith the usual organic solvents, the values of the
distribution ratios of anions larger and less basic than
the resin-phase counterion will decrease with an increase
in organic-solvent mole fraction and the values of D for
anions that are smaller and more basic will increase.
Thus, selectivity coefficients will approach unity. This
should also be true for complex ions if the operating con-

(41) The anion-exchange studies of C. W. Walter and J. Korkisch

[Mikrochim. Acta, No. 1, 81 (1971); 137 (1971); 158 (1971); 181
(1971); 194 (1971) Jon a number of metal cations with several mixed
organic-aqueous solutions containing HNOs provide experimental
confirmation of these last suggestions.
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ditions are such that the average species is anionic (op-

erating beyond the maximum in D for the complex ion).

On the other hand, for the region below the maximum
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in D, where the average species is cationic, the value of
D should increase with an increase in organic-solvent
mole fraction.4l
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Conductance measurements are reported for n-ArmNBr in dimethylformamide, formamide, and sulfolane, for
KPi in dimethyl sulfoxide, formamide, and sulfolane, and for KC104in dimethyl sulfoxide. The data were
treated by the Fuoss-Onsager equation. The values of the ion-size parameter of all the salts were empirically
corrected for the viscosity effect using the Einstein equation. Potassium picrate in sulfolane and tetraamyl-
ammonium bromide in sulfolane and in dimethylformamide exhibited values of the ion-size parameter which
were smaller than the crystallographic radii of the salts; for the other salts the values of the ion-size parameter
were close to the sum of the crystallographic radii of the salts. The Walden products of the large n-AmiN +
and Pi- ions in the aprotic solvents show a regular increase as the medium viscosity increases. This effect is
attributed to the structure breaking of the solvent molecules.

In formamide the conductivity of these ions

seems influenced by the protic character of this solvent.

Introduction

Tetraalkylammonium salts have been used recently
to study the structural aspects of ion-solvent interac-
tion in water and in nonaqueous solvents.1 According
to Frank and Wen,2large ions in water like tetraalkyl-
ammonium ions, because of their hydrophobic charac-
ter, enforce the water structure, increasing the degree of
hydrogen bonding around their hydrocarbon chains.
The result is a comparatively lower mobility of these
ions in water than in nonaqueous solvents.3 A dif-
ferent behavior for the other ions has been suggested.2
In aqueous solution the presence of ions, for instance the
alkaline metal introduces into the normally
organized water two regions due to the more or less
strong interaction among the ion and the solvent di-
poles: close to the ion, the solvent molecules are
strongly oriented; after this first zone loosely bound
water molecules are found, characterizing a transition
region, before the normally organized water which is
still apart with respect to the central ion. When ions
of different size are dissolved, the greater the ionic
radius the larger the transition region becomes to the
detriment of the first zone. Thus going along the
alkaline series, whereas lithium ion has a net effect of
water organizer because around it there is a broad

ions,

region of firmly bound water molecules, rubidium and
cesium ions which are not extensively solvated can be
considered as structure breakers.

On the other hand, in aprotic solvents of different
viscosity the comparative conductivities of tetraalkyl-
ammonium ions increase with the medium viscosity.4
In these media tetraalkylammonium ions lose their
peculiarity of enforcing the solvent structure via hy-
drogen bonding and they should conform to the struc-
ture breaker behavior due to their low charge density.
They should, therefore, present a different behavior in
protic and aprotic media as far as the solvent structure
is concerned. Analogous considerations can be made
in the case of large oxygenated anions which should
present opposite character in these two kinds of sol-
vents.

(1) P. G. Sears, E. D. Wilhoit, and L. R. Dawson, J. Phys. Chem,,
59, 373 (1955); C. Treiner and R. M. Fuoss, Z. Phys. Chem., 228, 343
(1965); D. E. Arrington and E. Griswold; J. Phys. Chem.,, 74, 123
(1970); D. F. Evans and R. L. Kay, ibid., 70, 366 (1966) ; R. L. Kay,
D. F. Evans, and G. P. Cunningham, ibid., 73, 3322 (1969); C. V.
Krishnan and H. L. Friedman, ibid., 73, 3934 (1969).

(2) H. S. Frank and W. Y. Wen, Discuss. Faraday Soc., 24, 133
(1957).

(3) R. L.Kay, D. F. Evans, and G. P. Cunningham, J. Phys. Chem,,
73, 3322 (1969).

(4) M. Della Monica and L. Senatore, ibid., 74, 205 (1970).
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In this occurrence two salts, w-AnpNBr and KPi,
have been selected to study the conductometric be-
havior of n-Am4«N+ and Pi- ions in four solvents
characterized by alarge difference in viscosity (~0.008-
0.1 P) and in the ability to form a hydrogen bond.

Experimental Section

Dimethylformamide (BDH for chromatography)
was allowed to stand in contact with potassium hy-
droxide pellets for 3 days; the liquid was decanted and
The mid-
dle fraction obtained was distilled at 15 mm pressure.
A fraction with a specific conductance 2 X 10-7
ohm-1 cm-1 was used.

Reagent grade (Rudi Pont) dimethyl sulfoxide was
refluxed for 24 hr over calcium oxide and then frac-
tionally distilled at 50° under reduced pressure (4 mm).
The middle fraction had a specific conductance of 3 X
10~8o0hm-1 cm-1.

Sulfolane (tetrahydrothiophene 1,1-dioxide), kindly
supplied by Shell Italiana, was first distilled at reduced
pressure (15 mm). Before heating, the sulfolane was
pumped overnight to remove the volatile organic im-
purities. The final product was obtained by distilla-
tion under reduced pressure (1 X 10~4 Torr) over
sodium hydroxide pellets.

According to the method of Notley and Spiro,6
Baker Analyzed Reagent formamide was dried with
molecular sieves 3A (Union Carbide) in the form of
Vie-in. pellets. The column was heated electrically to
60° and the percolation rate was 1 1 in 4 hr. The
formamide obtained
following operations:

then fractionated at atmospheric pressure.

in this way was used for the

to wash and dehydrate the
resins and to prepare sulfuric acid and sodium forma-
mide solutions.

Deionization was performed by means of a mixed
bed of Amberlite ion-exchange resins loaded, respec-
tively, with H+ and HCONH- ions and treated with
formamide previously obtained. The final product
had a specific conductance of 2 X 10~7 ohm-1 cm-1,
but its value changed in the course of experiments.

Eastman Kodak tetraamylammonium bromide was
recrystallized three times from benzene and was
dried for 48 hr in a vacuum oven at 40° .6

Fisher Certified Reagent potassium perchlorate was
twice crystallized from conductivity water and dried
in a vacuum oven at 130° for 24 hr.

Picric acid was recrystallized from benzene; the
details of this purification are reported in the literature.7
The picric acid obtained in this way was allowed to
react with potassium hydroxide and the product was
recrystallized three times from an ethanol-water mix-
ture and dried under vacuum over phosphoric oxide at
100°.8

Apparatus. A Wavetek Function Generator Model
102 was coupled with a home-made conductivity
bridge via a transformer in a grounded metal box. A
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General Radio tuned amplifier Type 1232-A was
used as a null detector. The bridge of the Wheatstone
type consisted of two General Radio Type 500 precision
resistors plugged in the fixed arms. The chosen
values of these resistors had to match the measured re-
sistances as closely as possible. The cell, with a vari-
able condenser in parallel, and a precision decade resis-
tance box (121,111 ohms in 0.1-ohm steps) composed
the other two arms. The bridge was properly screened
and all connections were made with shielded coaxial
cables. A corner of the bridge was properly grounded.
Using a dummy cell, the dispersion of the components
of the impedence was about Vio.ooo in the frequency
range 800-8000 Hz. The bridge was calibrated
against General Radio Type 500 fixed precision resis-
tors and the values were found to be within the specifica-
tions.

Two cells of the Daggett, Bair, and Kraus type9
were used whose constants (about 0.5 and 0.05 cm-1)
were determined with aqueous KC1.10 For the 0.05-
cm-1 cell the value of the constant was also determined
at 30° using a 0.01 demal aqueous solution of KC1 and
the Bremner and Thompson equation.11 The cells
were equipped with a side arm through which dry
nitrogen was passed to prevent the immission of air
when stock solution was added.

The four solvents used were distilled directly in the
cell and the resistance of the pure solvents was mea-
sured with 10,000 and 20,000 ohms in shunt to the
cell. Part of the pure solvent was used to prepare a
stock solution which was added to pure solvent using a
weight buret. All operations were performed in a dry-
box saturated with dry nitrogen; the weights were
corrected to vacuum. In the calculations of the con-
ductance of each solution allowance was made for the
Since the conductance
of pure formamide was continuously changing it whs
measured in a separate cell and the actual value was
subtracted from the conductance of each solution.

The thermostat was an oil-filled bath kept at 25°
for the measurements in dimethylformamide, dimethyl
sulfoxide and formamide; in sulfolane the measure-
ments were carried out at 30°.12 The concentration
of each solution in equivalents per liter was calculated
assuming that the density of the solutions was the
same as the pure solvent.

conductance of pure solvent.

(5) J. M. Notley and M. Spiro, J. Chem. Soc. B, 362 (1966).

(6) A. C. Harkness and H. M. Daggett, Can. J. Chem,, 43, 1215
(1965).

(7) S. R. Benedict, J. Biol. Chem,, 54, 239 (1922).
(8) M. A. Coplan and R. M. Fuoss, J. Phys. Chem.,, 68, 1177 (1964).

(9) H. M. Daggett Jr., E. J. Bair, and C. A. Kraus, J. Amer. Chem.
Soc., 73,799 (1951).

(10) G. Jones and B. C. Bradshaw, ibid., 55, 1780 (1933).
(11) R. W. Bremner and T. G. Thompson, ibid., 59, 2372 (1937).

(12) M. Della Monica, L. Jannelli, and U. Lamanna, J. Phys. Chem.,
72, 1068 (1968).



Behavior of n-AngNBr and KPi in Nonaqueous Solvents

Results and Discussion

The measured conductance and cor-
responding electrolyte concentration have been filed
with the ACS Microfilm Depository Service.13

Conductance data were analyzed using the Fuoss-
Onsager equationX4in the form

equivalent

A = A0— Scm+ Eclogc-j- {J — FAOc ()
for unassociated electrolytes and in the form
A = A0— S(cy)'/2+ Ecy log (cy) +
(J — FAOQOcy — KAfcyA (2

for associated electrolytes, where Yy is the degree of
dissociation, / is the mean activity coefficient, and KA
is the association constant, all other symbols having
their usual meaning.

In the calculations the densities, viscosities, and
dielectric constants of the four solvents were taken as:
dimethylformamide, d = 0.9439,5q = 0.00796,16 € =
36.71;I7 dimethyl sulfoxide, d = 1.0956,8 q =
0.01992,8t = 46.6;19 formamide, d = 1.1296,0q =
0.0330,2L e = 109.5;2 sulfolane, d = 1.2618,3 q =
0.1029,24 e = 43.3.3

Kay's least-squares program2 was used to solve
eq 1 and 2 for the parameters of interest, A0 and §,
and for associated electrolytes, K Am The results are
shown in Table I. Equation 2 gave positive associa-
tion constants KA for n-Am4NBr in dimethylforma-
For the other salts
studied eq 2 gave negative association constants, so
that conductance parameters have been calculated
using eq 1.

mide and for KPi in sulfolane.

Table I: Conductance Parameters
Solvent Ao J dj ka
n-Am.iNBr
Sulfolane 11.416 £+ 0.002 30.0 1.60 + 0.03
Formamide 2295 £0.01 28.4 4.4+ 0.6
Dimethyl- 76.46 + 0.08 6919 3.1 £+ 0.6 4+ 2
formamide
KPi
Sulfolane 9.36 + 0.03 46.2 3+ 2 9+ 7
Formamide 21.88 +0.01 252 39+ 05
Dimethyl 31.43 + 0.02 2238 4.7 + 0.1
sulfoxide
KCIOr
Dimethyl 38.63 + 0.01 235.9 4.08 £ 0.07
sulfoxide

In the calculations, no allowance was made for the
term F which takes into account the variation of vis-
cosity for the added electrolyte. This fact does not
alter the AOvalues, but only the value of d, the maxi-
mum approach distance of the ions, which is deduced

1051

from the J values. In this occurence precise values of
distance % cannot be calculated, and the % values, as
shown in Table I, are in all cases, except for kci104 in
dimethyl sulfoxide, too low.

An attempt to calculate more correct a@j values can

be tentatively made with the equationi3

F + s-°> 3>

where N is the Avogadro number and R+ and /?_ are
the crystallographic radius of the cation and anion,
respectively. This equation holds for large ions com-
pared to the size of the solvent molecules and was
derived for unhydrated solute species in a continuous

medium.

Table I1: Correction for the Viscosity Effect
Solvent FAo Jcor Bcor (K+ + A_
ra-AnuNBr
Sulfolane 11.2 41.2 2.1 7.24
Formamide 22.5 50.9 8.4 7.24
Dimethyl- 75 655.8 2.9 7.24
formamide
KPi
Sulfolane 7.1 53.3 3.2 6.3
Formamide 17.6 42.8 7.0 6.3
Dimethyl 25.2 249 5.4 6.3
sulfoxide
KCIOi
Dimethyl 3.9 239.8 4.16 4.25
sulfoxide

(13) Equivalent conductance data will appear following these pages
in the microfilm edition of this volume of the journal. Single copies
may be obtained from the Business Operations Office, Books and
Journals Division, American Chemical Society, 1155 Sixteenth St.,
N.W., Washington, D. C. 20036, by referring to author, title of
article, volume, and page number. Remit check or money order for
$3.00 for photocopy or $2.00 for microfiche.

(14) R. M. Fuoss and F. Accascina, “Electrolyte Conductance,”
Interscience, New York, N. Y., 1959.

(15) J. E. Prue and P. J. Sherrington, Trans. Faraday Soc., 57, 1795
(1961).

(16) D. P. Ames and P. G. Sears, J. Phys. Chem,, 59, 16 (1955).

(17) G. R. Leader and J. F. Gormley, J. Amer. Chem. Soc., 73, 5731
(1951).

(18) D. E. Arrington and E. Griswold, J. Phys. Chem., 74, 123
(1970).

(19) P. G. Sears, G. R. Lester, and L. R. Dawson, ibid., 60, 1433
(1956).

(20) J. Thomas and D. F. Evans, ibid., 74, 3812 (1970).

(21) G. F. Smith, J. Chem. Soc., 3257 (1931).

(22) G. R. Leader, J. Amer. Chem. Soc., 73, 856 (1951).

(23) U. Lamanna, O. Sciacovelli, and L. Jannelli, Gazz. Chim. Ital.,
94, 567 (1964).

(24) R. Fernandez-Prini and J. E. Prue, Trans. Faraday Soc., 62,
1257 (1966); J. W. Vaughn and C. F. Hawkins, J. Chem. Eng. Data,
9, 140 (1964).

(25) M. Della Monica, U. Lamanna, and L. Jannelli, Gazz. Chim.
Ital., 97, 367 (1967).

(26) R. L. Kay, J. Amer. Chem. Soc., 82, 2099 (1960).
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Table Il1:
Dimethyl Sulfoxide, and Sulfolane

Raolo Bruno and Mario Della Monica

Conductances and Walden Products of n-Am4N + and Pi- lons in Formamide, Dimethylformamide,

Solvent:
Dimethylformamide Dimethyl sulfoxide Formamide Sulfolane
lon X0 horj X0 X0, X0 X, X0 X7,
n-AnuN+ 22.9 0.182 10.4P 0.206 5.81 0.192 2.50 0.257
Pi- 37.50 0.299 16.921 0.335 9.13 0.301 5.28 0.544

° This mean value has been deduced from the Aoof NaPiand KPisalts (P. G. Sears, R. K. Wolford, and L. R. Dawson, J. Electrochem

SOC., 103, 633 (1956)) and the Aovalues of Na+and K +ions reported in the literature (ref 15).

bThis value has been calculated by the

Xovalue of C104- ion (M. Della Monica, D. Masciopinto, and G. Tessari, Irans. FaradaySoc., 66, 2872 (1970)) in combination with the

values of KCIO4 and KPi salts reported in this work.

These conditions can be assumed for n-Am4N + and
P i- ions and in some respects for Br_ and C104_ ions,
but not for the K +ion. However, since this correction
should serve to give just an idea of the effect of the
salt concentration on the solution viscosity, the crys-
tallographic radii of Br_, C104*, n-AmtN+, and also of
K + ions have been used in eq 3.27r8 The calculations
of picrate ion radius have been based on the parameters
of iodo—s—tri%itrobenzene:2729 the radius of benzene
ring = 1.39 A; the maximum distance of C-N bond =

1.46 A; the distance of N-0 bond = 1.21 A; the angle
O-N-O = 120°; the van der Waals radius of oxygen
atom = 1.40 A. From these values a radius of the

spheric envelope of picrate ion ~5 A is obtained.

After correction, the values of Jax and then the acor
values have been calculated and the results reported in
Table Il. A survey of Table Il
size parameter a@¥is close to the sum of the crystallo-
graphic radii of the two ions for n-Am4NBr and KPi
in formamide and for KPi and KC104 in dimethyl
sulfoxide. In dimethylformamide and sulfolane the
salts studied have alX values that are too
have no physical meaning.

shows that the ion-

low and

According to Fuoss and Accascina,}4 a distance of
maximum approach close to the sum of the crystallo-
graphic radii of the salts means that the ion-ion con-
tacts occur between bare ions and not between their
cospheres: in other words, the initial contact is be-
tween ions with their cospheres, but under the ionic
fields, the solvent molecules of the cospheres can be
expelled.

At the present time we have no convincing explana-
tions to account for the small values of maximum ap-
proach distance found in the case of salts in dimethyl-
formamide and sulfolane. Nevertheless, it seems that
this fact is related to some solvent properties as can be
deduced by the behavior of other salts in sulfolane.3®

Starting from precise transference number measure-
ments and conductivities of appropriate salts, the
conductivities of n-Am4N+ and Pi- ions in the various
solvents have been deduced.
responding Walden products are

These values and cor-
reported in Table
Ill. In the same table the equivalent limiting con-
ductances and the Walden products of n-Am4N+ ion
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¢ Reference 18.

in dimethyl sulfoxide and Pi- ion in dimethylforma-
mide taken from the literature are also reported.

A survey of Table 11l shows that the Walden
products of n-Am4N+ and P i- ions increase going from
dimethylformamide to dimethyl sulfoxide and sulfo-
lane; the same behavior is observed for other tetra-
alkylammonium ions in the same solvents.4

The anomalous conductivities of salts in viscous
media have been explained in different ways.
high Walden products found for some quaternary
salts in cyanoethylsucrose-acetonitrile mixtures are
explained by Fuoss and Treiner3lwith a greater ability
of ions in cyanoethylsucrose rich mixtures to travel
through the solvent molecules. The relative high
mobility of BUuANPi in tricresyl phosphate is justified
by Elliott and Fuoss3 in terms of slipping of these
ions between certain configurations of large solvent
molecules. In order to explain the Walden product
of BudN + ion in formamide being higher than the cor-
responding values in water, ethanol, and
nitromethane, Notley and Spiro3 postulate iceberg
formation which reduces the mobility of BudN +ion in
water and in the other solvents or, alternatively, the
breaking of solvent structure in formamide.

Recently a study appeared on the viscosity of solu-
tions of some tetraalkylammonium iodide in IV-methyl-
formamide.34 The data obtained at various tempera-
tures show a positive dependence on the temperature
for the Jones and Dole equation® B coefficient.

A positive dB/dt implies a breaking effect on the
solvent structure caused by the

Very

methanol,

large tetraalkylam -

monium ions. If one assumes that the same structure-

(27) L. Pauling, “The Nature of the Chemical Bond,” 2nd ed, Cor-
nell University Press, Ithaca, N. Y., 1948.

(28) R. A. Robinson and R. H. Stokes, “Electrolyte Solutions,”
Academic Press, New York, N. Y., 1955.

(29) A. D. Mitchell and L. C. Cross, Chem. Soc., Spec. Publ., No. 11,
189 (1958).

(30) R. Fernandez-Prini and J. E. Prue, Trans. Faraday Soc., 62,
1257 (1966).

(31) C. Treiner and R. M. Fuoss, J. Phys. Chem., 69, 2576 (1965).

(32) M. A. Elliott and R. M. Fuoss, J. Amer. Chem. Soc., 61, 294
(1939).

(33) J. M. Notley and M. Spiro, J. Phys. Chem., 70, 1502 (1966).
(34) P. P. Rastogi, Bull. Chem. Soc. Jap., 43, 2442 (1970).
(35) G. Jones and M. Dole, J. Amer. Chem. Soc., 51, 2950 (1929).
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breaking effect is caused by these ions also in other
nonaqueous solvents, then the Walden
products reported in Table 11l can be understood.
The breaking of the solvent structure decreases the
viscosity around the ions and consequently,
an applied electrical field, they experience a resistance
to motion smaller than that expected from Stokes’ law.

The behavior of n-Am4N+ and P i- ions in formamide
is no longer explainable with the above assumption
alone. Formamide has a higher viscosity than di-
methyl sulfoxide, but in this solvent the Walden prod-
uct values of the two ions considered are not cor-
respondency high. Formamide is a protic solvent
with possibility of H-bonding lower than water but
higher than alcohols.® The presence of the large n-
Am 4N +ion can increase the degree of hydrogen bonding
between the solvent molecules and enforce a shell of

anomalous

under

solvent around it in a two-dimensional structure. The
above hypothesis is supported by the fact that in water,
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where a three-dimensional cage structure around the
ions is possible, the Walden products of the tetraalkyl-
ammonium ions are very low.3®

As far as the picrate ion in this solvent is concerned,
the low value of the Walden product found is probably
due to a strong hydrogen bonding interaction which
occurs this time between the solvent molecules and the
six oxygen atoms of picrate ions.

In conclusion, the results of this preliminary work
suggest the idea that also in nonaqueous solvents the
ions are able to act as structure breakers or structure
makers, in whichever wlhy the structure making effect
caused by tetraalkylammonium ions seems limited to
the protic solvents alone.
definite conclusions can be drawn about this point.

More work is needed before

Acknowledgment. We thank Dr. G. Tessari of this
Institute for assistance and helpful suggestions.

(36) D.F.EvansandR. L. Kay, J. Phys. Chem,, 70, 366 (1966).

Electrical Conductance and lonization Behavior of Sodium Chloride in

Dioxane-Water Solutions at 300° and Pressures to 4000 Barsl
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Electrical conductance measurements were made of dilute sodium chloride (0.0005-0.01 m) in dioxane-water
solutions to determine its ionization behavior in this solvent system at 300° and at pressures to 4000 bars.  This
conductance study is believed to be the first one made for any electrolyte in an organic-aqueous solvent above

100°.

solvent whose composition ranged from 34.7 to 75.0 wt % dioxane.

Estimates of dielectric constant, density, and viscosity under these conditions are given for the mixed

These estimates were used with the con-

ductance equation of Shedlovsky to determine limiting equivalent conductances (ao) and conventional ioniza-

tion constants (Kd.

dioxane content in the solvent increases and as the pressure decreases.

It was found that sodium chloride becomes a progressively weaker electrolyte both as the

With hydration of the electrolyte

species in solution considered an essential part of the ionization process, the value of the complete isothermal
equilibrium constant (k°) at 300° is 10_leo, while the net change (k) on ionization in the number of solvated
water molecules is 10.0. These values, appearing to be constant over the range of experimental conditions,
are shown to be consistent with previous results for sodium chloride both in water (400-800°) and in dioxane-

water (25-100°) at pressures up to 4000 bars.

The values of k and K° vs. temperature provide required informa-

tion for calculating the conventional thermodynamic functions over wide ranges of temperature and pressure.

Introduction

The earlier proposal2'3of a complete isothermal ion-
ization constant (K°), which includes the solvating po-
lar solvent(s) in the ionic dissociation expression, has
been applied successfully to describe numerous equi-
libria involving ions and ion pairs. These equilibria

include the dissolution of several salts3in water and in
dioxane-water solutions, the ionization of numerous

(1) (a) Research sponsored by the U. S. Atomic Energy Commission
under contract with the Union Carbide Corp.; (b) presented before
the Division of Physical Chemistry at the 162nd National Meeting of
the American Chemical Society, Washington, D. C., Sept 12-17,
1971.
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salts2-4 in water and in dioxane-water, the ionization
of quaternary ammonium salts in nitrobenzene-carbon
tetrachloride,2'3the ionization in water of the weak base
ammonia6‘ and of the acid HBr,% and the ionization of
wateré itself. The experimental conditions for these
studies cover the temperature range of 25-800° at pres-
sures to 12,000 bars. This principle was recently used
to calculate the complete isothermal rate constant7 for
several solvolysis reactions. The concentration of the
polar solvent, generally water, is altered markedly
during an investigation by changing the pressure on the
system, by changing the ratio of polar to nonpolar con-
stituents in the mixed solvent, or by doing both. The
use of both methods to change the concentration of wa-
ter, where the concentration of solute approaches zero
[C(solute) 0], provides a stringent test of the com-
plete equilibrium constant approach, since the concept
should apply, and has applied, in a continuous manner
to water both above and below the critical temperature.

The adoption of the complete isothermal equilibrium
constant also allows the determination of the net change
(k) in the number of molecules of solvation which oc-
curs during the ionization process. The values of k
and K° have been described mathematically to be func-
tions both of temperature and of pressure or C (sol-
vating species).8 Although k and K° may vary sig-
nificantly with changes in temperature, they are ob-
served experimentally to be constant over a wide range
of pressure or of C (solvating species). Therefore, it
was the purpose of this present study to evaluate k and
K°® over ranges of both pressure and dioxane-water
composition and then to establish whether the values
for sodium chloride in dioxane-water at 300° would
provide a smooth transition between those obtained at
25° 2’38 and 100° 4dein dioxane-water and those from
400 to 800° 4ain pressurized water.9

Values of the conventional ionization constant (Kd)
were calculated after measuring electrical conductances
of dilute sodium chloride solutions (0.0005-0.01 m) in
four different dioxane-water solvent compositions at
300° and at pressures to 4000 bars. These values of
K dwere used to obtain a single value of both K and K°.
The results are consistent with those reported earlier at
both lower and higher temperatures, even though esti-
mates of the densities, dielectric constants, and vis-
cosities for the various solutions at 300° had to be made
to obtain values of K dand hence k and K°.

In addition to testing further the usefulness of a com-
plete constant, this study of conductance and ioniza-
tion behavior in an organic-aqueous solvent appears to
be the first one for any electrolyte made at a tempera-
ture above 100°. The study therefore should be of
value both in itself and in testing various theories of
electrolyte behavior at high temperature. It is hoped
that the estimates of the several physical properties of
dioxane-water solvent mixtures, necessary for the cal-
culations, will prove to be useful to others until actual
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experimental measurements of these properties are
available.

Experimental Section

The preparation of sodium chloride-dioxane-water
solutions,41 the conductance apparatus,4 and the ex-
perimental procedures4’ have been described previ-
ously. The cell constants at 300° for the three inner
electrodes used for the conductance measurements were
determined with 0.01 demal KC1 solutions to be 0.481,
0.493, and 1.96. All conductance measurements were
made at a signal frequency of 2kHz. Table | gives the
smoothed specific conductances («) for the four solvent
compositions prepared for this study. The values at
saturation vapor pressure were obtained by extrapo-
lating the curves of specific conductance VS. pressure
below the lowest experimental pressure of about 500
bars. Four or five sodium chloride solutions, ranging
from 0.0005 to 0.01 m, were studied at 300° and in sol-
vent compositions of 34.7, 50.8, 61.5, and 75.0 wt %
dioxane. The conductance measurements for these
solutions were in the range of 0.1-2.4 mohm-1 (resis-
tance = 400-10,000 ohms). Experimental values at
300° for density (d), dielectric constant (D), and vis-
cosity (?) of either the solutions or the mixed solvent
itself are not available. Therefore, estimates of these
properties for the solvent at this temperature and at
pressures to 4000 bars were made. The values of d, D,
and fj for the dilute sodium chloride solutions were as-
sumed to be the same as those for the two component
solvent. The methods used to estimate these three
physical properties are discussed immediately below.

Estimations of Solvent Properties

Densities. Estimates of the densities of the dioxane-
water solutions were based on the assumption that the
two components form ideal solutions at 300°: solvent
density = density of pure dioxane times volume fraction
ofdioxane plusdensity ofpurewatertimesvolume fraction
of water. The values used for water at pressures below
1000 bars are those compiled by Sharp,10 while above

(2) W. L. Marshall and A. S. Quist, Proc. Nat. Acad. Sci. U. S,
58, 901 (1967).
(3) A.S. Quist and W. L. Marshall, J. Phys. Chem,, 72, 1536 (1968).

(4) (@) A. S. Quist and W. L. Marshall, ibid., 72, 684 (1968); (b)
ibid., 72, 2100 (1968); (c) L. A. Dunn and W. L. Marshall, ibid., 73,
723 (1969); (d) ibid., 73, 2619 (1969); (e) L. B. Yeatts, L. A. Dunn,
and W. L. Marshall, ibid., 75, 1099 (1971); (f) E. U. Franck, Z.
Phys. Chem. {Frankfurt am Main), 8, 107, 192 (1956).

(5) (@) A. S. Quist and W. L. Marshall, J. Phys. Chem.,, 72, 3122
(1968); (b) ibid., 72, 1545 (1968).

(6) W. L. Marshall, Rec. Chem. Progr., 30, 61 (1969); A. S. Quist,
J. Phys. Chem., 74, 3396 (1970).

(7) W. L. Marshall, ibid., 74, 346 (1970).
(8) W. L. Marshall, ibid., 76, 720 (1972).
(9) W. L. Marshall, Ret. Pure Appl. Chem,, 18, 167 (1968).

(10) W. E. Sharp, “The Thermodynamic Functions for Water in the
Range — 10 to 1000° and 1 to 250,000 Bars,” University of California
Radiation Laboratory Report, No. UCRL-7118, 1962.
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Table I: Properties of Dioxane-Water Solvent Compositions at 300° from Saturation Vapor Pressure to 4000 Bars
Dioxane, — Pressure, bars—
Wt % Satn VP* 500 1000 1500 2000 2500 3000 3500 4000
Densities, g/cm 86
0 0.713 0.777 0.824 0.862 0.888 0.911 0.933 0.955 0.975
34.7 0.657 0.818 0.873 0.911 0.937 0.961 0.983 1.005 1.025
50.8 0.635 0.836 0.893 0.931 0.958 0.982 1.004 1.026 1.046
61.5 0.621 0.846 0.906 0.944 0.971 0.995 1.018 1.039 1.059
75.0 0.604 0.858 0.921 0.959 0.986 1.011 1.033 1.055 1.075
100 0.575 0.881 0.946 0.985 1.012 1.037 1.060 1.082 1.102
Dielectric Constants6
0 19.7 21.9 23.6 25.0 26.0 26.8 27.7 28.5 29.3
34.7 10.5 13.7 14.9 15.7 16.2 16.8 17.2 17.7 18.2
50.8 7.2 10.0 10.8 11.4 11.8 12.1 12.5 12.8 13.1
61.5 5.4 7.6 8.2 8.6 8.9 9.2 9.4 9.7 9.9
75.0 3.4 4.8 5.2 5.4 5.6 5.7 5.9 6.0 6.1
Viscosities, cP6
0 0.090 0.102 0.114 0.125 0.134 0.142 0.149 0.156 0.163
34.7 0.093 0.106 0.120 0.132 0.142 0.151 0.159 0.168 0.176
50.8 0.095 0.110 0.124 0.138 0.149 0.159 0.168 0.177 0.186
61.5 0.097 0.113 0.128 0.143 0.155 0.166 0.177 0.187 0.197
75.0 0.102 0.120 0.137 0.154 0.168 0.182 0.194 0.206 0.218
100 0.124 0.155 0.185 0.216 0.242 0.271 0.298 0.323 0.352
Specific Conductances of Solvent,® ohm-1 cm-1! X 105
34.7 (2.0)" 3.6 4.3 5.7 7.3 8.9 10.6 12.3 14.0
50.8 (1.1) 1.3 1.6 1.8 2.0 2.3 2.5 2.8 3.1
61.5 (0.2) 0.7 1.0 1.2 1.4 1.7 1.9 2.1 2.4
75.0 (0.2) 0.3 0.3 0.4 0.5 0.6 0.7 0.8 0.9

° Saturation vapor pressures are 86 bars for water and 43 bars for dioxane; estimated saturation vapor pressures are 82, 78, 75, and 70

bars for 34.7, 50.8, 61.5, and 75.0 wt % dioxane solvent compositions, respectively.

text). cValues derived from experimental measurements.
not be made below about 500 bars.

1000 bars the data of Maier and Franckilwere used.12
The density of liguid dioxane at 300° and saturation
vapor pressure was read from the orthobaric curve of
Hojendahl.13 The method of Lydersen, Greenhorn,
and Hougen,la which is discussed by Reid and Sher-
wood,u5 was then used to calculate the densities of di-
oxane up to 1500 bars of pressure. Since this pressure
was the upper limit for the method in this instance,
densities from 1500 to 4000 bars were estimated by as-
suming that the density of dioxane changes with pres-
sure by the same absolute amount as does that of water.
W ith these densities for the pure components, the den-
sities of dioxane-water solutions were estimated at var-
ious pressures to 4000 bars from the initial assumption
of the formation of ideal solutions at 300°. (The lig-
uid-vapor critical temperatures of dioxane and water
are 31213 and 374°, respectively.)
presented in Table I.

Dielectric Constants. Upon plotting the dielectric
constants (D) for dioxane-water solutions of Akerlof
and Shortsat 20 and 80° and estimated by Dunn and
Marshall4d at 100° as log (D — 1) vs. log CHo (moles/
liter), it was found that straight lines with nearly iden-

These densities are

bCalculated values (see Experimental Section of

dParentheses enclose extrapolated values, since reliable measurements could

tical slopes could be drawn at each temperature up to
about 90 wt % dioxane.
that the line at 300° would have the same slope as the
one at 100°. W .ith this slope of the line at 100°,4e the
value of the dielectric constant of water at 300° (19.66)
from Aokerlof and Oshry,1 and the density of water at
300°, the equation for the new line was obtained

Therefore, it was assumed

(11) S. Maier and E. U. Franck, Ber. Bunsenges. Phys. Chem., 7o,
639 (1966).

(12) The more recent densities for water of C. W. Burnham, J. R.
Holloway, and N. F. Davis, Amer. J. Sci., 267A, 70 (1969), are ap-
proximately 1% lower than those we used. Our choice was prompted
by a desire to maintain consistency with the previous publications
from this laboratory. The use, however, of these more recent densi-
ties of water would change negligibly the estimated values of dioxane-
water density in Table | and would not have any significant effect
upon the calculated values of Ao or of log Kd given in Table I11I.

(13) K. HoOjendahl, Kgl. Dansk. Videnskab. Selsk., Mat.-Fys. Medd.
24, No. 2, 3 (1946).

(14) (a) A. L. Lydersen, R. A. Greenkorn, and O. A. Hougen, “Gen-
eralized Thermodynamic Properties of Pure Fluids,” College of
Engineering, University of Wisconsin, Engineering Experimental
Station, Report No. 4, Madison, Wis., Oct 1955; (b) R. C. Reid and
T. K. Sherwood, “Properties of Gases and Liquids,” McGraw-Hill,
New York, N. Y., 1958, pp 60-65.

(15) G. Akerlof and O. A. Short, J. Amer. Chem. Soc., 58, 1241
(1936).

(16) G. C. Akerlof and H. I. Oshry, ibid., 72, 2844 (1950).
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log (D - 1) = -0.85303 + 1.32965 log CHlo (1)

The molar concentration of water was determined from
the composition of the solvent and the previously esti-
mated solvent density at a given pressure to 4000 bars.
Since the solutions did not exceed 75 wt % dioxane,
eq 1 was used to estimate the dielectric constants listed
in Table I.

Viscosities. To obtain estimated values of viscosity,
it was again assumed that dioxane and water formed
ideal solutions at 300°. We chose the relationship

Inrjf= VDxIn7mox + NND In vh2° (2)

where Y, tjdx0, and 7H2° are the viscosities of the binary
solvent, pure dioxane, and pure water, respectively, and
IVdx and Nu,0 are the mole fractions of dioxane and
water, respectively.7 The viscosities of pure water at
various pressures which were used in the calculations
are those reported by Dudziak and Franck,18 extrapo-
lated to 4000 bars.

Experimentally determined viscosities for dioxane
above 80° were not found in the literature. Therefore,
Geddes’ equation9relating the fluidity (1/jj) of dioxane
at temperatures up to 80° was used to estimate the vis-
cosity of dioxane at 300° and saturation vapor pressure.
(Hpjendahl's simpler equation13 for calculating the vis-
cosity of dioxane at temperatures up to 70° produced a
value at 300° within 5% of this one.) Estimates of
the viscosities of pure dioxane as a function of pressure
were obtained by assuming that the fluidities of dioxane
decrease in absolute value, with an incremental rise in
pressure, to the same extent as do the fluidities of water.
Estimates of viscosities for the four dioxane-water sol-
vent compositions at different pressures were then cal-
culated with eq 2. These values are listed in Table I.

Saturation Vapor Pressures. The saturation vapor
pressures at 300° which are given in Table | were esti-
mated from ideal solution behavior

V = -YdxPdx0 + -YhioPhiQ0 3)

where P, Pdx°, and pmooO are the saturation vapor pres-
sures of the binary solvent, pure dioxane, and pure wa-
ter, respectively. A value of S5.92 bars reported by
Vukalovich®d was used for the saturation vapor pres-
sure of water at 300° and a value of 42.8 bars for di-
oxane, reported by Hpjendahl.13

Results and Discussion

Conductances Correlated with lon Association and
Viscosity. The measured conductances were converted
to resistances and corrections were made both for the
resistance of the electrical leads and for a slight depen-
dence (1-2%) of conductance upon signal frequency.
From these results along with the cell constants, specific
conductances were calculated which were corrected
finally for solvent conductance. (For a detailed de-
scription of treating the original data, seeref4a.) Typ-
ical curves for the pressure dependence of the specific
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Figure 1. Dependence of specific conductance of NaCl
solutions upon pressure in various dioxane-water solvent
compositions at 300°.

conductance of sodium chloride at 300° in dioxane-
water are shown in Figure 1. Although the molality
of sodium chloride is essentially the same in these solu-
tions, there is a marked decrease in specific conductance
at constant pressure as the fraction of dioxane in the
solvent increases. This behavior is due to the de-
creased water concentration of the solution, which fa-
vors ion association, along with the increased solution
viscosity (see Table 1), which decreases ionic mobilities.
At 34.7, 50.8, and 61.5 wt % dioxane, the specific con-
ductance curves show sharp increases with pressure up
to about 1000 bars and then pass through shallow max-
ima as the pressure continues to rise. As the pressure
increases until the specific conductance reaches a max-
imum, the effect of increasing density (water concen-
tration) outweighs the effect of increasing solution vis-
cosity ; beyond the maximum specific conductance, the
viscosity effect predominates slightly as the pressure
rises. At 75.0 wt % dioxane, the effect of increasing
density (water concentration) prevails throughout as
the pressure rises. These results at 300° are in sharp
contrast to those at 100° 4 where the specific conduc-
tance of sodium chloride in dioxane-water continues to
decrease from the outset as the pressure increases. The

(17) J. Kendall, Medd. K. Vetenskapsakad. Nobelinst (Stockholm),
2, 1 (1913); see Chem. Abstr., 7, 2714 (1913); also see S. Glasstone,
“Textbook of Physical Chemistry,” 2nd ed, Van Nostrand, Prince-
ton, N. J., 1946, p 500; J. O. Hirschfelder, C. F. Curtiss, and R. B.
Bird, “Molecular Theory of Gases and Liquids,” Wiley, New York,
N. Y., 1954, p 630.

(18) K. H. Dudziak and E. U. Franck, Ber. Bunsenges. Phys. Chem,,
70, 1120 (1966).

(19) J. A. Geddes, J. Amer. Chem. Soc., 55, 4832 (1933).

(20) M. P. Vukalovich, “Termodinamicheskie Svoistva Vody i
Vodianogo Para,” 6th ed, Vebverlag Technik, Berlin, 1958.



Electrical Conductance of NaCl in Dioxane-W ater

Table I1:

Dioxane, Nacl,

wt % m X 10* Satn VF* 500 1000

34.7 1.003 (39.9f 47.4 48.0
1.808 (69.4) 83.0 84.3
2.500 (93.0) 111.5 113.8
9.998 (336. ) 401. 418.

50.8 0.4975 (15.9) 19.9 20.2
0.9969 (29.0) 36.0 37.6
2.496 (62.5) 80.8 85.9
5.013 (99.0) 141. 156.
10.03 (167. ) 238. 262.

61.5 1.013 (16.9) 24.3 26.6
2.521 (30.1) 44.2 52.8
5.043 (47.3) 76.9 91.7
10.09 (72.1) 128. 159.

75.0 1.034 (3.4) 5.9 8.8
1.539 (4.3) 8.3 11.7
2.555 (4.5) 9.5 14.3
5.124 (5.6) 15.6 22.8
10.26 (7.4) 24.0 35.7
10.26 (7.4) 22.4 33.7

Pressure, bars—

Specific Conductances (ohm 1cm D X 106of NaCl in Dioxane-Water Solutions at 300° from
Saturation Vapor Pressure to 4000 Bars

1057

1500 2000 2500 3000 3500 4000
47.8 47.3 46.8 46.1 45.5 44.7
84.2 83.8 83.1 82.3 81.3 80.4
113.4 1125 111.6 110.3 108.7 107.0
423. 423. 421. 418. 414. 4009.
20.1 20.0 19.9 19.8 19.6 19.4
37.5 37.2 37.0 36.8 36.6 36.4
87.1 87.2 86.7 85.8 84.7 83.5
161. 162. 162. 162. 161. 159.
281. 287. 289. 289. 288. 287.
27.9 28.3 28.4 28.3 28.0 27.5
56.2 57.8 58.4 58.6 58.5 58.4
98.6 103. 1065. 106. 108. 109.
177. 186. 191. 195. 198. 202.
10.5 11.8 12.8 13.5 14.2 14.8
14.0 15.7 17.1 18.3 19.3 20.3
17.5 20.0 21.8 23.5 25.4 27.0
28.5 33.3 37.8 41.9 46.0 50.0
44.9 53.8 62.4 69.4 74.8 79.4
42.8 50.8 58.5 65.6 72.7 79.5

“ See footnote a, Table 1. 6See footnote d, Table I.

curves of specific conductance VS. pressure for the so-
dium halides,4sb'c as well as for other alkali halides,2l
in aqueous solutions at 300° have also shallow maxima.
In these cases it is not until temperatures of 400° and
greater are reached that thé effect of increasing water
concentration outweighs the effect of increasing viscos-
ity upon specific conductance throughout the pressure
range.

The specific conductances of 0.001 m sodium chloride
in 50.8 wt % dioxane are approximately twice as high
at 300° as they are at 100°. From this representative
behavior, it is concluded that as the temperature rises
the increasing ionic mobilities far outweigh the effect of
the reduction in ionic concentrations from a decreasing
density and from expected increasing association.
Raising the pressure (1-4000 bars) as the temperature
increases from 100 to 300° would not appear to void this
inclusion.

It can be seen in Figure 1 that, in general, the con-
ductance readings which were taken upon increasing
the pressure on the system are somewhat lower than
those taken after decreasing the pressure. This slight
‘hysteresis” effect, which increases as the dioxane con-
sent of the solution increases, cannot be explained at
diis time, although efforts were made to eliminate it by
mproving the temperature control and by permitting
sufficient time to elapse to assure that an equilibrium
pressure was reached. Several repeated runs on differ-
ent days with the same composition of solvent and of
NacCl, but with a fresh solution, gave essentially identi-

cal results. It was thought that the best values might

be those extrapolated to zero time. However, since a
constant temperature is necessary, it was decided
that the best procedure would be to report the average
value of the first sets of measurements at increasing and
decreasing pressure.

Graphs similar to Figure 1 were made from the data
for each solution of sodium chloride in the four dioxane-
water solvent compositions. Smoothed specific con-
ductances were read from these curves at increments of
500 bars up to 4000 bars and are presented in Table II.
It should be noted that data collected at pressures be-
low about 500 bars showed too much scatter to be con-
sidered reliable for extrapolating to obtain specific con-
ductances at saturation vapor pressure. Therefore,
the values of specific conductance reported in Table II
for saturation vapor pressure were calculated from val-
ues of equivalent conductance (A) obtained from ex-
trapolations of the curves of A VS. pressure, presented
below. These latter curves do not show as high a pres-
sure dependence at the low pressures as do the specific
conductance curves; hence, extrapolations of the A Vs.
pressure curves should be more exact.

Unique Behavior of Equivalent Conductances.
alent conductances of the sodium chloride solutions
were calculated from the smoothed specific conduc-
tances, the molalities, and the estimated densities of
the solvent, which also were considered to be the den-
sities of these dilute solutions. The pressure depen-
dence of the equivalent conductance can be seen in

Equiv-

(21) A.S. Quistand W. L. Marshall, J.Phys. Chem., 73, 978 (1969).
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0

PRESSURE (bars)
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4000
Figure 2.
Figure 2; note that the curves are extrapolated from

500 bars to saturation vapor pressure. As the dioxane
content of the solvent increases from 34.7 to 75.0 wt
%, the equivalent conductances of all the solutions are
seen to change from decreasing with increasing pressure
to increasing with rising pressure. This behavior in-
dicates that at 34.7 wt % dioxane the effect of an in-
crease in viscosity with increasing pressure, accom-
panied by lower ionic mobilities, predominates, while
at 75.0 wt % dioxane the effect of an increase in the
concentration of water with increasing pressure, accom-
panied by greater ionization, prevails. At 100°, how-
ever, no such pressure effect upon the equivalent conduc-
tance for sodium chloride was observed. Rather, the
equivalent conductances decreased steadily with in-
creasing pressure at the five solvent compositions from
29.7 to 70.5 wt % dioxane.% The lower compressibil-
ities of the solvent mixtures at 100° disallowed a suffi-
ciently large change in water concentration, and ac-
cordingly the effect of viscosity predominated at all
pressures and solvent compositions.

The curves for the equivalent conductances of so-
dium chloride at various molalities in 50.8 and 61.5 wt
% dioxane are particularly interesting, since here a
gradual transition between the above two extremes of
pressure dependence is seen. In 50.8 wt % dioxane, as
the pressure increases the equivalent conductances de-
crease at the lower salt molalities due to the predom-
inant effect of increasing viscosities which lower the
ionic mobilities. In the same solvent at the higher salt
molalities where ionic association is greater, the initial
rise in the equivalent conductances is related to the
predominant effect of increasing ionization from raising

The Journal of Physical Chemistry, Voi. 76, No. 7, 1972

Equivalent conductances of NaCl as a function of pressure for several dioxane-water compositions at 300°

the concentration of water by increasing the pressure.
The form of the curves for equivalent conductance Vs.
pressure in 61.5 wt % dioxane for all molalities shows
the effects both of increasing ionization at low pressures
and of increasing viscosity at high pressures as the pres-
sure continually rises.

Curves showing maxima, as in Figure 2, are observed
also for aqueous solutions of 1:1 electrolytes at super-
critical temperatures (400-800°), as described for so-
dium chloride.4* In this region of high temperature at
pressures to 4000 bars, the predominant effects of ion-
ization at low pressures and of viscosity at high pres-
sures are always observed in the same curve. The
wide range of fluid density over 1-4000 bars, resulting
from the high compressibility of supercritical water,
allows both effects to be observed in water as solvent.
It was found also4' that the maxima in the curves of
isothermal equivalent conductance VS. pressure for
aqueous sodium chloride shift to higher densities with
That this behavior is
also true for sodium chloride in dioxane-water at 300°
can be seen in Figure 2b and c. This effectis presumed
to be due to a greater degree of ionic association created
by a higher concentration of electrolyte.

Limiting Equivalent Conductances; Rectilinear De-
pendence on Water Concentration. Considerable asso-
ciation or ion-pair formation by Na+ and CI- is anti-
cipated in these dioxane-water solvent compositions at
300°. This expectation is based on the results of the
previous study4 at 100° and the fact that at these
higher temperatures ion association in general increases

increasing electrolyte molality.

as the temperature of an aqueous solution increases.
Therefore, it was considered necessary once again to
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Figure 3. Limiting equivalent conductances of NaCl in
dioxane-water solutions as a function of solvent composition
and pressure at 300°. (The size of points indicates the
estimated uncertainty in each value.)

adopt a conductance equation which embodies both the
limiting equivalent conductance (A0Q and the conven-
tional ionization or dissociation constant (Kd) of NaCl
to interpret our data. For reasons given in the previ-
ous paper,Z% Shedlovsky's2 equation was used in the
form

1/AS(2) = 1/Ao0 + CAS(2)fty K dAm 4)

where C is the stoichiometric normality and /= is the
mean molar activity coefficient of the ions, defined by

log/+ = - (DHS)CHOV/(1 + c'Ae'”A) (5

Here DHS is the Debye-Huckel limiting slope and O is
the fraction of salt ionized, given by

0 = ,S(z)A/Ao (6)
S(2) = (*/2 + [+ (2/2)2]'M)2 @

2 = [821 X 1000/ (DTy/r2 +
82.5/7%E»T)U2JCIAA/yAOV! (8)

A computer was used to solve eq 4 simultaneously for
AO0and Kd; the average standard errors for A0 and log
K dwere approximately 2.5% and 0.06 logarithm (base
10) unit, respectively.

The strong dependence of A0 (NaCl) upon solvent
composition at several pressures is evident from Figure
3. (Values for sodium chloride in pure water as solvent
are from data given elsewhere.4d) There are no data
points plotted for 75.0 wt % in this figure because it
was not possible to obtain mathematical convergence

1059

Figure 4. Dependence of the limiting equivalent
conductances of NaCl on the concentration of water in several
dioxane-water compositions at 300° from saturation vapor
pressure to 4000 bars.

upon solving simultaneously for AOand Kdwith the ex-
perimental A values. This difficulty is in part due to
the fact that the specific conductances of the most dilute
sodium chloride solution (0.001034 M) in 75.0 wt %
dioxane (Table Il) are so low- that the experimental er-
ror is relatively high. Also, since 0.001034 m NacCl is
our most dilute solution at this solvent composition, its
specific conductances unfortunately have the strongest
effect upon these particular AOvalues. Furthermore,
sodium chloride is such a weak electrolyte at this sol-
vent composition that it would be highly desirable to
obtain conductance measurements of solutions lower
than '~0.001 m for a reliable limiting equivalent con-
ductance; such low reliable measurements were not
possible with our present apparatus. Shedlovsky2
also stated that his conductance equation is applicable
in general to associated electrolytes whose ionization
constant (Kd is not less than 10-4. We now know
that sodium chloride in 75.0 wt % dioxane has Kaval-
ues less than this value below 2500 bars pressure (see
Table 111), indicating another source of the problem
encountered. The |limiting equivalent conductances
at saturation vapor pressure plotted in Figure 3 are ex-
trapolated values taken from Figure 4.

Table Il lists the smoothed limiting equivalent con-
ductances at several pressures which were read from
either Figure 3 or similar plots. These values for so-
dium chloride in dioxane-water at 300° are greater than
those at 100° 4by a factor of ~2.5 under the same con-
ditions of pressure and solvent composition.

(22) T. Shedlovsky, J. Franklin Inst., 225, 739 (1938); R. M. Fuoss
and T. Shedlovsky, J. Amer. Chem. Soc., 71, 1496 (1949).
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Table I11:
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Limiting Equivalent Conductances and Conventional lonization Constants for NaCl in

Dioxane-Water from Saturation Vapor Pressure to 4000 Bars at 300°

Dioxane, —_— Pressure, bars-

wt % Satn VP° 500 1000 1500 2500 3000 3500 4000
Limiting Equivalent Conductances, cm2ohm -lequiv-1

34.7 (771y 634 596 566 544 522 502 486 467

50.8 (736) 557 508 476 451 429 408 391 370

61.5 (722) 515 456 425 397 374 354 336 316

75.0 (712) (466) (397) (367) (339) (317) (294) (274) (253)
Negative Logarithm of Conventional lonization Constants

34.7 2.29 1.36 1.07 0.89 0.75 0.51 0.14 0.44 -0.061

50.8 3.31 2.56 2.26 2.05 1.90 1.76 1.61 1.50 1.21

61.5 4.18 3.41 3.07 2.89 2.74 2.63 2.52 2.41 2.27

75.0 5.94 4.93 4.52 4.26 4.11 3.96 3.82 3.68 3.53

“ See footnote &, Table I.

Figure 4 shows a plot of the limiting equivalent con-
ductance of sodium chloride VS. the concentration of
(grams per cubic centimeter) in the dioxane-
water solvent compositions and in pure water as solvent
as the pressure is varied at 300°. The concentration of
water is defined as the weight per cent of water times
the density of the solvent. The rectilinear relationship
which results over the density range of 0.15-1.0 g/cm3
for water is consistent with the results obtained previ-
ously for sodium chloride in dioxane-water at 100° 4
and in water from 100 to 800°,4aas well as for KHS 0423
NaBr,soNal,ZNH40H,5aand HBrébin water solutions.
The systems with dioxane-water, but not water alone,
as solvent are noted in Figure 4 to have extrapolated
AOvalues which are 1299 + 6 cm2ohm-1 equiv-1 at a
water concentration of zero. The line representing
values of AOin water extrapolates to 1838 cm2ohm-1
equiv-1, or about 40% higher than the mean value
from the dioxane-water solvents. However, analogous
plots for results at 100° 4e produce a value from water
solvent within the range of those from dioxane-water.
This difference in behavior at 300° cannot be explained
at the present time.

lonization Constants and Complete Equilibrium Con-
stant of NaCl. Since dioxane is assumed here to be a
diluent which is nonsolvating in the presence of wa-
ter,24'5 the ionization equilibrium of sodium chloride
in dioxane-water may be given by the equations

water

K"
NaCl(aq) + ¢H2 %™~ Na(aq)+ + Cl(aqgq)- (9)

K° = K d/C'u,ok, C(solute) — >0 (10)

log Kd= log K° + klog Ch2 (11)

where K° is the complete equilibrium constant, Kdis
the conventional constant, K is the net change in the
number of solvating water molecules when one hydrated
NacCl ion pair forms hydrated ions, and CH,o is the mo-
lar concentration of water in the mixed solvent. For
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bSee footnote d, Table I; also, all values of Aoat 75.0 wt % dioxane are extrapolated values (see text).

application of eq 10 or 11, both solute and solvent spe-
cies are restricted to thermodynamic reference states of
infinite dilution for solute species and of pure substance
(or solvent mixture) for the solvent. The activity co-
efficients are therefore defined to be unity, and units of
concentration (moles/liter) are used to express both
solute and solvent species in a complete mass action
expression represented by K°. A mathematical deriva-
tion of K° shows that, unless there is uniquely only a
single solvated species for each separate class of solute
species, K and K° cannot be independent of pressure or
of solvent composition (A).8 Thus, in reality, k and
K° should be written as k(P, T, X) and K°(P, T, X) to
show these dependencies in addition to the dependency
on temperature.
of K and K° have been observed experimentally over

Nevertheless, isothermal constancies

wide ranges of pressure and of Cbm, as shown in pre-
vious papers,2-9 and therefore k and K° are considered
to be experimental constants in this context.

The negative logarithms to base 10 of the conven-
tional ionization constants (Kd) recorded in Table 111
were calculated using the smoothed limiting equivalent
conductances in the same table by again applying the
Shedlovsky equation. A plot of log Kdvs. log Cbm ac-
cording to eq 11 is given in Figure 5. This figure shows
that the results for sodium chloride in 34.7, 50.8, and
61.5 wt % dioxane adhere well to a straight line, in
agreement with behavior described elsewhere,2-9 but
in 75.0 wt % dioxane there is some deviation at pres-
sures above saturation vapor pressure. This deviation
is believed to be due to the fact that the conventional
ionization constants of sodium chloride in this solvent
composition are below the stated limit for the applica-

(23) A. S. Quist and W. L. Marshall, J. Phys. Chern, 70, 3714
(1966).

(24) T. W. Davis, J. E. Ricci, and C. G. Sauter, J. Amer. Chem.
Soc., 61,3274 (1939).

(25) A. Fratiello and D. C. Douglass, J. Chem. Phys., 39, 2017
(1963).
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tion of Shedlovsky's conductance equation, as discussed
above. The deviation from linearity of the two log Kd
values at higher pressures (3000 and 4000 bars) in 34.7
wt % dioxane are indicative of the difficulty in making
sufficiently accurate conductance measurements as the
equilibrium constant approaches a value of unity.
There is no apparent explanation for the log K dvalues
of sodium chloride in 34.7 and 75.0 wt % dioxane at
saturation vapor pressure adhering unusually well to
the relationship expressed by eq 11, while the results in
50.8 and 61.5 wt % dioxane for the same condition ad-
here somewhat poorly. The line drawn in Figure 5
yields a net change in waters of hydration, fc, of 10.0
and alog K° of —16.0.

WATER (moles/liler )

Figure 5. Variations of the logarithm of the conventional
ionization constant for NaCl with the logarithm of the molar
concentration of water in various dioxane-water solvent
compositions at 300° from saturation vapor pressure to 4000
bars. (The size of points indicates the estimated uncertainty
in each value.)

Conventional Thermodynamic Functions. The values
of fcand log K° for sodium chloride at 300° are compared
in Figure 6 with the corresponding constants in dioxane-
water at 25238and 100° 4de and in pure water over the
range of 400-800°.4a The smooth change of fcwith the
inverse of the absolute temperature seen here appears
to indicate that dioxane is not solvating sodium chloride
to any significant degree but is acting as a diluent only.
Furthermore, the fact that both fc and log K° are
smooth, continuous functions of 1/T as the solvent
composition changes from dioxane-water to water at
high pressure suggests that fc and K° values which are
obtained for salts in dioxane-water solvents can be ap-
plied directly to ionization behavior in water at high
pressures, and conversely. Therefore, a knowledge of
the pressure-volume-temperature (PVT) relations of
water and the curves in Figure 6 can be used to calcu-
late, over wide ranges of temperature and pressure, the

1061

rec)

Figure 6. Variation with temperature of the Complete molar
ionization constant (K°) and the net change (k) in waters of
solvation for sodium chloride in aqueous solutions, 25-800°.

standard enthalpy change7 (AH) for the conventional
ionization equilibrium of agueous sodium chloride which
excludes the solvent (water) as a reactant

d In K° dfc

AH = -R + InChd
d(I/T) da(l/T)

+ kaT?2 @.2)
where a is the coefficient of thermal expansion for pure
water. The standard free energy changes for the com-
plete ionization expression (AG°) and the conventional
ionization expression (AG), respectively, can be calcu-
lated from the equilibrium constants K°, in Figure 6,
and K d, determined with the use of eq 10. W ith the
above information and the isothermal compressibilities
(/3) derived from the PV T properties of water, all addi-
tional thermodynamic functions of the conventional
ionization equilibrium for sodium chloride at infinite
dilution in pure water can in principle be calculated,?7
and the description of these equilibria is considerably
simplified.

Effects of Errors in Physical Properties. The effects
of errors in the estimated values of density, dielectric
constant, and viscosity upon equivalent conductance,
limiting equivalent conductance, and, finally, the con-
ventional dissociation constant have been discussed in
detail elsewhere.6 Therefore, a summary of these ef-
fects will simply be given here. Both the equivalent
and limiting equivalent conductances of sodium chloride
calculated in this paper from specific conductances are
inversely proportional to the estimated densities of the
solutions. The calculated values of Kd at different
pressures in the solvent of lowest weight per cent di-
oxane (34.7), where the fractions of salt ionized in the
solutions are the largest, are particularly sensitive to
any errors in density. It can be seen from eq 11 and
also from Figure 5 that both fcand K° will reflect errors
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in Kdand in the concentration of water in the solvent
calculated from the estimated solvent densities. Er-
rors in the estimated dielectric constants and viscosities
can be quite high without changing the limiting equiva-
lent conductance appreciably. For example, a varia-
tion in the assigned values of D and v of £20% created
differences of less than 1% and less than 0.5%, respec-
tively, in AOQ.
constant is much more sensitive to changes in these two

However, the conventional ionization

properties, particularly as K dapproaches unity, which
is the case for sodium chloride in 34.7 wt % dioxane at
300°.

Conclusions

Although the four physical properties of the solvent
mixtures are estimates, they should prove useful to
those needing the properties of dioxane-water solvents
at high temperatures and pressures. However, experi-
mental measurements of these properties of dioxane-
water under the above conditions are certainly to be
encouraged.

The straight-line relationships of limiting equivalent
conductance VS. concentration of water in the several
(Figure 4) support earlier,
similar observations for 1:1 electrolytes in water, and

dioxane-water solvents

Lowell W Bahe

in dioxane-water at 100°. An explanation for these
straight-line relationships is not immediately apparent.

The interpretation of the conductance curves pre-
sented in Figure 2 is consistent with all previously ob-
served conductance behavior of 1:1 electrolytes in the
It ap-
pears, however, to be almost impossible to observe the
complex conductance behavior shown in this figure at
lower temperatures either in water or in dioxane-water
solvents because of the low compressibilities of these

solvent water, and in dioxane-water at 100°.

solvents at the lower temperatures.

Finally, this work is believed to represent the first
study of electrical conductances and ionization be-
havior of any electrolyte in a mixed organic-agqueous
solvent at a temperature above 100°. The results for
sodium chloride in dioxane-water at 300° to high pres-
sures therefore are of interest in themselves and may be
of further use to others for evaluating electrolyte the-
ories. These conductance data are used to determine
the conventional ionization constants of sodium chlo-
ride, which in turn are shown to produce a complete
equilibrium constant that is experimentally independent
of pressure and solvent composition over the range
studied.
that K°, and k, cannot be absolutely constant.8

A mathematical derivation, however, shows
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The gradient of dielectric constant near the surface of an ion immersed in water is shown to interact with the
electric field generated by another ion in such a way that a repulsive force exists between every pair of ions;

this force is proportional to 1/Ri.

The combination of this repulsive force with the classic coulombic force

between charged ions leads to a description of uni-univalent ionic solutions in terms of a “loose” face-centered

cubic lattice.

X-Ray scattering curves are compatible with this structure in solution.

Activity coefficient

data agree with this model over a very large concentration range, from a lower concentration of at least 0.01 M
to concentrations of 3 M or higher for several simple electrolytes in water.

Introduction

Throughout the past 50 years repeated attempts have
been made to interpret the properties of solutions of
electrolytes in terms of a cube-root law.1-5 Invoking
such a cube-root law usually implied the existence of
some kind of structure, commonly referred to as a

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

pseudolattice or statistical lattice. After the publica-
tion of Debye and Huckel's classic paper in 19236these

(1) G.C.Ghosh, /. Chem. Soc., 113, 449, 627, 707, 790 (1918).

(2) N. Bjerrum, Z. Elektrochem., 24, 321 (1918); Z. Anorg. Allg.
Chem., 109, 275 (1920).
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interpretations became less common, although they
did appear periodically.

X-Ray data indicate the existence of actual structure
in concentrated solutions of electrolytes. Activity
coefficient data agree with this structure down to con-
centrations at least as low as 0.01 M and perhaps even
to lower concentrations. An explanation of this be-
havior can be found in the interactions between the
electric fields of the ions and the gradient of dielectric
constant near the surface of ions in solution.

Dielectric Constant near an lon

The fields generated by ions in solution in water will
change the dielectric constant of the medium surround-
ing the ions. The effects of this change in dielectric
constant have been considered by various authors.
Hiickel7showed that a linear term in the concentration
could be added to the Debye-Hiickel limiting law if the
decrease of dielectric constant in the medium sur-
rounding the ions were proportional to the concentra-
tion of ions. Harned and Owen8 and Robinson and
Stokes9 both consider the linear term empirical. To
understand the properties of concentrated solutions,
where the linear term becomes important or even pre-
dominant, the source and significance of the linear term
need to be specified.

Debye and Pauling® showed that a change in di-
electric constant near the ion would not change the
limiting law. Frank1l confirmed the conclusion of
Debye and Pauling and extended the analysis to an
interpretation of activities of electrolytes in terms of
association equilibria.

The dielectric constant of the medium near an ion
and the change of dielectric constant with distance from
the ion do not lend themselves to direct experimental
measurement. However, indirect results can give a
reasonable semiquantitative picture of behavior. Rit-
son and Hasted12 calculated the dielectric constant of
water as a function of distance from a point electronic
charge, using two different models. Both models led to
similar values for the local dielectric constant. The
dielectric is saturated up to about 2 A from the point
charge (dielectric constant of perhaps four or five), and
then rises rapidly so that beyond a distance of about
4 A the dielectric constant reaches the ordinary bulk
value of water.

A similar conclusion was reached by Padova,13 who
used a function given by Grahamel4 to estimate that
the dielectric constant of water changes from a very
small value (perhaps 3) at the surface of the ion to the
value of theobulk dielectric constant within a distance
of about 3 A from the surface of a singly charged ion.
This change results from the saturation of the dielectric
under the influence of the very large fields near the
surface of the ions.

Owen, Miller, etal.,15 measured the change of dielec-
tric constant of water with pressure. If their equation

for the dielectric constant as a function of pressure is
extrapolated considerably beyond the maximum pres-
sure used in their experiments, the dielectric constant
increases with pressure up to about 7000 bars and then
decreases at higher pressure. This very long ex-
trapolation is unfair with the data available, but it does
indicate qualitatively that the dielectric constant of
water might be expected to decrease under the in-
fluence of very large pressures (or correspondingly
under the influence of very large electric fields).

W e can therefore reach a semiquantitative measure of
the change of dielectric constant with distance from
We picture this effect as given in Figure 1 for
an ion with a radius of 1.5 A. The change of dielectric
constant in region | results from dielectric saturation.
The change in region Il results from the compressibility
of water with more dipoles being crowded into a unit
volume. Region 1Il is that of the normal, static di-
electric constant of bulk water. This picture is only
semiquantitative, but seems reasonable in view of the
experimental data available.

an ion.

Forces and Energies

In the development below, the following symbolism
has been used: Fv = volume force vector, E = electric
field vector, p = charge density or depth of gradient

sea, e = 'Air, E = electric field, V = vector gradient
operator, K = dielectric constant or Boltzmann con-
stant, kO = dielectric constant at surface of ion, g =
mass density, R = distance of ionic separation or dis-
tance from an ion, r = radius of ion or unit cell length,
V = volume, O+ g_ = charge subscripted for positive
or negative, Z = atomic number, s = (4x/X) sin 9

6 = Bragg angle, and F = force.
The volume force vector acting on a region of space
in a dielectric is given by 16

SE- T E™ + H pt

(3) H. S. Frank and P. T. Thompson in “The Structure of Elec-
trolytic Solutions,” W. J. Hamer, Ed., Wiley, New York, N. Y., 1959,
p 113.

(4) E. Glueckaufin ref 3, p 97.

(5) J. E. Desnoyers and B. E. Conway, J. Phys. Chem., 68, 2305
(1964).

(6) P. Debye and E. Htlckel, Phys. Z,, 24, 185 (1923).
(7) E. Htlickel, ibid.., 26, 93 (1925).

(8) H. S. Harned and B. B. Owen, “The Physical Chemistry of Elec-
trolytic Solutions,” 3rd ed, Reinhold, Princeton, N. J., 1958, pp
508-509.

(9) R. A. Robinson and R. H. Stokes, “Electrolyte Solutions,” 2nd
ed (revised), Butterworths, London, 1959, p 231.

(10) P. Debye and L. Pauling, J. Amer. Chem. Soc., 47, 2129 (1925).
(11) H.S. Frank, ibid., 63, 1789 (1941).
(12) D. M. Ritson and J. B. Hasted, J. Chem. Phys., 16, 11 (1948).
(13) J. Padova, ibid., 39, 1552 (1963).
(14) D. C. Grahame, ibid., 21, 1054 (1953).

B

(15) . B. Owen, R. C. Miller, C. E. Milner, and H. L. Cogan, J.
Phys. Chem., 65, 2065 (1961).

(16) W. K. H. Panofsky and M. Phillips, “Classical Electricity and
Magnetism,” Addison-Wesley, Reading, Mass., 1955, p 95.
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The first term on the right of eq 1 is the standard
Coulomb term, the second term is of interest to us, and
the third term is the électrostriction term which we
shall ignore (ignoring the third term is equivalent to
assuming that dk/dg = 0, or that the fluid is incom-
pressible) .

We use the following model. (1) The ions are in-
compressible spheres with charge located at the center.
(2) The water is a continuous dielectric medium with
the properties of liquid water, the most important of

which is the dielectric constant behavior given in
Figure 1.
Figure 1. Variation of dielectric constant with distance from

the center of the ion with radius 1.5 A.

Consider a spherical unit positive ion and a spherical
unit negative ion of equal size (radius r) immersed in
water as a dielectric medium a distance R (center to
center) apart. Consider the negative ion (arbitrary
choice) as being surrounded by the variation of dielec-
tric constant shown in Figure 1. The field acting on the
negative ion is that generated by the positive ion. To
find the forces operating on the negative ion, eq 1 must
be integrated over the volume. The only part of the
volume which contributes to the integral of the first
term on the right of eq 1 will be that part containing
charge. The only part of the volume which will con-
tribute to the integral of the second term on the right of
eq 1 will be that part containing a gradient in the
dielectric constant. As shown in Figure 2, the nega-
tive ion is a sphere of radius r surrounded by a sea of di-
electric gradient of depth p (perhaps 3 A deep, as esti-
mated by Padovald in which the dielectric constant
changes from the static bulk value at (r + p) to some
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Figure 2. Spherical anion of radius r surrounded by a region
of dielectric gradient over the distance p.

Figure 3. Schematic representation of the parameters near
the surface of an ion.

much smaller value (perhaps 312) atr. We assume the
slope in dielectric constant to be roughly constantwithin
p, as drawn in Figure 1.

The integral of the first term on the right of eq 1
gives the classical Coulomb result shown in eq 2 for
point charges. The force is along the line of centers.

f fBdr=f ~ dr = %
The integral of the second term on the right of eq 1
can be expressed in terms of the significant parameters
as shown in

/_ - EkdV = Q 1 dk
2 2 KR 4dR

In all regions of space except within the “gradient
sea,” the gradient in the dielectric constant is zero, so
we need consider the integration only over the volume
of the gradient sea. Let us consider the one-dimen-
sional problem first. The quantities in eq 3 are shown
schematically in Figure 3 as they would occur along a
line through the centers of the two ions. Each of the

©)
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Figure 4. Areas under the curves represent forces acting on
an ion in the one-dimensional case.

guantities in the integrand of eq 3 can be estimated as
follows: R = 10 A, I = 15A, p=3A, fcbuk = 93,
ko = 3, dk/dR = 30/A. Figure 4 shows the estimated
absolute value of the integrand of eq 3 plotted against
R. For the one-dimensional problem, the areas under
the curve represent the integral of eq 3. Because the
gradient is negative on the left and positive on the
right, the area on the left represents a repulsive force
and the area on the right an attractive force.
relative areas under the curves, it can be seen that the
net force on the negative ion under these conditions is

From the

repulsive.

The three-dimensional problem is more complex.
The model being used here indicates that the roughly
half of the sea on the side of the negative ion nearest the
positive ion will contribute a positive, repulsive force,
while the roughly half of the sea on the side of the nega-
tive ion farthest from the positive ion will contribute a
As shown in Appendix I, the
integral in eq 3 gives, at least to a first approximation,
the result in eq 4 for the field-dielectric-gradient force

smaller attractive force.

3 S dk
/ -M M 7 = € (4)

2 4 ¢ i dR
between the two ions along the line of centers. The
total force between the two ions results from the com-
bination of eq 2 and eq 4 to give eq 5. The energy of
F grg- 1 ,3 g2 dk €

k Ri+ 4*f2 dR

the two ions can be obtained by integrating eq 5 from
R = o (zero point of electric energy) to the final position

R = R to give eq 6. As Panofsky and Phillips make
ffrg-1 , s+ dk
ener = Fs,
= Ry amear o Rs O
clear,I7the energy in eq 6 is the free energy. This will
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be the Helmholtz free energy, but for ionic solutions
w ill also be essentially the Gibbs free energy.

The model that results from this analysis can be sum-
An ion in solution has two signifi-
cant features. One of these is the charge itself and the
other is the gradient in dielectric constant surrounding
that ion and existing only in the immediate vicinity of
that ion (Figure 2). Both the charge on the ion and
the gradient in dielectric constant associated with that
ion will interact with an electric field according to eq 1.
When the electric field is generated by another ion, the
forces and energies of interaction are given approxi-
mately by eq 5 and 6.
water between the ions (beyond about4 or 5 A from the
center of each ion) will retain the bulk dielectric con-
stant of water.12 13

From this description of the interaction of ion pairs
immersed in the dielectric medium of water, we can pro-
ceed to a consideration of many ions immersed in water
to form a solution. As equation 5 indicates, each ion
pair will feel a coulombic force that drops off as the in-
verse of R2and each ion pair simultaneously will feel a
field-dielectric-gradient force that drops off as the in-
The coulombic force will be attractive or

marized as follows.

The dielectric constant of the

verse of R4.
repulsive depending on whether the two ions have op-
posite or like signs, and the field-dielectric-gradient
force between ion pairs will always be repulsive. Be-
cause of the way in which these forces vary with R, the
field-dielectric-gradient repulsive force should become
important or even predominate when R is small, or
therefore when solutions are concentrated.

Structure in Solution

This description of forces resembles the description
applied to solid ionic substancesi8and leads to a closer
examination of the evidence for ionic structure in con-
centrated solutions of simple ions in water. In analogy
with many solid 1:1 electrolytes, we might look for a
face-centered cubic structure in concentrated solutions.
The ions near a central ion would assume positions cor-
responding to those of a face-centered cubic structure,
but the regularity of this structure would disappear as
the distance from the central ion increased. The
X-ray diffraction pattern from this “loose” face-centered
cubic structure would not be exactly that expected from
awell-defined face-centered cubic (fee) solid, but would
have elements of a dispersion curve of aliquid with the
near-neighbor distances corresponding to the near sites in
a fee structure.

Ideally, the Wierl equation19should be applied to an
infinite array of lattice points, the Wierl equation
being modified to take into account a “temperature

(17) W. K. H. Panofsky and M. Phillipsin ref 16, p 90.

(18) L. Pauling, “The Nature of the Chemical Bond,”
Cornell University Press, Ithaca, N. Y., 1948, p 337 ff.

(19) See, for example, G. M. Barrow, “Physical Chemistry,” 2nd ed,
McGraw-Hill, New York, N. Y., 1966, p 381.

2nd ed,

The Journal of Physical Chemistry, Voi. 76, Ao. 7, 1972



1066

factor” that would allow for the greater fluctuation of
ions (and therefore a decrease of electron density or
scattering power) as the distance from the central ion
increased. Since the infinite array of lattice points is
computationally difficult to handle, we have limited
our calculations to the eight unit cells surrounding a
central point in a fee lattice. We have modified the

W ierl equation as shown in eq 7 to include an arbitrary

| @ ZiZie~dlrijt sin ~ @)
i STij
exponential factor which decreases the contribution
of a particular term in the Wierl equation as the dis-
tance increases. This factor was chosen to resemble
that used by Vaughn, Sturdivant, and Pauling?® to
allow for temperature effects. |If the salt being con-
sidered is chosen from a group which has one ion with
a large atomic number (scattering factor) and the
counterion a small atomic number, then only the ions
with the large atomic number need be considered.
For such a system, the 63 significant lattice points in
the eight unit cells surrounding a central ion give eq 8,

= 13,16-18,24
| @%_Z__Z X N e~(n2)a™ sin 1 IE“SI’ 4 E)SI' 6)
Sr 2 2
-4 1
which, in combination with the coefficients given in
Table I, is a shorthand representation of the results of
carrying out the summations of eq 7. The symbol
13,16-18,24
E
n=1

in eq 8 means that the summation is carried out over
the integral values of n from one to 13, from 16 to 18,
and the value 24. The 17-term 'eq 8, without the
(63A)sr term, was programmed on a Wang 700 program-
mable desk calculator, and a quantity proportional to |
obtained as a function of Sr at various values of ah2 (r
is the unit cell distance). The results are shown in
Figure 5. The curve for ah2 = 0 is that which would
be obtained for a “molecule” that consisted of eight
unit cells of a fee ionic structure in which the ion with
the large scattering factor is the central ion and the
ion with the small scattering factor is the counterion;
the prominent features of this curve are the maximum
at Sr slightly greater than 11 with fine structure on
both sides of this principal maximum. As ah2increases
in size, the maximum at sr = 11.15 decreases in in-
tensity, the curve around the maximum broadens
somewhat, and the fine structure on both sides of the
maximum washes out. Although the principal maxi-
mum decreases in intensity, the value of Sr at which
this maximum occurs changes negligibly as ah2 in-
creases. As ah?2 increases above zero, the curves are
approximations to an infinite array of fee lattice points
which has a contribution to the dispersion curve from
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Table I: Coefficients of Eq 8

n an n Oon
| 252 9 156
2 114 10 84
3 324 11 60
4 150 12 60
5 228 13 72
6 68 16 18
7 288 17 24
8 39 18 12

24 4

the points separated by distances up to the order of 2r
and no contribution for points separated by greater
distances.

Hyman and Vaughn2lreported the dispersion curves
for aqueous solutions of chloroplatinic acid. Thermo-
dynamic data, which will be reported later, indicate
that 2:1 and 1:2 electrolytes assume a fluorite struc-
ture in The X-ray diffracting anions in
chloroplatinic acid can therefore be examined as an fee
lattice with a unit cell length of the corresponding
fluorite cell. Hyman and Vaughn report their concen-
trations in molal units, but their Table | gives the
“nearest neighbor distance if close-packed” which
allows the determination of the unit cell length at
each concentration. The maximum from eq 8 at
(sr)max = 11.15, when applied to Hyman and Vaughn's
data, predicts maxima at the following points: 2.9690
m at sin 0/X = 0.062, 2.0016 m at sin 0/X = 0.056, and
1.0035 m at sin 0/X = 0.046. In Figure 5, the
left-hand minimum occurs at (sr)min = 5.90 for the
curve with ah2 = 1. This minimum would occur in
Hyman and Vaughn's results at the following points:
2.9690 m at sin 0/X = 0.033 and 2.0016 m at sin 0/X =
0.030. Though not resolved, one can see some evi-
dence for what could be minima at these points. Fi-
nally, the ratio of the intensity of the maximum to the
intensity of what could be a minimum in Hyman and
Vaughn’'s 2.9690 curve can be estimated at near six
and the ratio of the intensity of the maximum to the
intensity of the minimum in the ah2 = 1 curve in Fig-
ure 5 is about seven. If one restricts his attention to
region A of Hyman and Vaughn's data, the agreement
between the data and the predictions of eq 8 is quite
good.

Beck2 has reported X-ray photometric curves for
concentrated solutions of LiBr and LiCl. The most
concentrated solution of LiBr was 123 M. His
curve shows a distinct peak at about 20 = 21°. Ata

solution.

(20) P. A. Vaughn, J. H. Sturdivant, and L. Pauling, J. Amer. Chem.
Soc., 72, 5477 (1950).

(21) A. Hyman and P. A. Vaughn, “Small-Angle Scattering, Pro-
ceedings of the Conference Held at Syracuse University, June, 1965,”
Gordon and Breach, New York, N. Y., 1967, p 477.

(22) J. Beck, Phys. Z., 40, 474 (1939).
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Figure 5. The intensity of scattered X-rays as a function of
sr as given by the modified Wierl equation for the eight unit
cells around a central point in the fee system. The three
curves show the effect of increasing values of oV2

concentration of 12.3 M, the unit cell length of an fee
structure would be 8.14 A. With (sr)max = 11.15,
this corresponds to 26 = 19.4°. The most concen-
trated solution of LiCl was 13.3 M. Beck’s curve
shows a less distinct maximum at about 26 = 19°.
At a concentration of 13.3 M, the unit cell length of an
fee structure would be 7.94 A. With (sr)mex = 11.15,
this corresponds to 26 = 19.8°. At lower concentra-
tions, the maximum would be expected to shift to
lower angles and to become broader and less intense.
With a little imagination, Beck's curves for LiBr and
LiCl at lower concentrations (down to perhaps 6 M)
in the regions between 26 = 16° and 26 = 30° can be
interpreted as composed of two broad peaks, the peak
from the loose fee structure superimposed on the water
peak at 26 = 28°. Beck interpreted his curves in
terms of peaks corresponding to the results obtained
from solid LiBrH 2 and LiCleILO. The agreement
between Beck’'s experimental results and the predic-
tions of eq 8 is satisfactory considering the difficulty
of reading the published curves accurately. We are
presently attempting a greater resolution of the X-ray
dispersion curves from concentrated aqueous solutions
of LiBr.
evidence at

We also intend to look for scattering curve
larger angles though
intensity with angle, the interference from the water
structure, and the interference from the intraionic
structure of polyatomic ions may make such a search
futile.

In both of these cases of X-ray data on solutions of
electrolytes in water, the results are compatible with a
loose face-centered-cubic structure of the ions in solu-
tion.

the decrease of

Harned and Owen23 note that certain features of
partial molar volume behavior can be interpreted in
terms of a lattice structure: *“If this is the case, the
concept of the ionic atmosphere might be replaced by a
statistical lattice structure, except at high dilutions.”

Free Energy of Salts in Solution

The X-ray evidence indicates that simple 1:1 elec-
trolytes in concentrated aqueous solutions assume a
loose fee structure. Further evidence for structure in
solutions can be obtained from activity coefficient
data. For perfect structure in solution, eq 6 can be
used to find the electrical free energy of the ions by
inserting a Madelung constant in the coulombic term
and a Madelung-like constant in the second term to give
eq 9, where A" and B" are those appropriate constants.
It should be noted in eq 9 that the partial molar Gibbs

d /57 1% de
4 h® dR " R3 ©)

L'eie’t N lgrg— 1|

N k R

free energy was equated directly, which is in contrast
to the procedure used by Frank and Thompson3 and
Glueckauf.4 The total free energy of N> moles of
electrolyte will be n2times the right-hand side of eq 9.
The derivative of the total free energy with respect to n2
must be taken at constant R, since R is an intensive
variable in this system, to obtain the partial molar
free energy, and this is the result in eq 9.

Since we have let R represent the shortest distance
between a cation and an anion in the fee structure, we
can replace I/R by (2fVc/1000)13 where ¢ is the con-
centration in moles/liter and N is Avogadro’s number,
giving

2N

Faea ioooc (10)

The symbolism and equations of Harned and Owen2
have been used in the following development. Fol-
lowing the usual assumption that the deviations from
ideal behavior result from electrical interactions, the
deviations from ideal behavior are related to the stoi-
chiometric mean ionic mole fraction activity coefficient
(rational activity coefficient) as given in eq 11. Com-
bining eq 10 and 11 and converting to logarithms to
the base 10 gives eq 12 and 13, where A, the coefficient

elec RT
Gelect _E )_Slh/\ /*2 (ID
V3
log/™ _ A: g H 1 .
N 2(2.3)KT/cLI000]
k 2N
eo gt dk o c (12
2(2.3) (4)RT ko dR 1000
logU =-A(c)u3 + Bc (13)

of cv’, has the value 0.28894 at 25° in HD and B, the

(23) H. S. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions,” 3rd ed, Reinhold, Princeton, N. J., 1958, p
367.

(24) H.S.Harned and B. B. Owen in ref 23, p 10 ff.

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972



1068

C, MOLES/LITER

Figure 6. The left-hand side of eq 12 plotted against the
molar concentration for several uni-univalent electrolytes at
25°. The data were taken from Harned and Owen.8

coefficient of ¢, can be estimated (as will be done
below), but at this point remains an adjustable param-
eter to be determined from experimental data. Ac-
tivity coefficients are usually reported in terms of y*
the mean molal ionic activity coefficient, and m, the
molality.
ships among the kinds of activity coefficients gives eq
14. A plot of the left-hand side of eq 14 against Cis

Combining eq 13 with the classical relation-

log”™ + A(c)l/*=
c

. or. . e(@2M,-M,~1 , ,
- 10iT o+ 1000 (14)

shown in Figure 6, and very satisfactory straight lines
are obtained for several simple electrolytes in water.
K1 was not drawn in Figure 6, since the line almost
superimposes that of NaCl. The slopes, B, and the
intercepts, determined by the method of least squares,
are shown in Table Il. Table Il also shows the result
for HC1 which was obtained from the original data of
Harned and Ehlers. 2 A plot of the left-hand side of
eq 15, the EM F equation incorporating eq 13 converted

w T M B
n$ n5

2@3RToe 15

for molar units (but ignoring a small log term), is shown
in Figure 7 and again gives a satisfactory straight line.

From Table Il it can be seen that the values of B
range from 0.02 to 0.2.
distances in the eight unit cells (the same cells used in

By counting only the ions and

evaluating the Wierl eq 7) around a central point in an
fee structure, we find that 2 (I/Rt3 ~ 18/i?3 where R
is the shortest plus-minus distance so that the con-
stant in the repulsive term (B" in eq 9) which resembles
the Madelung constant has approximately the value of
18. We can estimate the other quantities in the
repulsive term of eq 12 as ko = 3, r = 1.5, p/r = 0.1,

and dk/dR = 30/A. Using these estimates, B has the
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Figure 7. The left-hand side of eq 13 plotted against the
molar concentration for the cell Pt, H2JHC1 (»i) | AgCl, Ag at
25°. The data were taken from Harned and Ehlers.B

Table I'l:  Summary of Results Obtained for B and Intercept
from Tabulated Values of Activity Coefficients for

Various 1:1 Salts along with the Results from Emf
Measurements for HC1

Electrolyte B Intercept

HCI 0.1890

LiCl 0.1713 0.019
NacCl 0.0970 0.017
KC1 0.0680 0.015
NaBr 0.1230 0.016
KBr 0.0785 0.016
Nal 0.1540 0.020
K1 0.0967 0.021
NaNO03 0.0270 0.013

calculated value of 0.065 I./mol which falls within the
range of the experimental results.

As indicated by eq 15 and Figure 7, extrapolation
using these equations will result in a new value for the
E° of a cell and therefore will result in a completely
new set of values for activity coefficients. It will also,
for example, change redox potentials for half cells
from those presently in the literature. No attempt
has been made in this paper to carry out these ad-
justments. The significance of these changes is dis-
cussed below.

Discussion

The differences between the development in this
paper and the Debye-Hiickel development will be
considered first, and then comparison to other develop-
ments will be made.
dielectric-gradient force has not been recognized ex-
plicitly previously and therefore was not included in
the Debye-Hiickel treatment. The inclusion of this
field-dielectric-gradient force led to an expression for
the activity coefficient that included a linear term (eq
12 and 13) which had not been satisfactorily explained
previously,89 and which does not follow directly from
the Debye-Hiickel theory.

Second, though both the Debye-Hiickel treatment
and the treatment presented here take into account the

First, the existence of a field-

(25) H. S. Harned and R. W. Ehlers, J. Amer. Chem. Soc., 55, 2179
(1933).
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coulombic interaction, the results of the analyses lead
to different conclusions about the variation of the
coulombic interaction with concentration. Whereas
the Debye-Hiickel treatment finds a variation of the
electrical free energy with the square root of concentra-
tion, the present treatment finds that the field-di-
electric-gradient effect leads to a “loose” face-centered
cubic structure and therefore to a variation of the
coulombic part of the electrical free energy with the
cube root of the concentration.

Third, an advantage of the Debye-Hiickel theory is
that it includes the effect of temperature on the ionic
distribution through the Boltzmann factor, while the
temperature effects in the present treatment are ac-
counted for only secondarily through the inclusion of
an exponential factor in the modified Wierl equation.
However, temperature effects on the fundamental dis-
tribution can apparently be disregarded and satisfac-
tory agreement with experimental data obtained.
More will be said about this below.

It is surprising that ionic solutions behave as if the
fee structure persisted to the lowest concentrations for
which data have been obtained. In 0.01 M solutions,
the shortest cation-anion distance in the fee structure
is about 43 A. The linear, field-dielectric-gradient
term in eq 13 is 1-3% of the cube-root, coulombic
term at this concentration. Though small, the
gradient effect still cannot be completely disregarded
compared to the coulombic effect until even lower
congentrations have been reached. At this distance of
43 A, the electrical energies should be small, especially
compared to kT, and the thermal motions would be
expected to predominate. One possible explanation
for the observed agreement in spite of the fact that
thermal effects would be expected to interfere is the
nature of the interactions as given by the development
in this paper. It is well known from electrostatics
that a spherically symmetrical distribution of charge
can be treated as if the charge were located at a point
in the center. Though the separation of 43 A in 0.01
M solution is large, any tendency for the ions to close
this distance would be accompanied by a rapid increase
in the repulsive force between these ions. The sta-
tistical average distribution of charge may be spheri-
cally symmetrical about the lattice points, which would
allow the energy calculation as if perfect structure
obtained.

In addition, if we apply eq 6 to the one-dimensional
system of two positive charges at a fixed separation
with a negative charge assuming all possible points
between the fixed positive charges, we find an energy
curve which is very flat over most of the distance and
very steep near the two cations. The anion, because
of the strong repulsive forces as the distance decreases,
can approach a cation to only a limited degree. Be-
tween these two limits, the energy is almost indepen-
dent of position of the anion. The energy can be
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calculated as if the anion were at the center, even
though it may “slide around” over a relatively large
distance.

In spite of these possibilities, at the ultimate lim it of
zero concentration, the field-dielectric-gradient repul-
sion must become insignificant compared to the cou-
lombic effects, and at concentrations very close to zero
the Debye-Hiickel theory will apply. The question
that needs to be answered, then, is: what is the
maximum concentration for the validity of the Debye-
Hiickel limiting law, or what is the minimum concen-
above which structure applies? Appeal to
experimental results is not conclusive, since experi-
mental data up to concentrations of perhaps 0.1 M
have been fit to a Debye-Hiickel type of equation
(though commonly additional terms not directly fol-
lowing from the Debye-Hiickel treatment have been
added to the limiting term to improve the fit), while
the “loose” lattice equations presented in this paper
fit down to the lowest concentrations for which data
have been reported. The fit extends to much higher
concentrations with the present equations, but that
does not justify the low end. We have no satisfactory
answer to this question at this time.

In view of this dilemma, another question must be
considered: what are the consequences of extrapolating
data to zero concentration according to the equations
in this paper if the equations do not apply below a
concentration of the order of perhaps 0.001 Mf For-
tunately, the application of thermodynamics to the
experimental data is independent of the method of
extrapolation, i.e., the choice of reference function
and reference state is arbitrary.® However, certain
choices are more convenient than others. Extrapo-
lating data to zero concentration according to eq 13
(as has been done in Figure 7) merely establishes the
reference state as that state which would exist if
structure persisted to infinite dilution. This is no
more arbitrary than establishing the reference state
as that state which would exist if the Debye-Hiickel
limiting law were obeyed to infinite dilution. The
choice is rather one of convenience. Since the equa-
tions developed in this paper are reasonably simple and
apply over a considerable concentration range, choosing
the reference state as that of the persisting structure
(whether or not it actually persists) seems more con-
venient and therefore the better choice.

Other authors have also considered forces and energies
between ions in addition to the classic coulombic inter-
Levine and RozenthalZ considered a con-
tribution which would result from the difference
between the dielectric constant of the ion complex and

tration

action.

(26) F. T. Wall, “Chemical Thermodynamics,"” 2nd ed, W. H. Free-
man, San Francisco, Calif., 1965, p 372 ff.

(27) S. Levine and D. K. Rozenthal in “Chemical Physics of lonic
Solutions,” B. E. Conway and R. G. Barradas, Ed., Wiley, New York,

N. Y, 1966, p 119.
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the dielectric constant of the surrounding normal
water. Their analysis resulted in an interaction energy
which included the coulombic energy along with addi-
tional terms which could be expressed as a series, the
leading term of which showed the energy varying as
1/RA Their equations did not explicitly take into
account the effect of the dielectric gradient.

Friedman recognized that the region of dielectric
saturation around an ion would make a positive con-
tribution to the free energy of interaction between
ions.B He also correctly noted that this contribution
would be positive whether the interacting ion pair had
the same or different signs, as is the case for the field-
dielectric-gradient effect used in this paper. Friedman
did not develop this model beyond these qualitative
considerations, though he did point out that further
progress in understanding ionic solutions would
depend upon calculating the extracoulombic interac-
tions from a reasonable physical model.

Friedman and Ramanathan2 have included four
terms in their ion-ion pair potential considerations:
one is the classical coulombic term, a second is the
cavity termZ (discussed above), a third is a core repul-
sion term,1Band a fourth is the Gurney cosphere overlap
term.3 Both the third and fourth terms depend upon
a very close approach of ions to each other and would
therefore be most important in very concentrated
solutions. In such solutions at least these two terms
would need to be included. The approximations and
model used in developing eq 6 would break down at
such short distances and a much more detailed treat-
ment would be required to take into account all of
these interactions.

The most significant parts of this paper concern (1)
the demonstration that ions in solution in water as-
sume a “loose” lattice structure; (2). the development
of equations which give a quantitative measure of the
forces and energies of interaction that result from the
electrical field generated by an ion acting on the
charge and the dielectric gradient associated with
another ion; and (3) the development of equations
which will simplify and make more convenient the
application of thermodynamics to ionic solutions. In
addition, though there is presently more hope than
demonstrated reality in this statement, a more detailed
knowledge of these forces and energies will lead to a
greater understanding of the properties of concentrated
ionic solutions. In regard to this extension of under-
standing, we have obtained preliminary results on the
heats of dilution and relative partial molar enthalpies
of ionic solutions in water that appear very promising.

Acknowledgment. The patience of Glenn Schmieg,
with whom many valuable discussions were held, is
gratefully acknowledged, as is the assistance of many
senior chemistry majors who helped with the calcula-
tions.
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Appendix

The model we use is drawn in Figure 8. The anion is
a sphere of radius r surrounded by a “gradient sea” of
depth p. The dielectric constant changes from the
bulk value, k, at (p + r) to the low value, kO, at .
The rate of change of k with distance within p is as-
sumed to be constant; therefore, the gradient, except

Figure 8. Model for the ion and its gradient sea used for
purposes of integration.

for direction, is constant within p. The gradient sea
is acted on by the field generated by a cation whose
center is a distance R from the center of the anion.
The integral to be evaluated is

(A1)

where the integral must be taken over the volume of
the sea. We do this by integrating over the volume
of the sphere with radius (p + r) and subtracting the
integral over the sphere with radius I.

W e choose the volume element as the cylinder (dotted
line in Figure 8) at (R — c¢) having the circular base
with radius (I’ + p) sin 0 and height dc. Since C =
(I’ + p) cos O, the volume element is dF = u(r + p)2
sin20 dc = —7I’(I’ + p)3sin30d0. Applying the law
of cosines we find that

i 2R(r + p) cos 0\
X2= (A2+ (r + p)2 ; (A2)
A2+ (r+ p)2)

k is assumed to have the constant value f0. As was
seen in the one-dimensional problem above, the volume
immediately adjacent to the ion (p very small) makes
the most significant contribution to the integral and
over this short p we assume kOis constant and has the
value at the surface of the ion. Since we are interested
in the force along the line of centers, the vector (dk/
dR) can be written dk/dR cos 0. The integral there-
fore becomes

(28) H. L. Friedman, “lonic Solution Theory,” Interscience-Wiley,
New York, N. Y, 1962, p 121.

(29) H. L. Friedman and P. S. Ramanathan, J. Phys. Chem,, 74, 3756
(1970).

(30) R. W. Gurney, “lonic Processes in Solution,” Dover, New York,
N. Y., 1953, p 251.
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e0?f r(r + p)3 /*1 cos 0sin30 dd
2 ko2 G'm Jo (1- 6cos0)2
1+
T cos 0sin30 dO
(A3)
Jo a“ acos6)2
where
: 2(r+ p
R2+ (r + p)2
and

a= 2r/(R2+ r)

Both integrals have the same form and can be
solved in the general case.
/* cos 6sin30d0 _ C cos 9 (—d cos 9)
Jo 1 —acos0)2 Jo (1 — acos0)2

X cos39 (—d cos 9)

(1 — a cos 0)2 (A4)

Integrating by parts, we find that the first integral on
the right in eq A4 gives

XTcos 0 (—d cos 0)
(@ —acos0)2 - a\r (=av

2 In1+ a+ —In@- a2 (A5
a' al

which, if a « 1, can be approximated to —1.

The second integral on the right in eq A4 can be
integrated by parts to give

X cos36 (—dcosd 1 1
(1 — a cos 0)2 a2(l — a2

3 j =6
@+a J7° 9 (1 —acos 9 do (A6)
a2 (1 —a oa

If we use the approximation that In (1 — a cos 9) =

—a cos 0, we get

** cos30 (—d cos 0) 1 2
Jo (1 — acos 0)2 a(l—a2

a2
which approximates (when a <C1) to
cos39 (—d cos 9)
io @ —memo2
The total integral (A3), therefore, becomes

@ dc ,

fie dR IMV[]f /(r+R p)jZ :i LAY

-3 (AS)

irlr + p)3 7rr3

(A9)
When [(r + p)/R]2« 1land (r/R)2<5 1, eq A9 gives
to dfc
it(r 3— 7% Al10
fmZdRR‘('(+p) r3 (A10)
or
dfc
1 3f (A1)

fap dR £F44 s
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The temperature dependence of the Na:K ion mobility ratio in fused silica has been measured using dc con-
ductance techniques over the temperature interval 450-850°. Below 550°, the mobility ratio was time and
temperature dependent. Above 550°, the temperature dependence of the steady-state Na:K ion mobility
ratio indicated that the activation energy for potassium ion conduction was greater than that for sodium ion
conduction by approximately 6 kcal mol-1. Below 550°, this same activation energy difference was noted as
the glass was cooled from above 550° over a few-hour time period. However, the steady-state measurements
below 550° indicated a greater activation energy for sodium ion conduction than for potassium ion conduction.
The difference in activation energy for conduction determined from steady-state measurements compared to
that determined from transient temperature measurements is attributed to changes in the glass structure.
These structural changes require significant time to attain equilibrium after a change in temperature. lon-
exchange equilibria were measured for potassium-sodium exchange in fused silica from several sodium and

potassium molten salt mixtures over a temperature range of 550-815°. The ion-exchange equilibrium constants
were shown to be dependent on the temperature and the nature of the melt anion.

Introduction

The use of membrane potential measurements for the
determination of ion-exchange equilibria at molten
salt-glass interfaces depends on the ability to measure
the true ionic mobility ratio in the glass for the cations
involved.1-3 The membrane potential, made up of a
boundary potential and a diffusion potential, may be
represented by the equationl

Em = In {[A+(s)]IM +

fcl/re[B+(s) JV"}" + constant (1)

where [A+(s)]and [B+(s)]represent the meltion activ-

ities of the two cations exchanging with the glass, k is

the electrode selectivity constant, and n is a constant.
The electrode selectivity constant, k, is given by

where X A+ B+is the ion-exchange equilibrium constant
for the reaction

A+(g) + B+(s) ~  A+(s) + B+(9) (3)

and ub+/ua+is the mobility ratio of the ions in the
glass. A+(g) and B+(g) represent the ions contained
in the glass phase. The equilibrium constant for the
reaction given in eq 3 may be expressed in the form

Aa+_b+ = (IA+(s)]/[B+(s)1)(XB(g)/ X A(g))K (4a)

where X,(g) denotes the mole fraction of ion i in the
glass. The mole fraction term arises from the assump-
tion that the activities of the ions in the glass are pro-
portional to the nth power of the mole fraction of that
ion in the glass. This n value, given in eq 1, 2, and 4,
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is the “thermodynamic factor,” d In [A+(g)]/5 In
X A(g) used by Doremus.2

A complete check of the validity of eq 1-4 re-
guires that membrane potentials, ion mobility ratios,
and ion-exchange equilibrium constants be determined
independently. Because of the great amount of time
required to make such measurements, and since few
electrode systems are available for use in making mem-
brane potential measurements, few such studies have
been carried out.'2 However, good agreement was
found between experiment and theory for the cases
studied.

Previously reported experimental investigations most
frequently measured the dependence of the membrane
potential on the activities of the melt cations exchang-
ing at the membrane surface. Then, either the ion
mobility ratio4 or the ion exchange equilibrium con-
stant6 is measured independently, and the remaining
term obtained through the use of eq 2.

Although the ion-exchange equilibrium constant is
independent of cationic activities in the melt, it does
vary with the melt anion.46'7 This relationship is most
readily apparent when one considers that AG® for eq 3
contains a contribution A (?f°(Ax) — A@f° (BXx), which
depends on the nature of the anion X. For this reason,
the Na+-K+ ion exchange from several melts having

(1) G. Eisenman in “Glass Electrodes for Hydrogen and Other
Cations,” G. Eisenman, Ed., Marcel Dekker, New York, N. Y., 1966,
Chapter 5.

(2) R. H. Doremus, JwPhys. Chem,, 72, 2877 (1968).
(3) R. H. Doremus in ref 1, Chapter 4.

(4) K. H. Stern, J. Phys. Chem,, 74, 1323 (1970).

(5) H. M. Garfinkel, ibid., 73, 1766 (1969).

(6) Y.-F. Y. Yao and J. T. Kummer, J. Irwrg. Nucl. Chem.,, 29, 2453
(1967).

(7) G. Eisenman, Biophys. J., 2 (2), 259 (1962).
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different anions was studied. In order to calculate the
temperature dependence of the electrode selectivity
constant k, the ion mobility ratio and K a+b* were de-
termined over arange of temperatures. Using different
sodium and potassium salts enabled us to cover a suffi-
ciently wade range. Apparent discrepancies in the
temperature dependence of the Na:K ion mobility ra-
tio, reported for a borosilicate glass by a single investi-
gator,89indicated that this measurement might be very
sensitive to some unrecognized factors. For this reason
the effect of temperature on the N a:K ion mobility ra-
tio in fused silica was studied in detail.

In this work we have determined the Na:K ion mo-
bility ratio in fused silica by measuring the electrical dc
conductance of the glass when it contained exclusively
one or the other of the cations of interest. The con-
ductance determined for each of the cations was then
used to determine the composition of the glass when
mixtures of the two ions were present by use of the re-
lation2810

ft —XA(Q)<rA + AB(Q<IB 5)

where at is the observed conductance (1/7?) when ions
A and B are both present, aa and «b are the conduc-
tances observed when either ion A or ion B is the only
cation present in the glass, and X A(g) and X B(g) are
the mole fractions of the two ions when both are present
in the glass. It is assumed that X A(g) + XB(g) = 1
and that the self-mobilities of ions A and B are inde-
pendent of mole fraction.8 The composition of the
glass was determined from eq 5 for a series of melt ion
activities. This equation has been shown to be ap-
plicable to sodium-silver exchange between fused silica
and molten nitrate mixtures.2 Equation 4a is used to
calculate the ion-exchange equilibrium constant by re-
writing it in the form

[A+(s)] + nlog A B(9) (4b)
[B+(s)] X A(g)

log Ka+b+ log

A plot of the logarithm of the melt ion activity ratio
against the logarithm of the ion mole fraction in the
glass yields the n value from the slope and the K value
from the intercept.

The activation energy for conduction was deter-
mined from the temperature dependence of the con-
ductance. The electrical conductivity of a system in
which the current is carried by only a single ion is given
by1011

< = z2FDc/RTf (6)

where Zis the ionic charge, D is the diffusion coefficient,
c is the concentration of the ion species in the glass, F
is the faraday, R is the gas constant, T is the tempera-
ture, and/is a correlation factor.

In a defect mechanism the diffusion coefficient may
be expressed in the form 1011

D = Nv exp(AS*/R) exp(-AH*/RT) (7)

where AS* and AH * are the entropy and heat of acti-
vation for conduction, N is the defect concentration,
and Vis the vibrational frequency of the diffusing ion.
Equations 6 and 7 may then be combined to yield

1FZx
t AG exp(AS*/R) exp(-AH*/RT) (8)

It is assumed that AS ,N, v, and c are approximately
temperature independent. The enthalpy of activation
for conduction is then obtained from the slope of the
log £T vs. 1/T relationship.12

The conductance-temperature data may also be
fitted to an empirical Arrhenius-type equation of the
form 13

< = A exp(—EQRT) (9)

where A is a constant. No particular relationship be-
tween ion conduction and diffusion is implied by this
equation. As will be shown, the data obtained in this
work fit eq 8 and 9 about equally well.

Experimental Methods

U-shaped cells were made from 13-mm o.d. General
Electric 204 fused silica tubing. The cell arms were
separated by a fused silica membrane of approximately
thickness. Subsequent examination of these
membranes after use showed them to be of rather uni-
form thickness over a 9-mm diameter, with rapidly in-
creasing thickness at the cell walls. Since the exact
dimensions of the active membrane were unknown, the
resistance and conductance data reported in this paper
are the actually measured values, i.e., a = 1/7?, where
R was determined from the slope of the |I-E plots.

Each cell was suspended in air from a transite block
in a furnace controlled to within £2°. The membrane
temperature was monitored by a thermocouple placed
in a well fused to the cell adjacent to the membrane.
For measurements at temperatures below 600°, the cell
was shielded from ac pickup by a grounded silver cyl-
inder between the furnace and cell.

Known weights of reagent grade salts were placed in
each arm of the cell. Electrodes of 20-30-mil platinum
wire were placed in each arm of the cell. A potential
was applied between the Pt electrodes to introduce ei-
ther sodium or potassium ions into the glass, and the
current was monitored to determine when a steady-
state resistance was reached. Standard floating power
supplies with up to 320-V output capability were used

1-mm

(8) H. M. Garfinkel, Phys. Chem. Glasses, 11, 151 (1970).
(9) H. M. Garfinkel, J. Phys. Chem, 74, 1764 (1970).
(10) R. H. Doremus, ibid., 68, 2212 (1964).

(11) R. H. Doremus in “Modem Aspects of the Vitreous State,”
Vol. Il, J. D. Mackenzie, Ed., Butterworths, London, 1962, p 1.

(12) R. J. Charles, J. Appl. Phys., 32, 1115 (1961).
(13) E. Rasch and F. W. Hinrichsen, Z. Elektrochem., 14, 6 (1908).
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for applying the potential across the cell. A Keithley
150B microvolt ammeter was used for most current
This ammeter proved very satisfactory
for use in current measurements because of its low input
impedance, low leakage to ground, and complete isola-
tion from ground when used in the battery mode. The
current was monitored on a Rustrak Model A galvan-
ometer recorder driven through the 150B ammeter out-
put. Applied potentials were measured on standard
voltmeters. All instruments were calibrated by the
N RL instrument repair facility prior to use, so that all
meter readings were accurate to at least +2%.

All salts were reagent grade and were vacuum dried
at about 200° overnight before use. Although most
cells were open to the atmosphere, one cell containing
sodium and potassium nitrates was run under a steady
flow of dry helium to displace the air over the molten
salts in the cell. No difference was noted in this cell
compared to the other cells containing the same melt.

In two consecutive cases the potassium nitrate salt
was apparently

measurements.

some material
which rendered the membrane surface in contact with
this melt virtually nonconductive with respect to pas-
sage of potassium or sodium ions into the membrane.
Conduction of cations from the other side through the

contaminated with

membrane was unaffected. Although no impurity was
discovered in the salt by emission spectrographic anal-
ysis, the salt was triply recrystallized from water and
subsequently did not show this behavior. No other

salt was found to give this effect.

Results and Discussion

(A) Conductance Studies. At temperatures above
approximately 750°, the conductance of fused silica was
found to be sufficiently high so that irreversible changes
could be produced in the glass with current densities
exceeding about 30 /;A cm-2. Figure 1 illustrates the
phenomena observed in one case for a sodium-contain-
ing membrane at 805°.
given applied voltages followed the lower line and was
time independent at currents below 30 /;A, while the
points at higher currents were very time dependent.
The time-dependent points along the low™er current-
potential line were obtained up to an applied potential
of 10 V, pausing only long enough at each potential to
read the current. While a potential of 10 V was ap-
plied to the cell for 1.5 hr, the observed current slowly
rose to 262 yuA. The potential was then lowered, again
pausing at each potential just long enough to read the
current, and the current followed the upper line.

The electrolysis current for

Even
after several days at open circuit, the membrane resis-
tance increased to only about 90% of the original value.
In another instance after a membrane was subjected to
a high current overnight at 800° the activation energy
for sodium ion conduction was found to be only 14.6
kcal mol“1 a value much below that which was nor-
mally observed for sodium conduction. Even though
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Figure 1. Example of irreversible resistance change caused by
excessive current for fused silica which contains
sodium ion; t — 805°.

Figure 2. Temperature dependence of the conductance for
sodium ion in fused silica observed for a typical

membrane; cycle begun at upper right: (V) cooling,

(A) heating, (O) steady state.

no similar effect was noted at the lower temperatures,
electrolysis currents were alwhys kept below 10-15 /;A
cm-2 for all further experiments.

The temperature dependence of the conductance for
sodium and potassium containing membranes was
first examined over the temperature interval of 450-
550°.
steady-state conductance values for sodium ion ob-
served in a typical cell. With only sodium ions in the
glass, a steady current for a constant applied potential
(steady-state conductance) was established at 550°.
The glass was then cooled over a period of about 6 hr to
450°, during which time the two points on the upper
dashed line were determined. The temperature was
maintained at 450° and the current was monitored
until a steady current was observed for a constant ap-
plied potential.

The solid line in Figure 2 shows the long-term

At 450° a period of about 4 days was
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required before a steady current (conductance) was
established. The membrane was then heated to 500°
over a period of about 4 hr. The conductance rose
from the point shown on the lower dashed line to the
steady-state value within 12 hr. The membrane was
then heated to 550°. At this temperature the conduc-
tance rose to the steady value along the solid line within
The steady-state conductance values
Although
the transient conductances over this temperature in-

a few hours.
were reproducible within a few per cent.

terval were not particularly reproducible, the general
form of the response of the conductance to transient
temperature changes was always of the form shown in
Figure 2. The possibility of a polarization contribu-
tion to the measured conductance was eliminated by
determining the steady-state conductance at each tem-
perature for at least two constant applied potentials
differing by a factor of two or more. The conductance
was always independent of potential within experimen-
tal error.

The activation enthalpy given by the solid line in
Figure 2 for sodium ion conduction in the steady-state
case is 35 kcal mol-1. Over the temperature interval
130-280°, DoremusM found an activation energy, EQ
of 35 kcal mol-1 for sodium ion conduction in fused
The dashed lines in Figure 2 show that the ap-
parent activation energy for sodium ion conduction is
time dependent, being much greater in the steady state
We postulate that these
transient activation energies are more characteristic of

silica.

than in the transient case.

sodium ion conduction in (nearly) the same glass struc-
ture, whereas the steady-state activation energies in-
clude a contribution from glass structures which are
steady-state temperature.
sufficient time at any temperature, the glass “accommo-
dates” itself to ion transport at that temperature so
that the silicate network relaxes around the ion.
Douglasi’ has shown that, although normal thermal

different at each Given

expansion of fused silica occurs rapidly, a distinctive
time-dependent density effect is observable.
long-time effect may influence the ionic conductivity
As seen in Figure 2, the activation en-
ergy for sodium ion conduction as determined from the

Such a
mechanism.

slope of any one of the rapid cooling or heating lines is
much less than the steady-state value, even though it
varies slightly with the rate at which the temperature
is changed. If the activation energy is indeed approxi-
mately a constant, then assuming that N, Vv, /, and ¢
are not time and/or temperature dependent, the en-
tropy as defined in eq 8 must be less in the steady-state
Charles®
found the opposite result from his diffusion measure-

glass than in the newly cooled glass at 450°.

ments for a complex lime glass.

The difference between the steady-state and transient
conductance values for sodium ion conduction decreased
with increasing temperature. For example, 1 day was
required to attain a steady conductance at 500°, while
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above 550° no difference was found in the transient and
the steady-state conductances.

In order to attain a steady-state current at tempera-
tures above 550° during replacement of sodium ion in
the glass with potassium ion by electrolysis, it was nec-
essary to electrolyze about twice the amount of charge
through the glass as had been anticipated from the pre-
viously determined mobile cation impurity concentra-
tion in this glass.7 However, when sodium ion was
electrolyzed into a membrane which initially contained
only potassium ion, the passage of approximately ten
times the amount of anticipated charge was required in
It is likely that since
the sodium ion is much more mobile in the membrane
this ion overtakes and becomes mixed with the slower
In the case

order to attain a steady current.

potassium ions during this replacement.
of replacement of sodium ion by the potassium ion, the
ions apparently do not mix, so that the potassium ion
moves into the membrane in a rather well defined layer.
An analysis of this case was carried out by Doremus.4

After potassium ions replaced the sodium ions in the
silica, an Ecvalue of 30 kcal mol-1 (AH* = 32 kcal/
mol) for the conduction process was found over the
450-550° interval. This Eavalue is identical with that
found by Doremusl at slightly lower temperatures.
In contrast to the sodium case, this activation energy
was found to be only very slightly time dependent.

The temperature dependence of the conductance for
a series of sodium-containing or potassium-containing
membranes was measured and log aVvs. 1/T and log <
T vs. I/T plots were prepared which gave good straight
lines, with no evidence of curvature over the tempera-
ture ranges investigated.
puter fitted to the linear relationships of eq 8 and 9 by
the method of least squares. A comparison of the EC
and AH™* activation energies of these membranes is
The variance is given in all cases
Since the exact

The data were then com-

shown in Table 1.
except for the data from Figure 2.
dimensions of the membrane were not known, the con-
ductance rather than the specific conductivity was de-
termined, so that the preexponential A term of eq 9 and
the similar grouping of constants of eq 8 are not in-
cluded in the table. The heat of activation values
(AH™*) were consistently larger by about 2 kcal mol-1
than the corresponding EcC values. The variance in
AH * and in Ecwas identical for each set of data, con-
sequently eq 8 and 9 both describe the conduction pro-
cess equally well.

For both sodium ion and potassium ion the activa-
tion energies for conduction decrease with increasing
temperature. Frischatl8 observed the same trend for

(14) R. H. Doremus, Phys. Chem. Glasses, 10, 28 (1969).

(15) R. W. Douglas and J. O. Isard, J. Soc. Glass Technol., 35, 206
(1951).

(16) R. J. Charles, /. Amer. Ceram. Soc., 45, 105 (1962).

(17) K. H. Stern, J. Phys. Chem,, 72, 2256 (1968).

(18) H. Frischat, J. Amer. Ceram. Soc., 51, 528 (1968).
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Table I : Temperature Dependence of Conductance
Conducting Temp
ion interval, °C EQCkcal mol-1 AH 45* kcal mol-

Na+° 450-550 32 35

Na+S 450-550 24-27 26-28

Na + 500-620 26.8 + 0.7 28.4 + 0.7
Na + 745-861 215 + 0.2 23.6 £ 0.2
K+ 510-620 295+ 0.3 31.2 + 0.3
K+ 838-914 249 £1.2 27.2 + 1.2

“ Figure 2, steady state. bFigure 2, transient. cActivation
energy for conduction from eq 9. dEnthalpy for conduction
from eq 8.

Figure 3. Temperature dependence of the Na:K ion mobility
ratio for fused silica containing these ions: (O) steady-state
values, (O) transient values, (=) steady-state values for Vycor
reported by Stern, ref 19, (— ) steady-state values for
temperatures below 550°. Arrow indicates a-/3

quartz transition temperature.

the temperature dependence of sodium ion diffusion in
fused silica.

A factor which may be directly compared for all of
the cells examined is the mobility ratio, since absolute
membrane dimensions are then unimportant. The
temperature dependence of the Na:K ion mobility ra-
tio for six different cells is shown in Figure 3. The
solid point was obtained from data on Vycor reported
earlier by Stern,19 which will be more fully discussed
later. The data on the portion of the solid line below
550° were obtained under rapid (less than 8 hr) cooling,
while the points on the dashed line are the final steady-
state values. Above 550° the points along the solid
line are steady-state points. The points along the
solid line indicate a constant difference in the activation
energies for conduction of 6.03 + 0.30 kcal mol-1, with
the potassium ion having the greater activation energy.
Thus the potassium ion mobility approaches the sodium
ion mobility as the temperature is increased. The
limiting high-temperature intercept (T <») Of the
mobility ratio from the least-squares determination is
near unity (1.1 = 0.2). An analysis of this fact in
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terms of the model proposed by eq 8 suggests that v and
AS* are very similar over this temperature range for
the sodium- and the potassium-containing glasses. In
the steady-state case below 550°, the apparent activa-
tion energy for conduction for sodium ion is greater
than that for potassium ion by about 4.6 kcal mol-1.
This time and temperature dependence of the mobility
ratio below 550° has important consequences with re-
spect to possible errors in the true long-time equilib-
rium parameters when such parameters are measured
using short-time techniques.

Our conductance results may be compared with those
found by Doremus.4 He determined the dc conduc-
tance of fused silica containing only sodium, lithium,
or potassium ions at temperatures below 500°. He
found that the activation energy for sodium ion con-
duction was greater than that for potassium ion con-
duction over the temperature interval studied. The
activation energy for potassium ion conduction was
found to be independent of temperature. However,
above 300°, the activation energy for sodium ion con-
duction was found to decrease with increasing tem-
perature so that at higher temperatures the Na:K ion
mobility ratio would be expected to decrease with in-
creasing temperature, in the direction found in the
present investigation.

GarfinkeP studied the diffusion of potassium and
sodium ions into a borosilicate glass and found that the
mobility ratio decreased with increasing temperature.
In an earlier paper by Garfinkel,9 just the opposite
temperature dependence was reported. However, ref
9 contains an error in eq 2 which renders eq 4, 7, and 8
of ref 9 unusable, so that the mobility ratios shown in
Figure 2 of ref 9 are not correct. From the present
study, the ion mobility results given in ref 8 have the
expected temperature dependence.

It is recognized that the two mobility ratio-tem-
perature lines shown in Figure 3 meet in the area of
560°, near the 573° a-/3 quartz transition point. Fris-
chati observed a less definite discontinuity at this
temperature in his sodium diffusion experiments in
fused silica (Infrasil), which he attributed to “quartz-
like” precrystalline elements in the Si02glass structure.
Owen and Douglas® observed a sharp discontinuity in
this temperature region for their measurements of the
relaxation of the dielectric constant of Thermal Syndi-
cate OS synthetic fused silica which contained a sig-
nificant amount of bound water. In the present work
the glass membranes were examined under a micro-
scope after use. Although some slight surface devitri-
fication occurred, the membrane bulk was still quite
strong and clear, with no indication of devitrification.

The results of the mobility study were utilized in the
determination of ion exchange equilibrium constants for

(19) K. H. Stern, J. Electrochem. Soc., 112, 208 (1965).

(20) A. E. Owen and R. W. Douglas, J. Soc. Glass Technol., 43, 159T
(1959).
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sodium and potassium ions on fused silica from nitrate,
bromide, and chloride melts.

(B) lon-Exchange Equilibria. With pure sodium
salt on one side of the membrane and a pure potassium
salt on the other side, the mobility ratio for the two
ions was first measured as before. Mixtures of the
potassium and sodium salts were then prepared on each
side of the cell by the addition of weighed amounts of the
required salt. The steady-state resistance was deter-
mined for each addition. The steady-state resistance
(conductance) for each known melt mixture and the con-
ductance of the membrane containing only one kind of
ion were then used in eq 5 to determine the mole frac-
tion of each ion present in the glass at each melt com-
position. The melt ion activities were determined
from the thermodynamic data given by Lumsden.2l
These activity and mole fraction data were then plotted
for each cell in the form given by eq 4b. Figure 4
shows such a log-log plot for a series of NaNO3KNO03
mixtures at 550°. The line for the upper set of points
was drawn using all points except those for cells 13 and
15. Cells 1, 7, 8, 9, and 11 were new cells. Cell 9
was reused for two more runs following treatment
after each run wdth 10% aqueous HF solution for 4-5 hr
at room temperature to remove surface devitrified
layers. The results of these runs are shown on Figure 4
as cells 13 and 15. Cell 1, which was made by the
glassblower at the same time as several of the other cells
used, is seen to have an entirely different response com-
pared to the other cells, exhibiting a much greater pref-
erence for sodium ion over potassium ion. Unfor-
tunately, in studying cell number 1 only sodium nitrate
was added to the potassium nitrate side, so that asym-
metry effects across the membrane were not studied.
Mixtures of these salts were studied for both membrane
surfaces for most of the other cells. For the individual
cells (excluding cell 1) the minimum n value was 1.21
with a corresponding A K+_Na+of 0.91 for cell 11, while
the maximum n value was 1.7 with a corresponding
A k+Nat+ of 0.32 for cell 15. Since the mobility ratio
is 41 at 550°, the electrode selectivity constant for
Na+-K + exchange favors sodium in all cases studied.
The value of the electrode selectivity constant deter-
mined from the upper solid line of Figure 4 is A = 111.

Real variations in mobility ratios, n, and in absolute
conductances for the individual ions could all be re-
sponsible for the rather large scatter of the data shown
in Figure 4. The results of the series of points obtained
wdth the same original cell, cells 9, 13, and 15, indicate
that aging (temperature cycling) affects the selectivity,
so that the n value increases and the preference for
potassium increases (A k+-n8+decreases).

As individual conductance values were determined
from different sides of the membrane in order to deter-
mine the ion mobility ratio, we considered the pos-
sibility of somewhat different ionic-transfer character-
istics from the two sides of the membrane. However,
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Figure 4. Dependence of the log K:Na ion mole fraction ratio
in silica on the log K:Na ion melt activity ratio for

NaNO0 3K N 03 mixtures at 550°; individual cells studied are
given the following symbols: (=) 1, (A) 7, (m) 8, (#) 9,

(v) 11, (X) 13, (+) 15.

a cell was run using a mixture of KN03+ 0.4 mol frac-
tion of NaNO03in both sides of the cell. Continued
electrolysis from one side and then the other revealed
only a few per cent difference in the measured resistivi-
ties.

Although the majority of data was collected on ion
exchange from nitrate-containing melts, two other melt
systems were examined. In Figure 5 the determination
of n and K for NaCIl-KCI| mixtures was made in the
same manner as in Figure 4. Using then = 0.97 and
K = 0.89 values determined from Figure 5 and the
mobility ratio of 15 from Figure 3 gives a k value of 12.3
at 815°.

lon-exchange equilibria were also examined in NaBr-
IvBr mixtures. The results of the two cells studied were
very different. Cell 6, examined at 747°, gave n —
0.99, AK-Nat+t = 9.26, while at 805° cell 10 yielded
n = 126, Kk+-Na+ = 0.58. Thus, cell 6 had proper-
ties similar to those of cell 1, w'hile cell 10 seems to have
properties more in line wdth most of the remaining cells.
As all cells studied were made by the same glassblower
under as equivalent conditions as possible, the reason
for the high sodium preference for cells 1 and 6 is not
knowm.

The results of the NaCl-KCI exchange may be com-
pared to results obtained earlier by Stern,®where Yycor
was used as the exchanger in this melt mixture at 814
and 890°. Stern? measured the resistance of Vycor
membranes as a function of temperature and melt com-
position after allowing the membrane to come to ion
exchange equilibrium with the melt by diffusion, with
no electrolysis through the membrane. Assuming the
validity of our eq 5, the XNa(g) and An(g) values w-ere
determined from the data contained in Figures 1, 2,
and 4 of ref 19. These data are plotted in Figure 6.

(21) J. Lumsden, “Thermodynamics of Molten Salt Mixtures,”
Academic Press, London, 1966.
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Table Il : Comparison of lon-Exchange Equilibria Constants
Cell Salt mixture Temp, °C
e NaNO3KNO03 550
7-9, 11¢ NaNO3KNO03 550
2b NaCl-KClI 815
6 NaBr-KBr 747
10 NaBr-KBr 805
StemO NaCIl-KCI (Vycor) 814
Stern0 NaCIl-KCI (Vycor) 890
Stern4 NaCl-KClI 560-585
Figure 4. bFigure 5. OFigure 6. 4 Stern, ref 4.
Figure 5. Dependence of the log K:Na ion mole fraction ratio

in silica on the log K:N a ion melt activity ratio in NaCI-KCI
mixtures at 815°.

For both temperatures n is very near unity, and
Kk+-Na+ = 0.51 at 814° and 0.45 at 890°. Although
the K K+Na+ value is almost independent of tempera-
ture, k changes from 7.3 at 814° to 5.6 at 890°, due
primarily to a decrease in the ion mobility ratio over
this interval.

The ion-exchange equilibria data are tabulated in
Table Il together with the computer calculated least
squares variances. The calculated mean value of k is
also listed for each determination. For comparison
purposes equilibrium data from an earlier paper by
Stern4 are included which were obtained from mem-
brane potential and mobility ratio measurements for
Ag+-Na+ and Ag+-K+ exchange. Since the n values
were different for the two cells he studied, withn = 1.2
for K+Ag+ exchange and unity for the Na+-Ag+ ex-
change, the FTk+MNa+ values are not exactly comparable
with the present investigation. However, the ratio
of k values for the two cells yields an expected k = 71
for the sodium-potassium exchange which compares well
with the present results, even though Stern used a
chloride melt. The good agreement between the
directly measured exchange value and the one deter-
mined by Stern4through the use of a third ion (Ag+)
indicates that a true exchange equilibrium must have
been obtained in both investigations.
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n X x+-Na+ k
0.99 = 0.06 8.14 £+ 0.40 323
1.47 £ 0.07 0.470 £ 0.072 111
0.965 + 0.024 0.894 + 0.058 12.3
0.994 + 0.012 9.26 + 0.12 170
1.26 = 0.04 0.579 = 0.049 19.0
0.958 + 0.019 0.511 + 0.022 7.30
1.015 + 0.017 0.447 = 0.017 5.62
1-1.2 0.52 71
Figure 6. Dependence of the log K:Na ion mole fraction ratio

in Vycor on the log K:Na ion melt activity ratio for NaCI-KCI
mixtures: (O) 814°, (O0) 890°. Data were obtained from
Figures 1, 2, and 4 of ref 19.

The high-temperature Kk+-ns+ values found for
cells 2 and 10 may be compared to the values in Vycor
determined for the resistance data of Stern19 (our
Figure 6) by which the membrane came to exchange
equilibrium by diffusion. The good agreement indi-
cates that the diffusion or the electrolysis method ap-
pear to be equally valid means by which exchange
equilibrium may be established throughout a glass
membrane.

Although the K k+-n*values given in Table Il are
rather independent of temperature, the n values seem
to approach unity at higher temperatures. The «k
values decrease with increasing temperature because
of the decrease in the Na:K ion mobility ratio in the
glass.

For mole fractions of exchangeable ions A and B in a
glass between about 0.1 and 0.9, with Xa + Vb = 1,
and assuming the ion exchanger to be a regular solu-
tion, Garrels and Christ2 developed the relation n =
1 — Wa-b/RT, where, following the notation of Gar-
finkel, 3W a- b is the excess interaction energy of neigh-
boring A and B ions in the glass. Our results indicate

(22) R. M. Garrels and C. L. Christ, “Solutions, Minerals, and
Equilibria,” Harper and Row, New York, N. Y., 1965, pp 272-279.

(23) H. M. Garfinkel, J. Phys. Chem., 72, 4175 (1968).
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Table HI: AG°(ax)i - AG,(BX), and AGF°[A+(g)] - AG,’[B+(g)] for the reaction A+(g) + B+(s) = A+(s) + B+(g)

AGF°(AX)i - AGF[A+(g)] -

AGF(BX)i, AGf°[B+(g)],

No. Aat-b+ A*(g)-B*(g) kcal mol-1 kcal mol“1 T, °K Glass Melt anion
1° 0.47 K+-Na+ -6.30 -7.50 823 Fused silica no3
2 8.14 K+-Na+ -6.30 -2.87 823 Fused silica no3
3¢ 9.26 K+-Na+ -6.20 -1.68 1020 Fused silica Br-
4° 0.58 K+-Na+ -5.38 —6.55 1078 Fused silica Br~
5¢ 0.89 K+-Na+ -4.48 -4.73 1088 Fused silica ci-

0.52 K+-Na+ —5.55 -6.63 833 Fused silica ci-
r 0.51 K+-Na+ -4.47 -5.93 1087 Yycor Cci-
8e 0.45 K+-Na+ . -3.98 -5.84 1163 Vycor ci-
9« 0.91 K+-Na+ -7.33 -7.55 653 Pyrex-borosilicate phase no3
10d 0.71 K+-Na+ -7.55 -8.04 738 Pyrex-borosilicate phase no3

IT 1.06 K+-Na + -7.08 -6.98 773 Na-aluminosilicate, Na/Al = 1.2 no3

12' 27.0 K+-Na+ -7.33 -3.0 651 Na-aluminosilicate, Na/Al = 3.6 no3

13; 74.0 K+-Na+ -7.33 -1.6 651 Na-aluminosilicate, Na/Al = 0.74 no3

14d 204. K+-Na+ -7.33 -0.43 653 Pyrex-high-silica phase no3

15d 1850. K+-Na+ -7.58 + 3.00 708 Pyrex-high-silica phase no3

16" 7.98 K+-Na+ -7.20 -4.54 643 K2D-4Si02 no3

17 0.28 Li+Na+ -6.79 -8.49 673 Li-aluminosilicate, Li/Al = 0.69 no3

18* 0.27 Li+Na+ -6.79 -8.54 673 Li-aluminosilicate with 4% MgO, NOa-

Li/Al = 051

19* 0.02 Li+-Na+ -6.79 -12.0 673 Crystallized form of number 18 no3

201 0.46 Ag+Na+ 76.0 + 75.0 610 Fused silica no3

2T 3000. Ag+Na+ 58.1 71.3 833 Fused silica Cl-

22 0.62 Ag+-Na+ 75.9 75.4 608 Pyrex-borosilicate phase no3

23* 0.39 Ag+Na+ 76.0 74.9 573 N a-aluminoborosilicate, NOa-

Na/(Al + B) = 0.46
24* 0.0043 Ag+Na+ 75.9 69.4 608 Pyrex-high silica phase NOa-
25" 0.003 Ag+-Na+ 76.1 68.9 627 Na-K-aluminosilicate, (Na + NOa"
K)/A1 = 8

266 5900. Ag+K + 63.6 78.0 833 Fused silica Cl-

27b 714. Ag+-Li+ 60.7 71.6 833 Fused silica ci-

28* 0.32 Ag+Li+ 81.4 80.1 573 Li-aluminosilicate, Li/Al = 0.69 no3

° This investigation. 6Stern, ref 4. *Stern, ref 19. dGarfinkel, ref 5. *Garfinkel, ref 23. ‘ Locardi and Lama, ref 29. " Stern,

unpublished results.
(1913).

hDoremus, ref 2.

that TEa_b decreases with increasing temperature and
is not independent of the melt present. Since so few
ions are present in the fused silica compared to other
glasses it is expected that n should be near unity.4
It is not known why n should depend on the particular
melt present. It is possible that the presence of differ-
ent melts affects the number or distribution of surface
bonding (exchange) sites so that n is melt and tempera-
ture dependent.

As the exchange equilibrium constants were deter-
mined from several different melts it is difficult to com-
pare the results directly. However, it is possible to
compare all of the cells studied with respect to the
differences in the standard free energy of formation of
fused silica that contains only potassium ions compared
with fused silica containing only sodium ions.6 This
determination simply involves the use of the free energy

change of eq 3. This free energy change is given by
—RT In Xat+ bt = A(ti® (10)

where Kat-b* is the exchange equilibrium constant

" R. H. Doremus, J. Phys. Chem., 72,2665 (1968).

' G. Schulze, Ann. Phys. {Leipzig), 40,335

of eq 4a. The free energy change of eq 3 may be set
equal to the left-hand side of eq 10. The resulting
equation may be rearranged to yield

AGT[K+(g)] - AG,’[Na+(g)] =

RT In Kk+ Na+ - [AG,°[NaX]i - AGF[KX]i] (11)
where A(7f° [K+(g) ] — AGt° [Na+(g)] is the free energy
change per mole when potassium ion replaces sodium
ion in the glass, and AGf°[NaX]i — A(?f°[KX]i is the
difference in the free energies of formation of the pure
molten salts at the temperature of interest.

In order to illustrate the importance of viewing the
energetics of the overall exchange equilibrium described
by eq 11, ion-exchange equilibria data from a number
of workers were collected from the literature and com-
pared to the results of the present investigation. The
required thermochemical data for the liquid salts at the
required temperature were obtained from several
sources.24-28

Table Il lists the equilibrium constants and the
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calculated free energy differences for a number of pairs
of ions in a wide range of glasses determined from nitrate
and halide melts over a 400° temperature range.
Where available, the data for each pair of exchanging
ions are arranged according to the type of glass in the
following general order: (1) fused silica, (2) Vycor,
(3) Pyrex, borosilicate phase, (4) alkali borosilicates or
aluminosilicates having compositions of Na:Al or
Na:B near unity; (5) alkali silicate glasses, including
the high silica phase of Pyrex. The numbers in the
first column of Table 11l are for discussion purposes
and do not necessarily correspond to the earlier cell
numbers.

Although some of the individual equilibrium values
seem to be somewhat in disagreement, certain very
definite trends are apparent for the Na+ K + exchange.
In agreement with the Eisenman theory,7 the fused
silica, Vycor, and the borosilicate phase of Pyrex all
appear to have about the same properties. The glasses
which contain appreciable amounts of sodium and
aluminum, as well as the high-silica phase of Pyrex,
are quite variable in their properties, but all have
definitely less negative A(?f°[K+(g)] — AGf°[Na+(g)]
values compared to the fused silica. The potassium
silicate glass, number 16 of Table |11, also has a less
negative free energy change for this process, in agree-
ment with the Eisenman theory, which predicts that the
sodium should be more strongly bonded in a silicate
structure compared to a boro- or aluminosilicate struc-
ture. Although the free energy change in the glass
calculated from the Locardi and Lama2® work appears
to be somewhat too positive compared to the other data,
the trend is that expected from the Eisenman theory,
that is, the glass with Na:Al = 3.6 prefers sodium
less than the glass with the lower sodium content. The
small AGf°[K+(g)] — AGf° [Na+(g)] values found for
numbers 2 and 3 of Table Ill (corresponding to cells
1 and 6 of Table Il) indicate the possibility of alkali
ion contamination of the fused silica for these cells.

Since A(?f°[K+(g)] — AGf° [Na+(g)] is negative for
all cases except number 15, it is misleading to say that
the glasses “prefer” sodium to potassium ion just be-
cause Ak+ Na+r >1. In fact, from free energy con-
siderations, the glasses “prefer” potassium ion in all
cases shown except number 15. The overall free energy
of the exchange reaction must be considered rather
than the equilibrium concentration of ions in the glass
and melt phases separately. This point was well
developed by Yao and Rummer,1but the significance
of their work seems to have been overlooked by many
workers. For all of the cases considered in Table 111,
the free energy of formation for each potassium salt
was more negative than that of the corresponding
sodium salt, so that AGf°(KX)i — A(7f°(NaX)i was al-
ways negative.

The Eisenman theory17is based on the assumption
that in the type of glasses considered here ions are
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bonded to SiO- type or (AlOSi)- type anionic sites in
the glass by electrostatic forces, so that the bonding
strength anticipated for both types of anionic sites is
Li+ > Na+ > K+. The order of bonding strengths
indicated by the data of Table 11l is Li+ > K+ > Nat+.
Even if one considers the possibility of anionic sites
larger or smaller than the SiO” or (AIOSI) - sites as was
done by Eisenman,7any of the predicted possible orders
of bond strengths is not that which is observed. This
raises the question of whether or not the basic theory
is in error. If the Eisenman theory is correct and the
equilibrium data are also correct, the possibility of a
different type bonding for potassium ion compared
to sodium ion in these glasses is indicated.

The A(?fO[Li+(g) ] — AGt° [Na+(g)j values calculated
from the lithium-sodium exchange agree closely with
the value predicted by the Eisenman theory for (Al-
OSi)- sites. Number 19 of Table Il is a crystallized
form of number 18, the crystal structure of which is
more stable when it contains the lithium ion.

The silver-alkali ion exchange values listed in Table
111 indicate that the silver containing glass is very
unstable with respect to the alkali ion containing glass.
The results from the silver-sodium exchange in the
high-silica glasses, nhumbers 24 and 25, indicate that
the silver ion is more stable in these glasses than in
fused silica. Numbers 20 and 21 of Table Il1 illus-
trate the large change in X AghNat+ resulting primarily
from a change in the melt anion.

With the exception of one of the Ag+-Li+ exchange
values, number 27, the other silver-alkali ion ex-
change equilibria and glass free energy differences are
in the order expected when compared to the alkali ion-
alkali ion exchange equilibria.

It is possible that some of the data contained in Table
Il were not obtained under truly reversible condi-
tions. Most of the exchange measurements were
carried out in one direction only, without determining
whether an ion placed into the glass by exchange would
come out. In the present work this determination
was made, so that there is no question but that the
Na+K+ exchange in fused silica is reversible.

Conclusions

(1) It has been shown that irreversible changes in
the resistance and in the activation energy for sodium

(24) D. R. stull, Ed., “JANAF Thermochemical Tables,” The Dow
Chemical Co., Midland, Mich., 1965.

(25) K. H. Stern, “High-Temperature Properties and Decomposition
of Inorganic Salts. Part 3. Nitrates and Nitrites,” J. Phys. Chem.
Ref. Data, in press.

(26) “Selected Values of Chemical Thermodynamic Properties,”
National Bureau of Standards Circular 500, U. S. Government Print-
ing Office, Washington, D. C., 1952.

(27) W. J. Hamer, M. S. Malmberg, and B. Rubin, J. Electrochem.
Soc., 103, 8 (1956).

(28) K. K. Kelley, U. S. Bureau of Mines Bulletin 584, U. S.
Government Printing Office, Washington, D. C., 1960.

(29) B. Locardi and A. Lama, Phys. Chem. Glasses, 11, 71 (1970).
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ion conduction may occur in a fused silica membrane
when subjected to current densities exceeding approxi-
mately 30 nA cm-2 at temperatures above 750°.

(2) The activation energy for sodium ion conduc-
tion was found to be time dependent over the tem-
perature interval 450-550°, and time independent at
higher temperatures. The activation energy for potas-
sium ion conduction was found to be time independent
over the 450-850° range investigated, so that the
steady-state temperature dependence of the Na:K ion
mobility ratio below 550° was opposite to that found
above 550°.

(3) lon-exchange equilibrium constants were mea-
sured for Na+-K + exchange between N03', Br~, and
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Cl- melts and fused silica. Although the ion-exchange
equilibrium constant was found to be only slightly
dependent on the temperature, the electrode selectivity
constants were shown to be temperature dependent
because of the mobility ratio term. The ion-exchange
equilibrium constant was shown to be dependent on the
melt anion.

4) Consideration of the overall free energy changes

involved in the ion-exchange reaction allowed the com-
parison of many ion-exchange equilibria constants
reported in the literature. The dependence of the ion-
exchange equilibrium constant on the melt anion is
satisfactorily explained by the difference in free energy
of formation of the respective salts.

Differential Scanning Calorimetric Studies of the System

Poly-7-benzyl-a,L-glutamate-Dimethylformamide

by J. H. Rai and W. G. Miller*

Department of Chemistry, University of Minnesota, Minneapolis, Minnesota 564-55

(Received November 8, 1971)

Publication costs assisted by the National Institutes of Health

Differential scanning calorimetry has been used to investigate the thermal behavior of the system polybenzyl-
glutamate-dimethylformamide in the temperature range —30 to +120° and the composition range 0-30 vol
% polymer. Irrespective of the initial state (isotropic or liquid crystalline) at room temperature, exotherms
were obtained invariably when solutions were cooled to the biphasic region. The thermograms yielded heats
of polymer-solvent mixing which were small and endothermic. The observed heats were fitted adequately by
avan Laar binary contact heat of mixing expression. From these data a maximum of 5 cal/mol was placed on
the latent heat of the isotropic to liquid crystal phase transition.

Introduction

Several studies on the system poly-7-benzyl-a,L-
glutamate (PBLG)-dimethylformamide (DMF) have
been reported.1-6 Recently Wee and Miller6 deter-
mined the temperature-composition phase diagram for
this system in the temperature range —20 to +140°
and the composition range 0-30 vol % polymer. At
higher polymer concentration solvent activity as a func-
tion of temperature and composition has been deter-
mined.6 Although a wide variety of experimental
techniques have been employed to investigate the
PBLG-DMF system, direct thermal analysis of the
system using thermoanalytical methods, such as differ-
ential thermal analysis and differential scanning cal-
orimetry (DSC), has not been reported. In this com-
munication, we report the results of a DSC study on the
system in the temperature range —30 to +120° and

composition range 0-30 vol % polymer. Both heating
and cooling experiments have been carried out. The
temperature at which the polymer solution begins to
generate or absorb heat is correlated with the phase
diagram. The heats determined are compared with
that expected for binary contacts assuming a van Laar
form for the heat of mixing.

(1) A. E. Elliott and E. J. Ambrose, Discuss. Faraday Soc., 9, 246
(1950).

(2) V. Luzzati, M. Cesari, G. Spach, F. Mason, and J. Vincent,
J. Mol. Biol., 3, 566 (1961).

(3) P. J.Flory and W. J. Leonard, Jr., J. Amer. Chem. Soc., 87, 2102
(1965).

(4) K. G. Goebel and W. G. Miller, Macromolecules, 3, 64 (1970).

(5) E.L.Wee andW. G. Miller, J. Phys. Chem., 75, 1446 (1971).

(6) J. H. RaiandW. G. Miller, Maeromolecules, 5, 45, (1972).
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Experimental Section

PBLG (Mw = 310,000) was obtained from New
England Nuclear Corp. and was vacuum dried for 24
hr at 55° before use. It was of the same lot as was
used in determining the phase diagram.6 Dimethyl-
formamide (ACS Certified, Fisher Scientific Co.) was
vacuum distilled over CaS04. Samples were prepared
having concentrations of 2, 5, 8, 9.3, 12, 20, and 30 vol
% polymer. In calculating volume concentration the
specific volume of PBLG was taken as 0.787 ml g-1.7
Solutions were prepared in a drybox at room tempera-
ture. After homogenous solution was obtained, about
10-20 mg of the solution was transferred to a DSC alu-
minum sample pan. The pan was hermetically sealed
to prevent solvent loss. The sample was then stored
in a desiccator for 15-20 hr before use. Weight loss
due to vaporization of DMF was not detectable.

A Du Pont Model 900 differential scanning calorim-
eter was used for all measurements. The instrument
was calibrated by using indium, gallium, mercury, and
water as standards. Cooling and heating experiments
were carried out at scanning rates of 4-10°/min. For
cooling experiments a Dry Ice, water, and methanol
mixture was used as a cooling source. In a typical run
involving subambient temperatures the sample was
heated slowly (I-2°/min) from room temperature to
40° and then cooled at a specific, preselected rate.
After the sample was cooled to about —30°, the cooling
attachment was removed, and the sample was heated
at the same rate to room temperature. For a given
sample the same procedure was repeated two or three
times to observe the reversibility of the system. In
DSC studies from room to higher temperatures no heat
sink was necessary.

Results

Typical thermograms are shown in Figures 1-3 for
runs between room and subambient temperatures.
These clearly indicate that the observed heat was asso-
ciated with a reversible transition. Thermograms
from 25° to temperatures as high as 120° gave no indi-
cation of heat release or absorption and were indistin-
guishable from thermograms on inert materials. Ther-
mograms for pure DMF and for pure solid PBLG
showed no evidence of thermal transitions.

Although the thermograms in Figures 1-3 indicate a
reversible process, the onset of exothermicity in the
cooling curves does not come at the same temperature
as the onset of endothermicity in the heating curves.
Runs with the calibrating materials indicated that this
was a result of supercooling and thermal lag. Gallium
(mp 29.5°), water, and mercury (mp —38.9°) showed
initial freezing at +14, —15, and —40°, respectively,
upon cooling. However, heating curves indicated the
onset of endothermicity occurred within 2-3° of the
melting point. By analogy the onset of endothermicity
was taken as the approximate “transition temperature”
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Figure 1. Typical DSC thermograms for 5% (1, 2), 8% (3, 4),
and 9.3% (5, 6) solutions. Arrows indicate direction of
temperature scan. Temperature scanning rate was 6 (1-5)

or 10°/min (6).

Figure 2. Consecutive series of DSC thermograms on a 12%
solution. Scanning rate was 6°/min.
Figure 3. Typical thermograms for 20 (1, 2) and 30 (3, 4) vol

% solutions. Scanning rate was 6 (1-3) or 8°/min (4).

for the DMF-PBLG thermograms. These are shown
in Figure 4 superimposed on the phase diagram. The
coincidence of the “transition temperature” with the
phase boundaries indicates that the observed thermal
transition is associated with the crossing of the phase
boundary.

(7) A. Elliott, E. M. Bradbury, A. It. Downie, and W. E. Hanby,
“Polyamino Acids, Polypeptides and Proteins,” M. A. Stahmann,
Ed., University of Wisconsin Press, Madison, Wis., 1962, pp 255-269.
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Figure 4. Phase diagram for the system PBLG-DMF.6
Circles indicate onset of endothermicity in DSC thermograms.
Vertical lines indicate the range of temperature scanning.
Dashed lines are hypothetical extension of phase boundaries.

The shape of the DMF-PBLG cooling curves indi-
cates supercooling not unlike that observed with the
calibrating materials. Inasmuch as this leads to a
more clearly defined “peak” the transition heat from
the cooling curves was more reliably measured than
from the heating curves. The heats determined from
the exotherms are tabulated in Table I.

Table 1: Observed Heats as a Function of Concentration
AH mix(obsd),
Polymer < Observed heat-------------------—- . cal/mol of
concn, voi % Cal/g of solution Cal/g of polymer solution”™
2 -0.06 + 0.03 -2.3 £ 1 5+ 2
5 -0.14 + 0.01 - 22+ 0.2 1+ 1
5 +0.13 + 0.02“ +2.0 + 0.4 10+ 2
8 0.23 + 0.02 .22 02 18t 2
9.3 -0.34 + 0.04 -1.9 = 0.3 27 £+ 3
12 -0.44 + 0.04 -2.9 + 0.3 36+ 4
20 -0.70 + 0.07 -2.8 + 0.3 62+ 6
30 -0.93 + 0.09 -2.6 £+ 0.3 59 + 10
“ Determined from endotherm, 6Polymer concentration

taken as moles of monomeric units.

Discussion

Origin of the Thermal Transition. The thermal tran-
sitions observed by differential scanning calorimetry
correlate well with the phase boundaries as shown in
Figure 4. However the heating of the 9.3 or 12 vol
% solutions from 25 to 120° gave no indication of a
thermal transition, even though phase boundaries were
crossed also. The origin of the thermal transition can
be understood with aid of the phase diagram. Al-
though the phase boundaries have not been determined
at low temperature, it is clear that at —30° the liquid
crystal phase is in equilibrium with an isotropic phase
that is nearly pure solvent. As the line bounding the
isotropic phase must be nearly vertical in this tempera-
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ture region, its composition as well as the composition
of the liquid crystal phase with which it is in equilib-
rium must be nearly temperature independent. Thus
as a sample is warmed from —30° there is little change
in composition or in the relative amounts of the two
phases until a temperature of 0° or above is reached.
Then there is a rapid change in composition. If equi-
librium is maintained, all samples except the 9.3 one
will turn into a single phase system. The heat ob-
served in heating a solution from —30 to +40° can be
described as the heat of mixing two phases of very dif-
ferent compositions to obtain a single phase. This
heat of mixing corresponds to mixing nearly pure sol-
vent with a phase rich in polymer, though containing
an unknown amount of solvent. Since the polymer-
rich phase contains some solvent, the observed heat of
mixing will presumably contain little if any contribu-
tion from the heat of fusion of the polymer. The
cooling curves represent the reverse process, or a heat
of unmixing. As can be seen from Table | the heats
are very small.

The interpretation presented above also explains why
no thermal transition is observed on crossing high-tem-
perature phase boundaries. These high-temperature
phase boundaries represent a relatively small difference
in composition; consequently, the heat associated with
mixing or unmixing when crossing such a boundary will
be negligible. The fact that no heat is observed when
a liquid crystal phase is turned into an isotropic phase
sets limits on the enthalpy associated with the liquid
crystal-isotropic phase transition. This will be dis-
cussed later.

Admixing and AHi. In discussing the heat of mixing
it is convenient to consider the —30° state of the sys-
tem as the initial state and the 40° state as the final
state, i.e., initially the system is biphasic whereas it is a
single phase system in the final state. The observed
heats of mixing are small and endothermic irrespective
of whether the final state is isotropic or liquid crystal-
line. Frequently small, endothermic heats of mixing
can be fitted to a binary contact, van Laar type of treat-
ment. Due to ease of treatment the enthalpy contri-
bution to lattice model approaches to the thermody-
namics of random coil as well as stiff chain polymers8
has typically been handled in this manner. In Flory’s
treatment8 of stiff chain polymers the polymer-solvent
interaction parameter x is assumed to be independent
of whether or not the system is an isotropic or a liquid
crystalline phase. If we further assume that the x
parameter is independent of composition as well as
phase, a comparison can be made between the experi-
mental heats and that predicted from a van Laar ex-
pression. Thus the heat of mixing polymer and solvent
to form a solution of volume fraction \2is given by

AfimixW = RTxniv2 Q)
(8) P. J. Flory, Proc. Roy. Soc., Ser. A, 234, 73 (1956).
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where ni is the number of moles of solvent. In the
system studied the observed heat of mixing is given by

Alimix(obsd) = RTx{niv2 — nxdvd —nilG/AQ (2)

where rii and V2 refer to the final state of the system,
nd and \: to the initial isotropic phase, and niLC and
(ALC to the initial liquid crystal phase. The values of
VA and vAC are fixed, and nil and WILC are related
through a tie line relationship to give the correct over-
all composition. In the case of the 9.3 vol % sample
the final state is biphasic. This results in an inconse-
quentially altered eq 2.

By assuming values for vZLand vAC A/imix(obsd) may
be calculated, using arbitrary values of X, for compari-
son with the experimental heats determined from the
cooling curves [—AlAniX(obsd)]. Results of such cal-
culations are shown in Figures 5 and 6 superimposed on
the experimental data. For a given x the maximum
heat would be obtained if vA = 0 and VAC =1.0. To
a first approximation it is possible to fit the data using
a constant value of X, independent of phase and concen-
tration. More precise measurements of the heats and
a definitive knowledge of v and vAhC might dictate the
need for a slightly varying X which frequently is the
case with random coil polymers.

The X values estimated here represent the enthalpy
contribution to the free energy of mixing. Previously
smaller X values have been estimated from osmotic
pressured4and phase equilibrium6studies. These values
are a measure of excess free energy and hence contain
entropy as well as enthalpy contributions. In the
Flory expression for the mixing of rod polymers with
solvent8 no account is taken of solvent-polymer side-
chain mixing, which is known now to contribute to the
solution thermodynamics of helical polypeptides.36
As the solvent-polymer side-chain mixing will make a
negative contribution to the excess free energy of mix-
ing, it is reasonable that measurements yielding an ex-
cess free energy X will be smaller than those yielding
an enthalpic X-

At low overall polymer concentration and at low
temperature the solvent is nearly quantitatively in the
isotropic phase, a state with vj ~ 0. Therefore at low
concentration the observed molar heat of mixing, col-
umn 5 in Table I, approaches AH\. These values may
be compared with other determinations.

The temperature dependence of the osmotic second
virial coefficient may be used to evaluate A/A. Un-
fortunately A/A so determined can only cover the con-
centration range where higher terms to the osmotic
pressure equation are not needed. Analysis of osmotic
pressure datadindicates AH\ is less than 1 cal/mol for a
0.5 vol. % solution, the highest concentration for which
the second virial coefficient adequately describes the
osmotic pressure data. The DSC data extrapolated to
this concentration fall in the same range.
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Figure 5. The observed heat per gram of solution. For the
2 and 5% solutions endotherms (A) as well as exotherms (O)
were sufficiently well defined for area determination. Lines

calculated from eq 2 with >A nLG and x being, respectively,
0.01, 0.9, and 0.8 (1); 0, 1.0, and 0.6 (2); 0.01, 0.7, and 1.1

(3); 0.01, 0.9, and 0.6 (4); 0.01, 0.7, and 0.8 (5).

Figure 6. The heat per gram of polymer. Notation

same as in Figure 5.

The temperature dependence of solvent activity de-
termined from vapor sorption is yet another method
for determining AHi. Vapor sorption data6 taken in
the concentration range 70-100 vol % polymer indi-
cate that the temperature dependence of the solvent
activity at constant solution composition is less than
the experimental error, which is about 3%. Using this
3% value as a maximum variation in activity with tem-
perature, AHi must be less than 400 cal/mol in this con-
centration range. The DSC data can be extrapolated
to the same concentration region through use of the
van Laar expression and the parameter which best fits
the DSC data. Using a x value of 0.8, a value of 200-
400 cal/mol is estimated for the concentration range
70-100 vol % polymer.

The three types of experimental data, covering the
entire composition range, are in satisfactory agreement
as far as AHXis concerned.
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The Latent Heat of the Isotropic-Liquid Crystal Phase
Transition. The Flory treatment of the statistical
thermodynamics of rod polymers predicts that it should
be possible to have a first-order isotropic-liquid crystal
phase transition with no latent heat. From the nature
of the phase diagram (Figure 4) one can see that there
is no manner in which this can be studied by direct
thermal measurements. There is no temperature or
composition at which the isotropic phase can be com-
pletely converted into the liquid crystal phase. A
maximum value for the heat can be estimated, however,
from the DSC studies. If the data for the heat of mix-
ing to form the isotropic phase are extrapolated into the
liquid crystal range, nonoverlap of the two curves cor-
responds to the heat of the isotropic-liquid crystal
phase transition. The values for the 5 and 8% solu-
tions (isotropic) were extrapolated to 12% and com-
pared to the 12% (liquid crystal) value. This differ-
ence corresponds to about 0.06 cal/g of solution or 5
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cal/mol of solution. Extension of these calculations to
higher concentrations will yield somewhat larger esti-
mates of the maximum latent heat. However, the
scatter in the DSC data and the uncertainty in the
phase boundaries at low temperatures make such ex-
tensions meaningless. The high-temperature thermo-
gram on the 12% solution is consistent with a small
latent heat in that even a rapid scan across the biphasic
region, resulting in a rapid conversion of the sample
from a single phase, liquid crystal solution into a single
phase, isotropic solution, gave no evidence of a thermal
transition. It is clear that the latent heat associated
with the isotropic to liquid crystal phase transition is
indeed small if not zero.
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COMMUNICATIONS TO THE EDITOR

Concentration Dependence of lonic Vibration

Potentials: Consequences for the

Determination of lonic Partial Molal Volumesl

Publication costs assisted by the U. S. Office of Naval Research

Sir: In a recent communication,2 Panckhurst has
questioned the use of experimental partial molal vol-
umes and transport numbers at infinite dilution and
25° with ionic vibration potential data at finite con-
centrations and 22° in our calculation3 of individual
ionic partial molal volumes. Panckhurst further states
that “in view of their (Zana and Yeager) weighting
procedure it is reasonable to consider the above points
at 0.3 N, as has been done for some of them by Millero.”
According to Panckhurst, it then follows that the
“Zana and Yeager method (as presently developed)
does not do more than support the claim that rn +
is probably in the range 0 to —5 cm3mol“ 1and does not
justify the CDV (Conway, Desnoyers, and Yerrall)4
extrapolation against molecular weight.”

The purpose of this note is to present arguments to
show that the values for ionic partial molal volumes
calculated by us from ionic vibration potentials are
much more reliable than Dr. Panckhurst's note would
indicate.

We wish first to call attention to the fact that the
experimental values for the ionic vibration potentials
per unit velocity amplitude reported in our paper3
are essentially constant within the accuracy of the
measurements over the concentration range 1 X 10“3
to 3 X 10“1N for almost all of the electrolytes exa-
mined. (The experimental values were constant within
+0.1 txV cm-1 sec at concentrations of 3 X 10“3to 1
X 10_1 N for 26 of the 32 electrolytes for which the
concentration dependence was examined and constant
to within +0.3 nV cm-1 sec over the range 1 X 10“3
to 3 X 10“ 1N for all except NaF.) With the exception
of NaF, the ionic vibration potentials used in the cal-
culation of the ionic partial molal volumes correspond
to those at 3 X 10“3n within 0.1 ptv cm-1 sec even
though the data were weighted somewhat toward
higher concentrations (3 X 10“2to 1 X 10_1 N).

At 3 X 10“ 3N the value of <&y — &/ is of the order
of 0.1 cm3mol for 1-1 electrolytes and the error in
using <& instead of <ty is small relative to the experi-
mental accuracy. (In our paper,3the precision (and
also the accuracy) of the measured values of the ionic
vibration potentials was taken, perhaps somewhat
conservatively, as + 0.3 /;V cm*“ 1sec, which for a 1-1

The Journal of Physical Chemistry, Vol. 76, No. 7, 1978

electrolyte corresponds to a maximum error in the cal-
culated ionic partial molal volumes of +2 cm3mol.)
A similar situation also exists with respect to the trans-
port numbers. Likewise for the 1-1 electrolytes the de-
pendence of the transport numbers and partial molal
volumes on temperature is sufficiently small that the dif-
ference between 22 and 25° contributes only asmall error
to the overall final calculation of the ionic partial molal
volumes, compared to that arising from the limited ac-
curacy of the ionic vibration potential measurements.
In our original work3 seven 1-1 chlorides were ex-
amined. The root-mean-square deviation of the values
of Vci- for these seven salts was 1.2 cm3mol. The
determination of the ionic partial molal volume for any
one ion, however, requires measurements in only one
electrolyte. Therefore, if the optimum accuracy is de-
sired from the vibration potential data in combination
with partial molal volumes for 1-1 electrolytes, prob-
ably the best procedure is not to average the data for a
given anion with a variety of cations but rather to
choose one or two salts which should come closest to
being ideal. Rubidium and cesium chlorides exhibit
no detectable dependence of the ionic vibration po-
tential on concentration from 10“3to 3 X 10“1M and
furthermore have transference numbers each very
close to 0.5. The data for both these two electrolytes
yield partial molal volume results for the CI“ ion of 23.5
cm3dmol as compared to a value of 23.7 cm3mol ob-
tained from averaging seven electrolytes and to a value
23.6 cm3mol as obtained by the extrapolation pro-
cedure of Conway, Desnoyers, and Verall.4 This
very close agreement (0.1 cm3mol) is partially for-
tuitous. The accuracy of the mean value of the ionic
vibration potentials for the RbCl solutions measured
over the concentration range 10“ 3to 10“ 1M is consider-
ably better than that of the individual measurements and
statistically should be £0.1 ywwcm-1 sec, corresponding
to an accuracy of £1 cm3mol for the partial molal
volume of the CI* ion. The situation is the same for
the CsCI solutions. Thus the ionic partial molal vol-
ume of the CI“ ion appears to be accurate to at least
+ 1 cm3mol but not necessarily much better. Since
our absolute values for ionic partial molal volumes were

(1) Partially based on research supported by the U. S. Office of
Naval Research.

(2) M. H. Panckhurst, J. Phys. Chern., 75, 3035 (1971); see also
M. H. Panckhurst, Rev. Pure Appl. Chem., 19, 45 (1969).

(3) R. Zana and E. Yeager, J. Phys. Chem., 71, 521 (1967).

(4) B. Conway, J. Desnoyers, and R. Verrall, ibid., 75, 303 (1971);
Trans. Faraday Soc., 62, 2738 (1966).
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reported,3 two more papers reporting absolute ionic
partial molal volumes have appeared from other lab-
oratories56 in addition to ref 4 with values for FH+
which agree with our value to within 1cm3mol.

The small or negligible concentration dependence
found for ionic vibration potentials in the range 1 X
10”3to 1 X 10” 1IN is not surprising particularly for 1-1
electrolytes. (Artifacts interfere with measurements3
much below 10-3 N.) A treatment7has been developed
incorporating correction terms for ionic atmosphere
relaxational and electrophoretic forces and diffusion.
These terms amount to not more than 10% for a 1-1
electrolyte at 10_1 N, and usually tend to cancel out
when the cation and anion transference numbers are
nearly equal.

For electrolytes with equal cation and anion charge,
the effect of the ionic atmosphere on the ionic partial
molal volume is the same for both ions, within the
limits of the simple Debye-Hiickel theory, and hence
the difference in the partial molal volumes of cation and
anion is essentially constant. If the transference
numbers of both ions are nearly equal, the ionic vibra-
tion potential depends only on the difference in the
cation and anion partial molal volumes to a good ap-
proximation. Therefore under these circumstances
even the relatively small ionic atmosphere effects on the
ionic partial molal volumes tend to cancel out at least
to a first approximation with the result that ionic at-
mosphere effects do not cause any appreciable concentra-
tion dependence of the ionic vibration potentials with
such electrolytes up to concentrations of 10-1 M. lon
pairing may become appreciable at such concentrations,
however, and it is not taken into account even in the
more extensive theoretical treatment.7 On the other
hand, for 1-1 electrolytes, ion pairs do not contribute
directly to the observed effect, since they have no net
charge. Furthermore, on the basis of theory and also
experimental studies of mixtures of salts,3 the effects
of charge ionic aggregates are expected to become ap-
preciable only when their concentration approaches
within an order of magnitude of the concentration of
the major ionic species. Consequently, the small
concentration dependence observed for asymmetric
electrolytes also is not surprising.

Taking into account these points and other aspects
of the development of the working equations used in
our paper,3one can put forth a strong argument favor-
ing the use of the ionic partial molal volumes and trans-
ference numbers at infinite dilution as yielding a better
approximation than the corresponding values at finite
concentrations when applying these equations to in-
terpret experimental measurements at concentrations
up to 10~2N and perhaps even 10” 1N in 1-1 electro-
lytes.

In conclusion, we believe that our set of absolute
values of ionic partial molal values is among the most
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reliable available because of the freedom of the experi-
mental approach from questionable assumptions.

(5) E. J. King, J. Phys. Chem., 74, 4590 (1970).
(6) F. iMfflero, ibid., 75, 280 (1971).

(7) J. Bugosh, E. Yeager, and F. Hovorka, J. Chem. Phys., 15, 592
(1947).
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Photochemistry of Nitrosobenzene

Publication costs borne completely by The Journal of
Physical Chemistry

Sir:  Two reports indicate that the photochemistry of
nitrosobenzene gives rise to azoxybenzene and 2-hy-
droxyazobenzene.1'2 The latter has been known to
result from the direct photolysis of azoxybenzene.3
In both investigations the authors concluded that
phenylhydroxylamine does not arise as a photoproduct.

In view of our continuing interests in the photochem-
istry of aromatic nitro compounds it appeared in
analogy to the photochemical behavior of nitrobenzene
that hydrogen abstraction by the nitrosobenzene n,Tr*
triplet should lead to phenylhydroxylamine as the only
photochemical product. Although Mauser and
Heitzerlused monochromatic excitation at 313 and 366
nm, the identification of photoproducts was based on
large-scale photolysis. The experiments of Tanikaga2
were performed with broad range uv excitation, which
because of the dominance of secondary photochemical
effects resulted in 10 photoproducts. We have rein-
vestigated the photochemistry of this molecule in 2-
propanol with the aim of elucidating the detail photo-
chemistry of nitrosobenzene. Irradiations in 1-cm
cells were performed at 313 nm in vacuum-degassed
solutions of 2-propanol in the concentration range 10~3
to 10-5 M, and contrary to previous reports phenyl-
hydroxylamine is the only photoproduct formed and
its growth can be seen very clearly in the uv spectrum.
The photochemical disappearance of the 281- and 306-
nm peaks of CEHINO is accompanied by the grow-in of
the 238- and 281-nm peaks of CAHHINHOH; see Figure
1. Of particular interest is that the oxidation of CaH6

NHOH in the presence of air leads to a return of CaH6
NO, which occurs as a dark reaction, as is evident in
Figure 1. The know'n coupling reaction between CaH6

(1) H. Mauser and H. Heitzer, Z. Naturforsch. B, 20, 200 (1965).
(2) R. Tanikaga, Bull. Chem. Soc. Jap., 42, 210 (1969).
(3) G. M. Badger and R. G. Buttery, J. Chem. Soc., 2243 (1954).
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NHOH and CJENO accounts for the formation of
azoxybenzene during the large scale photolysis of CeH6
NO. At 258 rnn there is evidence for an isosbestic
point during these reversible changes, which is suggestive
of a simple photochemical process.

Figure 1. Spectral changes during the photoreduction of
nitrosobenzene in 2-propanol; degassed, 313-nm excitation: 1,
initial solution 6.3 X 10-6 M; 2, 60-min photolysis;

3, 390-min photolysis; 4, 36-hr dark reaction after opening cell to
air; 5, 60-hr dark reaction.

In analogy to our results on the photoreduction of
nitrobenzene in 2-propanol,4 which proceeds through
an n,x* triplet, we believe the same reactive state to be
responsible in nitrosobenzene.6 We have been unable
to observe phosphorescence from CEHSINO in EPA
at 77°K, which suggests a short-lived triplet state
similar to nitrobenzene.6 We have also attempted to
measure the triplet yield of nitrosobenzene by energy
transfer to cfs-piperylene, but the method was inap-
plicable because of the coupling reaction between donor
and acceptor.7 The following scheme is presented to
account for the photoreduction of CeHINO in 2-pro-
panol.

The Journal of Physical Chemistry, Vol. 76, No. 7, 1972

Communications to the Editor

ceHaNo CeHsNO*1— > CEHINO*3 (1)

CEHINO*3-——-> CHEMNO @)
CEHENO*s+ (CH3XLHOH —> CEHENOH +
(CH3XOH (3)
CEHINOH + (CH3XTOH [or (CH3ZTHOH] — >
CEHINHOH + (CH3XO [or (CH3ZTOH] (4)

The photochemistry of C8HANO is particularly in-
teresting since its uv absorption spectrum exhibits its
lowest energy singlet at 760 nm («44 in heptane), which
has been assigned as an n,7r* state.8 Although ir-
radiation at 313 nm leads to CEHINHOH, we have
been unable to observe any photochemical activity
with 730-nm excitation. It appears, therefore, that in
nitrosobenzene excitation into the lowest singlet state
leads to radiationless deactivation, whereas excitation
into the second excited singlet state leads to photo-
chemistry via the lowest n,ir* triplet. Another pos-
sibility is that photochemistry is occurring from the sec-
ond triplet state.

The measured quantum vyields for disappearance of
CeEHeNO are 0.047 + 0.002 and 0.033 + 0.002 in de-
gassed and air saturated solutions, respectively.9
Although nitroso compounds are known to exhibit a
monomer-dimer equilibrium, the constancy of the
measured quantum yield over the hundredfold change
of concentration studied indicates that only the char-
acteristic green monomeric nitrosobenzene participates
in the observed photoreduction.

(4) R. Hurley and A. C. Testa, J. Amer. Chem. Soc., 88, 4330 (1966).
(5) Although no distinct n, t* absorption band in the uv has been
assigned to nitrosobenzene, we believe that it is probably buried
under the long wavelength side of the strong absorption appearing at
308 mm.

(6) R. Hurley and A. C. Testa, J. Amer. Chem. Soc., 90, 1949 (1968).
(7) M. Ahmad and J. Hamer, J. Org. Chem., 31, 2829 (1966).

(8) K. Tabei and S. Nagakura, Bull. Chem. Soc. Jap., 38, 965 (1965).

(9) Quantitative determination of the disappearance of CsHsNO was
made by polarographic measurements.
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