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Infrared Laser Augmented Decomposition of H3B * PF3

E. R. Lory, S. H. Bauer,*
Department of Chemistry, Cornell University, tthaca, New York 14853

and T. Manuccia
Optical Sciences Division, Naval Research Laboratories, Washington, D.C 20390 (Received July 8, 1974)

Consideration of v-v and v-T  relaxation rates for polyatomic molecules subsequent to their vibrational ex- 
citation by currently available laser fluxes led to a strategy for selecting reactants for which the possibility 
for successful augmentation of reaction by infrared irradiation is optimized. Several criteria are listed. 
While these are shown to be useful guides they do not constitute a sufficient set of conditions for predicting 
augmentation of reactions. The criteria were applied to the selection of reactants for a typical 2AB — A2 + 
2B reaction, i.e., a self-scavenging system. The thermochemistry, essential vibrational spectroscopy, and 
kinetic parameters for the H3B • PF3 decomposition are briefly summarized. The experimental arrange­
ment is described and the results of a series of runs with a C02 laser (10.6-m band) are presented. A number 
of tests were applied to demonstrate that the induced decomposition was indeed due to vibrational excita­
tion and not to a net rise in temperature. No significant boron isotope effect was found. A mechanism is 
proposed, based on the observed dependence of per cent decomposition on photon flux, and its specificity 
for the rotational line used for excitation. Use of a speetrophonte greatly facilitated measurement of the op­
tical absorption coefficients. It appears that the rate-determining step is H3B + H3B*PF3(u“2) = B2H(; + 
PF3 with the vibrational excitation in specific modes. Similar studies with H3B-CO (9.6-jum band) showed 
no augmentation.

Introduction
That some reactions can be forced to occur at finite 

rates, or show augmented rates, as a consequence of photon 
absorption by the reactants is hardly startling. Photochem­
ical processes induced by visible or ultraviolet radiations 
have been investigated and effectively utilized for many 
decades. The current interest in laser augmented reactions 
stems from the recently developed technology which for 
the first time makes available high fluxes of photons in the 
infrared, i.e., photons that carry from 3.3 to ~10 kcal/ein- 
stein. The energy load per photon provides a critical crite­
rion for its functional classification. If it is sufficiently large 
(uv or visible) (i) the absorption cross sections are quite 
large ~ 10-17 to 10-18 cm2; (ii) the absorber is electronically 
excited and may either dissociate or become highly recep­
tive to attack; (iii) lifetimes for such excited states, or of 
states into which these relax rapidly, range from microse­
conds to seconds. In contrast when the energy content is 
low (ir) (i) the absorption cross sections are generally of the 
order 10-19 cm2, or smaller; (ii) the absorbers are vibration-

ally excited but do not pick up sufficient energy to disso­
ciate by such a single event; (iii) collisional lifetimes at or­
dinary pressures are in the nanosecond range for most mol­
ecules of interest.

In view of these unfavorable factors why bother with 
photochemistry in the infrared? There are several reasons. 
The most persuasive one is that the currently available 
high fluxes, 1018 to 1020 cm-2 sec-1, permit the attainment 
of high populations of vibrationally excited states within 
the ground electronic state. The objective then is to mea­
sure chemical reactivity as a function of specific internal 
excitation, rather than of the total energy content, which 
during conventional activation is partitioned according to a 
Boltzmann distribution among all states. Indirect evidence 
for the dependence of bimolecular atom exchange reaction 
rate constants on vibrational energy rather than on total 
energy was presented about a decade ago.1 Specifically, 
studies of ir laser induced reactions may provide an answer 
to the following question. In binary collisions which lead to 
reaction, for all entering pairs with total energy content E,
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546 E. R. Lory, S. H. Bauer, and T. M anuccia

what is the dependence of the cross section, o(E; £), on the 
fraction of the energy £ that is in vibration? By now about 
half a dozen experiments have been described2 which pres­
ent partial answers to this question. Several extended tra­
jectory analyses3 have been made to ascertain the relative 
efficacy of activation energy available as vibration vs. 
translation, and general discussions-of the inverse process, 
the partition of energy among product states, have been 
published.4

A second reason is correlary to the first—the possibility 
of inducing reactions selectively, that is, of specific molecu­
lar species. This hinges on the narrowness of spectral line 
widths of laser radiations, and on the possibility of match­
ing, accidentally or by tuning, the incident radiation to a 
characteristic transition of one of several potential reac­
tants present in the mixture. Also, it is theoretically possi­
ble5 that ultrahigh fluxes (~ 1029 cm-2 sec-1) may lead to 
simultaneous multiphoton absorptions, and thus induce 
dissociations by a novel process. Whatever the motive, con­
siderable effort has been expended in attempts to demon­
strate experimentally the occurrence of laser augmented 
reactions, but few2 were successful in unequivocally prov­
ing that the effects they observed were not due to thermal- 
ized systems. The inherent limitations are obvious, yet they 
were not adequately recognized in the design of many ex­
periments. For any specific pumping rate [<* flux • cross 
section], the attainable population in those vibrationally 
excited states which favor the desired transformation is de­
termined (to a major extent) by a v-T  relaxation time. 
When the net vibration —* translation energy transfer rate 
is fast compared to the v pumping rate, the excitation of 
the sample is equivalent to homogeneous heating and con­
ventional thermodynamic and kinetic restrictions apply; if 
these two rates are comparable one must experimentally 
discriminate between reaction steps due to heating and 
those due to excitation of specific states.zh Only when 
t(v- v) «  t(v-- T) are the results unequivocal.6 However, one 
must not overlook the intramolecular relaxation time; i.e., 
the rate for redistribution of vibrational energy within the 
absorber which controls the drain of excitation from the 
reaction coordinate. For high levels of vibrational excita­
tion this characteristic time is of the order of picoseconds.7

Consideration of these and other factors led us to a strat­
egy for selecting reactants for which the probability of suc­
cessful augmentation of a reaction by infrared irradiation is 
optimized, (a) Select reactions with modest Eacl (20-30 
kcal/mol), and use the most energetic photons for which 
the absorption cross section is high, (/?) Select systems for 
which rVtT is much greater than tu v (generally this is the 
case for molecules that contain few atoms). Alternately, 
work at low pressures so that the mean free path is compa­
rable to the reactor dimensions. (7 ) Adjust conditions for 
minimal A7Vr; operate at sufficiently low pressures such 
that wall collisions moderate the translational and rota­
tional temperatures of the reactant, or used forced convec­
tive cooling. (<5) Introduce scavengers which react rapidly 
with the vibrationally excited species or with the products 
of photolysis. Strive for rchenl < tv-u «  t„t . (t) Whether one 
uses short pulses of very high power or extended irradia­
tion with low power, but with the same integrated absorbed 
energy, depends on the analytical devices available for fol­
lowing the course of reaction. In view of d, the former is 
preferred.

Herein we report the successful demonstration of a C02 
laser induced reaction of the type 2AB —► A2 + 2B, selected

on the basis of the above prescription. It is our contention 
that the decomposition of H3B • PF3 under the conditions 
described below is not a consequence of thermal heating of 
the sample, and that the methodology developed in this ex­
periment can be generally extended so as to ensure that 
when positive effects are observed they are indeed due to 
specific vibrational excitation.

Two essential experimental conditions must be fulfilled. 
First, the reagents should be at a pressure so low that their 
mean free paths are comparable to the dimensions of the 
cell and thus maintain the translational and rotational 
temperatures at the wall temperatures. During the short 
intervals when these molecules traverse the beam and ab­
sorb photons, they become vibrationally hot. Further, it is 
necessary that the photon flux be very high in order to af­
fect significant conversions. This can be achieved by plac­
ing the reactor cell within the laser cavity. The reactants 
must be present at sufficiently low pressures so that the ab­
sorption losses do not quench laser oscillations.

Spectroscopic P relim inaries

The requirement that the mean free path of the reac­
tants be comparable to the cell dimensions restricts the ap­
plication of this technique to those materials that have very 
high absorption coefficients at wavelengths for which high 
laser fluxes are available. Clearly the products of reaction 
should not absorb the laser frequency. Also, because of the 
low energy content of the C02 laser photons —3.3 kcal/ein- 
stein], the reactants must have a sufficient density of excit­
ed states so that successive absorptions car. occur.

For H3B • PF3 we had to supplement the spectroscopic 
data in the literature with several essential measurements. 
Over the range of the IO.6-/1 C02 band, the raman spectrum 
of liquid H3B • PF3, as reported by Taylor and Bissot,8 
shows three bands: at 957 cm-1 [^(e), P-F str], 944 cm-1 
[i'3(a), P-F str], and 920 cm-1 [(̂ s—t'is)» calculated 920 cm-1 
for (HBH def)-(PF:! rock)]. Our raman scan of the vapor 
(Spex Ramalog) showed only a broad weak scattering at 
930 ± 3 cm-1. The other bands check well with the re­
ported frequencies: 2386 ± 1 vs. 2385 cm-1 for B-H str; 608 
± 1 vs. 607 cm-1 for P-B str; 441 ± 1 vs. 441 cm-1 for FPF 
def. There is no reason to question Taylor and Bissot’s as­
signment of fundamentals, and it is interesting to note that 
the P-F stretching frequencies increase on coordination 
[î i(a) 892 cm-1: vz(e) 860 cm-1 in PF3]. A moderate resolu­
tion infrared absorption spectrum (Perkin-Elmer No. 521) 
showed three well-resolved peaks and two shoulders, Fig­
ure 1, of which three features, at 957.7, 342.9, and 921.2 
cm-1, match the raman spectrum exceptionally well. The 
two remaining prominent peaks (not reported by Taylor 
and Bissot) must be assigned to combination bands [2iqi(e) 
+ »'12(e), calcd 937 cm-1, obsd 931 cm-1; higher order com­
binations possibly account for the 951-cm-1 band]. The su­
perposition of absorptions provided the first indication 
that at a pressure of 1.5 Torr this part of the rotational- 
vibrational spectrum may consist of a dense array of lines.

The spacing in the pure rotational spectrum, derived 
from a microwave study,9 is approximately 102 greater than 
the laser line widths (»102 MHz). This suggested the possi­
bility that H3I0B • PF3 absorptions could be distinguished 
from H3n B • PF3 in those vibrations which are coupled to 
the B-P stretch, as the P-F stretch must be. The spectrum 
obtained by tuning the laser from line to line reproduced 
the pattern recorded in Figure 1. Absorption coefficients 
for the natural abundance and the 10B enriched (95%) sam-
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Figure 1. Infrared absorption spectrum of H3B • PF3 in the 10.6-/Î re­
gion, as recorded with a Perkin-Elmer No. 521: cell length 7.5 cm; 
sample pressure 1.5 Torr; spectral resolution 0.2 cm-1.

pies of H3B • PF.i were determined for 12 frequencies, cor­
responding to laser transitions P(12) to P(34) [00°1 -* 10°0 
band]. In addition, for the same frequencies absorption 
coefficients were obtained for SF6 to provide a check on the 
reliability of our procedure, which involved the use of a 
spectrophone cell.10 The output signal of the laser was re­
duced in intensity to a level of approximately 0.3 W/cm2 by 
interposing a low transmittance germanium flat in the out­
put beam. The spectrophone cell incorporates a Capps con­
denser microphone which is connected through a suitable 
preamplifier to a PAR JB-4 lock-in amplifier. The refer­
ence signal was generated by a chopper, light source, and a 
phototransistor detector. Laser power was monitored by a 
Coherent Radiation power meter, Model 201, and dis­
played on a strip chart recorder for time averaging. An ab­
solute scale for the coefficients was established by (cell in)/ 
(cell out) recording of the spectrophone signal. Corrections 
for window absorption were made. The absorption coeffi­
cients measured for SF6 at 450 mTorr were slightly lower 
than those reported by Shimizu.11 The difference is proba­
bly due to our use of an unstabilized laser, since Shimizu 
found a large variation in the coefficients as he tuned a sta­
bilized laser across each laser transition. Measurements 
made with incident power levels 0.04 —* 0.30 W/cm2 gave 
the same absorption coefficients, indicating the absence of 
saturation effects.

Three sets of observed absorption coefficients for H3B ■ 
PF3 are shown in Figure 2. Within the uncertainty limits 

of the data the two isotopic species of boron have the same 
coefficients for the indicated laser lines, at the level of 0.3 
W/cm2. The magnitudes of the coefficients are lower than 
those of SF6 by approximately a factor of 4. It is evident 
from Figure 2 that the conventionally recorded spectrum 
gives essentially the same values for the absorption coeffi­
cients as those derived for the narrow laser lines. This sup­
ports the contention that no saturation effects influenced 
the spectrophone data, and that at pressures at 250 mTorr, 
the absorber lines are sufficiently broad such that they con­
stitute a dense array on the scale of laser line widths. For 
P(28), a line of intermediate absorption intensity, the value 
of a(cm-1 Torr-1) = 0.065 ± 0.005, corresponds to a cross 
section of 2 X 10-18 cm2; for P(20), a = 0.085 ± 0.007.

We also measured the effect of sample pressure on the

Figure 2. Derived absorption coefficients [ a  =  (1 ! p l )  In ( l0/ l ) ] ,  
Torr 1 cm \  at specified C02 laser lines (spectrophone), for p  >  
250 mTorr: (□) normal isotopic composition; ( • )  10B enriched 
(95%); (A) values deduced from trace in Figure 1.

absorption coefficient, which is equal to the quantity \S/ 
fcpj, where S is the lock-in amplifier output voltage, k the 
overall apparatus constant, and p the pressure of the- ab­
sorber. (S/p) remained independent of pressure from 1.5 
Torr down to 250 mTorr, and then fell off to about 1/10 of 
its value at 25 mTorr. The addition of He to a low-pressure 
sample had little effect unless the inert gas was >1 Torr; in 
contrast, added Xe increased the magnitude of a as much, 
possibly a little more, than the H3B • PF3. We conclude 
that significant pressure broadening occurs between 25 and 
250 mTorr. Note that the relative magnitude of a for P(28) 
and P(20) remained essentially unchanged with pressure.

K inetic P relim inaries

Burg and Fu12 called attention to the many similarities 
between the physical and chemical properties of H3B - CO 
and H3B • PF3; the mechanism for decomposition proposed 
for the former13 applies to the latter. That is, over the tem­
perature range 0-60°

-l
H3BPF3 ^  H3B + PF:! (fast) (1)

1
H3B + H3BPF3 — B2H6 + PF;i (rate limiting) (2)

_ d[H3BPF3] 2fe,fe?[H3BPF 3]2
At ;?.1[p f 3] + ¿2I.H3BPF3] w

for the “steady state” condition on H3B. Arrhenius plots 
for the carbonyl and trifluorophosphine adducts give, re­
spectively

log ^ f e 2) = 13.58 -  26,750/4.5757 

= 15.84 -  29,300/4.575T

(H3B*CO)
(4)

(h3b -p f 3)
(5)

These activation energies must be partitioned between the 
two steps; for H3B • PF3 a reasonable value for the first is 
»21 kcal, and 8.3 kcal/mol for the second.

Experim ental Section
The Apparatus. The experimental arrangement is shown 

schematically in Figure 3. The laser is a 115-cm section of

The Journal of Physical Chemistry, Voi. 79, No. 6, 1975



548 E. R. Lory. S. H. Bauer, and T. Manuccia

Figure 3. Schematic of experimental arrangement: (1) 95% reflecting, Ge output mirror (focal length 5 m); (2) laser tube, cuartz, 115 cm long; 
(3,4) front surface mirrors; (5) heating coil, on reaction cell; (6) transite box, vermiculite filled; (7) grating 150 lines/mm, blazed for 10 (8)
valve to U tube; for sample injection and extraction; (9) MKS-Baratron 77H-1; (10) thermocouple and temperature controller.

13-mm i.d. quartz tube, with Brewster angle windows, and 
fitted with a water jacket, gas inlet, and pump outlet ports, 
and electrodes. The discharge, through a rapidly flowing 
gas mixture of C02, N2, and He (2:3:6), was maintained by 
a stabilized Voltronics power supply, 0-50 kV; 0-85 mA. 
The laser was generally operated at 8 kV and 50 mA. The 
cavity was folded, closed by a 150 lines per millimeter grat­
ing for selection of rotational lines, and by a 95% reflecting 
germanium mirror, to provide a small output signal for 
monitoring the intracavity power. To check that this signal 
did measure the intracavity flux the ratio of the signal 
through the mirror to the intensity reflected from one of 
the cell windows was measured. This was constant over the 
range of powers used in these experiments. The total intra­
cavity flux (both directions) was varied over the range 60- 
160 W, by changing the power supply discharge current. No 
attempt at intensity stabilization was made. The measured 
beam diameter at the cell position was 13 ± 1 mm. The 
reaction cell, a 12-cm diameter stainless steel pipe, 110 cm 
in length, was fitted with Brewster angle windows and con­
stituted one arm of the folded cavity. It was connected 
through a high conductance U tube to the vacuum system. 
A Baratron capacitance manometer, Model 77H1, was at­
tached directly to the cell, which was wrapped with heating 
tape, enclosed in an oversize transite box and insulated 
with vermiculite. A thermocouple, attached externally to 
the reactor wall, approximately near the middle, was con­
nected to a temperature controller and to a recorder. The 
reactor wall temperature was maintained to ±0.2°.

Experiments were conducted as follows. A sample of 
H3B -PF2, prepared by equilibrating B2Hfi and PF3 at 
room temperature for about 30 hr, after several trap-to- 
trap distillations, was cooled to —160° [2-methylbutane 
slush bath] and pumped-on to remove residual diborane 
and trifluorophosphine. The sample was then expanded 
from a measured pressure in a known small volume, into 
the sample cell. No change in the laser output signal was 
observed when the sample was admitted into the cell. The 
cell walls had been conditioned with H3B • PF3 and evacu­

ated to a pressure less than 2 X 10-fi Torr. Most of the ex­
periments were performed with sample pressures between 
2 and 3 mTorr. These were chosen so that the mean free 
paths of the reactant molecule., were comparable to the 
laser beam diameter, and approximately 1/4 of the cell ra­
dius. In a few cases additional reagents or an Ar diluent 
were added to raise the total pressure to 500 mTorr. During 
irradiation the pressure change and the laser power were 
continuously recorded. Upon completion of irradiation the 
cell was opened to the U tube, cooled to —196°. A noncon­
densible gas was produced dur:ng each irradiation; the 
amount correlated with the degree of reaction observed' 
(15-17% of total). The condensed sample was then trans­
ferred either to a small sample tube for mass spectral anal; 
ysis or directly to the injection volume of a gas chromato­
graph.

Mass spectra were recorded with a CEC instrument, 
Model 21-103A. The inlet system was equipped with a ca­
pacitance manometer so that the initial sample pressure in 
the ballast volume could be accurately controlled. A repre­
sentative (m/e) peak for each component in a sample mix­
ture was measured as a function of time, and extrapolated 
to zero time, to compensate for the pressure drop in the 
ballast volume during the analysis. Gas chromatographic 
analyses were made with a F & M flame ionization unit, 
Model 609. We used a 20 ft, 0.25-in. diameter column 
packed with a 30% (wt) mineral oil liquid phase coating on 
Chrom R (Applied Science Laboratory, Inc.) as the solid 
support. The column was held at 0° during the analysis. 
This column effectively separated PF:! from B2H6 or from 
H3B - PF3 but did not separate the latter two components. 
We soon discovered that neither the reactant nor its prod­
ucts generated in the flame sufficient ions for a useful sig­
nal. A phototube (1P28; 90 V/dynode) was fitted with a 
100-A hand pass filter centered at 5260 A and then set up 
to monitor the flame emission. This detector proved to be 
highly sensitive to both boron and phosphorus containing 
samples. The Baratron capacitance manometer was sensi­
tive to pressure changes as small as 0.01 mTorr. Its output
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was recorded continuously so that the extent of reaction vs. 
time was monitored throughout the experiment.

Qualitative Observations. Irradiation periods as short as 
6 min produced up to 33% decomposition under conditions 
which produced no measureable thermal decomposition. 
The extent of reaction was frequency dependent but not in 
proportion to the corresponding ground state absorption 
coefficients. The extent of reaction increased with the in­
tensity of radiation. When a substantial pressure of Ar was 
added, the extent of reaction increased, but dilution exper­
iments with borane-carbonyl at pressures comparable to 
the reactant did not enhance the extent of decomposition. 
Also, the H3B • CO decomposed only as much as was mea­
sured for this material at the wall temperature in the ab­
sence of laser radiation.

Significant differences between the relative efficiencies 
for inducing decomposition were found between P(28) and 
lower J  lines. However, within the scatter of our data, no 
significant difference was found for the P(28) line between 
the extent of decomposition of H310BPF3 and H3UBPF3; 
more about this later. A number of experiments were con­
ducted to eliminate possible contributions to the observed 
augmentation by factors other than laser radiation. These 
included (i) operating the laser discharge but blocking laser 
radiation in a manner that permitted the visible and uv ra­
diation from the discharge to enter the cell. No augmenta­
tion was observed, (ii) The sample cell was electrically 
grounded to prevent high-frequency discharges within the 
cell, (iii) The laser beam was carefully aligned through the 
cell and this alignment was frequently checked to make 
certain that the beam did not impinge on any wall. The cell 
windows were also inspected for material deposition which 
might cause local heating.

Quantitative Results
: Power Dependence. Figure 4 shows the per cent decom-
posed as a function of total laser flux in the cavity (forward 

' plus reverse) over the range 53 to 110 W; these data are 
listed in Table I. The net loss per minute [defined as [(mol- 

• es)i — (moles)f]/(moles)¡min, based on mass spectrometric 
‘ or gc analyses of the cell contents] are mean values over ir­
radiation times, which ranged from 6 to 240 min. Several 
Teatures appear. It is clear that irradiation with P(28) is far 
more effective than irradiation with P(20), even though at 
pressures (25 -*• 1000 mTorr) the absorption coefficient for 
the latter is 20-50% larger than for the former. P(16) was 
about as effective as P(20); P(24) and P(26) were more, 
while P(30) and P(32) were less effective. The shape of the 
decomposition curve is concave upward indicating that the 
extent of decomposition is at least quadratic, and possibly 
of higher order in photon flux. The apparent threshold 
[e.g., 1% for 30 min of irradiation with P(28)[ is about 37 W. 
The early experiments show a large scatter for the normal 
(10B/UB) composition but the three points for the 95% 10B 
enriched material appear to be mutually consistent and 
below the “band.” This lack of reproducibility was later 
traced to inadequate conditioning of the cell walls and to 
the loss of PF3 on transferring the sample from the cell to 
the U tube. When a rigid experimental methodology was 
followed, as in the final set of experiments, the pressure­
time curves for a number of runs with nB and UIB essential­
ly superposed [mean slope 0.54 (0.05) for nB and 0.64 (0.08) 
for 10B, with mean deviations indicated]. These observa­
tions are consistent with the near equality of their absorp­
tion coefficients, and not inconsistent with the mechanism

TABLE I

Laser

Sample0
Time,
min

Measured 
power 
x 40

rc
reaction 
(per min)

tran ­
sition
P(-7)

%
converted

n 6 72.4 1.4 28 8.4
n 6 70.2 2.2 28 12.9
n 6 64.0 1.9 28 •; 11.3
n 12 89.6 2.8 28 33.0
n 12 89.4 3.3 28 40.0
n 12 85.2 3.0 28 35.9
n 12 80.8 2.7 28 32.1
n 12 76.8 2.8 28 33.6
n 12 70.4 1.6 28 18.7
n 12 70.4 1.5 28 17.7
n 12 68.2 1.7 28 20.0
n 12 64.0 1.8 28 22.0
n 12 63.8 1.0 28 12.5
n 12 55.4 1.3 28 15.3
n 12 53.2 0.8 28 9.4

10 12 85.2 2.0 28 24.0
10 12 68.2 1.1 28 13.1
10 12 55.2 0.7 28 8.6
n 30 110.8 1.2 20 36.9
n 30 98.0 0.90 20 27.1
n 30 89.4 0.81 20 24.3
n 30 81.0 0.56 20 16.8
n 120 106.6 0.58 20 69.0
n 120 106.6 0.55 20 66.4
n 120 89.0 0.27 20 31.8
n 120 89.0 0.21 20 25.2
n 120 80.4 0.14 20 16.3
n 120 70.4 0.12 20 14.5
n 120 70.4 0.09 20 10.3
n 120 21.2 0.00 20 0
n 120 80.6 0.58 28 70.1
n 120 90.8 0.63 26 75.6
n 120 89.0 0.57 26 67.9
n 120 89.0 0.44 24 52.3
n 120 89.0 0.18 16 21.5
n 120 59.4 0.0 10 0

a n = natural abundance: 10 = 95% 10B.

proposed below. The difference in per cent conversions per 
minute, for the 30- and 120-min irradiations with P(20) is 
not due merely to depletion of reactant compare the 
fourth and sixth columns in Table I]; account should also 
be taken of the reversibility of reaction 2. In Figure 5, the
6- and 12-min irradiation with P(28) are mutually consis­
tent and show a slope [2.12] which is essentially the same as 
for the 30-min irradiations with P(20) [2.14]; the longer ir­
radiations for P(20) have a steeper slope [3.61 . For either 
case, it appears that two to three photons are required for 
the overall process. A few experiments were conducted with 
sample pressures of 3.5 mTorr. The slopes for these data 
were essentially the same as for the lower sample pressures.

Borane-carbonyl does not absorb appreciably in the
10.6-m band. No signal above the noise level could be ob­
tained with the spectrophone for pressures up to several 
Torr whereas the H3B • PF3 showed detectable absorptions 
at pressures as low as 25 mTorr. This was further checked 
by irradiating samples of the H3B • CO under the same con­
ditions as used for the H3B • PF3. No augmented decompo­
sition was observed. Experiments were then conducted
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Figure 4. Per cent convèrted per minute vs. intracavity laser power; 
reduced from data for 6-, 12-, 30-, and 120-min runs. The laser lines 
used are Indicated: (0) normal isotopic composition, 12 min with 
P(28); (▼ ) normal isotopic composition, 6 min with P(28); (■ ) 10B en­
riched (95%), 12 min with P(28); (A) normal isotopic composition, 
30 min with P(20); (O) normal isotopic composition, 120 min with 
P(20); (•) normal isotopic composition, 120 min with P(J) indicated.

Figure 5. The data in Figure 4 replotted on log-log scales.

with a mixture of 1:1 of H3B • PF3 and H3B - CO at a total 
pressure of 2.5 mTorr. This showed the expected extent of 
decomposition for the former compound but only the room 
temperature rate for the latter. The results indicate that 
the chemical kinetic temperature of the borane-carbonyl 
was not changed by the radiation nor by collisions with the 
trifluorophosphine-borane. Additional experiments, with 
the H3B • PF3 pressures held constant at 2.5 mTorr while 
the pressure of the carbonyl was increased, showed a slight 
increase in the rate as the pressure rose to a total of 10 
mTorr; on further addition of H3B - CO the rate of decom­
position of the H3B • PF3 decreased. This run was moni­
tored by the Baratron capacitance manometer. Finally, the 
addition of Ar (up to 500 mTorr) or PF3 (added pressure 
up to 7 mTorr) resulted in an increased rate of decomposi­
tion of the H3B • PF3.

Discussion of Mechanism
First, let us summarize the evidence that the augmented 

decomposition of H3B • PF3 is due to vibrational excitation 
rather than to an overall temperature rise, (a) The extent 
of decomposition is dependent on the J  value of the laser 
line used but not in proportion to the absorption coeffi­
cients; differences in energy between P(20), P(28), and 
POO) are trivial, yet their relative chemical efficiencies dif­
fer by as much as a factor of 5. (b) Collisional energy trans­
fer to H3B • CO does not appreciably raise the chemical ki­
netic temperature of the latter, since there was no aug­
mented decomposition of the carbonyl. Thus, the strategy 
of using low pressures to maintain translational and rota­
tional temperatures at or near the wall temperature suc­
ceeded even though the radius of the cell was about four 
times the mean free path.

The next step in the analysis of the data is estimation of 
the fraction of reactant molecules which have absorbed one 
or more photons. At 2 mTorr the density of H3B • PF3 is 6.5 
X 1013 molecules cm“3, or 0.95 X 1016 molecules in the vol­
ume illuminated by the laser beam. Their mean free path is 
about 1 cm at 300°K; and their mean speed is 3.4 X 104 cm 
sec-1. The mean time spent by the average molecule in the 
illuminated portion of the cell depends on the model used 
to calculate this average; it is of the order of the beam di­
ameter divided by the mean speed (»4 X 10-3 sec). During 
this time approximately 1.6 X 1019 $ pass through the cell 
in both directions, since the net flux at 75 W of 10.6 ft ra­
diation corresponds to 4 X 1021 4> sec-1. Now, on the basis 
of the measured low-pressure (at 25 mTorr) absorption 
cross section the “effective” superposed area obscured by 
1016 molecules is 2 X 10-3 cm'2, and thus can intercept 2.4 X 
1016 <f>. We conclude that under these high flux conditions 
most molecules which pass through the beam will absorb at 
least one photon.

The log-log plots of per cent conversion vs. laser power 
(Figure 5) indicate that two to three photons are needed for 
augmentation of the reaction rate. The surprising feature is 
the critical dependence of yield on the J  value of the laser 
line used; i.e., on the specificity of the mode of excitation 
rather then on the total energy content. This argues against 
augmentation of the rate by v-v transfer, wherein encoun­
ters between pairs of molecules with v = 1 lead to pumping 
of one of them to u = 2, etc. That there is a power depen­
dence at all, even though the flux is high enough to provide 
a photon for nearly every molecule which passes through 
the beam, suggests that the cross section for absorption of 
the second photon is an order of magnitude smaller than 
for the first. Indeed, we are driven to that assumption by 
the fact that the extent of conversion is greater for P(28) 
than for P(20), whereas the measured u = 0 —► 1 absorption 
coefficient is smaller for the former than for the latter. 
Since the density of lines in the fundamental region around
10.6 m is high, as indicated by Figure 2, it is plausible that 
the first harmonic region is even more dense, and there is 
no dearth of states for successive photon absorptions. Fur­
thermore, even though the mean free path is about equal to 
the laser beam width in the cell, a substantial number of 
collisions do occur in the illuminated region and the ab­
sorber gas is thus rotationally thermalized.

The following auxiliary observations also support the as­
sumption that the rate-limiting displacement reaction 2 is 
accelerated by a specific vibrational excitation. We found 
that the decomposition of H3B • CO is not augmented upon 
illuminating a mixture of the phosphine and the carbonyl
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even though one must assume a very high efficiency for col- 
lisional energy transfer (Zab  — 5) between molecules which 
possess substantial dipole moments and nearly resonant vi­
brational states. Thus, the mere accumulation of vibration­
al energy is not sufficient. Indeed, when the pressure of 
H3B • CO was increased to a value such that collisions with 
the carbonyl served to deplete the population of vibration- 
ally excited H3B • PF3, the rate of decomposition of the 
phosphine decreased but that of the carbonyl remained 
low. On the other hand, the addition of Ar or PF3 increased 
the rate of decomposition of the H3B • PF3. These relative­
ly inert molecules served to reduce diffusion of the singly 
activated H3B • PF3 from the illuminated region toward the 
walls. In addition, at the pressures used, these gases may 
broaden the rotational line widths of the H3B • PF3 and en­
hance absorption.

It appears that two criteria must be met. The first con­
cerns energy content; the second concerns the accumula­
tion of energy in a specific vibrational mode. Consider the 
equilibrium constant for step 1, and of the rate constant for 
step 2. In an ensemble of AB molecules in thermal equilib­
rium at T° K, the fraction which has sufficient energy to 
dissociate or react is given by J E “g{E)e~E/kT AE/ 
f  o°°g(E)e~E/kT AE, with Ec = A//°diSs (step 1) or Ec = Eact 
(step 2). Were each of these reactants to possess an addi­
tional 3.3 kcal/mol of vibrational energy [equivalent to 1 
einstein of 10.6-m photons], the corresponding fraction at 
300°K could be augmented by e3300/300/f = 2.5 X 102. 
Whether this increase is experimentally detectable ob­
viously depends on the background rate; in the absence of 
radiation this is low for H3B • PF3 and H3B • CO. However, 
for

H;iB + — ► B2H6 + P F j  (2*)

with n = 2 or 3, the augmentation factors are «6 X 104 and 
I07, respectively, and the change is much easier to detect. 
That the net increase in B2H6 was not due to a large in­
crease in the steady-state concentration of BH3 follows 
from the fact that there was no enhancement of the decom­
position of the admixed H3B ■ CO. Indeed, parallel experi­
ments run with the latter compound irradiated with the
9.6-m band, where it absorbs strongly, gave negative results 
because of the apparent absence of suitable upper states 
for sequential absorption [see Appendix]. Apparently, 
there is a small rise in the steady-state concentration of 
BH3, as indicated by our qualitative observations of an in­
crease in the noncondensable gas, presumably hydrogen, 
due to decomposition of the BH3 which did reach the walls 
of the ceil after 4-10 collisions. Here, we are making the as­
sumption that H3B • PF3ft:=1) is deexcited by wall collisions 
but does not preferentially decompose to PF3, H2, and 
(BH)m.

C onclusion
On reviewing the strategy proposed in the Introduction 

for reactions which are suitable for augmentation by ir 
laser radiation, and comparing these with the totality of 
our experimental effort, we note our statements a - - ( com­
prise a list of favorable but not sufficient conditions. Fur­
thermore, there are very few combinations available to us 
at present which permit reproducing this set of conditions 
with high fidelity, the most serious limitation is the unavai­
lability of tunable lasers which produce high photon fluxes 
at the higher frequencies at which many reagents absorb. 
The high flux of photons generated by the C02 laser carry

modest energies (per photon) so that sequential absorp­
tions are necessary to significantly augment a reaction rate. 
In turn this requires accidental coincidences of upper state 
spacings, which occur with higher probability in the larger 
and heavier molecules (PF3 adduct) than in the lighter 
ones (CO adduct). Were we to limit our studies to radia­
tions which carry <4 kcal/einstein, we would have to em­
bark on a program for measuring absorption coefficients 
for excited vibrational states. This is an interesting and in­
triguing aspect of molecular spectroscopy of which very lit­
tle is known, and merits study for its own sake now that the 
design of practical experiments appear feasible.

Our final comment pertains to an old problem in a new 
guise. This is best illustrated by comparing H3B • PF3 with 
H3B • CO. The reaction coordinates for both steps 1 and 2 
incorporate large extensions of the B-P or B-C bond, re­
spectively. In the former, v3 absorption excites extension of 
the P-F bonds. Indeed, were radiation available at the 
stretching frequency for B-P [607 cm-1], it would carry a 
2/3 penalty in quantum size. In presenting the arguments 
regarding the anticipated enhancement of the (k\/k-\) 
ratio and of ko, we tacitly postulated that the vibrational 
energy in P = F 3 could be effectively utilized for extending 
the adjacent bond. This is consistent with RRKM theory 
which accounts well for the behavior of highly excited mol­
ecules undergoing unimolecular decompositions.14 In the 
latter case, intramolecular vibrational redistribution times 
are faster than the mean lifetimes of the activated mole­
cules.7 However, for low states of excitation, a model closer 
to that proposed by Slater15 is probably more suitable. We 
conclude that H3B • PF3 and H3B • CO differ because, 
while extension of the P-F bonds in H3B • PF3 (950 cm-1) 
is closely coupled with the H3B-P stretching vibration, de­
formation of the HBH angles in H3B - CO (1100 cm-1) does 
not significantly couple with the H3B-CO extension. An­
other factor which must be considered is the incomplete 
utilization of the available vibrational energy; thus, in the 
bimolecular reactions wherein vibrationally activated 
ozone reacts with NO, C^CA) and SO it appears that only 
15-50% of the injected vibrational energy contributes to 
the acceleration of the rate.2*3
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Appendix. E xperim ents w ith  H 3B • CO
The 9.6-ai C02 laser emission is partially absorbed by bo- 

rane-carbonyl. Two of the HBH deformation vibrations 
have been designated v3(a), at 1073.4 and 1083.1 cm-1 for 
the UB and 10B adducts, respectively, and f':i(e) at 1100 
cm-1. The carbonyl is another test compound for a 2AB —*• 
A2 + 2B decomposition reaction, and is a candidate for se­
lectively generating BH3 to be scavenged by other reagents.

Samples of the borane-carbonyl (natural abundance and 
10B enriched) were prepared from corresponding diborane 
samples according to the standard technique.16 They were 
purified by repeated distillations. Relative absorptions at a 
number of lines in the 9.6-m band were obtained with a 
spectrophone. For J  values 12-28, absorptions over the R 
branches were, on the average, four to five times that for 
the P branch. The largest differences between the 10B en­
riched and natural abundance boron isotopic samples 
showed for R(28) and P(18): Figure 6. Because the avail­
able laser power is considerably less at R(28), we use the
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P Branch, 9 BAND R Branch ,96^ BAND
Figure 6. Absorption coefficients of H3BCO at selected C02 laser 
Unes (9.6-m band): (•) normal isotopic composition; (A) 10B enriched 
sample.

P(18) line for which the absorption coefficient for the nB 
species was greater by a factor of about 5. Since the natural 
abundance sample contains about 20% 10B, we deduce that 
the UB species has an absorption coefficient approximately 
6 times that of the 10B species for this line. For comparison: 
the borane-trifluorophosphine absorbs, at its optimum in 
the 10.6-m band, approximately 30 times as much as the bo- 
rane-carbonyl does at the P(18) line in the 9.6-p. band.

Numerous tests over a range of conditions show that no 
thermal reaction was observed with the sample in the cell 
at »2-3 mTorr, at room temperature, whether it was irra­
diated or not. A finite thermal rate was recorded when the 
cell temperature was raised to 51°. Irradiation of samples 
of both isotopic compositions showed a very small enhance­
ment over the thermal rate at 31.1° and no difference was 
discernible for the two samples. These rates were followed 
with the Baratron capacitance manometer. Several tests of 
mixtures of H3B • CO with N2O and of H3B • CO with PF3, 
at room temperature, indicated no conversion upon irradia­
tion of these samples in the pressure regime 2-5 mTorr. 
These negative experiments complement the conclusions 
we reached relative to the trifluorophosphine adduct, in 
that two or more photons in the 3.5 kcal/einstein energy 
range are required to facilitate reaction. Unfortunately due

to the lower molecular weight and more open set of states 
for the carbnnyl there is no appropriately positioned level 
for absorption of the second photon.
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The layered dichalcogenides of Nb and Ta easily form intercalation compounds with metal hydroxides (al­
kali, alkaline earth, ammonium hydroxide, and their derivatives) in aqueous solution. The increase per unit 
layer in the c lattice parameter produced upon intercalation varies from 2 to 6 A and is dependent on the 
host dichalcogenide, the metal hydroxide employed, and its solvation number. A formula of the type 
TaS2(MOH)o.2-o..i(H20)o.5-o.8 was obtained from chemical analyses data. The formation of different inter­
calation stages, structural aspects, and superconductivity of these compounds are described and discussed.

Introduction
Transition metal dichalcogenides offer a wide variety of 

interesting physical properties ranging from diamagnetic 
semiconductor to Pauli paramagnetic metal behavior at 
room temperature, with the group V sulfides and selenides 
exhibiting superconductivity at low temperatures.1 The 
most important property of these materials from the crys­
tallographic point of view is that they possess hexagonal 
layer structures in which a layer of metal atoms is strongly 
bonded to, and sandwiched between, two layers of chalco- 
gens. These Ch-M-Ch “slabs” are weakly bonded (presum­
ably by van der Waals forces) and are stacked in the c di­
rection giving rise to marked anisotropy in the physical 
properties. The weak interlayer bonding in these dichalco­
genides permits intercalation quite akin to other layer-type 
materials such as graphite and silicate clay minerals, by 
which process it is possible to introduce metal ions, inor­
ganic, and organic molecules between the layers. Thus al­
kali.--3 alkaline earth,4 and 3d transition metals-’ have been 
successfully intercalated into the layered chalcogenides 
whereas extensive studies of Gamble, et al,,6 have shown 
that a large variety of organic and inorganic compounds of 
the Lewis base type can be easily and successfully interca­
lated into group IV and V dichalcogenides. Depending on 
the intercalate, extensive changes in the physical proper­
ties of the host dichalcogenide can occur. Thus, metallic 
behavior and superconductivity can be induced in the dia­
magnetic and semiconducting group VI dichalcogenides,3’4 
whereas previous studies from this laboratory7 have shown 
that Eu intercalation leads to ferromagnetism at low tem­
peratures in all the groups IV, V, and VI dichalcogenides. It 
has been shown6 that the superconducting transition tem­
peratures of the group V sulfides are altered by 3-4°K by 
intercalation with Lewis bases, the change being upward 
for Ta and downward for Nb compounds.

Thus, intercalation is an excellent process to obtain 
tailor-made solid state materials, however, the mechanism 
of the process is little understood and the available litera­
ture is scanty on this aspect. Gamble, et al,,6 have noted a 
few specific points in their studies which are worth men­
tioning here, (a) Organic and inorganic compounds which 
are classed as Lewis bases can be intercalated to produce 
stable isolatable products indicating that the host dichalco­
genides are mainly of acidic type or contain Lewis acid- 
type active sites, (b) The speed of intercalation depends 
not only on the nature of the intercalate but also on the di­

chalcogenide (group IV or V) and the particular poly­
morph. The observed behavior of a variety of materials led 
Gamble, et al., to interpret their data on the basis of nu­
cleophilic attack of the intercalate on the long Ch-Ch 
bonds8 and of opening up the Ch-M-Ch slabs, paving the 
way for successful insertion of the intercalate into the host. 
However, as one may surmise, the size of the intercalate 
also appears to play a significant role in the rate of interca­
lation as well as the stability of the product. Thus for a 
given basicity, the smaller the size, the faster would be the 
rate of intercalation.

Considerable data are available on the intercalation of 
polar organic compounds into layered clay-minerals,9a and 
recently Hooley9b has examined the intercalation of graph­
ite with inorganic materials such as FeCl:i, Bro, etc. He ar­
rived at three important characteristics of the process of 
intercalation which appear to be quite general in nature 
and are applicable to the transition metal dichalcogenide 
systems as well. First, a threshold or minimum concentra­
tion of the intercalate should be present in contact with the 
host material before which intercalation can take place 
with noticeable speed at any given temperature. This has 
been amply demonstrated in the case of graphite intercala­
tion with alkali metals10 and with compounds of the type 
FeCIi, Br2, IC1, HNO3, etc.9b10 Secondly, the property of 
swelling of the crystals on intercalation and expansion of 
the c lattice parameter via stages as can be observed by 
X-rays. Stage I product would correspond to the case where 
the intercalate is present in between any two layers, stage 
II corresponding to the case where the intercalate in insert­
ed in between alternate set of layers, etc. (Figure 1). The 
third and most important criterion appears to be the hys­
teresis effect or easy deintercalation of an intercalated 
product where the original layered material is recovered 
with the original lattice parameters. Studies of Gamble, et 
al.,6-11 showed that the MCI12 materials satisfy the last 
two criteria fairly well.

Gamble, et al. , 6 have shown in their preliminary studies 
that alkali metal hydroxides in aqueous solution intercalate 
into TaS2 with ease and rapidity to form stable intercala­
tion products, and that the increase in the c lattice param­
eter of TaSo on intercalation is characteristic of the metal 
hydroxide employed; however, since the alkali metal ions 
are usually solvated in aqueous solution, the nature of the 
intercalated species and the stoichiometry of the complex 
are not known in detail. In the present investigation we re-
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Figure 1. A schematic representation of TaS2 structure and various 
intercalation stages obtained with KOH. y  represents the concentra­
tion of KOH in moles per mole of TaS2. The relationships between 
c ,c \ etc. due to the different intercalation stages indicate that KOH 
produces a constant 8 when intercalated and TaS2 layers stay intact 
when devoid of the intercalate.

port on the intercalation of group V sulfides and selenides 
with metal hydroxides, the stability of the products, and 
the replaceability of the intercalated species in the lattice. 
In a separate paper12 we present the results of kinetic stud­
ies of hydroxide intercalation into TaS2 and discuss the 
possible mechanisms for the intercalation process.

E xp erim en tal S ection
TaS-2 was prepared by direct combination of constituent 

high-purity elements in evacuated and sealed quartz tubes 
at ~1000° using a small amount of iodine as a carrier. The 
Is polymorph obtained was ground to powder and annealed 
at 600° for 4 days and then at 500° for 2 weeks to get pure 
single phase 2s TaS2 (single crystals were also obtained by 
the annealing process). The black, free flowing TaS2 pow­
der was sieved (through 53- and 149-¿t sieves) and used for 
the intercalation studies. Other group V materials were ob­
tained using similar procedures described in the litera­
ture.13-14 Alkali metal hydroxide aqueous solutions were 
prepared from high-purity chemicals in C02 free water and 
standardized before use. Saturated alkaline earth metal hy­
droxide solutions were made from freshly prepared oxides 
obtained by decomposing the carbonates.

The intercalation was carried out by stirring known 
amounts of TaS2 and aqueous hydroxide solutions. The re­
sulting product was filtered with repeated washing fol­
lowed by drying. Care was taken to see that negligible 
amounts of C02 were absorbed by the hydroxide from at­
mosphere. The 2s polymorph of TaS2 is easiest to interca­
late. For example, alkali metal hydroxides at fairly high 
concentrations intercalate within 1 hr at 25° while Nb com­
pounds require longer periods of time (~12 hr). However, 
prolonged treatment with the concentrated hydroxides 
chemically decompose the chalcogenides, especially the 
selenides. Millimolar range of concentrations of the hy­
droxides were found to be quite suitable for composition 
variation studies. Usually 1 mmol of TaS2 of known parti­
cle size was treated with varying amounts of (y mmol) hy­
droxides in a constant volume of 100 ml.

Chemical analysis of the OH- ion in the intercalated 
TaS2 was carried out by treating the complex with known 
excess of HC1 and heating at ~60° (which produced dein­
tercalation) and back titration. Blank runs indicated that 
dilute HC1 solution neither intercalates into, nor decom­
poses, the TaS2. For the analysis of the intercalated alkali 
metal ion, either the sample was deintercalated as above or 
completely decomposed by treating with hot aqua regia 
and the metal ion concentrations were estimated by atomic 
absorption analysis. In a few cases, Ta, S, O, and metal ion 
concentrations in intercalated crystals were determined by

electron beam microprobe analysis. X-Ray powder patterns 
of the intercalated products were taken using a Norelco dif­
fractometer and a Guinier camera (Cu Ka radiation), and 
lattice parameters were obtained using the high-angle 
peaks by least-squares fitting. Thermogravimetric analysis 
(TGA) was done in air using a Stanton balance in the range 
25-800°. Superconductivity tests were made at liquid He 
temperatures by 11 Hz ac susceptibility method. The onset 
transition "emperature was taken as the highest tempera­
ture at which the shielding currents could first be detected.

Results and Discussion
It is known from the work of Gamble, et al.,e that TaS2 

when treated with excess of pyridine (Py) at 200° results in 
a stage I intercalation compound (intercalated species be­
tween every chalcogenide layer) with a formula TaS2 
(Py)o.5 for the complex; however, treatment of TaS2 with 
0.25 mol of Py for longer periods of time (at 200°) produces 
a stage II complex (intercalated species between every 
other layer). We have observed a similar behavior with 
metal hydroxide intercalation compounds. As can be seen 
from Figure 1, depending on the starting mole ratios of 
TaS2 and KOH (aq) either a mixture of stages (III and II; 
II and I) or pure stage I product could be obtained.153 The 
observed empirical relationship between the expanded c 
lattice parameters of the different intercalated products 
(Figure 1) indicate that (i) KOH produces a constant in­
crease in the c lattice parameter per unit layer of TaS2 (5) 
irrespective of the stages formed, and (II) TaS2 layers stay 
intact with the original c axis spacing wherever intercalate 
is absent in the van der Waals gap. No evidence of interca­
lation was noted by X-rays for KOH concentration y < 0.1 
(moles per mole of TaS2). This value of y = 0.1 may not 
represent the concentration threshold in the absolute sense 
but it is the minimum concentration of KOH that should 
be present n contact with the host TaS2 to produce notica- 
ble intercalation reaction at 25°.

Table I summarizes the X-ray data on the group V di- 
chalcogenice intercalation complexes with metal hydrox­
ides. These intercalations were carried out by stirring with 
relatively large amounts of the intercalate in aqueous solu­
tion at 25°. As can be seen, our data on alkali hydroxide in­
tercalates with TaS2 are in good agreement with those of 
Gamble, et al. 6 For NbS2 and NbSe2, a temperature of 
~50° was found to be convenient. All the products formed 
were stage I materials where the intercalate was present be­
tween every layer. The a lattice parameter of the hexagonal 
unit cell is little affected whereas the c axis indicates large 
expansion n that direction. The 8 values observed vary 
with the metal hydroxide employed and the host dichalco- 
genide. This shows that the metal ions play a significant 
role in determining 8.

TaS2 (NaOH) complex exhibits two distinct intercalated 
phases, both corresponding to stage I products. The 8 
values are 2.9 and 5.8 A and the complex shows interesting 
behavior with respect to the intercalated H20  present in 
the lattice. A freshly prepared product exhibits a 8 value of
5.8 A; keep ing the sample in a desiccator (or drying- in 
vacuo) overnight converts it to a well-defined crystalline 
complex with 8 of 2.9 A. Treating this sample with a slight­
ly alkaline aqueous solution regenerates the original com­
plex with 8 = 5.8 A. It is clear that H20  pick-up by the^at- 
tice is'involved in this process155 and in fact TGA and elec­
tron microprobe study of TaS2-NaOH complex (with 8 *=
5.8 A) showed excess O compared to the complex with 8 =
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TABLE I: Crystal and Superconductivity Data on Hydroxide Intercalation Complexes with
Group V Dichalcogenides

v MCh,—OH complex a, À c, A 5, À na
C ryst 

rad ius, A6

Eff
rad iu s in 
soin, Aa Tc, °KC

2 s TaS, 3.32 2 x  6.05 0.8
LiOH 3.330 2 x 8.9, 2,90 4.3 0.74 2.5 (4.5)
NaOH 3.32, 2 x  11.8, 5.82 2.9 1.02 2.17 3.4

(4.8)
3.32, 2 x 8.9S 2.9, 2.9 1.02 2.17 3.4

NaOD ?  x  1 1 .7 / 5.6, 4.2
(in D,0) ? x  9.05 3.0, 4.2

NaSH ? x  11.9, 5.8, 2.9 1.02 2.17 4.2
? x  9.0, 3.0, 2.9 1.02 2.17 4.2

Na" ? x  7.3, l-2 5 1.02
K" ? x  8.0 , 1.9, 1.20
KOH 3.32, 2 x  8.9, 2.9, 1.2 1.38 1.75 4.4

(5.3)
RbOH 3.32., 2 x  9.17 3.12 0.5 1.49 1.53 4.0

(4.3)
CaOH 3.32,, 2 x  9.3, 3.28 0.0 1.70 1.47 2.7

(3.8)
TlOH 3.330 2 x  8.7, 2.7, 1.50 1.23 4.2

T1 3.33,, 2 x  8.0, 2.0, 1.50 1.23 4.2
Ca(OH), 3.31, 2 x 11.6S 5.63 7.2 1.00 2.72 4.2f

3.0
Sr (OH), 3.33, 2 x  11.7, 5.6, 6.7 1.16 2.74 4.0
Ba(OH), 3.32, 2 x  8.8, 2-7, 5.2 1.36 2.48 3.0
NH,OH 3.33, 2 x  9.1, 3.0, 1.05 1.48 1.88 (3.3)
N(CH3),OH 3.32, 2 x  11.3? 5.3, 2.05 2.9
n (c , h ,)4o h 3.33, 2 x  11.1, 5.0, 2.83 2.2
3 s NbS, 3.33 3 x  5.97 5.7
KOH 3.33, 3 x  8.97 3.0, 1.2 1.38 1.75
2s NbSe2 3.45 2 x  6.27 7.1
KOH ? x 9.4, 3.1, 1.2 1.38 1.75
RbOH ? x 9.3, 3.0, 0.5 1.49 1.47

° Hydration number (n) of the ions and the effective ionic radii in aqueous solutiontrM”*'") are obtained from ref 17 (n<iH- = 3.5; roH- = 
1.40 A; roH-eff = 2.46 A). 6 Crystal radii obtained from ref 16. c Values in parentheses from ref 6. d Accurate lattice parameters not deter­
mined; c axis repeat distance obtained from (000 lines of the X-ray diffractograms. e Intercalated at -50° by the liquid ammonia method.4 
The observed small 8 values indicate the absence of NH3 in the lattice and in fact the lattice parameters agree well with those reported for 
Na2  3TaS2 and K2/3TaS2 obtained by ceramic techniques.2 The samples are fully intercalated but we have not determined the composition. 
< Shows two transitions.

2.9 A. Identical behavior was exhibited by TaS2-NaSH and 
TaS^NaOD complexes (Table I).

In Table I we also give the crystal ionic radii,16 effective 
ionic radii (of the solvated cations in aqueous solution), 
and hydration numbers17 (n ) of the intercalate ions in 
aqueous solution. All the ions except Cs+ are hydrated (and 
also OH- ion) in aqueous solution with varying n, and the 
effective ionic radii (rM+eff) in solution are significantly dif­
ferent’from the crystal radii (rM+b We also note that r m* 
increases through the series Li to Cs whereas rM+eff de­
creases. Since the dichalcogenides were intercalated from 
aqueous solution, undoubtedly some H20 molecules also 
were intercalated into the lattice along with the cations and 
OH-- and indirectly influence the 8 value for a given com­
plex. »-

Certain trends in the observed 8 values and the ionic 
radii are apparent. In the alkali hydroxide series, the 8 
values are always less than the diameter of the hydrated 

ion indicating that the OH ions in the intercalated 
lattice are not hydrated to the same extent as in aqueous 
solution. For Li, Na, and K, tm+ < roH- and hence OH- 
must be controlling the observed 8; in fact, LiOH, NaOH,

and KOH produce constant 8 of 2.9 A which is only slightly 
larger than the crystal diameter of the OH- ion. For Rb 
and Cs, tm+ > roH-, and their corresponding TaS2 hydrox­
ide complexes we note that 8 values are only slightly small­
er than the respective diameters of the M+ ions. In the 
TaS2-NaOH and its analogs (comparing the higher 8 
values), NaSH has higher 8 compared to NaOH complex as 
can be expected but NaOD shows the opposite trend. On 
the other hand, the composition with the lower 8 values 
(i.e., 2.9 A) are seen to remain almost unchanged for 
NaOH, NaOD, and NaSH.

In the alkaline earth hydroxide series we see a similar be­
havior as in the alkali series in that when ry[2+ < roH-', 
OH- ion controls the 8. The high 8 values (Table I) actually 
encountered might also be due to a large value of n for 
Ca2+ and Sr2+; rBa2+ is only slightly smaller than toh- and 
the low 8 value of 2.7 A indicates negligible solvation of the 
cation in the lattice. Indeed, electron beam microprobe 
analysis for Ta, S, Ba, and O on an intercalated crystal has 
shown the composition to be TaS2 !Ba(OH)2jo.20.2H20.

TlOH intercalated TaS2 exhibits an interesting behavior. 
A complex freshly prepared from dilute TlOH solution
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shows a 5 of 2.7 A but after a few hours of standing at 25° 5 
falls to a constant value of 2.0 A (the complex with <5 of 2.0 
A is also obtained by using aqueous concentrated TlOH (y 
»  2) during preparation). A 5 value of 2.0 A is too small for 
a hydroxide intercalate and in fact the c lattice parameter 
is identical with TlxTaS2 (x ~  0.5, prepared by heating 
TaS2 with T1 metal vapor at 800° for 4 days) indicating 
some disproportionation of Tl+ to Tl i+ and Tl° has oc­
curred in the TaS2 lattice. (T10H)xTaS2 samples prepared 
from hydroxide could not be completely deintercalated by 
acid treatment (see Experimental Section); on the other 
hand, acid treatment regenerates the complex with b = 2.7 
A. Electron beam microprobe analysis of a crystalline com­
plex (<5 = 2.0 A) obtained from TlOH indicated the compo­
sition to be TaS2Tl0.45 and no trace of O in the lattice. A 
comparison of b values observed for the same intercalate 
(KOH) with various dichalcogenides (Table I) indicates 
that b is scattered at ~3 A but definitely depends on the 
MCh2 and the particular polymorph. Is TaS2 is difficult to 
intercalate and we have not been able to isolate any inter­
calated products.

Chemical analysis of TaS^hydroxide intercalated mate­
rials indicated the presence of both metal and OH- ions in 
the TaS2 lattice. The composition of the complex obtained 
from the analyses data is scattered in the range 0.2-0.3 
MOH unit per TaS2 in all the hydroxides studied. TGA 
studies have shown that the hydroxide intercalates are as­
sociated with intercalated water, which is lost in 100-300° 
range.183 As evidenced by the X-ray diffraction data, sam­
ples heated to this temperature still retain the intercalate 
species indicating that the increase in the c axis is mainly 
caused by the metal hydroxide, the water molecules playing 
a minor role. Based on a large number of chemical analyses 
combined with TGA on same samples, electron microprobe 
data on selected crystals and weight gain experiments, a 
general formula of the type TaS2 (MOH)o.2-.o.:i(H20)o.r,-o.8 
appears reasonable.

In pure TaS2, the van der Waals gap is ~2.9 A and 
structurally the gap can be visualized as consisting of large 
octahedral holes (Figure 1). For 2s TaS2, there is one octa­
hedral hole per Ta atom in the unit cell, and in principle, it 
should be possible to insert ions of radius <1.4 A into the 
octahedral holes without producing an expansion in the c 
axis. Whenever a salt-like compound {e.g., KOH) consist­
ing of two ions is intercalated, the ion with the largest ionic 
radius should govern the <5 value, as is indeed observed with 
hydroxides. The negatively charged hydroxide ion is the 
one which acts as an electron donor to the host TaS2 and if 
it occupies one octahedral hole, the K+ ion will be in its vi­
cinity to form a loosely bound ion pair. Thus, if all the octa­
hedral holes are filled by K+ and OH- ions, the limiting 
composition of the intercalated product will be TaS2- 
(KOH) j /2. However, since H20  is also present in an interca­
lated form, the maximum concentration of KOH based on a 
structure where each ion has a H20  neighbor occupying the 
octahedral hole is TaS2(K0 H)!/3(H20 )i/3, (or Ta- 
S2(K0 H)i/4(H20 )i/2 for the more dilute case), a formula 
quite consistent with the chemical analysis data. The inter­
calated H20  is more loosely bound to the lattice than K+ 
and OH“ and, under proper conditions, the latter should 
be able to replace the H20  to achieve the limiting composi­
tion of 0.5 K0H.18h Unfortunately, TaS-2 decomposes 
chemically on prolonged treatment with concentrated alka­
li hydroxide solutions and hence a complete filling of the 
octahedral holes with K+ and OH- ions alone is not feasi­

ble. From the above discussion it is clear that a minimum 
of y = 1/3 of KOH is required to form a stage I intercalated 
product whereas experimentally we found a value > 1/2. 
Complexes exhibiting high b values (NaOH, Ca(OH)2, etc.) 
are solvated to a larger extent and a variety of possible con­
figurations are possible for the intercalated species in the 
lattice.

The TaS2-MOH intercalated products are stable to air 
over long periods of time in spite of the reactivity of the 
free metal hydroxides. This is also true for the tetraeth- 
ylammonium hydroxide which is known only in solution. 
Perhaps intercalation may be an excellent way of stabiliz­
ing an unstable hydroxide compound. However, the inter­
calate is not very strongly bonded to the TaS2 lattice since 
treatment with a dilute acid quickly produces deintercala­
tion. It appears that the intercalated ion or molecule is re­
placeable to a certain extent in the lattice. Thus, KOH can 
replace NaOH in the TaS2-NaOH intercalated sample by 
treating it with aqueous KOH solution for l hr as has been 
ascertained by chemical analysis and X-ray data. In gener­
al, the replacing Lewis base should be stronger than the 
one to be replaced, and in the process the lattice should not 
be dilated to a large extent compared to the original state. 
Evidence for an in situ reaction, Na + H20 —*■ NaOH + 
%H2, within the crystal lattice was obtained when Na 
metal intercalated TaS2 crystals (obtained by the liquid 
ammonia method;4-7 lattice parameter, c = 7.3 A and b =
1.2 A)18c were exposed to air or treated with water at 25°; 
X-ray diffractometer pattern of the resulting product was 
identical with that of (NaOHR TaS2. Similar behavior was 
observed with K*TaS2 (Table I).

The remarkable ability of the group V chalcogenides 
(compared to group IV and VI materials) to form intercala­
tion compounds readily with Lewis bases is supposed to be 
due to their d band structure. The inherent metallic behav­
ior and Pauli paramagnetism indicate a partially filled nar­
row d band, a model which has been supported by the re­
cent photoemission studies20 and theoretical calculations.21 
Since the Lewis bases act as electron donors, upon interca­
lation, some type of electronic charge transfer from the 
base to the partially filled d band in the chalcogenide can 
occur leadi ig to a change in the density of states at the 
Fermi level of the host and/or redistribution of the energies 
of the s, p, and d band states.22 These changes are also re­
flected in the superconductivity behavior at liquid He tem­
peratures. Gamble, et al.,R reported that the alkali metal 
hydroxide Intercalation compounds of TaS2 have higher 
transition emperatures (Tc) compared to pure 2s TaS2 
(0.8°K). We have examined the hydroxide intercalated 
samples for superconductivity at low temperatures and the 
data are shown in Table I; all the samples are supercon­
ducting below 4.2°K, T c being dependent on the particular 
chalcogenid e-hydroxide complex. Intercalated water does 
not seem to affect T c values in TaS2-NaOH complexes and 
their derivatives.
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The rate of intercalation of KOH and NaOH into 2s TaS2 in aqueous solution has been studied as a func­
tion of hydroxide concentration (y mol per mol of TaS2) and in the temperature range 2- 100° in a constant 
volume of solution. For y < 0.5, the rate follows first order until all the hydroxide is consumed but the in­
tercalated product is a mixture of stages; for y > 0.5, the end product is of stage I intercalation but the 
first-order rate law is obeyed only up to t' of the total time (i' < t) of reaction and thereafter exhibits a 
complex behavior with a decreased rate. The data are discussed in terms of the theory of heterogeneous 
reactions in solution and plausible mechanisms are proposed for the observed falling off of first-order rate 
and for the process of intercalation.

Introduction
In an earlier paper1 we have reported on the preparation 

and characterization of the intercalation compounds 
formed by the metal hydroxides with group V dichalcogen- 
ides. Because of the layer characteristics of these chalco- 
genides, many molecules (organic and inorganic) and ions 
can be intercalated where the guest species occupy the van 
der Waals gap of the host material. However, the speed of 
intercalation depends on the nature and size of the interca­
late and also on the dichalcogenide and particular poly­
morph.2 Alkali metal hydroxide species intercalate into 
TaS) fairly rapidly at room temperature to give stable 
products and have the added advantage of being amenable 
to easier methods of chemical estimation. In the following 
we report on the kinetic studies of intercalation of NaOH 
and KOH into 2s TaS2 as a function of concentration and 
temperature. We attempt to explain the observed data in 
terms of the theory of heterogeneous reactions and suggest 
possible mechanisms for the hydroxide intercalation pro­
cess.

E xperim ental and R esults
The 2s polymorph of TaS 2 was prepared by the method 

described earlier.1 Powder of known particle size (53-149 g) 
was employed in all the kinetic studies; these particles had 
surface areas ~0.1-0.5 m2/g, as determined by a scanning 
electron micrograph. Kinetic studies of NaOH and KOH 
intercalation of 2s TaS2 were carried out at various concen­
trations of the aqueous alkali solutions and in the tempera­
ture range 2-100°. NaOH and KOH aqueous solutions were 
freshly prepared from highly pure chemicals and standar- 
ized before use with the usual precautions. Preliminary 
runs indicated that the millimole range of concentrations 
was most suitable for the kinetic studies. The subsequent 
data were obtained using different mole ratios of TaS2 and 
KOH (l:y) in a constant volume of solution (100 ml). The 
intercalated hydroxide was bound to the TaS2 lattice and 
chemically inactive and the progress of the intercalation 
was followed with time by analyzing the amount of hydrox­
ide left over at various time intervals by standard titration 
methods. In a few cases, the reaction was also followed by
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TABLE I: K inetic D ata of Intercalation Reaction of MOH (M = Na, K) w ith T aS2

TaS,-KOH
y" 0.3 0.63 1.0 2.1

25° 2° 65° 85° 1003
t'.b min 40 15 10 15 30 5 5 5
(0 (40) (80) (80) (30) (95) . (80) (60) (40)
7;t x 10"“, m in '1 7.8 6.3 3.5 1.3 0.9 5.4 5.6 5.4
V  x 10"G, 5.0 7.1 2.7 1.5 9.3 7.3 6.3
M  m in-,c

TaS,-N aO H
y 0.67 1.1 3.9 3.8"
1 ' min 20 12 10 10
(/) (100) (50) (140) (150)
7?, x 10"2, m in '1 7.0 5.3 1.8 1.0

x 10"6, 16.2 4.0 1.5 1.1
M  m in-1

a y represents the initial number of millimoles of hydroxide present per millimole of TaS2 in a constant volume of 100 ml. 6 Time up to 
which first-order rate law is obeyed to give rate constant ki. Values in parentheses are the times up to which the reaction was followed. c Ef­
fective rate constant derived from eq 3 and Figure 2. d TaS2 particles of size <53 y. In all other cases particles are in the range 53-149-/X size.

Figure 1. First-order rate law plots for TaS2-KOH and -NaOH sys­
tems [(A) y = 2, 65°; (») y = 2, 25°; (O) y = 2, 2°; (•)  y = 0.3, 
25° all for KOH; (□) y = 3.8, 25° for NaOH], First-order rate law is 
obeyed up to certain time and thereafter exhibits complex behavior 
except for y = 0.3 where the law is obeyed up to the completion of 
the intercalation reaction, (a is the initial concentration; x is the hy­
droxide intercalated at time t.)

observing pH changes as a function of time with a pH 
meter. X-Ray diffraction patterns (taken with Cu K« ra­
diation and Ni filter) gave good indication of the various 
phases formed.

It was found that whenever the starting composition (y) 
of KOH or NaOH was <0.5, the reaction followed strictly 
first-order kinetics with respect to the alkali concentration 
up to the completion of the reaction (Figure 1) but the in­
tercalated product was always a mixture of stages I and II 
as identified by X-rays with no pure TaS2 phase.3 The 
first-order rate constant is fairly high (~7 X 10“ 2 min“ 1 at 
25° for both KOH and NaOH, Table I). Starting hydroxide 
concentrations greater than y = 1.0 always yielded stage I 
intercalated products but the first-order rate law was 
obeyed only up to a certain time (£') less than the total 
time (£) of the reaction. The value of £' (usually ~15 min) 
depends on concentration of the alkali (for all y > 2) and 
temperature and is smaller at higher y and greater temper­
atures. X-Ray data of samples intercalated up to time t' 
with higher initial concentrations (y > 2) showed that 
stage I intercalation is achieved within this time. After time 
£', the effective rate of the reaction was retarded by some

complex mechanism. Reactions, stopped and examined at 
times much below t', showed partial intercalation (pure 
TaS2 and stage I intercalated phases).

D iscussion
The intercalation process, whether it is carried out in so­

lution or in a gas phase, can be mainly considered as a het­
erogeneous process, and the usual parameters such as par­
ticle size of the solid, surface area, number of active sites, 
concentration of the intercalate, and temperature enter 
into the mechanism. A mechanism for the complete process 
of intercalation consists of the following elementary steps: 
(1) diffusion of the intercalate to the surface (or active cen­
ters) of the host material; (2) adsorption of the intercalate 
on to the surface (or active centers on the surface or at the 
edges); (3) formation of the activated complex of the inter­
calate with the host surface atoms and the concomittant 
opening up of the layers; and (4) diffusion of the intercalate 
into the lattice forming a stable intercalation compound.

Considering these steps in detail, step 1 is usually the 
fastest and obviously not rate determining. Step 2 depends 
on the concentration of active sites on the host and, to 
some extent, on the basicity or polar nature of the interca­
late and its concentration. Since it is fairly well established 
that only Lewis bases can be intercalated into TaS2,2 the 
active sites involved in the chalcogenide must be acidic in 
nature and it may be safely assumed that any intercalate of 
the Lewis base type may easily get adsorbed on the surface; 
further, the exothermic adsorption energy is fairly small 
(<0.05 kcal/mol4). Thus, it is highly unlikely that this will 
be a rate-determining step. Step 3 can be assumed to be 
akin to the case of chemisorption and involves an energy of 
activation and most probably is the rate-determining step. 
This is confirmed by the fact that intercalation involves 
some type of electronic charge transfer from the guest 
species to the host chalcogenide (see preceding paper1) and 
the experimental observation that an increase in tempera­
ture always leads to an increased rate of intercalation. It is 
also likely that size effects of the intercalate play a role in 
the formation of a suitably oriented activated complex. 
Further, the activation energy involved might be fgirly 
small in the case of hydroxide intercalation (<10 kcal/mol) 
since the deintercalation of an intercalated product is easi­
ly achieved;1 in other words, the intercalation process is 
thermodynamically reversible. It is likely that step 4 is also
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rate determining, especially in cases where intercalation 
has proceeded to a considerable extent, or in other words, 
step 4 may act as an inhibitor of the intercalation thereby 
inhibiting the activated complex formation at the active 
sites by the fresh intercalate molecules due to the inherent 
slowness of the diffusion of the intercalate into the bulk of 
the lattice.

According to the absolute theory of reaction rates as ap­
plied to surface reactions, the velocity of a heterogeneous 
reaction is given by4

k T  ft
v = kxc^cs T  f j - e M - E / R T )  (1)

where c g is the concentration of molecules to be adsorbed 
(moles/liter or molecules/cc), cs is the concentration of ac­
tive sites per unit area of the surface, k \ is the rate con­
stant, k and h are the Boltzmann and Planck constants, T 
the absolute temperature, and E the activation energy; fi 
and fs are the total partition functions of the activated 
complex and that of the adsorption sites, respectively, and 
Fg is the partition function of the adsorbate species. Now 
f* and f s can be taken as unity, and at a given temperature, 
E and Fg (which involve mainly translational and rotation­
al partition functions) are constant, and thus for a given 
surface area, we have

r = k icg (2)

which leads to the first-order rate law. In the usual chemi­
sorption theory, account is taken of the desorption process 
occurring from the surface sites; however, in the intercala­
tion process, it is the diffusion of the adsorbed species into 
the bulk of the lattice that is to be taken into account. 
Therefore, as a first approximation, we may assume that 
the rate of diffusion is proportional to the concentration of 
the adsorbed species, i.e., to the concentration of the ad­
sorbate in the bulk of the solution (since diffusion from the 
bulk to the surface is not rate determining).

As can be seen from Table I and Figure 1, the rate of 
consumption of the hydroxide obeys a first-order rate law 
at the low initial concentrations up to the completion of the 
reaction or up to time t' at high initial concentrations. The 
deviation from first order and falling off of rate after time 
t' can be understood by considering examples in the litera­
ture4’5 where a surface reaction is inhibited by the products 
getting adsorbed on the active sites and thereby acting as 
poisons; in such cases, an explicit rate law can be derived of 
the form

V  = (o/t) In (a/a -  x) -  b(x/l) (3)
where k\ is the effective first-order rate constant, a the 
initial concentration, x the number of moles adsorbed (in­
tercalated) at time t, and b a constant. We have applied eq 
3 to our data on the TaS2-KOH and -NaOH systems and 
as can be seen from Figure 2, a plot of |( l / t ) log (a/a — x )| 
vs. (x/t I is found to be a straight, line; deviation from line­
arity occurs only for t «  t'. The effective rate constants 
(k{)  obtained from eq 3 were orders of magnitude lower 
(~10-6 us. 10-2 min-1) than the first-order rate constants 
(k i ) obtained from plots up to the time t' (Table I).6 We 
picture the mechanism of the intercalation as follows. Be­
cause of the acidic nature of the active sites present in 
TaSo, the alkali hydroxide molecules, or more precisely the 
ion pairs (with the associated hydration spheres), are ad­
sorbed fairly quickly on the surface, and whenever the rela­
tive orientation and thermal energy considerations are sat-

0 0.2 0.4 0.6 0.8
(x / 1) x I04 , moles/lit.min

Figure 2. Straight line plots obtained using the data of Figure 1 indi­
cating a mechanism where a first-order rate law is inhibited by the 
poisoning effect of the products formed in the reaction (intercala­
tion). Symbols refer to the same runs as in Figure 1.

isfied, form a transition state or activated complex. Be­
cause of the localized electrical charge on the anions in the 
activated complex, small localized positive charges (acidic 
centers) will be developed on the S atoms in TaS2 which 
are involved in the formation of the complex. Thus, the 
transition state is essentially ionic with a large dipole mo­
ment. Also, because of the localization of charges on the 
chalcogen planes in the van der Waals gap, the OH- ions 
will be slowly attracted and will diffuse into the bulk of the 
lattice, leaving the edge or surface (basal plane) states free 
to act as fresh sites for adsorption. In the initial stages of 
the intercalation, the rate is rapid and the diffusion of the 
intercalate into the bulk of the lattice is fast (since the van 
der Waals gap is empty) and the reaction is completely first 
order as is observed experimentally. This situation changes 
drastically after time t' at high initial starting hydroxide 
concentrations (y > 2); essentially, after time t', a stage I 
intercalation has been achieved in which all the layers of 
TaS2 opened up and there is at least one OH-  or KOH unit 
(with the associated hydration spheres) present between 
any two Ch-M-Ch slabs (see preceding paper1). Because of 
electrostatic repulsion between OH- ions, diffusion of fresh 
OH- ions from the edges or from basal plane sites is slowed 
and the activated complex formed at the active sites has a 
definite probability of breaking up to form the reactants 
again. In other words, the lifetime of the transition state is 
increased, the active site is not free to accept fresh interca­
late ions, and hence the rate of intercalation is slowed 
down. Thus, the “product” of the adsorption (intercala­
tion) reaction acts as a poison and inhibits the first-order 
rate behavior and explains the excellent linearity of (1/f) 
log (a/a — x) us. (x/t) plots obtained for TaSo-KOH sys­
tem at various temperatures (Figure 2). The fact that only 
partial intercalation is observed for t < t’ is consistent with 
this assumption since under the conditions stage I interca­
lation is not achieved in all regions of the small TaS2 crys­
tallites. Also, after t', the intercalation is not complete in 
the real sense since otherwise the reaction will indicate a 
zero order. The observation of a mixture of stages (I and II 
or II and III), whenever low concentrations of KOH (e.g., y 
> 0.5) are allowed to intercalate into TaS2, can be ex­
plained on the assumption that, in these cases, t' > t and 
partial intercalation results until all the OH- ions in the 
bulk of the solution are consumed. At this point, the driv­
ing force for the intercalation ceases to exist and the ions in
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the intercalated regions slowly diffuse into the uninterca­
lated regions. However, this diffusion is not random but oc­
curs in a specific fashion to give rise to a second stage inter­
calation (where the intercalate is present in every second 
TaS2 layer1). KOH concentrations of y < 0.1 do not pro­
duce noticeable intercalation in TaS2, thereby indicating 
that the number of OH-  ions available in solution is too 
low to satisfy the criterion demanded for the formation of 
an activated complex.

As discussed in an earlier paper,1 the intercalate ions go 
to occupy the empty octahedral interstices in the host chal- 
cogenide lattice. 2s TaS2 has one octahedral hole per Ta 
atom (two holes in the unit cell). In the initial stages of the 
intercalation reaction the OH-  ions occupy the first avail­
able octahedral sites dragging K+ ions and the polarized 
H20  molecules (hydration sphere) along with them. Since 
it is experimentally observed that stage I intercalation is 
reached at time t', this should mean that some of the octa­
hedral sites (assuming each particle of TaS2 has, e.g., ~ 104 
unit cells) are occupied by H20  molecules instead of K+ 
and OH- ions to give the compositions we find by analyses, 
TaS2(K0 H)i/3(H20 )i/3;1 this is plausible since the polar­
ized H20 molecules associated with an OH-  ion can effec­
tively act as intercalate species. Continuation of intercala­
tion reaction after t' must then be a replacement of the in­
tercalated H20  molecules by the OH- and K+ ions at the 
octahedral sites to give the limiting composition TaS2- 
(KOH)i/2. This argument was tested experimentally as 
follows. One run of TaS2-KOH reaction was stopped at t' 
and the product was removed and X-rayed; it showed com­
plete stage I intercalation. Then the sample was kept in 
high vacuum for 12 hr at 25° after which X-rays showed ev­
idence of partial intercalation indicating that the loosely 
bound H20  molecules (possibly, also some KOH) were ex­
pelled and the lattice collapsed to the pure TaS2 phase in 
certain regions. Unfortunately it is not possible to replace 
all the H20  molecules by K+ and OH-  ions since TaS2 de­
composes chemically after prolonged treatment (~12 hr) 
with concentrated alkali hydroxides.

The observed first-order rate constants (i = t'; y = 2; 
TaS2-KOH system) at various temperatures (2-100°) were 
found to roughly obey the Arrhenius equation. The ob­
served value of energy of activation (~3 kcal/mol) was in 
the range of values encountered for adsorption reactions 
but far below the values for typical homogeneous reactions 
in solution (~30 kcal/mol).4 k i is seen to be slightly higher 
for lower initial concentrations by 5 0.5 KOH) compared to 
concentrations where y > 1.0. It is thus possible, that the 
reaction is inhibited to a small extent at times less than t' 
as well, at the high initial concentrations (Table I).

The effect of particle size is not at all considered in the 
above discussion even though, for the temperature varia­
tion studies, TaS2 particles of same size have been em­
ployed. No doubt an increase of particle surface area will 
enhance the initial reaction velocity which may also depend 
on the relative ratio of the basal plane vs. edge areas if 
these were to act differently toward the formation of the 
activated complex.8 One point is worth mentioning regard­
ing the temperature variation cf the first-order rate con­
stants. Although the increase of k i with temperature is not

very great in the temperature range 2- 100°, data on a par­
ticular system (of same particle size, starting composition, 
etc.) are probably significant and real. The low measured 
activation energy of ~3 kcal/mol is probably inherent to 
the TaS2-MOH system, where MOH intercalates with ease 
and rapidity compared to, for example, pyridine which re­
quires drastic conditions of temperature and pressure.2

Summary

For low initial alkali hydroxide concentrations (KOH; y 
< 0.5), the rate of intercalation of TaS2 follows a first-order 
rate law but the product is a mixture of different intercala­
tion stages as identified by X-rays. Pure stage I intercala­
tion product is obtained for y > 0.5 but the first-order rate 
law with respect to the alkali concentration (NaOH or 
KOH) is obeyed only up to t' of the total time it' < t ) and 
thereafter the rate decreases. This falling off of the rate is 
interpreted as due to the “poisoning” effect of the interca­
lated product at the surface of TaS2 and due to the slow­
ness of diffusion of the intercalate species into the host lat­
tice. The significance of t' is that, from a structural point 
of view, the intercalation reaction is essentially complete at 
t' where all the available octahedral interstices in TaS2 are 
filled by M+ OH- ions, and H20  molecules to give a com­
position TaS2(M0 H)i/3(H20 )i/3 for the complex. Contin­
uation of the reaction above t > t' is presumed to be the 
replacement of the intercalated H20  by fresh M+ and OH- 
ions to give the composition TaS2(MOH)i/2. This limiting 
composition could not be achieved experimentally. Metal 
hydroxide intercalation into TaS2 is an endothermic pro­
cess with a low energy of activation (~3 kcal/mol).
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The yields of positive ions produced in the radiolyses of liquid propane and cyclohexane have been esti­
mated by using a proton acceptor (NH3) together with an electron scavenger (SF6) and a radical scavenger
(02). In liquid propane the G value of fragment ion C2H5+ is estimated to be 0.3, which is in good agree­
ment with that obtained by Koob and Kevan making use of perdeuterated propane. The G value of parent- 
minus-H ion C3H7+, which is found to be 0.7, is larger than that for C2H5+. In liquid cyclohexane, the for­
mation of parent-minus-H ion c-C6Hu + is observed with a yield of 0.7. Further, an attempt to estimate the 
yields of parent ions produced in the radiolyses of liquid propane and cyclohexane has been made on the 
basis of the presumed ionic processes. These results, especially the relatively large yields of parent-minus- 
H ions, indicate a characteristic mode of the fragmentation of excited parent ions in liquid hydrocarbons as 
compared with that in the gas phase.

I. Introduction
The fragmentation of the excited parent ion in the radi­

olysis of liquid hydrocarbon has been studied by methods 
using perdeuterated compounds' and charge scavengers.2 
From these studies it has generally been recognized that 
the fragmentation of the excited parent ion occurs to a less­
er extent in the liquid phase than in the gas phase. Fur­
thermore, it is now becoming clearer that the mode of the 
fragmentation in the liquid phase is appreciably different 
from that in the gas phase.

In a previous paper,3 yields of fragment ions were esti­
mated in the radiolysis of liquid n-butane with the fol­
lowing results. (1) The yields of fragment ions (carbonium 
ions) estimated by using charge scavengers are in good 
agreement with those obtained by use of perdeuterated n- 
butane.lc (2) The formation of parent-minus-H ion C4H9+ 
has been found by using charge scavengers with a relatively 
large yield compared with the yields of other fragment ions, 
which seems to be characteristic of the radiolysis of n-al­
kane in the liquid phase.

In the present work the yields of positive ions in liquid 
propane and cyclohexane have been measured using charge 
scavengers in order to generalize the above results. Espe­
cially, the formation of parent-minus-H ions has been care­
fully examined in both cases. Ionic processes in the liquid- 
phase radiolysis of propane have been studied by Koob and 
Kevan making use of deuterated propane.lb In the method 
using deuterated compounds the yield of parent-minus-H 
ion could not be estimated easily. The formation of parent- 
minus-H ion, c-C6H n+, in the radiolysis of liquid cyclohex­
ane has been reported by Ward and Hamill with a G value 
of 0.1 by measuring the yield of adduct e-Cf;Hj 1OC2H5 
formed in the presence of ethanol.4

II. Experimental Section
Propane supplied by Takachiho Shoji Co., was purified 

gas chromatographically using a squalane column, followed 
by trap-to-trap distillations at —78°. Gas-chromatographic 
analysis using a flame-ionization detector showed its purity 
to be more than 99.99%. Phillips Research Grade cyclohex­
ane was used after the usual degassing and trap-to-trap

distillations. Gas-chromatographic analysis of cyclohexane 
showed impurities of less than 0.01%, about half of which 
was 2,4-dimethylpentane. The purities of other materials 
used were as follows: ammonia (>99%), sulfur hexafluoride 
(>98%), and oxygen (>99.9%).

About 0.2 ml of propane was filled in vacuo into a Pyrex 
tube (3 cm long, 0.3 cm i.d.) fitted with a breakable seal. 
The cyclohexane solution (1 ml) was filled into a sample 
tube (4 cm long, 0.6 cm i.d.). A known amount of propane 
or cyclohexane was irradiated at 0° or at room tempera­
ture, respectively, by 60Co 7 rays at a dose rate of 3.8 X 1019 
eV/g hr to a total dose of 1.1 X IO20 eV/g.

The hydrocarbon products (01 -C(i) formed in the pro­
pane solution were analyzed by a gas-chromatograph with a 
flame ionization detector and a 3-m activated alumina col­
umn at 60°. However, a peak of 2,3-dimethylbutane was 
not completely separated from that of 2-methylpentane. 
Cyclohexene produced in the cyclohexane solutions was an­
alyzed using a 6-m dimethylsulfolane column at room tem­
perature. Bicyclohexyl, cyclohexanone, and cyclohexanol 
were also analyzed using a 0.75-m polyethylene glycol 600 
column at 100°.

III. Results
Propane. Figure 1 shows the effect of the addition of sul­

fur hexafluoride on the product yields in the radiolysis of 
liquid propane. Figure 2 shows the effect of the addition of 
oxygen on the product yields. “Dimer” products such as n- 
CfjH 14, 2,3-dimethylbutane, and 2-methylpentane which 
may be produced by radical recombination reactions could 
not be detected in the presence of oxygen. Figures 3 and 4 
show, respectively, the effect of the addition of ammonia on 
the yields of products from C3H8-0.4 M SF,; mixture and 
from C3H8-0.4 M  SF6-0.02 M 0 2 mixture. The yield of 
C3H6 increases greatly upon the addition of NH3. The in­
crease in the yield of C2H4 is accompanied by the decrease 
in that of C2H6. The yield of 2,3-Me2C4 + 2-MeC5 also in­
creases somewhat. As seen in Figure 4, the yield of C3H6 
from a C3H8-SF6-02 mixture attains a maximum value at 
low NH3 concentration, and then decreases gradually with 
increasing NH3 concentration. The G values of products

; ■; "J f  "t 'f t f t  f  ! f t  7
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Figure 1. Effect o f the addition o f s jlfu r  hexafluoride on the product 
yields from  liquid propane.

Figure 2. E ffect o f the addition o f oxygen on the product yields from  
liquid propane.

Figure 3. E ffec t o f the addition o f am m onia on the product yields 
from  liquid propane containing 0 .4 /l/S F 6.

from liquid propane with and without scavengers are sum­
marized in Table i.

Cyclohexane. The G values of c-C6H10 and (c-CeHn )2 
from pure cyclohexane are 3.1 ± 0.1 and 1.9 ± 0.1, respec­
tively. So far, the G value of c-C6Hio was reported5 to be in 
the region of 3.0~3.3, and that of (c-C6Hn )2 in the region 
of 1.7~2.0. Figure 5 shows the effect of the addition of sul­
fur hexafluoride on these products. The decrements of 
these yields are in good agreement with those reported pre­
viously.6 Table II shows the effect of the addition of oxygen 
on the yield of c-CeHjo. The yield of c-CeHio sharply de­
creases at low oxygen concentration (~0.004 M) and at­
tains a constant value. As shown in Table III, the yield of

T A B LE  I: G Values of Products Formed in the 
Radiolysis of Liquid Propane with and without 
Various Scavengers0-0

A dditive 11

Oz +

Product None s f 6

s f 6 + 
n h 3 o2

0 2 + 
s f 6

s f 6 + 
n h 3

c h 4 0.67 0.46 0.28 0.37 0.30 0 . 2 0

c 2h 6 0.37 0.40 0 . 1 1 0.29 0.38 0.14
c 2h 4 0.60 0 . 2 0 0.41 0.59 0.24 0.42
c 3h 6 3.17 1.24 2.49 2 . 1 0 0.25 0.98

/  2,3 -M e2C4\ 1.72 0.77 1.14
V+ 2 -M e C j

h-C 6H14 0 . 2 1 0 . 2 1 0.16
° Dose 1.13 X 1020 eV/g. b Irradiation temperature 0 ° .c Probable 

errors in G values ±5%. d Concentration SFß 0.4 M, NH3 2.7 M, 
and O2 0.02 M  in all runs in this table.

T A BLE  II: Effect of the Addition of Oxygen on the 
Yield of c - C 6H io

10-2[O2], M  0 0.14 0.23 0.35 0.55 1.00 1.23
G (c-C eH10) 3.14 1.77 1.69 1.68 1.70 1.65 1.60

TABLE  III: G Values of Products Formed in the 
Radiolysis of Liquid Cyclohexane with and without 
Various Scavengers'1-0

A dditive“1

02 +
SFe + 0 2 + SFe +

Product None s f 6 n h 3 o 2 s f 8 n h 3

c -C eH 10 3.14 1.28 2.53 1.64 0.39 1.14
(c -C6H1 1 )2 1.85 1.04 1.84 0.28 0.17 0.25
c -C eHi0O 2.92 3.23 0.33
c -C eH11OH 2.97 3.96, 5.53
“ Dose 1.07 X 

Probable errors
1020 eV/g. b 
in G values

Irradiation at room temperature. 
±5%. d Concentration SFg 0.4 M,

NH3 0.7 M, and 0 2 0.01 M in all runs in this table.

CONCENTRATION OF NH3 (M)
Figure 4. E ffect o f the addition of am m onia on the product yields 
from  liquid propane containing 0 .4 M S F 6 and 0.02 IW 02.

(c-C6Hn )2 also decreases upon the addition of 0 2 (•—-0.01 
M). New oxygen-containing products, cyclohexanone and 
cyclohexanol, are formed in place of c-C6Hi0 and (c- 
C6Hh )2. This fact is due to the scavenging of cyclohexyl
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Figure 5. Effect of the addition of sulfur hexafluoride on the products 
c-C6H io  and (c -C 6H n )2 from liquid cyclohexane.

Figure 6. Effect of the addition of ammonia on the product c-C6H 10 
from a c-C6H 12-0.4 M  S F 6 mixture (curve A), on the product 
(c-C6H h )2 from a c-C6H 12-0 .4  M  S F 6 mixture (curve B), and on the 
product c-C6H 10 from a c-C6H 12-0.4 M S F 6-0.01 M  0 2 mixture 
(curve C).

radicals by the oxygen added. Figure 6 shows the effects of 
the addition of ammonia on the yields of c-C6Hio (curve A) 
and (c- C^H] 1)2 (curve B) from c-CgHi2-0.4 M  SFfi mixture, 
and on the yield of c-C6H,o (curve C) from c-CgH 12-0.4 M 
SF6-0.01 M O2 mixture, respectively. The G values of 
products from liquid cyclohexane with and without scaven­
gers are summarized in Table III. The G values of products 
are determined in this experiment with the probable errors 
of ±5%.

IV. Discussion
Yield of Fragment Ion C2̂ 5+ in Liquid Propane. The 

fragment ion C2H5+ formed by the C-C bond cleavage of 
the excited parent ion C3H8+* undergoes hydride-ion 
transfer reaction 1 competing with neutralization reaction 
2 in the liquid phase. When sulfur hexafluoride is added,

< W  + C3H8 —► C2H6 + C3H / (1)
C2H5* + e- —-  C2H4 + H (2)

the electron is converted into the sulfur hexafluoride nega­
tive ion which is less diffusive than the electron itself, and 
the C2H5+ undergoes the hydride-ion transfer more effi­
ciently than in the absence of SFg. As seen in Figure 1, 
G(CvH6) slightly increases upon the addition of SF6, and 
also increases by about 30% upon the addition of SF6 to a 
C3H8-O2 mixture (Table I). When ammonia is added to­
gether with SF6 (Figure 3), the yield of C2H6 decreases with

increasing NH3 concentration, while the yield of C2H4 in­
creases complementarily. These facts are undoubtedly due 
to proton transfer 3 from .C2H5+ to NH:i prior to hydride-

C2H5* + NH3 —  C2H4 + NH4* (3)
ion transfer i. The G value of the fragment ion C2H5+ may 
be estimated from the decrement of C2Hg yield upon the 
addition of NH3 to C3H8-SF6 mixture to be 0.3. According 
to reaction 3, the yield of C2H4 should be increased by 0.3, 
whereas the increment is only 0.2 (Table I). As a plausible 
explanation for this difference, the condensation reaction 4

c2h5+ + nh3 —  c2h5n tv  (4)
which does not lead to the formation of C2H4 is assumed to 
occur between C2H5+ and NH3. As shown in Table I, the 
decrement of G(C2H6) upon the addition of NH3 to a 
C3Hh SF6- 0 2 mixture is slightly smaller than in a C3H8- 
SF6 mixture. This may suggest that in the presence of SFfi 
alone, C2Hs+ in part undergoes neutralization (5) with

C2H5* + SFe" —  C2H5 + SF6 (5)
SF6~ besides hydride-ion transfer 1. The C2H5 radical 
formed abstracts a hydrogen atom from propane to give 
C2Hfi. On the other hand, in a C3H8-SF6-02  mixture the 
C2H5 radical resulting from reaction 5 should be scavenged 
by 0 2.

The G value of fragment ion C2H5+ estimated above by 
using a proton acceptor NH3 can be compared with that 
obtained by Koob and Kevanlb making use of perdeuterat- 
ed propane. They accounted for the yield of bimolecular 
ethane (C2D5H) in a C3H8-C3D8- 0 2 mixture by hydride- 
ion transfer reaction 6, and estimated the G value of ethyl

G2D3 + C3H8 *■ C2D5H + C3H7* (6)
ion to be 0.27. This value is in good agreement with that 
obtained by use of NH3 in this work. In the radiolysis of 
liquid n-butane,3 it was also confirmed that the yields of 
fragment ions in both estimations were in good agreement 
with each other. Thus, it may be concluded that generally 
in the liquid-phase radiolysis of n-alkane both methods 
give the same yields of fragment ions (carbonium ions).

Yields of Parent-minus-H Ions C3/ /7 1 in Liquid Pro­
pane and c-CfiHu+ in Liquid Cyclohexane. (A) Yield of 
C:iH7+. The carbonium ion which is formed by the C-H 
bond cleavage of the excited parent ion is called parent- 
minus-H ion.7 The formation of parent-minus-H ion C3H7+ 
in liquid propane is indicated by the increase of the propyl­
ene yield upon the addition of NH3. As seen in Figure 4, 
the G value of C3H6 from a C3H8-SFg -02 mixture attains a 
maximum value at low NH3 concentration, and then de­
creases gradually with increasing NH3 concentration. At 
low NH3 concentration, C3H7+ ions produced both by the 
primary decomposition of the parent ion C3H8+ and by hy­
dride-ion transfer reaction 1 (and its analog of fragment 
ions other than C2HS+) undergo proton transfer reaction 7 

C3H / + NH3 —» C3H6 + NH4* (7)
to give C3Hfi. At high NH3 concentration, however, the 
C2H5+ ion has already been intercepted by NH3, and does 
not give the C3H7+ ion by hydride-ion transfer reaction 1.

As seen in Figures 3 and 4, the increase in the G value of 
C3H6 from a C3H8-SFe mixture upon the addition of NH3 
is considerably larger than that from a C3H8-SFb-02  mix­
ture. In the former case, ammonia scavenges not only 
C3H7+ but also parent ion C3Hg+, both of which contribute 
to the formation of C3H6. The C3H7 radical formed by pro­
ton transfer reaction 8 partly gives C3H6 via disproportion-
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C3IV  + NH3 —*■ C3H7 + NH4* (8)
ation of C:iH7 radicals. On the other hand, in a C3H8-SFg- 
O2 mixture the C3H7 radical is scavenged by O2. The incre­
ment of G(C3He) upon the addition of NH3 is only attrib­
uted to proton transfer reaction 7.

Thus, the G value of parent-minus-H ion C3H7+ can be 
estimated to be 0.7 from the increment of G(C3Hfi) in a 
C3H8-SFfi- 0 2 mixture at high NH3 concentration (Table 
I). Previously, Tanno et al.2c reported a value of 1.1 as the 
G value of C3H7+ in the radiolysis of liquid propane. How­
ever this value was obtained from the increment of 
G(C3Hr) in a C3H8-SF6 mixture upon the addition of NH3. 
Namely, it corresponds to the value of 1.3 in this work 
(Table I), in which the additional contribution of parent 
ion is included.

The yield of C3H7+, 0.7, obtained here is larger than that 
of C2Hs+, 0.3. A similar result has already been reported in 
the case of liquid n-butane.:i This fact indicates that the 
excited parent ions of n-alkane in the liquid phase disso­
ciate preferably at C-H bonds rather than at C-C bonds. 
This seems to be characteristic of the radiolysis of n-alkane 
in the liquid phase.

(R) Yield of c-C$Hn+. In the radiolysis of liquid cyclo­
hexane, it has so far been implicitly assumed that the posi­
tive species except for the parent ion are not produced with 
appreciable yields. In the analogy from the results of liquid 
n-alkane, we can expect the G value of parent-minus-H ion 
c-CfiHu+ to be more than 0.5 in the radiolysis of liquid cy­
clohexane. In fact, Figure 6 shows the formation of parent- 
minus-H ion c-CrHh+ in liquid cyclohexane. The yield of 
c-CrH io increases upon the addition of NH3 to a c-CgHi2- 
SFr- 0 2 mixture and to a c-CgHi2-SFg mixture. In a way 
similar to that for C3H7+ described before, the G value of 
c-CeHn+ can be estimated from the increment of c-CgH10 
yield upon the addition of NH3 to a c-CgHi2-SFg-0 2 mix­
ture. The increase in the yield of c-CgHio in this mixture is 
only due to proton transfer reaction 9. Allowing for the pos-

c-C jH ,,* + NH3 — -  c-C eH10 + NH4* 0 )

c-CgH,,* + NH3 — *- c -C 6HtlNH3+ (10)

sibility that the c-CgHn+ ion in part may undergo conden­
sation reaction 10 with added NH3, we can estimate the G 
value of parent-minus-H ion c-CgHn+ to be at least 0.7.

Ward and Hamill4 made an attempt to measure yields of 
carbonium ions in hydrocarbon-alcohol liquid mixtures. 
The G value of c-CgHn+ was estimated to be only about 0.1 
by measuring the yield of adduct c-CgHnOC2Hft formed in 
a cyclohexane-ethanol mixture. As was pointed out by 
them, however, proton transfer from c-CfiHn + to C9H5OH 
should be considered to compete with adduct formation.

Thus, it is confirmed that in the radiolysis of liquid cy­
cloalkane as well as liquid n-alkane the parent-minus-H 
ion is produced with a fairly large yield.

Yields of Parent Ions c-CgHj2+ and C:iHg+. The yields of 
positive ions in liquid cyclohexane which undergo proton 
transfer to C2H5OD or ND3 added as a proton acceptor 
have been estimated by Buchanan and Williams.9 If a G 
value of about 4 is accepted as the yield of total ionization 
in liquid cyclohexane,10 the G value of the parent ion is ex­
pected to be about 3.3 from the present results. We make 
here an attempt to estimate the yield of the parent ion.

As shown in Figure 6, the yield of (c-C6Hu )2 from a c- 
C6Hi2~SF6 mixture increases upon the addition of NH3. 
The yield of c-CfiH 10 from a c-CgHi2-SFg mixture increases 
more than that from a c-CgH12-SFg-02  mixture. These in­

creases in the yields of (c-CgHn)? and c-Cr,H10 may be as­
cribed to radical reaction 12 of c-CgHn which is formed by 
proton transfer 11 from the parent ion c-CBHi2+. In the 

c-C6H12* + NH3 —  c-CgHj, + NH4* (11) 
T + C-CfiHjo

2c-C sH„ (12)
(c-Q H , t)j

absence of NH3, the parent ion undergoes neutralization 
13 with SFg~ instead of an electron, which may not produce

c-CgH12* + SF6 *■ not c-CgH1t (13)

the c-CfiHn radical,6’8 while the c-CgHn + ion undergoes 
neutralization 14 with SFg- to give the c-CgHn radical fol-

c-CgH44 + SFe ► c-CgH,, + SFfi (14)

lowed by radical reaction 12 to give c-CfiHm and (c- 
CeHii)2. The increment of c-CgHio yield upon the addition 
of NH3 to a c-CgH12-SFg mixture (curve A) is 1.3, where 
the formation of c-CgHj0 produced by proton transfer reac­
tion 9 of c-CgHn+ (0.7 G value) is included. The increment 
of (c-CfiHn)2 yield upon >the addition of NH3 to a c- 
C6H12-SF6 mixture (curve B) is 0.8. From these results, the 
yield of the parent ion c-CgHi2+ may be estimated to be 
2(1.3 + 0.8) — 0.7 = 3.5, which is in good agreement with 
the value 3.3 expected above. The sum of the estimated 
yields of the parent ion and the c-CgHn + ion is 4.2.

Since, however, G(c-C6Hi2+) estimated here is based on 
the increment in the product yields at the highest concen­
tration of NH3 in the presence of SF6, the fact that the 
above estimation may suffer from certain ambiguities 
caused by the subsequent reactions of NH4+ and SFg- 
should be pointed out. It has qualitatively been suggested 
that the final neutralization between NH4+ and SFg- oc­
curs to form an insoluble product NH4F, possibly together 
with SF5.8 Little information on the reactivity of SF5 is 
available.11 If SF5 could abstract a H atom from the cyclo­
hexane molecule to form an additional c-CfiHn radical, the 
yield of the parent ion estimated here would be overesti­
mated. If SF5 could react in part with the c-CgHn radical, 
the parent ion yield would be underestimated.

In a way similar to that for cyclohexane, an attempt to 
estimate the G value of the parent ion C3H8+ produced in 
liquid propane has been made. As seen in Figure 3 and 
Table I, the yields of C3HB and dimer products (Cg) in­
crease by 1.3 and 0.3, respectively, upon the addition of 
NH3 to a CgHs-SFg mixture. These increases might be as­
cribed to the radical reaction of C3H7 which is formed by 
proton transfer 8 from the parent ion C3H8+, but the for­
mation of C3H6 due to proton transfer reaction 7 of C3H7+ 
(0.7 G value) is included in this increment of C3H6. Thus, 
the G value of the propane parent ion C3H8+ is estimated 
to be 2.5.

A Comparison of the Fragmentation of the Excited Pro­
pane Parent Ion in the Liquid Phase with that in the Gas 
Phase. A lot of quantitative information is available con­
cerning the fragmentation of the parent ion and the subse­
quent reactions from radiolytic and mass spectrometric 
studies carried out in the gas phase. However, the fragmen­
tation processes in the liquid phase have not been fully elu­
cidated. Although the present work has not resolved this 
problem clearly, the features characterizing the fragmenta­
tion of the excited parent ion in the liquid phase have been 
at least partly revealed.

The G values of fragment ions, parent-minus-H ion 
C3H7+, and parent ion C3H8+ produced by the radiolysis of
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TABLE IV:

Liquid
phase Gas

------------- —  phase
<7 b c

t 2H3* + CH3 + H2 0.13 0.27
C2H4* -  CH4 0.15 0.62

r u * . _ J C2H5 * " CH3 0'3 027 130
3 8  |C 3H5* + H2 + H 0.13 0.25

C3H7* + H 0.7 0.37
C3IV  2.5 0.94

Total positive ions 3.9 3.8
“ This work; liquid phase, 0°. 6 Koob and Kevan; liquid phase, 

35°. c Bone, Sieck, and Futrell; gas phase, 35°, 1 atm, G values cal­
culated from M/N yields in ref 12.

propane in the liquid phase and in the gas phase are sum­
marized in Table IV, together with the results by Koob and 
Kevanlb for the liquid phase and by Bone, Sieck, and Fu­
trell12 for the gas phase.

In the gas phase at 1 atm, the yield of fragment ion 
CoH5+ is the largest of all positive ions. The yield of the 
parent ion is considerably smaller than that of CoH5+, and 
the yield of parent-minus-H ion C3H7+ is still smaller than 
that of fragment ion C2H.t+. In the liquid phase, however, 
most of the positive ions consists of the parent ion and the 
formation of fragment ions is much smaller than in the gas 
phase. The phase change from gas at 1 atm to liquid causes 
fragmentation of the excited parent ion to be greatly re­
duced. It is also clearly shown that the relative importance 
in the primary modes of the fragmentation of the excited 
parent ion is greatly affected by the phase change. The 
yields of fragment ions C2Hô+ and C2H4+ which occupy the 
most part of the positive ions in the gas phase reduce great­
ly in the liquid phase. On the other hand, parent-minus-H 
ion C3H7+ is produced with a fairly large yield compared 
with the yields of other fragment ions in the liquid phase.

It seems to be characteristic of the radiolysis of liquid n- 
alkane that C-H bond cleavage of the excited parent ion 
takes place more easily than C-C bond cleavage. The cage 
effect in the liquid phase may be at least in part responsi­
ble for this phenomenon.

In spite of the great difference in the primary modes of 
the fragmentation of the excited propane ion between the 
gas phase and the liquid phase, the G values of the total 
positive ions in both phases seem to be irr good agreement 
with each other. This seems to show apparently a little dif­
ference between the G value of ionization in the liquid 
phase and that obtained from the W value in the gas phase. 
The G value of ionization in the liquid phase described 
here is defined as the scavengeable yield.
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Selective hydrogen atom abstraction in the photolysis and radiolysis of neopentane containing a small 
amount of alkane has been studied by esr spectroscopy and product analysis with mass spectrometer. 
When neo-CsH^-i-C.iI-^D-HI is illuminated with ultraviolet light at 77 K, f-C4H9 radical, Ho, and HD are 
formed. A remarkable isotope effect is observed in the abstraction reaction. H atoms migrate a long dis­
tance through the matrix without reacting with neopentane molecules. The selective hydrogen atom ab­
straction reaction occurs efficiently in the solid at 77 K, while it does not occur at all in the solid at 198 K 
and in the liquid at 262 K. When pure neopentane is y irradiated at 77 K, neo-CjHn, t-C4Hg, and uniden­
tified radicals are produced. A remarkable preirradiation effect is observed on the formation of i-C4H9 and 
the unidentified radical. f-C4H9 and the unidentified radicals are not formed directly by the decomposition 
of neopentane, but by the reaction of H atoms, which are produced by the radiolysis of neopentane, with 
impurities or products. When neopentane containing a small amount of alkanes is 7 irradiated at 77 K, the 
solute alkyl radicals are formed predominantly. H2 and HD are formed in the radiolysis of neo-CsH]2-i- 
C4H9D at 77 K, while D2 is not formed at all. The solute radicals are formed by the selective hydrogen atom 
abstraction from the solute alkane by H atoms produced by the fragmentation of neopentane.

Introduction
We can easily investigate solid-state reactions at 77 K by 

irradiation with ultraviolet light or 7 rays. The studies on 
the solid alkane at 77 K have indicated that the reactions 
exhibit remarkable selectivity and seem to he strongly af­
fected by the condition of the matrix or the crystalline 
field. Miyazaki, et ai, found that when isobutane is ex­
posed to 7 irradiation1 or hydrogen atom attack2 at 77 K, 
the isobutyl radical is formed in the polycrystalline state, 
while the tertiary butyl radical is formed in the glassy state. 
In the radiolysis of 2,3-dimethylbutane at 77 K. the 
•CH2CH(CH.))CH(CH.i)2 radical is formed in crystal I, 
while the CHgClCHalCHlCHslg radical is formed in crystal
II.2 When neopentane containing a small amount of other 
alkane is subjected to 7 irradiation at 77 K, alkyl radicals 
from solute alkanes rather than neopentyl radicals are se­
lectively formed.4 Willard and Henderson found that when 
glassy 3-methylalkanes are exposed to 7 irradiation, hot 
atom attack, hot radical attack, or photosensitization by ar­
omatic solutes, radicals are formed predominantly by the 
rupture of secondary C-H bends rather than weaker terti­
ary or more abundant primary bonds.5

Recently we have reported preliminary results that H 
atoms produced by the photolysis of hydrogen iodide in 
neopentane containing a small amount of alkane react se­
lectively with the solute alkane at 77 K.e The previous com­
munication reserved the following questions for further 
studies. (1) Since only the solute alkyl radical was observed 
by esr spectroscopy, the possibility that the solute radical is 
formed by the hydrogen atom abstraction from the solute 
alkane by neopentyl radicals was not completely excluded 
in the previous study. (2) If the reaction is caused by H 
atoms, what is the character cf the reaction?

The research described herein was undertaken to resolve 
the above questions.

* On leave to Laboratòrio de Radioquímica, Instituto de Energia 
Atòmica, C.P. 11049 (Pinheiros), 0 1 0 0 0  Sào Paulo, Sp, Brazil, until 
July 1975.

The radiolysis of pure solid neopentane has been studied 
by esr spectroscopy by several investigators.7 9 Quite dif­
ferent esr spectra, however, have been reported by them. 
When neopentane-alkane mixtures are 7 irradiated at 77 
K, the solute alkyl radical is predominantly formed.43 It 
was suggested previously41’ that its formation is due to exci­
tation transfer from neopentane to the alkane or to the se­
lective hydrogen atom abstraction reaction by H atoms. 
The formation of radicals in the radiolysis of pure neopen­
tane and neopentane-alkane mixture is discussed here in 
comparison with the results obtained in the photolysis.

Experimental Section

A sample of neopentane, >99.9 mol %, supplied by the 
Tokyo Kagaku Seiki Co. was used in the photolysis and ra­
diolysis of alkane mixtures and another, >99.997%, sup­
plied by the American Petroleum Institute was used in the 
radiolysis of pure neopentane. Isobutane, supplied by the 
Takachiho Shoji Co., was more than 99.7%. Isobutane-2-d], 
synthesized by the Grignard reaction of ierf-butylmagnes- 
ium bromide with D20, was purified by passing it through 
a column of freshly activated alumina and then through a 
column of fresh soda lime. Mass spectrometric analysis in­
dicated that at least 95% of the isobutane-2-d, was correct­
ly labeled with the deuterium atom at the tertiary position. 
Spectrograde cyclohexane was passed through a 1-m col­
umn packed with silica gel and then distilled on a vacuum 
line before use. The D content of dodecadeuteriocyclohex- 
ane was more than 99%. Hydrogen iodide was the same as 
used before.2

Uv illumination was provided by a Toshiba medium- 
pressure mercury lamp and 7 irradiation by Co-60 at a dose 
rate of 4.2 X 1019 eV/g hr.

H2 and HD were analyzed by a gas buret connected to a 
Toepler pump and mass spectrometer (RMS-4 Hitachi 
mass spectrometer). The esr measurement were done on a 
JES-3BX esr spectrometer.
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TABLE I: Formation of Hydrogen in the Photolysis of neo-C5H 12-i-C4H 9D-H I 
and the Radiolysis of neo-C5H i2-i-C4H 9Da

Irrad iation 6 Tem p, K Phase

Com position of 
hydrogen, mol 9c 
H, HD

Yield of 
hydrogen0

neo-Cr,H12- / -C , HoD-HI Uv 77 Solid 83 17 1 0
n eo -C r,H12- /-C .H .D -m Uv 198 Solid 1 0 0 0 13
n eo -C sHt2- /'-CtH:1D -ffl Uv 262 Liquid 1 0 0 0 64
neo-Cr,H12- f-C 4H,D y 77 Solid 60 40 1 0
neo-C -H 12- ;-C,HnD y 198 Solid 98 2 6
neo-C 5H12- /-C 4H2D y 266 Liquid 1 0 0 0 6

a Concentrations of isobutane and hydrogen iodide are 2 0 and 0.5 mol %. respectively. Yields are averages of two runs. ” Illumination time 
with uv light was 10 min. Total dose of y rays was 5.9 x 1020 eV/g. c Yield of hydrogen at 77 K is taken as 10.

TABLE  II: Formation of Radicals in the Photolysis of neo-C5Hi2 Aikane HI and the Radiolysis of neo-C5H i2-Alkanea

Irradiation Tem p, K
Y ield of solute  
alkyl rad ica l6

Yield of
n eo -C r,Hn
rad ica l6

neo-C .-H,[2-;'-C ,H ln-HI Uv 77 1 0
neo-C-H,[2- i - C 4H„D-HI Uv 77 6

neo-C-H,[2- / - C 4H1n-ffl Uv 117 1 0

neo-C-H,12—f-CjHuD-HI Uv 117 1.5
neo-C-H,12- c -C sH(2-HI Uv 77 4.5
neo-C-H.i2- c -C.;Di:-HI Uv 77 0.5 1.5
neo-C-Hi12 / - C 4H,„ i 77 1 0 5
neo-C-H.I2_ /-C 4HqD y 77 8.7 4
neo-C  H.,2- c -C 0H ,2 y 77 12.3 2

neo-C.H I o —c -C ,D 12 y 77 2 5
neo-C-H,,,, 99,9979 y 77 3 4
neo-C;H, 2, 99 .99 y 77 4 4

0 Concentrations of solute alkane and hydrogen iodide are 2.0 and 0.5 mol %. respectively. Yields are averages of two runs. Yields of 
Î - C 4 H 9  radicals in the photolysis of neo-CsH^-i-CiHio-HI or in the radiolvsis of neo-CsH^-i-CiH^ at 77 K are taken as 1 0 . Since illumina­
tion times with uv light at 77 and 117 K were 2 and 1 min. respectively, yields are amounts of radicals per minute. Total dose of y rays was 
6.9 x 1018 eV/g. 6 The yields of the radicals were measured by double integration of the first-derivative esr signal of the radicals. Since only 
solute alkyl radical is formed selectivity in the photolysis of neo-CsH^-alkane-HI systems except for neo-CsH^-c-CeD^HI system, serious 
overlapping of the spectra of the solute radical and the neopentvl radical does not occur. The errors of radical yields are about 10%. In the 
radiolysis of neo-CsH^-alkane systems or in the photolysis of the neo-CsH^-c-CeDi^-HI system, neopentvl and solute alkyl radicals are 
formed comparably, but the unidentified radical, which is produced in the radiolysis of pure neopentane, is not formed. A standard esr 
spectrum of neopentyl radical was obtained by the y irradiation of neopentane containing NLO (c/. ref 15). The yields of neopentyl radical 
were obtained from the height of central peak in the esr spectrum and the standard spectrum of neopentvl radical. The yields of solute radi­
cal were obtained by subtracting the yields of neopentvl radical from the total radical yields.The errors of radical yields are about 20% in 
this case. In the radiolvsis of pure neopentane the yield of the solute alkyl radical represents the sum of the yields of f-C4H9 and unidentified 
radicals.

Results

Table I shows the yields of hydrogen and its isotopic 
composition in the photolysis of neo-Cr,Hi>-i-C4H9D-HI 
and the radiolysis of neo-C5Hi2-i-C4HgD in the solid and 
liquid. The dose of 7 rays in the product analysis in this 
table is much higher than that in the esr measurement of 
radicals in Table II. Since the esr spectrum in the radiolysis 
of neo-C5Hi2-t-C4H9D at a dose of 5.9 X 1020 eV/g is ap­
proximately the same as that at a dose of 6.9 X 1018 eV/g, 
the dose effect may be negligible in this system.

Table II shows the yields of radicals in the photolysis of 
neo-C.sHi2-alkane-HI and the radiolvsis of neo-CsHii-al- 
kane. The yields of the radicals were measured by double 
integration of the first derivative esr signals of the radicals. 
The microwave power level used did not result in satura­
tion of any of the signals. The radicals do not decay at all at 
77 K, even if the sample is stored for 5 hr. When the sample 
is stored at 117 K, however, the radicals begin to decay in

several minutes. Therefore the sample was illuminated for 
1 min with uv light at 117 K and then measured at 77 K. In 
this case, the decay of the radical is negligible.

Figure 1 shows esr spectra of 7 -irradiated pure neopen­
tane at 77 K. Figure la is the spectrum obtained by the ir­
radiation of 6.9 X  10 18 eV/g. After the sample is preirra­
diated at 77 K with a dose of 3.4 X 1019 eV/g and melted, it 
is irradiated at 77 K with a dose of 6.9 X  10 18 eV/g and its 
spectrum is shown in Figure lb. The spectrum of three 
broad lines, indicated by , is ascribed to the neo-C5Hn 
radical. The spectrum of eight narrow lines, indicated by j, 
is ascribed to the Î-C4H9 radical. The spectrum, indicated 
bv I, is not identified as yet.

Figure 2 shows the preirradiation effect on the yields of 
¿-C4H9 and unidentified radicals in the radiolysis of pure 
neopentane at 77 K. The peak heights of the unidentified 
radical and the t-C4H9 radical are normalized to 10 at the 
preirradiation dose of zero and 3.4 X  10 19 eV/g, respective­
ly-
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Figure 1. Esr spectra of y-irradiated pure neopentane (> 9 9 .9 9 7 % ) 
at 77 K (a, solid line) and after the sample was preirradiated at 77 K 
with a dose of 3.4 X  1019 eV/g and melted (b, broken line).

Figure 2. Preirradiation effect on the yields of f-C4H9 and unidentified 
radicals in the radiolysis of pure neopentane (> 9 9 .9 9 7 % ) at 77 K: 
• ,  f-C4Hg radical; O, unidentified radical. The yields of f-C4H9 and 
unidentified radicals were determined by the measurement of peak 
heights of some lines, where the overlapping of the spectra of the 
two radicals are not serious. The peak heights of unidentified and t- 
C 4H9 radicals are taken as 10 at the preirradiation doses of zero and 
3.4 X  1019 eV/g, respectively.

Discussion
Selective Hydrogen Atom Abstraction by H Atoms. It 

was reported previously that solute alkyl radicals are 
formed selectively at 77 K by the photolysis of neopentane 
containing a small amount of alkane and hydrogen iodide.6 
One possible explanation for the selective formation of so­
lute radicals is that hydrogen iodide and the alkane form a 
complex and dissolve in juxtaposition in the neopentane 
matrix. The possibility, however, may be quite small for 
the following three reasons. First, there is no evidence to 
support the idea that hydrogen iodide forms a complex 
with the alkane except neopentane. Since the yields of so­
lute radicals in the photolysis of neo-C.-,Hi2-i-C4Hi0(l%)- 
HI(0.1%) are about 6 times as high as those in the photoly­
sis of neo-C5Hi2-C.iH8(l%)-HI(0.1%), it is expected from 
the complex hypothesis that isobutane is more favorable 
for the formation of the complex than propane. The propyl 
radical, however, is selectively formed in the photolysis of 
i'-C4H,0-C,H8(l%)-HI(0.1%) at 77 K.6 Therefore, the re­
sults cannot be explained by the hypothesis of complex for­
mation. Secondly, it has been observed that a large fraction 
of 3-methvlpentvl radicals uroduced bv the photolysis of 
HI in 3-methylpentane glass at 77 K decays within a few 
minutes, apparently by combination with iodine atoms

formed near the same locations in the matrix when HI is 
dissociated.10 The Í-C4H9 radicals produced by the photol­
ysis of HI in a neopentane-isobutane(l%) mixture, how­
ever, do not decay at all at 77 K, even if the sample is 
stored for 5 hi after the photolysis. Thirdly, it is shown in a 
later section that solute radicals are selectively formed at 
77 K in the radiolysis of neopentane containing a small 
amount of alkane by the reaction of H atoms produced by 
the radiolysis of neopentane. The results show conclusively 
that the selective hydrogen atom abstraction does occur in 
the absence of hydrogen iodide.

If f-C4H9 radicals are formed by hydrogen atom abstrac­
tion by neopentyl radical in the photolysis of neo-CsH12-t- 
C4H9D-HI at 77 K, it is expected that only Ho is formed.

h vHI —*■ H -  I (1)
H -  n eo -C sHj, — *• H, + C-Hn (2)

CsHlt + /-C 4H9D — ► C5HnD + /-C ,H :, (3)
Formation of HD in Table I, however, demonstrates clearly 
that hydrogen atoms produced in reaction 1 migrate 
through the neopentane matrix to react with ¿-C4H9D at 77 
K

H + i-C 4H9D — *  HD + (-CjH,, (41
H2 is also formed in the photolysis of neo-CgHi >- 

C4H9D-HI at 77 K. Since the neo-CsHu radical is not 
formed in the photolysis, H; may be formed by the concert­
ed reaction between neo-C5Hi2 and HI, which was pro­
posed in the photolysis of HI in 3-methylpentane,11 or by 
the reaction between H atom and HI.

Reaction 4 has the following specific characteristics.
(1) The results in Table I show that the formation of HD 

in the photolysis is completely suppressed at 198 and 262
K. Table II shows that the yield of the Í-C4H9 radical in the 
photolysis of neo-C5Hi2-i-C4H9D HI at 117 K is lower 
than that at 77 K. The yields of HD and Í-C4H9 radicals 
represent the occurrence of reaction 4 and their tempera­
ture effects are shown in Figure 3. The reaction occurs fa­
vorably with decreasing temperature. Table I shows that 
similar temperature effects on the formation of HD are also 
observed in the radiolysis of neo-C5Hi2-i-C4H9D, where HI 
does not exist.

(2) The results in Table II show that remarkable isotope 
effects are observed in the photolysis of neo-CgH 12-isobu- 
tane-HI at 117 K and neo-CsH^-cyclohexane-HI at 77 K.

(3) The yield of Í-C4H9 radicals in the photolysis of neo- 
CsHi2-i-C4Hio-HI(0.05%) at 77 K was studied as a func­
tion of concentration of isobutane. The yields reach a pla­
teau over 0.2 mol % of isobutane. H atoms collide with a 
number of neopentane molecules (about 500 molecules) be­
fore they react with isobutane. As discussed in a later sec­
tion, H atoms produced by the radiolysis of neopentane 
react more selectively with the solute, where the concentra­
tion of the solute is less than 0.003%.

When H atoms are hot, we must assume that they mi­
grate a long distance through the neopentane crystal with­
out losing their kinetic energies at 77 K. This assumption, 
however, seems very improbable.

When H atoms are thermal, they react also with hydro­
gen iodide, because the activation energy for reaction 6 is 
nearly zero.12

h v

HI —  H + I (1)
H -  /-C 4H10 —  t - C 4H,, -  H, (5)

H -  HI — » I + H, (6)
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Figure 3. Temperature effect on the yields of HD and the f-C4H9 rad­
ical in the photolysis of neo-C5H 12-/-C4H9D(2%)-HI(0.5°/c): 4 , HD; 
f , f-C4H9 radical. The yields are quoted from Tables I and II, and the 
values at 77 K are taken as 10.

Since reaction 5 competes with reaction 6, we must assume 
that the activation energy for (5) is also nearly zero at 77 K. 
It should be emphasized that reaction 5 in the gas phase 
needs 7.4 kcal/moll:! as an activation energy. The low acti­
vation energy in the solid phase at 77 K may be explained 
by two effects Sprague, et al. , 14 found tha* a thermal 
methyl radical abstracts a hydrogen atom from a matrix 
molecule at 77 K and ascribed the reaction to quantum me­
chanical tunneling (tunneling effect). As was described in 
the Introduction, C-H bond rupture reaction in solid al­
kane is affected remarkably by the condition of matrix. 
The potential energy surface of reaction in the crystalline 
field may be quite different from that in the gas phase. The 
activation energy may be lowered in special conditions, 
such as near defects, of the crystal (matrix effect). If the so­
lute alkanes behave as defects, H atoms react selectively 
with the solute alkane rather than neopentane.

The temperature effect may be explained as follows. 
Since reaction 6 occurs without activation energy its rate 
at 77 K is approximately equal to that at 117 K. Figure 3 
shows that the rate of reaction 4, which competes with 
reaction 6, increases with decreasing temperature. Though 
radicals do not decay at all at 77 K, they decay fast at 117
K. This fact indicates that the matrix at 117 K is much 
softer than that at 77 K. It seems that a drastic modifica­
tion of the potential energy surface of reaction 4 is caused 
more efficiently in the rigid matrix at 77 K than in the soft 
matrix at 117 K. Therefore reaction 4 occurs more easily at

solid neopentane. It is difficult, however, to explain the for­
mation of the i-pentyl radical by the fragmentation of the 
neopentane molecule.

Miyazaki, et al.,4a reported previously that t-C4H9 and 
neo-CsHn radicals are formed in the radiolysis of neopen­
tane at 77 K. Recently we have found that the esr spectra 
depend appreciably upon the purity of the neopentane. 
Though neopentane used in the previous study was 99.9%, 
here we have used neopentane of 99.997%. Figure 1 shows 
the esr spectra of -y-irradiated neopentane (99.997%) at 77
K. The spectrum, which is similar to that reported by Ron- 
cin8 and Thyrion, et al.,9 indicates the formation of neo- 
CsHn radical and the unidentified radical. When the sam­
ple is preirradiated with a small dose, the yield of the uni­
dentified radical decreases, while that of the £-C4H9 radical 
increases complementary (Figures lb and 2). The results 
show that the formation of the f-C4H9 radical competes 
with that of the unidentified radical. Both radicals are not 
formed by the direct decomposition of the irradiated neo­
pentane, but by the secondary process in the radiolysis. 
When a small amount of alkane is added to neopentane, 
the formation of the both radicals is suppressed and the so­
lute alkyl radical is formed predominantly. As discussed 
later, the formation of solute radical in the radiolysis of 
neopentane-alkane mixtures is due to the reaction of H 
atoms produced by the fragmentation of neopentane. 
Therefore it seems that the unidentified radical is formed 
by the reaction of H atoms with the impurities (<0.003%) 
in the neopentane and the t-C4H9 radical by the reaction of 
H atoms with the products, such as isobutene or isobutane, 
which are formed in the yield of 0.4-G unit at 77 K.16

Miyazaki, et al., studied the formation of the solute alkyl 
radical in the radiolysis of neopentane-alkane mixtures at 
77 K.4a Since the formation of the alkyl radical is not af­
fected by the addition of electron scavengers, such as MfO, 
CO2, and C2H5CI, or a hole scavenger, such as tetrameth- 
ylethylene, it was concluded that the alkyl radical is 
formed by the nonionic process.415 The following observa­
tions obtained here show that the solute alkyl radical is not 
formed by the excitation transfer from the irradiated neo­
pentane to the solute, but by the selective hydrogen atom 
abstraction from the solute. (1) If excitation transfer is re­
sponsible for the formation of the solute alkyl radical, D2 
should be formed in the radiolysis of neo-CsHi2-i-C4H9D 
at 77 K.

77 K than at 117 K.
The isotope effects can be explained by the difference in 

the mass between H and D,14b or the difference in the zero- 
point energy arising from the frequencies of C-H and C-D 
stretching.11

The discovery of the selective hydrogen atom abstraction 
reaction has proposed interesting problems in the reaction 
kinetics in the solid phase at 77 K.

Radical Formation in the Radiolysis of Pure Neopen­
tane and Neopentane-Alkane Mixtures at 77 K. Smaller 
and Matheson7 reported the esr spectrum of 7 -irradiated 
neopentane at 77 K. Since both f-C4H9 and neo-CgHn rad­
icals are formed, they considered that C-C bond rupture as 
well as C-H bond rupture occurs in the radiolysis of solid 
neopentane. Lin and Williams15 also found i-C4H9 radicals 
in the radiolysis of neopentane and attributed the C-C 
bond rupture to neutralization reaction. Roncin8 and Thy­
rion, et al.,9 however, obtained quite different esr spectrum 
of y-irradiated neopentane at 77 K. They found that t- 
pentyl(i-C5Hn) and neo-C5Hn radicals in the radiolysis of

neo-Cf)H12 w * CriH12* (7)
+ / - C j H 9D —► C3H12 + CjH X>* (8)
C;HT>* —► /-C4H3 + D (9)
+ C,HD — ► t - C . H, -  D, (10)

2D -—  D, (11)

where C5H12* represents the excited neopentane molecule. 
Though HD is formed remarkably in the radiolysis of this 
system at 77 K, D2 is not formed at all (Table I). (2) The 
fragmentation of the excited neopentane molecule pro­
duces only the neo-C5Hn radical in the radiolysis at 77 K. 
According to the mechanism of the excitation transfer, the 
yield of neo-CsHu radical should decrease upon the addi­
tion of solute alkane. The yield, however, does not decrease 
upon the addition of ¡’-C4Kio or ¡-C4HyD (Table II). (3) 
When neo-C5H12-c-C6Hi2(27o) mixture is irradiated at 77 K 
by 7  rays, the cyclohexyl radical and a small amount of the 
neopentyl radical are formed. When isobutene is added to
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t  the mixture, the formation of the cyclohexyl radical is sup­
pressed, while i-C4H9 radical is produced complementary 
by the addition of H atoms to isobutene.17 The formation 
of the neopentyl radical is not affected by the addition of 
isobutene. (41 Temperature and isotope effects are also ob­
served in neopentane-alkane mixtures (Tables I and II). 
These effects are quite similar to those in.the hydrogen ab­
straction reaction of H atoms.

Therefore the mechanism of the formation of solute alkyl 
radical in the radiolysis of neo-C5Hi2-f-C4H9D at 77 K may 
be represented as follows:

neo-C5H,12 ^  C5H12* (7)

C ; H 12*  — neo-C5Hn + H (1 2 )

H /- C jH D —- /-CjH3 + HD (4)

H atoms produced by tine fragmentation of excited neopen­
tane molecules react selectively with ¡-C4H9D to form t- 
C4H9 radicals and HD. It was reported that the radiolysis 
of solid 3-methylpentane-di4 produces no trapped D 
atoms,18 while trapped H atoms are observed in the radiol­
ysis of solid CH4.7'19 The formation of H atoms in the radi­
olysis of solid neopentane does not coincide with the result 
in the radiolysis of 3-met,hylpentane glass. It is not clear at 
present that the reactive H atoms in reaction 12 are the 
same ones as the trapped H atoms. This problem requires 
further studies in future. According to the reaction scheme, 
the yield of the i-C4H9 radical should be equal to that of 
the neo-C5Hn radical. Table II shows, however, that the 
yield of the solute radical is much higher than that of the 
neo-CsHu radical. Therefore we must consider another ori­
gin of hydrogen atoms, for example

C,,H|2* + C5H12 — * C,„H22 + 2H (13)

Acknowledgment. The authors wish to express their ap­
preciation to Professor Zen-ichiro Kuri of Nagoya Univer­
sity for his encouragement, and to Dr. Kozo Matsumoto of 
Nagoya University for mass spectrometric analysis.

References and Notes
(1) (a) T Miyazaki, T. Wakayama, K. Fueki, and Z. Kuri, Bull. Chem. Soc 

Jap.. 42, 2086 (1969): (b) T. Wakayama, T. Miyazaki, K. Fueki, and Z. 
Kuri, J. Phys. Chem., 74, 3584 (1970); (c) Y. Saitake, T. Wakayama, T. 
Kimura, T. Miyazaki, K. Fueki, and Z. Kuri, Bull. Chem. Soc. Jap., 44, 
301 (1971).

(2) T. Wakayama, T. Miyazaki, K. Fueki, and Z. Kuri, Bull. Chem. Soc Jap., 
44,2619(1971).

(3) M. Fukaya, T. Wakayama, T. Miyazaki, Y. Saitake, and Z. Kuri, Bull. 
Chem. Soc. Jap.. 46, 1036 (1973).

(4) (a) T. Miyazaki, T. Wakayama, M. Fukaya, Y. Saitake, and Z. Kuri, Bull. 
Chem. Soc. Jap., 46, 1030 (1973); (b) M. Kato, Y. Saitake. T. Miyazaki, 
and Z. Kuri, ibid., 46, 2004 (1973).

(5) D. J. Henderson and J. E. Willard, J. Amer. Chem. Soc., 91, 3014
(1969). J

(6 ) T. Wakayama, T. Miyazaki, K. Fueki, and Z. Kuri, J. Phys. Chem.. 77, 
2365 (1973).

(7) B. Smaller and M. S. Matheson, J. Chem. Phys., 28, 1169 (1958).
(8) J. Roncin, Mol. Cryst.. 3, 117 (1967).
(9) F. Thyrion, J. Dodelet, C. Fauquenoit, and P. Claes, J. Chim. Phys., 65, 

227 (1968).
(10) W. G. French and J. E. Willard, J. Phys. Chem., 72, 4604 (1968).
(11) L. Perkey and J. E. Willard, J. Chem. Phys., 60, 2732 (1974).
(12) J. H. Sullivan, J. Chem. Phys., 30, 1292 (1959); 36, 1925 (1962).
(13) B. A. Thrush, Progr. React. Kinet., 3, 89 (1965).
(14) (a) E. D. Sprague and F. Williams. J. Amer. Chem. Soc., 93, 787 (1971); 

(b) R. J. LeRoy, E. D. Sprague, and F. Williams, J. Phys. Chem., 76, 546 
(1972); (c) A. Campion and F. Williams, J. Amer. Chem. Soc.. 94, 7633 
(1972); (d) E. D. Sprague, J. Phys. Chem., 77, 2066 (1973).

(15) J. Lin and F. Williams. J. Phys. Chem.. 72, 3707 (1968).
(16) W. H. Taylor, S. Mori, and M. Burton, J. Amer. Chem. Soc.. 82, 5817 

(1960).
(17) M. Kato, T. Miyazaki, and Z. Kuri, unpublished results.
(18) D. Timm and J. E. Willard, J. Phys. Chem., 73, 2403 (1969).
(19) (a) D. W. Brown, R. E. Florin, and L. A. Wahl, J. Pnys. Chem.. 66, 2602 

(1962); (b) W. Gordy and R. Morehouse, Phys. Rev.. 151, 207 (1966).

A Photoelectron-Photoion Coincidence Study of the Ionization and Fragment 
Appearance Potentials of Bromo- and lodomethanes
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The ionization and fragment appearance potentials of CH:!Br, CH2Br2, CHBr3, CH3I, CHoI2, and CHI3 
have been derived from an analysis of zero kinetic energy photoelectron-photoion coincidence spectra in 
the energy range 9-14 eV. Such coincidence spectra yield more precise appearance potentials than integral 
photoionization scans because of the inherently sharper onsets and the discrimination against competing 
processes sucii as ion-pair formation and collisionally induced dissociation.

Introduction

The ionization and fragmentation of the halogenated al­
kanes exhibit a number of unusual properties. The highest 
filled molecular orbitals have the predominant character of 
the halogen lone pairs and the resulting first photoelectron 
bands exhibit the features which are characteristic of the

removal of nonbonding electrons.1'2 Nevertheless the mo­
lecular ions, which under these circumstances might be ex­
pected to be very stable, in fact readily fragment. Both the 
C-X and the C-H bond energies decrease with increasing 
halogen substitution resulting, in the case of carbon tetra­
chloride8 and carbon tetrafluoride,4 in unstable parent 
ions. The driving force for this trend is the stability of the
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planar halogenated methyl ions which have a closed shell 
electronic structure.

A characteristic feature in the fragmentation of the chlo- 
romethane ions produced by photoionization below 13.5 eV 
is the absence of hydrogen loss even though this reaction in 
CH3CI is energetically favored over chlorine loss. In all the 
other chloro-, bromo-, and iodomethanes, halogen atom 
loss is energetically favored, and in two molecules (CH3Br 
and CH3I) which we studied with sufficient mass resolution 
to resolve the H loss fragment, we again found no evidence 
for H loss. We can rule out an activation barrier because 
electron impact experiments such as those of Lossing5 pro­
duce strong onsets for hydrogen loss in CH3C1+ at precisely 
the thermodynamic appearance potential. This point is dis­
cussed further elsewhere.6

Little work has been done on the ionization and especial­
ly the fragment appearanc.e potentials of the bromo- and 
iodomethanes. There are two investigations in which the 
photoelectron spectra (PES) of all the molecules in this 
study were obtained.1’2 In addition other workers have re­
ported PES of the monohalomethanes.7 9 Several electron 
impact investigations have been reported,10 18 however, 
none have dealt with CH2I2 or CHI3 and only one16 with 
CHBr3. With the exception of one study,19 the available 
photoionization spectra (PI) have been measured without 
mass analysis and at low photon resolution.20-'22 As a result 
much of the published work concerns only the parent ion­
ization potentials.

We have undertaken this study of the bromo- and iodo­
methanes in order to establish reliable values for fragment 
ion appearance potentials and heats of formation.

Experimental Section
The apparatus, presented in detail in a previous paper,3 

will only briefly be described here. A hydrogen “many-line” 
light source dispersed by a 1-m vacuum uv monochromator 
to give 2-A resolution ionized the molecules in a photoioni­
zation chamber; the sample gas pressure was approximate­
ly 10~4 Torr. Ions were mass analyzed with a quadrupole 
mass filter and/or by time of flight. A nominally zero kinet­
ic energy (ZKE) electron analyzer23 was used to provide 
both the “start” of the ion time of flight as well as to obtain 
ZKE photoelectron spectra. The ion flight time distribu­
tion was displayed on a multichannel pulse height analyzer 
and the appropriate region was read out. During a scan, 
ZKE electrons, total ions, ZKE electron-ion coincidences, 
as well as photon intensity and sample gas pressure were 
counted for preset time intervals. The data were reduced 
by normalizing to the photon intensity and sample gas 
pressure. All spectra were taken at room temperature. The 
quadrupole mass filter was used only on GH3Br and CH3I 
because the masses of the other molecules exceeded the 
limit of our quadrupole.

Results

In our previous study3 of the chloromethanes and carbon 
tetrabromide, we developed a general procedure for fitting 
.Calculated photoionization spectra to the experimental 
curves. The purpose of this was to take into account the 
contribution of hot bands and variations in the ionization 
transition probability in calculating ionization and frag­
ment appearance potentials. This procedure is particularly 
necessary for accurately determining the latter. The calcu­
lated photoionization yield, PY, at a pho'on energy, E, is 
given by eq 1 in which g(c) is the density of states of the

PY (£)=  f  de f  ° d.Y g(e)e~€/kTp(x) (1) 
Jo

ground state molecule, and p(x) is the ionization transition 
probability at an energy, x, above the ionization potential. 
E0 is the adiabatic ionization or fragment appearance po­
tential. The density of states can be determined by direct 
count, and p(x) is known from PES. By using the PES for 
p(x) we neglect the contribution of autoionization, an as­
sumption which can be justified only for certain systems. 
For example, the PI spectrum of CH3I24 shows numerous 
autoionization peaks between threshold and 0.7 eV above 
the first ionization potential. However, for the molecules 
studied here, the fragmentation onsets were in regions 
which exhibited relatively little autoionization.

In the present study we found that the hot bands con­
tribute significantly more to the total ionization than they 
did in the chloromethanes. In addition, autoionization in­
creases with increasing mass of the halogen. As a result the 
analysis of the bromo- and iodomethanes was considerably 
more difficult. In order to sharpen up the onsets as well as 
to discriminate against autoionization and possible com­
peting processes such as ion-pair formation and collisional- 
ly induced fragmentation we analyzed the ZKE electron- 
ion coincidence curves. For such curves, eq 1 reduces to eq 
2 in which integration over the distribution of ejected elec­
tron energies is eliminated.

CY(E)=  f  de ,g(i)e-e/w>(£ + e  -  E0) (2)
-'0

Figures 1-4 show the ZKE electron-ion coincidence 
spectra in which the counts are normalized to the total 
light intensity. A summary of the derived ionization and 
fragment appearance potentials of the molecules investi­
gated is shown in Tables I and II along with the results of 
other workers. The values for the heats of formation were 
derived without regard to a possible correction due to ki­
netic energy release. These values are thus upper limits. 
The kinetic energy release for Cl loss from CH2Cl2+ has 
been measured by Cooks et al.25 and found to be less than 
0.015 eV.

As in CH2C12+, both CH2Br2+ and CH2I2+ show collisio- 
nal dissociation to give CH2X+ as evidenced by the long 
slowly rising tails on the daughter PI curves below the true 
appearance potentials. The intensity of this bimolecular 
contribution decreases with decreasing sample gas pres­
sure, but due to the high cross section for collisional disso­
ciation26 the tails are evident even in the lowest pressure 
runs. Although the tail cannot be totally suppressed in the 
ion curve, the coincidence curves do effectively suppress 
the contribution of the bimolecular reaction because of the 
displaced flight time of the collisionally induced CH2X+ 
fragments.

Discussion

CH^Br. The photoionization curve of methyl bromide is 
well known19-21 and will not be presented in this paper. 
The first ionization potential is due to the ejection of an 
electron from a nonbonding 4p7re orbital localized on the 
bromine atom. The onset is very sharp and gives an ioniza­
tion potential, 10.54 eV, in good agreement with those ob­
tained from photoelectron, photoionization, and absorption 
spectroscopy (Table I). The coincidence spectrum for the 
CH2+ fragment is similar to the photoionization spectrum 
of Krauss19 except that our onset is sharper. Our threshold
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T A BLE  I: First Ionization Potentials

CHgBr* CH,Br,* CHBr3* CH3T C H 2I2* CHI3*

A /T, (298),
kcal m ol ' 1 1 234.6 ± 0.3 241.5 ± 1.5 245.6 ± 0.4 222.9 ± 0.3 245.1 ± 0.6 263.2 ± 0.4

Technique Ionization potentia ls, eV

Photoionization 10.54 ± 0.01s 10.52 ± 0.05s 10.48 ± 0.02s 9.533 ± 0.01Sl/ 9.46 ±0.02'’ 9.25 ± 0.02s
10.528 ± 0.005c 10.49 ± 0.02" 10.51 ± 0.02" 9.54 ± 0.01"
10.53 ± 0.01"’" 9.550 ± 0.006" «-

9.55 ± 0.1"
Photoelectron 10.53 ± 0.0111 10.61s 10.47s 9.50 ± 0.03’ 9.46s 9.26 ±0.02'

spectroscopy 10.53 ± 0.02' 10.63' 10.44' 9.52 ± 0.02- 9.52'
10.53 ± 0.03’ 9.54s
10.34s’' 9.55'

E lectron 10.S'"’" 10.8 ± 0.01" 9.50m’’1
im pact 10.53 ± 0.02° 9.51 ± 0.02°

10 56s 9.59s
10.8 ± 0.01"

Penning 10.54 ± 0.04r 9.55 ± 0.04r
ionization

Absorption 10.488 ± 0.003s 9.49 ± 0.003s
spectroscopy 10.541 ± 0.003' 9.538'

9.54“
a Based on our ionization potentials and the following heats of formation: 1030 CHaBr (-8.4): CH2Br2 ( - 1); CHBr3 (4); Br (26.74); < H !

(3.1); CH2I2 (27); CHI3 (50); I (25.5); H (52.1). The values are in kcal mol-1. h This work. ‘ Reference 21. d Reference 20. 1 
/ Reference 24. « Reference 22. h Reference 7. ' Reference S. 1 Reference 9. k Reference 1. ' Reference 2. m Reference 14. " 
" Reference 11. a Reference 12. q Reference 13. T Reference 29. * Reference 28. ' Reference 27. " Reference 31.

Reference i 9 
Reference 15.

T A BLE  II: X  Loss Appearance Potentials

CH: ' CH Br CH Br' CH,Br, C H B r,'/C H Br3 CH3VCH3I C H ,r/C H 2I3 CHIjVCHIj

A/C{(298), 
kcal m ol ' 1 “ 260.0 ± 0 .6 234.0 ± 0.4 223.9 ± 0.4 260.0 ± 0 .6 244.6 ± 0.4 249.7 ± 0.4

Technique Appearance potentia ls, eV

Photoionization
Electron

impact

12.80 ± 0 .03s 
12.77e

11.35 ± 0 .02s 
10.93 ± 0.04" 
11.5 ± 0.01"

10.70 ± 0 .02s 
10.80 ± 0 .0 1 "

12.25 ± 0 .03s 
12.2 ± 0.05r 
12.22 -  0.03" 
12.36 ± 0 .02s 
12.4 ± 0.2'

10.55 ± 0.02s 9.77 ± 0 .02s

“ Based on our appearance potentials and the neutral heats of formation listed under Table I. b This work. c Reference 19. d Reference 
16. ‘ Reference 13. f Reference 15. x Reference 18. h Reference 17. 1 Reference 14.

analysis yields an appearance potential of 12.80 eV, which 
is precisely the thermodynamic onset for Br loss.

As mentioned previously, only bromine loss is detected, 
however, the appearance potential (AP) of CH2Br+ from 
CH:iBr+ can be determined from a knowledge.of the heat of 
formation of CH2Br+ (see Table II). According to eq 3, the
AP(CH,Br+) = Atf°f(H) + AH°f (CH2Br+) -

AfPf(CH3Br) + KE = 12.77 eV + KE released (3)
thermodynamic AP of CH2Br+ neglecting kinetic energy 
release is 12.77 eV, which makes it nearly isoenergetic with 
Br loss.

CH,Br>. Figure 1 shows the coincidence curves for 
CH2Br2+ and CH2Br+. The fourfold degenerate halogen 
lone pair electron states are split into three peaks which are 
poorly resolved in Figure 1. However three peaks are clear­
ly visible in the PES1- which indicates that one is a com­
posite of two states. It was impossible to fit the CH2Br2+

coincidence curve with our fitting procedure and as a result 
no reliable IP was derived. The slow onset between 10.4 
and 10.5 eV could possibly be attributed to autoionization 
from hot bands, although Price’s PES1 also exhibits an 
anomalously slow onset. Our best guess is that- the IP of 
CH2Br2 is 10.52 ± 0.05 eV. The low value is chosen partly 
to allow the ionization potentials of successively higher 
substituted methyl bromides to monotonically decrease in 
a manner similar to that in the series of methyl iodides.

The CH2Br+ onset was very sharp and strong. The ther­
modynamic appearance potential for H loss is 12.02 eV. 
However lack of sufficient mass resolution did not allow us 
to determine whether H loss does occur.

CHBr:1. In the bromoform ion the 4pire degenerate state 
splits into four states, two of which remain degenerate. The 
coincidence curve, shown in Figure 2, was obtained by 
time-of-flight mass analysis of the ion product in which the 
photoelectron and photoion provided the start and stop 
signals, respectively. The coincidence scan shows only the
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Figure 1. The ZKE electron-ion coincidence spectrum of CH2Br2 
and its fragment. The parent ion data beyond 11.3 eV is not plotted 
because it nearly overlaps the daughter ion signal. The points are 
experimental values and the solid lines are calculated tits. The par­
ent ion curve could not be fit. (See Text.)

10,2 10.1) 10,6 10.8 11.0 11.2
PHOTON ENERGY (eV)

Figure 2. The ZKE electron-ion coincidence spectrum of CHBr3 and 
'its fragment. The points are experimental values and the solid lines 
are calculated fits.

first state and the calculated fit gives an IP of 10.48 eV, 40 
meV above Turner’s PES peak.2 Our value is further sup­
ported by a reported PES value1 of 10.47 eV. This leads us 
to suspect the low value which Turner assigned to the first 
PES peak. The slow rise in the threshold region indicates a 
substantial hot band contribution. The peak at 10.65 eV is 
assigned to AI since there is no electronic state observed1-2 
in that region. The fragment ion threshold, like that of the 
parent, rises very gradually and the derived appearance po­
tential is 10.70 eV. The thermodynamic appearance poten­
tial for H loss from CHBr3+ was calculated to be 12.23 eV 
using a value3 for AH°{ (CBr3+) of 233.7 kcal mol-1 how­
ever lack of high-resolution mass analysis prevented us 
from distinguishing the parent ion from the H loss frag­
ment ion.

CH3I. The photoionization curve of CH3I has been pub­
lished by several workers,19-22 and most recently by us24 
and will not be shown here. Like CH3C1 and CH3Br, the 
first electron ejected is from the valence np7re orbital local­
ized on the iodine atom. Our ionization potential, 9.533 eV, 
agrees well with the spectroscopic value,27 9.538 eV. The

573

Figure 3. The ZKE electron-ten coincidence spectrum of CH2I2 and 
its fragment. The points are experimental values and the solid lines 
are calculated fits.

?-0T0N e-.e-py levy

Figure 4. The ZKE electron-ion coincidence spectrum of CHI3 and 
its fragment. The points are experimental values and the solid lines 
are calculated fits.

second state of the doublet occurs at 10.158 eV giving a 
spin-orbit separation of 0.622 eV, in precise agreement 
with Price’s value, 0.622 eV. There is a great deal of au­
toionization from Rydberg states of the series converging to 
the upper state, 2E i/2.

Although the I loss produced a strong CH3+ onset at
12.25 eV, no H loss was observed, the thermodynamic onset 
for the latter process being 12.74 eV.

CH2l 2- The coincidence curves of CH2l9+ and CH2I+ 
were obtained by TOF mass analysis of the ions and are 
shown in Figure 3. Besides two PES1-2 studies there have 
been no other data reported for the ionization and frag­
ment appearance potentials of CH2L>. Like CILBr^. four 
states result from the splitting of the degenerate 4p7re state: 
b2 at 9.5 eV; a2 at 9.8 eV; ai at 10.3 eV; and bi at 10.6 eV.1-2

The first two electronic states are shown in the parent 
coincidence curve. The best fit to this curve in the thresh­
old region yields an IP of 9.46 eV. There is a great deal of 
autoionization: the shoulder on the low-energy side of the 
threshold, as well as the structure from 9.9-10.3 eV, are as­
signed to autoionization from initially excited vibrational 
states of the neutral. The second electronic state occurs at 
9.80 eV which agrees well with the PES value.
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As in the other dihalomethanes, CH2I2+ undergoes col- 
lisional dissociation to yield CH2I+. However the coinci­
dence technique effectively reduces interference due to 
fragmentation by ion-molecule collisions. The derived 
daughter appearance potential is 10.55 eV.

The calculated appearance potential of CHI2+ is 11.92 
eV but lack of high-resolution mass analysis did not allow 
us to distinguish the parent ion from the H loss fragment 
ion.

CHI3. Since CHI3 has an rrje >200, the ionization prod­
ucts were TOF mass analyzed and the coincidence scans 
(Figure 4) were studied. There are no literature values ex­
cept for PES data- for the ion.zation potential of CHI3 with 
which to compare our results. Since -he PES data shows a 
broad first peak, a precise onset cannot be determined from 
it. The four electronic states of CHI3+ have not been iden­
tified with certainty although two are known to be degener­
ate. The states corresponding to the first two PES peaks 
are evident in our coincidence scan. From our data, the IP 
of CHIais 9.25 eV.

In the threshold fit for the fragmentation process, the 
transition probability, p(x), was approximated by a sum of 
two gaussians corresponding zo the second and third PES 
peaks. The resulting calculated onset is 9.77 eV.
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We have developed a hydrogen microcalorimeter for the purpose of determining heats of hydrogenation 
and heats of formation of large molecules, particularly those of biochemical significance. This paper re­
ports and interprets results obtained for the seven unsaturated and polyunsaturated methyl esters of palm- 
itoleic, palmitelaidic, oleic, elaidic, linoleic, linoelaidic, and linolenic acids. The heats of formation follow 
from the heats of formation of the saturated reaction products, methyl palmitate and methyl srearate, by 
Hess’ law addition. We believe that these molecules are the largest ever studied by hydrogen calorimetry 
and that the sample size on which reliable data can be obtained, about 15 gg, is among the smallest. Stan­
dard deviations of six replicate samples of each ester were about 0.3 keal/mol per double bond.

Introduction

Recently we described a hydrogen microcalorimeter1 
with which we were able to determine the heats of hydroge­
nation of micromolar quantities of unsaturated hydrocar­
bons dissolved in an inert solvent. We developed this vari­

ant on liquid-phase hydrogen calorimetry as it is usually 
practiced- 4 for two principal reasons. The method requires 
very little material, making it applicable to biologically in­
teresting substances which are commercially available in 
great variety but usually in small quantities and at consid­
erable expense. Second, the rapidity of the method offers
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one the chance of gathering a statistically meaningful col­
lection of data in a reasonable amount of time.

The first class of compounds we wished to study was the 
class of methyl esters of long-chain unsaturated fatty acids. 
The fatty acid portion of the molecule is of obvious interest 
biochemically. We chose the methyl esters because the ana­
lytical chemistry of reactants and saturated products is 
simpler, or at least better documented, than the analytical 
chemistry of the free fatty acids or the glycerides which we 
mean to make the subject of subsequent papers.

Theory
By far the rhost widely used method of determining 

enthalpies of formation has been and will no doubt con­
tinue to be combustion calorimetry. Large molecules, how­
ever, present special problems. They are usually far more 
difficult to purify than small molecules and, more funda­
mental, the heats of combustion of large molecules are nu­
merically much greater than the energy differences we 
seek. Thus, one might rely on combustion data to deter­
mine the relatively small heat of isomerization between cis- 
and frans-2-butene but the same calculation5 6 for cis- and 
fran.s-octadec-9-enoic acids (oleic and elaidic acids) would 
be highly suspect because of the magnitudes of their heats 
of combustion and the probable absolute error involved. 
The obvious and serious limitation on hydrogen thermo­
chemistry is that it is applicable only to molecules which 
are unsaturated and can be quantitatively hydrogenated to 
give a single, well-defined product. Nevertheless, hydrogen 
calorimetry, when these conditions are met, retains the ad­
vantage of giving small numbers, making it applicable to 
problems in cis-trans isomerism7 8 resonance enthalpies,9-10 
conjugation and hyperconjugation enthalpies,10-11 ring 
strain,12 molecular crowding and neighboring group inter­
actions,13-14 and molecular conformations.3-15

Experimental Section
Reagents. All samples of fatty acid methyl esters were 

obtained from Analabs Inc.16 and certified by the manufac­
turer to be 99+% pure as demonstrated by glc, tic, or both. 
Samples were provided by the manufacturer in ampoules 
sealed under an inert atmosphere. Upon receipt, samples 
were refrigerated until use. All data reported below were 
obtained within 2 or 3 hr of the time the ampoule was 
opened.

Sources of all other reagents and materials have been 
given.1

Procedure. The apparatus and experimental method fol­
lowed have been described in detail elsewhere.1 Briefly, it 
consists of hydrogenating a standard solution of 1-hexene 
in n-hexane by direct injection into the calorimeter fol­
lowed by hydrogenation of a similar solution of the un­
known ester. Assuming that the heat of hydrogenation of 
1-he.xene is known, one computes AHh of the ester from the 
ratio of its heat output per millimole to that of the stan­
dard.

Specific Procedure for Fatty Acid Methyl Esters. We 
quickly found it best to have the standard solution and un­
known solution at such concentrations that they gave off 
about the same amount of heat upon hydrogenation. This 
was not difficult to do because, even in the case of reactions 
which differed greatly in exothermicity, we could control 
the concentrations of standard and sample so as to make 
them thermochemically equivalent. In these experiments,

we guessed at the heat of hydrogenation of the ester in 4  
question on the basis of number of double bonds and the \ 
cis-trans isomerism and made up the standard accordingly. % 
Sample size was 80 gl of an approximately 20% solution of 
ester in n-hexane. If the deflections of standard and un- - 
known differed by more than 5%, their /atio was used to j 
make up a new standard which would produce a deflection -j 
as close as possible to that of the unknown. Thus, by selec- '% 
tion of the proper concentration for the’ standard, we had 
already determined the heat of hydrogenation to within 
better than 5%, about 1-2 kcal/mol for p monounsaturated 
ester, and the remainder of the experiment was devoted to 
reducing this uncertainty as much as possible.

Diagnostic Tests. We used both gas chromatography and 
mass spectroscopy to test for completeness of hydrogena­
tion. In a typical example, the calorimeter was opened im­
mediately after the last hydrogenation and the reaction 
slurry was filtered to remove the catalyst. The filtrate (1 /nl) 
was injected into a gas chromatograph17 the column of 
which was packed with 3% silicone on Chromosorb W.18 
Helium was the carrier gas having a flow rate of 20 ml/min 
and the effluent was monitored by means of a hydrogen 
flame ionization detector. The attenuation was set at 50X 
and, in all cases reported here, only peak was observed. 
Next, an aliquot portion of the reaction mixture was 
“doped” with a small amount of the appropriate unsatu­
rated fatty acid ester and the chromatogram taken again. 
Two peaks appeared in the second chromatogram, a small 
one, due to the unsaturate at shorter retention time19 and 
the main peak, identical with the one previously observed.
By measuring the area under the two peaks at attenuation 
of 200X or 500X for the main peak and 20X or 50X for the 
small peak, we estimated the per cent contamination of the 
reaction product by the unsaturated reactant. In a typical 
example, at a column temperature of 200°, an estimated 
0.42% of methyl linoleate produced a clearly discernable 
peak 0.2-in. high and 0.4-in. broad at the base, well sepa­
rated from the main peak due to methyl stearate. The una­
dulterated reaction mixture showed a perfectly level base 
line at this retention time leading us to believe that any 
methyl linoleate present must have been at a concentration 
well under 0.1%. Retention times at 200° were about 7.5 
and 9 min for methyl linoleate and stearate. Separation was 
iess favorable for methyl elaidate and stearate necessi­
tating a reduction to 182° for good separation with a corre­
sponding increase in retention times to 14 and 16 min for 
the minor and major peaks, respectively. Methyl palmitate 
showed good separation from its unsaturates at 150°.

Mass spectroscopic verification of completeness of reac­
tion was carried out by evaporating off the hexane from a 
sample of used calorimeter fluid leaving a waxy residue of 
methyl stearate or palmitate which was introduced into a 
mass spectrometer20 by means of a solids probe. The par­
ent peak of methyl stearate or palmitate was located at 
mass 296.46 or 268.41, respectively, along with the satelite 
n + 1 peaks21 at 297.46 and 269.41. At full scale amplifica­
tion, there was no evidence of an n — 2 peak such as would 
have been expected if a trace of unsaturate had been pres­
ent. Intentionally contaminated samples led us to believe 
that this would have been an extremely sensitive method of 
detecting incomplete reactions. Since, however, the mass 
spectrometer was “down” throughout most of the time oc­
cupied by these studies, mass spectroscopic verifications of 
completeness of reaction are far more fragmentary than we 
would have hoped. Suffice it to say that no mass spectra we
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obtained indicated any contamination of the reaction prod­
uct by unsaturate. We feel that either the glc criterion or 
the mass spectroscopic criterion is sufficient to establish 
completeness of hydrogenation. All methyl esters reported 
here have passed the first test and several have passed the 
second.

Results and Discussion
Heats of formation of most unsaturated fatty acids, es­

ters, and glycerides are either unknown or too inaccurately 
known to be useful. Domalski, in his critical review,22 lists 
only four heats of formation for unsaturated acids having 
more than 12 carbon atoms: oleic, elaidic, erode, and 
brassidic acids (the cis and t.rans isomers, respectively, of 
ocadecenonic and docosenom acids). Of thi -a four refer­
ences, the latter two23 24 are more than 80 yer.rs old and the 
most recent reference, to the former two,5 is 44 years old.

Among the methyl esters of the unsaturated fatty acids, 
only methyl oleate and methyl elaidate have been investi­
gated, these by Keffler6 in 1937.

We do not wish to imply that all old data are bad data 
but that, in thermochemistry, which depends most strongly 
on the known purity of the sample, data on fatty acids and 
esters which predate the purification techniques of glc, liq­
uid chromatography, and tic are so highly suspect as to be 
useless no matter how carefully or well the thermochemis­
try was done. Possible exceptions are some the late data of 
Keffler6 in which he obtained consistent values of —1.6 
keal/mol for the cis to trans conversion of methyl, rc-propyl, 
and n-butyl esters of oleic and elaidic acids. These plausi­
ble results are, however, given along with the implausible 
value of +0.7 keal/mol for isomerization of ethyl oleate to 
ethyl elaidate which throws doubt on the remaining three 
results, particularly as there is nothing to distinguish his 
experiments on the ethyl esters from the others.

Our preliminary results indicated that the heat of hydro­
genation of the cis double bond in oleic acid is exothermic 
to the extent of about 35 keal/mol. This seemed unreasona­
bly high to the senior author and to one of his correspon­
dents.25 We have also noted that enthalpimetric determi­
nations of unsaturated acids and esters show an unaccoun­
tably high experimental scatter and are generally less reli­
able than enthalpimetric data on simple olefins.26

While there is no precedent for it in the literature and it 
is not predicted theoretically, we felt that the possibility of 
destabilizing effect of very long chains on an internal dou­
ble bond should be investigated. If such a destabilizing ef­
fect did exist, one would expect it to be progressive in na­
ture and for the beginning of the trend to be observable in 
Os and Cxo hydrocarbons with cis double bonds. Interpolat­
ing between 3-hexene with AH = —28.57 keal/mol and ap­
proximately —35.0 keal/mol, one anticipates that if a pro­
gressive effect exists, will become more negative by 
0.53 keal/mol per carbon atom. This leads to values of 
—29.10, —29.63, and —30.69 keal/mol for the cis isomers of
3-heptene, 4-octene, and 5-decene, respectively. Our results 
in Table I show that this trend is not observed and that the 
difference between anticipated and experimental values is 
well outside of experimental error, particularly in the case 
of 5-decene.

Injection of solutions of stearic acid, which is, of course, 
already hydrogenated, gave off heat to the extent of about 
one sixth that of an equivalent amount of oleic acid. Ad­
sorption of fatty acids on charcoal is known27 and we spec­
ulate that this was the cause. The exothermic effect rapidly

TABLE  I: Heats of Hydrogenation of Some 
Larger Alkenes

Compound Purity," AH, ( l it . ) .6

(all c is) % AH b, kcal 'm ol k eal/m ol

2 - Butene -2 8 .5 7  x 0.02°
3-H exene 98 -2 3 .5 7  ± 0.29 -2 8 .0 9  ± 0.16*
3 -H eptene 98 -2 3 .0 1  ± 0.68
4-O ctene 98 -2 3 .6 2  ± 0.52 -2 7 .3 9  ± 0.14"
5-D ecene 97 —23.56 ± 0.35

0 According to manufacturer’s statement. h 1 kcal = 4.184 kJ.
From ref 10. d From H. F. Bartolo and F. D. Rossini. J. Phys.

Chem.,  64, 1685 (1960). " From ref 14.

TABLE  II: Heats of Hydrogenation and Formation of the 
Methyl Esters of Seven Common 
Unsaturated Fatty Acids

AHh per
Fatty acid double bend, A H „

m ethyl e s ter k ea l/m o l k ea l/m o l k ea l/m o l

P alm itoleate -2 9 .3 0 ± 0.24 -2 9 .3 0 ± 0.24 -1 6 1 .1 6
P alm itelaidate -32 .4 3 ± 0.60 -32 .4 3 ± 0.60 -158.03"
Oleate -2 9 .1 4 ± 0.26 -2 9 .1 4 ± 9.26) -173.91Oleate -2 9 .3 8 ± 0.30 -2 9 .3 8 ± 0 .30 /
E laidate -2 8 .2 9 ± 0.15 -2 8 .2 9 ± 0.15 -174 .88
Linoleate -58 .6 0 ± 0.39 -2 9 .3 0 ± 0 . 2 0 -144 .57
Linoelaidate -5 5 .7 0 ± 0.13 -27 .8 5 ± 0.06 -147 .47
Linolenate -8 5 .4 0 ± 0.58 -2 8 .7 0 ± 0.19 -117 .77
'*a Doubtful value; see text.

diminished, however, and reached zero after about six in­
jections, possibly due to saturation of the available adsorp­
tion sites by acid. No diminution of catalytic activity was 
observed.

Injection of unsaturated fatty acid esters was also de- 
creasingly exothermic, reaching a constant value after 
about six samples had been run. Consequently, the values 
given in Table II were, with one exception, calculated from 
the last 6 of a series of 20 or more injections (40 or more in­
cluding the standard). We feel that whatever competing 
thermochemical effect was responsible for the abnormally 
exothermic behavior at the beginning of the series, it had 
ceased to be operative and the values given represent only 
the heat of hydrogenation.

The exception was methyl palmitelaidate, only 100 mg of 
which was available to us and which was diluted to only 1 
ml total volume with hexane. The value given in Table II is 
the average of the last six of eight injections ar d reflects, 
we think, interference from the extraneous thermochemical 
effect just described. Both the value of AH anc the large 
standard deviation indicate that constant exothermicity 
had not yet been reached and that the value given is not re­
liable. This is unfortunate because we wished to compare 
the cis-trans isomerization enthalpy between meehyl palm- 
itoleate and methyl palmitelaidate with methyl oleate- 
methyl elaidate.

There is no published value for the heat of formation of 
methyl stearate or methyl palmitate but the methyl esters 
of saturated acids of chain length C5 to Cm have oeen stud­
ied by Adriaanse, Dekker, and Coops.28 These remarkably 
self-consistent data follow the equation

A/7 = -  88.288 -  5.7032n -  0.018055«2
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where n is the number of carbon atoms in the molecule 
(one more than the chain length). The standard deviation 
from the equation above as determined by a least-squares 
procedure is only 0.22 kcal/mol for the 11 points. Extrapo­
lation of this equation to n = 17 for methyl palmitate and n 
= 19 for methyl stearate leads to —190.46 and —203.17, re­
spectively, for their expected heats of formation. Using 
these values, we calculated the heats of formation of the 
seven unsaturated fatty acid esters shown in Table II.

The experimental enthalpies of isomerization of methyl 
oleate to methyl elaidate are —0.85 and —1.09 kcal/mol ob­
tained from the third, fourth, and fifth entries in Table II. 
Both of these values are in excellent agreement with Kis- 
tiakowsky’s value29 for vapor-phase hydrogenation of cis- 
to trans-2-butene (—0.95 kcal/mol), that of Turner14 for 
l,l,8,8-tetramethyl-4-octene in acetic acid solution (—0.86 
kcal/mol), and —1.28 kcal/mol predicted for any straight- 
chain cis to trans isomerization by the method of Frank­
lin.30 All of these values are somewhat lower than the aver­
age of —1.5, —1.5, and —1.7 kcal/mol for the corresponding 
methyl, n-propyl, and n-butyl esters obtained by Keffler.6
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Alkali Metal Chromates. Enthalpy of Formation, AHf° (Cr042 - )(g). Charge Distribution of 
Gaseous Chromate Ion and Total Lattice Potential Energies of Sodium, Potassium, 
Rubidium, and Cesium Chromates

H. D. B. Jenkins,* Anne Winsor,

Department of Molecular Sciences, University of Warwick, Coventry CV4 7AL, England

and T. C. Waddington

Department o f Chemistry, University of Durham, Durham City, England (Received April 15, 1974; 
Revised Manuscript Received September 24, 1974)

This theoretical study reports the assignment of a charge of qo = — 0 . 6 1  proton units to each of the oxygen 
atoms in the Cr042- ion. The following values for the heat of formation of the chromate ion and the total 
lattice potential energies of the chromates are assigned: Afff°(Cr042-) = — 7 0 5  kj mol-1; UpoT(Na2Cr04) 
=  1 8 3 6  kJ mol-1; I/PoT(K2Cr04) =  1 7 1 4  kJ mol-1; t/p0T(Rb2Cr0 4) =  1 6 5 3  kj mol-1; U p o t ( C s 2 ( > 0 4 )  =  

1 5 9 6  kj mol-1. A value for the absolute oxide ion affinity of the oxyacid Cr03, corresponding to the process 
CrOs(g) + 0 2- (g) Cr042- (g), is estimated to be approximately — 1 2 2 4  kJ mol-1.

Introduction

Considerable work has been done on the calculation of 
lattice energies of salts containing singly charged complex 
anions and cations. The complex ions, NH4+,! C032-,2'3 
HF2- ,4 N3- ,5 and NO3- ,6 have recently been examined. 
Neckel and Vinek7 have also considered lattice energies of 
the bifluorides as have Van Gool, Bruinink, and Bottel- 
berghs.8 The CN- ion has been discussed by Ladd9 al­
though there is some dispute regarding the reference ener­
gy levels employed1011 in this latter work.

In many cases values of the lattice energies are suscepti­
ble to direct experimental checks and, in general, agree­
ment between values computed based on an ionic model 
and experiment is good. Little work has been done on the 
calculation of lattice energies of salts containing doubly 
charged negative ions and the work which does exist12-14 
generally involves ions of the transition metals; the aim of 
this work is to extend calculations to salts containing the 
Cr042- ion. Though checks with experiment are much 
more difficult, where they can be made, agreement is satis­
factory. It seems sensible to extend these calculations to 
doubly charged oxyanions and to relate the calculations to 
the estimation of the absolute oxide O2- ion affinity of 
strong anhydrooxyacid systems such as SO3 and Cr03. This 
paper represents an attempt to calculate such data for the 
alkali metal chromates.

Lattice Energy Calculations

We now examine the Cr042- ion, where a distributed 
charge qcr is assigned to the chromium atom and q0 to each 
of the four oxygen atoms. These charges are related by the 
equation

qCr = -2[1 + 2<70] (1)
Total lattice potential energies, i /PoT(M2Cr04), are 

computed as single-parameter functions of q0 for the four 
alkali metal salts corresponding to M = Na, K, Rb, and Cs. 
Using the thermochemical cycle

A£(M2Cr04) ♦ 3RT

M,CrO, —

-A//f°(M2Cr04)(c>

2M*(g) + C r04=-(g)
) | |-A/if°(Cr042-X,

2M(g) + Cr(c) + 20j(g)

We find that I/poT(M2Cr04) for each salt is related to 
A7/f°(Cr042- )(g) by the equation
Atff°(C r0 4 2-)(g) =  Atff°(M2C r 0 4)(c) +

A £(M 2 C r0 4) -  2A £f°(M+)(g) + 3R T  (2)

where, at 298 K
A £(M 2C r 0 4) =  UPOT(M2C r 0 4) (3)

where A£(M2Cr04) is the total internal energy of the crys­
talline chromate salt, and A//f°(M2Cr04)(c) and 
A//f°(M+)(g) are the standard enthalpies of formation of 
the crystalline chromate and of the corresponding alkali 
metal ion, respectively. The combined equation

Af7f°(C r0 4 2-)(g) =  Atft°(M2C r0 4)(c) +
UpoT(M2C r0 4) -  2A £f°(M+)(g) + 3R T  (4)

can be expressed in the parametric form2-'

A £{°(C r0 4 2-)(g) =  £  A . V  (5)
¡=0

Solution of equations of the above general form enables a 
value for A//f°(Cr042- )(g), which is alkali metal ion inde­
pendent, and for q0 to be assigned for the chromate ion.

The total lattice potential energy is given by

t/pOT (M2C r 0 4) — U E LEC + U D U R - (6)

w h e re  I / e l e c  is  th e  e le c t ro s ta t ic  la t t ic e  e n e rg y , c o r re s p o n d ­
in g  to  th e  p rocess

M2C r04(c) — -  2M+(g) + C r04 2-(g)

U d  and U r  are the dispersion and repulsion energies of the 
lattice, respectively. The Bertaut15 method is employed to 
calculate the Madelung constant and energy associated 
with the hypothetical process

M2C r04(c) — ► 2M*(g) + Cr3c r(g) + 4CTo(g)
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TABLE I: Parameterization of Equations for the Chromates0

Na2C r 0 4 K2C r0 4 Rb2C r0 4 CSjCrO,

“ o 2.287772 2.239607 2.119129 2.096907
7.903739 8.047681 7.970842 8.057652

«2 12.307207 12.231810 12.143100 12.273957
L 1.5837 1.5895 1.5780 1.6099
Bo 2,006.9 1,957.5 1,865.7 1,809.5
B. 6 ,933.5 7,034.0 7,017.7 6.953.4
b 2 10,796.5 10,691.0 10,695.5 10,591.8
c, -7 ,0 0 9 .8 -6 ,9 4 3 .8 -6 ,9 4 6 .2 -6 ,8 7 9 .2
c2 -1 0 ,8 0 0 .0 -1 0 ,6 9 8 .5 -1 0 ,7 0 1 .4 -10 ,598 .9

-7 6 .2 90.1 71.5 74.2
o 2 -3 .5 -7 .5 -5 .9 -7 .0
u D 13.2 26.8 33.6 49.0 <y for l ~ d

U» 8 .0  ; 17.9 23.0 32.4 ff for S 0 42'°
UD av 1 0 . 6 22.4 28.3 40.7 average value taken
UR 226.2 208.3 194.8 205.9
AHf°(M2C r0 4)(c) —1 ,3 2 8 . 8& -1,382.8"  

—1,3 8 8 .7C
-1 ,3 8 0 .7 -1 ,3 8 9 .5

Afff'(M*)(g) 609.8 514.2 494.9" 460.6"

^ 0 -7 4 9 .4  (II) 
(I)

-632.2"  
-638 .1°

-6 6 4 .0 -6 5 8 .9

A, -7 6 .2 90.1 71.5 74.2
a 2 -3 .5 -7 .5 —5.9 -7 .0

“ L  is shortest Cr-0 distance to which Madelung parameters are referred. Energies quoted are in k-J m oh1. b Reference 35. 1 Reference 34. 
d Reference 23. e Reference 24.

Figure 1.
<U

and employing the truncation procedure and convergence 
check suggested by Jenkins16 the values given in Table I 
are obtained.

The Cr042~ ion “self energy,” U s e , is added to U m  to

TABLE  II: Intersection Points of Figure 1

A //f°(C r042-) <70, proton
Intersection Point (g), k j m ol ' 1 units

Na-K(ll) A -6 8 9 .5 -0 .6 9
Na-K(I) B -7 0 1 .0 - 0 . 6 6

Na-Rb C -7 0 7 .1 -0 .5 7
N a-C s D -7 0 5 .6 -0 .5 9
Average (all points) -703  .0 -0 .6 3
Average (A,C,D) -7 0 3 .7 -0 .6 2
Average (B,C,D) -7 0 4 .6 -0 .6 1

generate dn equation for ì /elec- The equations involved
take the usual forms2

M  - ¿
1=0

(7)

um = X BJ(h i
1=0

(8)

ŜE — c k<hkfe=l
(9)

^ELEC — B 0 +  X  (Bf + Cl)1!« 1 = B0 +
0

X  D mq  o'"

( 1 0 )
The dispersion energy, IIu, is calculated employing the for-
mulae

I'd = \ i  c ^ s r  + C ..V -]  + c t_S6*- (11)

where
C++ = 0 .7 5  e t <V ( 1 2 )

C „  = 0 .7 5  e . « . 2 (13)

C+_ = (1.5€+€.a+a_)/(e+ + e j  (14)
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TABLE  III:  Calculation of Absolute Oxide Ion Affinity of C r0 3 and Estimate for S 0 3

Average A  ° 2~r03

A °r03
o_ 1, kj mol"

A//{(Cr<V-)(g) 
(this work),ftA//f°(02“)(g) A//f0(Cr03)(g)

-1224 ± 46 -1244 ± 63 925 ± 63° —385.8d -705
* -1202 ± 29 883 ± 296 -385.8" -705

-1227 90 8C -385.8" -705

A ° 2' a so3 ", k j mol"1

Average. A  ° 2" ■'*so3 A77£0(02")(g) Atff°(S03)(g) A//£(S042")(g)

-1242 ± 46 -1270 ± 63 925 ± 63“ -395.72" -741"
-1236 ± 63 925 ± 63° -395.72" -707'
-1279 ± 63 925 ± 63° -395.72" -750*
-1228 ± 29 883 ± 296 -395.72" -741"
-1194 ± 29 883 ± 296 -395.72" -707'
-1237 ± 29 883 ± 29s -395.72" -750**
-1253 908c -395.72" -741" .
-1219 908° -395.72" -707'
-1262 90 8C -395.72" —750*

a Reference 41. 6 Reference 42. c Reference 43. d Reference 40. e Reference 46. ' Reference 50. * Reference 51.

TABLE  IV: Literature Values for Charge Distribution 
on CrO.42- Ion

Source <7o

R eference 36 - 0 .6 6

R eference 22 -0 .6 9
R eference 37° -0 .6 9
R eferen ces 38, 39 -0 .6 7
Av lit. value -0 .6 7
This work -0 .6 1

a Assigning an oxidation state of Cr0 4 2 ion as +0.78 and linear­
ly interpolating.

V + = 2 ]T (1 //W .)B (15)
t *

S6"  = £ ( l /* C r C r /  (16)

S t  = 2Z ( l/ f ? M+Crft)G (17)
k

where RcrCiy, and î M+Cr* are the distances of the
fth M+ ion and yth Cr atom a reference M+ ion or chromi­
um atom (which is excluded from the summation). c+, the 
characteristic energy of the alkali metal ion M+, is taken as 
0.75 of the second ionization potential of the ion (M+ —► 
M2+), values being taken from Moore.17- t-  is the charac­
teristic energy of the CrCL2- ion, the value of which is 
taken from Von Halben and Litmanowitsch,18 Viste and 
Gray,19 Waggoner and Chambers,20 Campbell,21 and Olea- 
ri, De Michelis, and Di Sipio22 all of whom have examined 
the most intense absorption band in the ultraviolet spec­
trum of the ion and found it to lie at X 270 rn.fi. a + and a- 
are the polarizabilities of the cation and anion, respective­
ly, the former polarizabilities are taken from Mayer23 but 
the latter, have not, to our knowledge, been measured. 
Values of a- for the chromate ion were used which (a) as­
sumed Q_ to be the same as that for an I-  ion and (b)

values of a-  for SCL2- in the corresponding sulfates as cal­
culated by Tessman, Kahn, and Shockley.24 

U r  is calculated using the equation
UR = Un** + UR~  + U f  (18)

where, following Huggins25
ur** = exp(2r+/p) J]exp(— {/p) (19)

i
Ur*- = b c j  exp([r+ + r.]/p )^exp(-R M+0 ,/p) (20)

3 3
Ur~  = 1/2̂ c„'exp(2r./p)[^exp(-R 00 /p) -

k *
exp{-Roo'/p) ~ exp{-R0O.,/p) -  

exp(-ROO'" /p)] (21)
where the model taken for the Cr042- ion consists solely of 
the four oxygen atoms, the chromium ion at the center of 
the tetrahedra not specifically being considered. The 
Huggins radii for the alkali metal ions are well established; 
for the oxygen atoms, comprising the Cr042" ion, a value of 
the “basic radii,” r_ = 1.23 A, is taken from previous work 
on the N03~ ion described elsewhere by Jenkins and Wad­
dington.6 p was taken to be 0.345 A-1. Roo', Roo", and 
Roo"' are the distances between the reference O'10 ion and 
the other three oxygen atoms in the same Cr042- ion unit, 
ft is is a constant and following Pauling26

c j  = [1 + (2q jn f)}  (22)

c j  = [l + (2 qjn_)] (23)
c j  = [1 + (qjnf) + {qjnff] (24)

where q+ is the cationic charge (+1) and n+ the number of 
electrons in the valence shell of the M+ ion (=8). is the 
anionic charge of —2 and n- was assigned the value 8. Com­
bining eq 6 and 10
^POt(^2^1>̂4( =

Bo + i  Dmq0» + UB -  UR = £  E„qo (25)
m=l n= 0
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where
£ 0 = (B0 + UD -  UR) (26)

and
En — Dn for w * 0 (27)

consequently in eq 5
A 0 = E0 + Atff°(M,Cr04)(c) -  2Atff°(M+)(g) ± 3RT

(28)
A, = E, for i * 0 (29)

Figure 1 shows A/if°(Cr042 )(g) as a function of g0.

Results
The alkali metal chromates show various structure

types.2'
Sodium chromate is orthorhombic having a space group, 

Vn17 (Cmcm) and unit cell lengths (a0 = 7.138 A, b0 = 
5.861 A, Co = 9.259 A).28 Potassium, rubidium, and cesium 
chromgtes have the K2SO4 arrangement with the following 
cell lengths: K2Cr04 (ao = 7.61 A,.i>o = 5.92 A, Co = 10.40 
A);29“31 Rb2Cr04 (a0 = 7.983 A, 60 = 6.238 A, c0 = 10.704 
A);32 and Cs2Cr0 4 (a0 = 8.429 A. b0 = 6.302 A, c0 = 11.19 
A).33 Table I cites details of the coefficients and energy pa­
rameters calculated in this work. There are several points 
to note, (i) The value of t/D, the dispersion energy used in 
these calculations, corresponded to the average value of 
t/D(a), calculated assuming the Cr042- ion to have the same 
polarizability as an I-  ion (Mayer23) and a value L'D(b) cal­
culated taking the polarizability for the ion to be that of 
the S042- ion in the corresponding alkali metal sulfate 
(Tessman, et al.24). (ii) For K2Cr04, the value of 
A//)°(K2Cr04)(c) as cited by Muldrow and Hepler34 gener­
ates curve I while the older NBS data generate curve II. 
The fact that the interaction point B is closer to points C 
and D generated by the other chromates suggests that the 
values of Muldrow and Hepler are more reliable. This illus­
trates a feature of this type of calculation, which we have 
noted before,14 namely, that when there are two differing 
values of the lattice parameters or two differing values for 
enthalpy data (as in this case) then from the curves of 
AH f°(Xn~)(g) vs. distributed charge it is often possible to 
make a value judgment between them, (iii) The equations 
for the total lattice potential energies of the chromates take 
the form

UpoT(Na2C r04) = 1792.3 -  76.2g„ -  3.5g02 ( 30)
i/pox(K2Cr04) = 1771.6 + 90.1g0 -  7.5g02 (31)
t/POT(Rb2Cr04) = 1699.2 + 71.5g0 -  5.9g02 (32) 
I/PoT(Cs2Cr04) = 1644.3 + 74.2g0 -  7.0g02 (33)

(iv) Table II gives the ordinates and abcissae of the inter­
section points of the graph of AWf°(Cr042~)(g) as a func­
tion of go.

The average value of AHf°(Cr042- )(g) obtained by using 
the points (B, C, and D) w’hich are generated by using the 
more modern data (avoiding the cider NBS values) is prob­
ably the most reliable.

Accordingly we assign a value for
Atft°(Cr042")(g) = -705 kJ mol' 1 (34)

which is probably accurate to ±20 k.J mol-1, and a value of 
q0 for the chromate ion

g0 = -0.61 proton units (35)
(v) Since data are available for AHf°(CrOs)(g) and 
A//f°(SO:i)(g)40 and for AHf°(02- )(g)41“43 it is possible to

estimate a value for the absolute oxide ion affinity of the 
anhvdro oxyacid CrCt), Acro3o2_

Cr03(g) + 0 2-(g) — ■ CrO;:"(g)
-ic^02-

and for the absolute oxide ion affinity of the oxyacid SO3,
Aso3° 2

S03(g) + 0 2-(g) —  SO,2-(g)
¿S0302-

whereupon

Ac ro °2' = A//f°(Cr042-)(g) -  Atff°(Cr03)(g) -

AH£°(02")(g) (36)

with an analogous equation for Aso3° 2 , and as shown in 
Table III a value of —1224 kJ mol-1 emerges for Acro3° 2 
with a probable error of about ±50 kJ mol-1 and a value of 
— 1242 kJ mol-1 can be estimated for Aso3° 2 with a rather 
larger uncertainty owing to the uncertainty about a value 
for A//f°(S042- )(g).

Discussion

A//f°(Cr042_)(g) is a thermodynamic quantity, the value 
of which has never previously been assigned to our knowl­
edge. The value obtained for q0 seems satisfactory although 
the present work places considerable reliance on the curve 
for Na2Cr04 since this curve is the discriminant, used when 
examining the mutual intersections of the curves. The crys­
tal structure of Li2Cr04, had it been determined, would 
have enabled us to ascertain with even more confidence a 
value for AHf°(Cr042~)(g). The values of (/pcT(M2Cr04), 
the total lattice potential energies, are found to be

£ pot (Na2Cr04) = 1836.5 kJ mol"1 (37)

L pox (K2C r04) = 1713.8 kJ mol"1 (38)

pot (Rb2C r04) = 1653.4 kJ mol"1 (39)

£'pot (CsCr04) - 1596.4 kJ mol"; (40)

and correspond to a value for g0 of -0.61 proton units. The 
only values of lattice energies of chromates which appear in 
the literature are those quoted by Samsanov44 which origi­
nate from Yatsimirskii’s work45 and are, for Na2Cr04, 1979 
kJ mol-1 and, for K2Cr04, 1816 kJ mol-1 and differ from 
the current values by 6- 8%, which is the order of accuracy 
claimed for the Yatsimirskii empirical equation. Agreement 
seems satisfactory.

Values of —705 kJ mol-1 for AHf°(Cr042~)(g) and of 
—1224 kJ mol-1 for Acr03°2 cam be compared with an esti­
mated value from —707 to —750 for A/if°(S042_)(g) and of 
— 1242 kJ mol-1 for As03° ”• These figures show clearly 
that CrO?i is a Lewis oxyacid of quantitatively very similar 
strength to SO3 perhaps the strongest uncharged Lewis 
acid known. Unfortunately, at the present time, there are 
insufficient data to make a comparison with M0O3 and 
SeOn possible.

A number of calculations for go exist in the literature. 
These range from semiempirical estimates22-3637 to a full 
ab initio calculation38-39 and our current value is in fair 
agreement with these (Table IV).
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Partial Molal Heat Capacities of Caffeine and Theophylline in Pure Water
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Calorimetric enthalpies of solution of the biochemically important methylated xanthines, caffeine and 
theophylline, to very low concentrations in water have been measured from 288 to 308°K. The temperature 
derivatives of the enthalpies yield the appropriate partial molal heat capacity differences between the 
aqueous solutes and the pure crystalline solids, with values of 100 and 90 cal/deg mol at 298°K for caffeine 
and theophylline, respectively. These results, combined with the estimated heat capacities of the crystal­
line solids, give the anomalously high partial molal heat capacities of 160 and 140 cal/deg mol at 298°K foi 
caffeine and theophylline, respectively, and are evidence of the complex structuring induced by the two so­
lutes. The CH2 group contribution to the partial molal heat capacities deduced from these two xanthines is 
approximately the same as that for various aqueous aliphatic nonelectrolytes, showing that limited group 
contribution predictions for partial molal heat capacities of aqueous nonelectrolytes may be possible when 
more data becomes available.

Introduction

Aqueous methylated xanthines are important biochemi­
cal solutes* with very interesting but poorly understood 
physicochemical properties.2 A previous paper2 included a 
study of the enthalpies of solution of crystalline caffeine in 
pure water at 298°K, as a function of concentration. This 
contribution reports on the partial molal heat capacities of 
caffeine and theophylline at very low concentrations in

pure water via measurement of the enthalpies of solution 
from 288 to 308° K. The interaction of these solutes with 
water and their effect on aqueous solution structure should 
be of particular interest since both xanthines have similar 
pharmacodynamical properties, particularly as diuretics.4

It has been observed that the anomalous partial molal 
heat capacity difference AC°P2 between a pure and a dis­
solved solute at low concentrations in water, or the abso­
lute partial molal heat capacity of the aqueous solute C°p,,
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caffeine theophylline
1,3,7-trimethylxanthine 1,3,-dimethylxanthine

are very sensitive indicators of aqueous solution structure 
changes. The few AC°P2 values for aliphatic nonelectrolytes 
which have been reported to date5-10 are positive, and gen­
erally increase with the size of the nonpolar groups or num­
ber of alkyl groups in the nonelectrolyte. The positive value 
of AC°P2 can be interpreted as evidence of increased struc­
ture induced in the water by the presence of the dissolved 
nonelectrolyte. The systems of aqueous nonelectrolytes 
upon which these conclusions are based include a few al­
kanes, hydrogen bonding hydrophilic low molecular weight 
aliphatic alcohols, alkyl amines,8’9 ethyl acetate,6 ,diro- 
methane,6 and acetic acid.7 This study appears to be he 
first involving the effect of two related heterocyclic 
compounds on water

Experimental Section

The calorimeter and calorimetric procedure have been 
described elsewhere.11 The pure crystalline anhydrous caf­
feine was identical with that used in the previous study'1 
and the anhydrous theophylline was obtained from the Nu­
tritional Biochemical Corp. Elemental analysis of theo­
phylline gave the following percentage results: ealed, C, 
46.85; H, 4.48; N, 31.10; 0, 17.73: found, C, 46.85; H, 4.58; 
N, 30.94; 0, 17.51. In each run 480 g of distilled and deion­
ized water were weighed into the dewar to ±0.05 g.

Results and Discussion
The means of the observed enthalpies of solution of caf­

feine and theophylline in pure water, AH°2 (obsd), with 
their standard deviations are shown in Table I. The very 
low overall final molality in this study ranges from ca. 0.002 
to 0.006 m. No variation in enthalpies over this concentra­
tion range was observed within the limits of the reported 
uncertainties. The enthalpies may thus be considered as 
infinite dilution values, with no evidence of possible 
self-association that may take place at higher concentra- 
tions.2’3’12-14 The calculated enthalpies, AH02 (ealed), in 
keal/mol are from eq 1 and 2 for caffeine and theophylline,

AH°n(caffeine) = 314.6 -  2.1857 + 3.83 x 10'3r 2

(1)
A//°2(theophylline) = 238.9 -  1.6677 + 2.95 x

10'37 2 (2)
respectively, with values of the constants determined via 
least squares. The AC° P2 analytical equations in cal/deg 
mol are obtained directly from ~he temperature derivatives 
of eq 1 and 2:

AC°p2(caffeine) = -  2185 + 7.667 (3)

AC°p2(theophylline) = — 1667 + 5.907 (4)

The difference in values of AC°P2 for the two xanthines 
may be considered as the contribution to AC°P, by a CH2 
group. In the midrange of measurement (298-303°K), eq 3 
and 4 show that this contribution is 10-15 cal/deg mol. Ex-

T A B LE  I: Enthalpies of Solution of Caffeine and 
Theophylline in Pure Water

T. °K
No. of 
runs

AH°2 (obsd), 
keal/mol

AH°2 (ealed), 
keal/mol

288 i i
Caffeine 
3.00 ± 0.06 3.00

298° 22 3.60 ± 0.06 3.61
303 6 4.20 ± 0.12 4.19
308 11 4.97 ± 0.14 4.97

288 10
Theophylline 

3.91 ± 0.07 3.91
293 2 4.12 ± 0.18 4.15
298 5 4.67 ± 0.01 4.54
303 3 4.94 ± 0.03 5.07
308 7 5.80 ± 0.19 5.76

0 Reference 3.

amination of heat capacity data for low molecular weight 
aliphatic alcohols and amines,8'9 alkyl ammonium, and 
fatty acid salts10 shows that. AC°P2 increases by approxi­
mately 15 caVdeg mol per CH2 group added. It appears 
then that the CH2 group contribution is approximately 
constant, whether in an aliphatic or heterogeneous aromat­
ic ring compound. In this connection it may be noted that 
measurements with the biochemically similar isomer of 
theophylline, theobromine (3,7-dirne hylxanthine), were 
unsuccessful because of the very slow rate of dissolution in 
water. However, in view of the observed regularity, it can 
be assumed that the heat capacity behavior and conse­
quently the effect on aqueous solution structure of the two 
isomers may be the same or very similar.

It would be desirable to obtain absolute values of the 
partial molar heat capacities C°P2 of the aquec us solutes by 
combining AC°p2 with the heat capacity of the crystalline 
solids C°P2(s): C°P2 = AC°P2 + CP2(s). However, direct ex­
perimental values of CP2(s) are not available for caffeine 
and theophylline. Estimated values of CP2(s) at 298°K were 
calculated as follows: CP2(s) (caffeine) = CP2(s) (xanthine) 
+ 3CP2(s) (CH2) and CP2(s) (theophylline) = CP2(s) (xan­
thine) + 2CP2(s) (CH2), where CP2(s) (CH2) is the CH2 con­
tribution to the heat capacity of the solid. The experimen­
tal value of CP2(s) (xanthine) is 36.5 cal/deg mol.15 The cal­
culated value of Cp2(s) (CH2) was obtained from the differ­
ence between the experimental values of the heat capacities 
of crystalline 2-methylnaphthalene and naphthalene:16 
CP2(s) (CH2) = CP2(s) (2-methylnaphthalene) — CP2(s) 
(naphthalene) = 47.2 — 39.7 = 7.5 cal/deg mcl. In this way 
the estimated values of CP2(s) were calculated to be 59 and 
52 cal/deg mol for caffeine and theophylline, respectively. 
It may be noted that Kopp’s 100 year old rules on additiv­
ity of atomic heat capacities17-19 yield values within 2 cal of 
the above more reliable estimates. Thus at 298°K, rounded 
off C°P2 is 160 and 140 cal/deg mol for caffeine and theo­
phylline, respectively. These remarkably nigh positive 
values show the large degree of structuring induced by 
these two molecules. Equations 3 and 4 also show that 
AC°P2 for both systems increases sharply with temperature, 
contrary to the behavior generally observed for low molecu­
lar weight aliphatic nonelectrolytes which show negative 
temperature coefficients of AC°P2 (methanol excepted8). 
The lack of data for other systems and possible inflection 
points over wider temperature spans preclude any satisfac­
tory models at this time.
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Partial Specific Volumes in Highly Concentrated Protein Solutions, 
i. Water-Bovine Serum Albumin and Water-Bovine Hemoglobin
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Measurements of the specific volume of highly concentrated and salt-free solutions of bovine serum albu­
min (BSA) and bovine hemoglobin (Hb) at 25° were carried out by using a digital densimeter. The protein 
mass fractions in the binary mixture were determined by measuring the dry weight with an accuracy of bet­
ter than 0.01%. We found that the specific volumes of both solutions are not linear functions of the protein 
mass fraction. There exist very small deviations from linearity, more in BSA solutions than in Hb solu­
tions. The data were approximated by a power series. The partial specific volumes for water and hydrated 
proteins were determined with the aid of this power series. The partial specific volume of water increases 
with increasing protein mass fraction. The maximum increase for BSA solutions is about 0.4% (at 0.34 BSA 
mass fraction) and for Hb solutions about 0.3% (at 0.44 Hb mass fraction). According to this increase there 
is a decrease of the partial specific volume of the hydrated proteins. We found for the partial specific vol­
ume of BSA in infinitely diluted solution a value of l b s a ”  = 0.73604 cm3 g-1 and for Hb L’Hb" = 0.75460 
cm3 g-1.

I. Introduction
Measurements of the specific volume of highly concen­

trated protein solutions were not of particular interest in 
the past. As only the limiting values vp°° of the partial spe­
cific volume of protein in infinitely diluted solutions were 
needed, measurements were made only with rather diluted 
protein solutions. Because of the increasing interest in the 
state of water in the living cell and in protein solutions of 
physiological concentrations measurements of the specific 
volume may now have a new bearing. However, until now 
there has been no report of a concentration dependence of 
the partial specific volumes in protein solutions.13

In order to understand better the behavior of water in 
the living cell, many experiments have been reported in sci­
entific literature. As was resumed by Pauly,4 measurements 
of some properties of protein solutions, e.g., the dielectric 
constant and the electrical conductivity (Pauly and 
Schwan5), the heat of melting (Hasl and Pauly6 7), and the

partial specific heat (Milber8), have led to the result that 
approximately 0.2-0.4 g of water per gram of dry protein 
are bound in mixtures of protein and water, and the rest 
behaves like normal water.

After Kratky et al.9 had developed the digital densime­
ter, it has become possible to measure easily and with suffi­
cient accuracy the specific volume of small amounts of 
highly viscous solutions. However in order to detect 
changes of the partial specific volumes, the protein concen­
tration of the solutions has to be determined with an accu­
racy of 0.01% or better. We determined the partial specific 
volume L'w of water in bovine erythrocytes and stated a 
small, but significant increase of vw in erythrocytes.10 As 
we were not able to separate the influence of the proteins 
from that of the salts on the partial specific volume of 
water, we used salt-free protein solutions as simple models 
and measured their specific volume. The results given in 
this paper show that the removal of water from protein so­
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lutions is followed by an increase of the partial specific vol­
ume of water and by a corresponding decrease of the par­
tial specific volume of the hydrated proteins.

II. Experimental Section
Proteins. Bovine serum albumin (BSA) was supplied by 

the Behring Werke (Marburg). Aqueous solutions with a 
BSA mass fraction of 0.1 were prepared, deionized (con­
ductivity below 5 X 10-6 il-1 cm-1), and then lyophi- 
lized.7,11 The freeze dried BSA was used for preparing solu­
tions with a mass fraction of about 0.25; we degassed the 
solutions and after having removed the foam we concen­
trated these solutions at 18-20° ir_ a rotatory vaporizer, Ro- 
tavapor-R of Btichi. In its final state the BSA mass fraction 
was about 0.33. The final solutions were viscous like honey 
and without air bubbles and foam. All other samples were 
prepared by diluting the solutions with water. After careful 
mixing, each sample was degassed Qnce more before the 
measurement of the specific volume. *

Bovine hemoglobin (Hb) was prepared by first using the 
techniques of Drabkin12 and Hinson.13 The hemoglobin so­
lution, free of particles, which was obtained by this meth­
od, was then deionized and concentrated by applying a 
technique developed by Pfister and Tretter.14 For the 
deionization the ion-exchange mixed-bed resin AG 501-X8 
(D) of Bio-Rad Corp. was used. The conductivity of the he­
moglobin solutions (10 wt % Hb) was smaller than 5 X 10-6 
fl-1 cm-1. In order to concentrate the solutions, a Sartorius 
ultrafiltration system was used. Solutions with a Hb mass 
fraction up to 0.44 were obtained.15 Small samples of the 
final solution were packed into plastic bags, frozen, and 
stored at -30° for further experiments. After having 
thawed a sample we diluted it step by step with water for 
the measurements of the specific volume. In measuring the 
optical density there was no indication of methemoglobin. 
Furthermore a gel filtration (using Sephadex G 150) proved 
that there was no denaturation of the hemoglobin by bro­
ken or aggregated Hb molecules.16

Measurements of the Specific Volume. The specific vol­
ume (reciprocal density) of the protein solutions was mea­
sured at 25° by using the digital densimeter DMA-02 of 
Heraeus/Paar developed by Kratky et al.s In this densime­
ter an exactly defined volume of the sample takes part in 
the undamped oscillation of a mechanical oscillator, there­
by changing its natural frequency. Two thermostats pro­
vided an accuracy of the temperature of 0.01°. The densim­
eter was calibrated with air and water. In order to check 
the linearity of the scale we measured the specific volume 
of mercury. The specific volume of mercury is tabulated17 
as c>Hg = 0.073890 cm3 g-1 at 25°. We measured a value of 
v Hg = 0.073886 ± 1 X 10-6 cm3 g-1. Furthermore, we mea­
sured the specific volume of a concentrated NaCl solution 
(NaCl Suprapur of Merck) with a mass fraction of 
0.200015. We measured a value of u = 0.873105 ± 1 X 10-5 
cm3 g-1 at 25°. The extrapolated value taken from the In­
ternational Critical Tables is v = 0.873126 cm3 g-1. By 
comparing these two measurements we feel sure that the 
deviation of 2 X 10-5 for the NaCl solution is not due to a 
nonlinearity of the scale. We therefore conclude from the 
experiments that we can measure the specific volume near 
the calibration point “water’ in the range between 
1.002964 cm3 g-1 (the specific volume of pure water at 
25°18) and 0.8 cm3 g-1 to better than 10-5 without system­
atic deviation. The main error source was small invisible air 
bubbles in the samples. Therefore those measurements

were discarded for which no constant value for the specific 
volume could be attained, or for which a too large value of 
the specific volume was obtained compared with the corre­
lation specific volume-protein mass fraction, which was 
calculated later (for details of this procedure see section
III).

Dry Weight Determinations. The protein mass fraction 
of the solutions was determined by measuring the dry 
weight. Because of the high accuracy of the density mea­
surements the determination of the dry weight was made 
very carefully and was more accurate than described in lit­
erature so far. All weight determinations were carried out 
with a Cahn gram electrobalance. In order to improve pre­
cision and accuracy, a portion of the sample weight was 
tared and fine electrical ranges were used. The sample con­
tainers of a volume of 1 ml were made of aluminum foil and 
possessed empty weights of about 45 mg (weight accuracy 5 
/xg). After each density measurement a container was filled 
with sample solution, until a total weight of ca. 1 g was 
reached. The water evaporation during filling and weighing 
was taken into consideration (weight accuracy 0.05 mg). 
Then the samples were placed into weighing bottles. The 
drying of the samples was carried out in a similar way as 
described by Hunter.19 Freeze drying over P>Os was fol­
lowed by drying at 110° in a vacuum oven for 48 hr. After 
the drying process air was allowed to enter the oven 
through a drying tube filled with P20 5. Then the bottles 
were capped as quickly as possible while still in the oven at 
110°. The bottles were transferred into a special glove box 
made from lucite which contained vessels with P2O5 and 
the weighing assembly of the Cahn gram electrobalance. 
The weighing bottles were opened 24 hr later and the sam­
ples were weighed (weight accuracy 0.01 mg). The weights 
did not change during the weighing process.

It was stated19 that the drying process in ‘.he vacuum 
oven without P2O5 must be repeated three or four times 
until the dry weight reached a nearly constant value within 
our accuracy. This could be avoided by using P2O5 in the 
vacuum oven. The P2O5 was in an open vessel and covered 
with a thick layer of glass wool. For the second drying pro­
cess we used this method with P2O5.

For the weighing process we calculated an error smaller 
than 0.002% for the value of the protein mass fraction. 
When comparing the measured values with the relation be­
tween specific volume and mass fraction one can determine 
a mean deviation of the points from the mean value of 
about 0.005 to 0.01%. Because the accuracy of the density 
measurements is better by a factor 10 this must be due to 
the incomplete removal of water during the drying process 
and perhaps to the adsorption of water when determining 
the dry weights (see Discussion).

III. Results
Bovine Serum Albumin Solutions. Table I shows the 

values of the specific volume v (reciprocal density) and of 
the mass fraction w (g of protein/g of solution) of the bo­
vine serum albumin (BSA) gained by 113 measurements 
(we used the symbol wp = w for the protein mass fraction 
and u>w = 1 — w for the water mass fraction).

As is shown later, the values empirically obtained were 
fitted in a least-squares curve. By comparing this curve 
with the data, those values were graphically discarded 
whose deviation from the calculated curve was larger than 
0.02%. For this procedure Figures 1 and 2 were used. Al­
most all discarded points (about 10% of all points were dis-
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T A BLE  I: Specific Volumes and Protein Mass 
Fractions of Salt-Free Solutions of Bovine Serum 
Albumin at 25° “ ________________________

Protein
mass

fraction
IV

Specific 
volume 

v , cm3 g"!

Protein
mass

fraction
U '

Specific
volume

v ,  cm1 g"1

0.00031 1.00289 0.12786 0.968822
0.00039 1.00286 0.1308 0.96793
0.00078 1.00276 0.137 0.96637
0.00144 1.00259 0.13715 0.966337
0.002125 1.002386 0.14231 0.964846
0 .0 0 2 1 2 1.002384 0.1432 0.964715
0.00234 1.002386 0.1489 0.96312
0.003876 1.001922 0.1524 0.96217
0.006348 1.001281 0.1545 0.96156
0.00665 1 .0 0 1 2 0 1 0.15452 0.961516
0.009223 1.000523 0.1573 0.96077
0.00974 1.000385 0.1597 0.96011
0.0104 1 .0 0 0 2 0.1628 0.95936
0.01219 0.999726 0.16452 0.958834
0.012687 0.999604 0.1654 0.95862
0.015749 0.998774 0.1682 0.957841
0.015799 0.998752 0.1688 0.95768
0.0159 0.99874 0.1716 0.9570
0.01977 0.997726 0.1733 0.95648
0.019955 0.997641 0.17657 0.955611
0.02123 0.99733 0.17753 0.955299
0.02405 0.996561 0.18515 0.953307
0.025032 0.996298 0.19558 0.950456
0.0272 0.99574 0.19779 0.949856
0.02800 0.995507 0.20609 0.947658
0.029988 0.994955 0.21353 0.945633
0.03152 0.994532 0.21860 0.944272
0.03312 0.994199 0.22242 0.943265
0.0338 0.994 0.23271 0.940472
0.035633 0.993466 0.24191 0.937956
0.035794 0.993431 0.24914 0.936010
0.040545 0.992132 0.25766 0.933643
0.04209 0.991707 0.26237 0.932383
0.04328 0.991453 0.26676 0.931210
0.0475 0.99033 0.27297 0.929419
0.051126 0.989301 0.27984 0.927626
0.0540 0.98857 0.28192 0.927041
0.05784 0.987473 0.28866 0.925117
0.061489 0.986547 0.29296 0.923969
0.0633 0.98606 0.29535 0.923328
0.064548 0.985754 0.30244 0.921237
0.0730 0.98345 0.30372 0.920952
0.07365 0.983263 0.31044 0.919068
0.073784 0.983251 0.31279 0.918474
0.0819 0.98104 0.31415 0.917975
0.08631 0.979921 0.31592 0.917556
0.086431 0.979881 0.31732 0.917189
0.08913 0.979093 0.32024 0.916155
0.0911 0.97865 0.32199 0.915856
0.0983 0.97674 0.32341 0.915327
0.10173 0.975786 0.32667 0.914561
0.10436 0.975014 0.32749 0.914225
0.10552 0.974824 0.32827 0.913978
0.11640 0.971E93 0.32922 0.913836
0.11882 0.9711 0.33125 0.913240
0.1234 0.96994 0.33728 0.911260
0.12695 0.969C81

a Less accurate values are included, they are the result from our 
first measurements.

Figure 1. Experimental deviations Avi of the individual values v, of 
the specific volume from the linear part of the function in eq 1 , Av; 
=  Vi — vw° — hi w, for B S A  solutions. The smooth curve is a repre­
sentation of the specific volume by eq 3.

Figure 2. Experimental deviations A ^  of the individual values v, of 
the specific volume from the linear part of the function in eq 1, A Vj 
=  V| — vw° — b, w, for Hb solutions. The smooth curve is a repre­
sentation of the specific volume by eq 4.

carded) were above the calculated curve, indicating thus 
those samples whose density was measured too low or 
whose dry substances contained traces of water. The re­
maining 113 points are given in Table I. These values were 
then used for all further calculations.

Bovine Hemoglobin Solutions. The values of the specific 
volume and the protein mass fraction of bovine hemoglobin 
solutions (Hb) gained by 72 measurements are shown in 
Table II.

Mathematical Description. It was stated that the specif­
ic volumes v were not linear functions of the protein mass 
fractions w, but that the specific volume slightly deviated 
negatively from a straight line. We therefore tried a least- 
squares fit of the experimental data using power series of 
the form

v(w) = (1)
i=1

uw° = 1.002964 cm3 g-1 is the specific volume of pure water 
at 25° (we used the improved value tabulated by Bigg18). 
We found that the small experimental deviations Au, of the 
individual values v, of the specific volume from the linear 
part of the function in eq 1

Ai>j = vi -  vw° -  bpv (2)
cannot be approximated with a desired accuracy by a single 
term bjug, j  < 2, in case of BSA solutions. Two coefficients
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T ABLE  II: Specific Volumes and Protein Mass 
Fractions of Salt-Free Solutions of Bovine 
Hemoglobin at 25°

*  Protein 
mass 

fraction
w

Specific 
volume 

v ,  cm3 g"1

Protein
mass

fraction
IV

Specific
volume

v, cm3 g“1

0.0022725 1.002406 0.14554 0.966813
0.002676 1.002308 0.15863 0.963535
0.0035377 1.002071 0.16275 0.962515
0.004449 1.001866 0.17018 0.960699
0.0047911 1.001785 0.18092 0.957994
0.0067576 1.001301 0.19580 0.954347
0.007995 1.000998 0.20282 0.952552
0.0098825 1.000527 0.20502 0.952050
0 .0 1 0 2 2 2 1.000445 0.22577 0.946846
0 .0 1 1 0 1 1 1.000254 0.23148 0.945386
0.014250 0.999448 0.25217 0.940222
0.014603 0.999360 0.26749 0.936391
0.015434 0.999134 0.26782 0.936363
0.017930 0.998524 0.28157 0.932948
0.021558 0.997614 0.28645 0.931699
0.021822 0.997540 0.30708 0.926576
0.025210 0.996709 0.32756 0.921461
0.028558 0.995882 0.33260 0.920193
0.030533 0.995397 0.34401 0.917363
0.032075 0.995010 0.34563 0.916926
0.032522 0.994888 0.35719 0.914119
0.040503 0.992941 0.36785 0.911255
0.041267 0.992724 0.37945 0.908395
0.046541 0.991404 0.38462 0.907130
0.051237 0.990216 0.39016 0.905680
0.055541 0.989156 0.39560 0.904282
0.056503 0.988951 0.40252 0.902625
0.67361 0.986258 0.40836 0.901113
0.076504 0.984010 0.41696 0.898817
0.076536 0.983965 0.41794 0.898484
0.092195 0.980069 0.42362 0.897355
0.099194 0.978399 0.42761 0.896084
0.09938 0.978292 0.42780 0.896025
0.11580 0.974181 0.42878 0.895826
0.11880 0.973490 0.43260 0.894834
0 .1 2 2 1 1 0.972661 0.43888 0.893257

bj, however, are sufficient. Values of the coefficients bj, 2 < 
j  < 5, are shown in Table III for BSA solutions and in 
Table IV for Hb solutions. Furthermore, the sixth column

lists the sums of the squares of the deviations between the 
observed and the calculated values. As can be seen, the lin­
ear part of eq 1 only leads to a poor fit of the data, but the 
use of one more coefficient bj, j  >- '2, gives a better fit. The 
fit can even be improved by using a coefficient of a higher 
order. Only a small further improvement of the fit can be 
obtained by adding two more coefficients to the linear part 
of eq 1.

We have chosen a power curve with the coefficients b2 
and 65 by two reasons. First, the sum of the squares of the 
residues is smaller (for BSA solutions) or (for Hb solutions) 
comparable to that of other combinations of coefficients. 
Second we demand the same sign for all coefficients by 
physical perception, because it can be shown that only with 
this assumption the partial specific volumes are smooth 
functions without turning point of the protein mass frac­
tions.

The best fit found for BSA solutions is 
v = 1.002964 -  0.266929?c -  0.004559«'2 -

0.213153zt>5 0 ~ w = 0.34 (3)
and for Hb solutions
v = 1.002964 -  0.248364ZC -  0.00001514m-2 -

0.04285zc5 0 = w = 0.44 (4)
In order to estimate our fitting we plotted the deviations 
Au¡ in Figure 1 for BSA solutions and in Figure 2 for Hb so­
lutions, as defined in eq 2, vs. the protein mass fraction w.

The smooth curves correspond to the functions
= b2iv2 + (5)

Both figures show the quality of our fit and furthermore 
the accuracy of our measurements. The maximum values 
for An are An = —1.5 X 10~3 cm3 g-1 (»0.17%) for BSA so­
lutions with a BSA mass fraction of 0.34, and An = —0.7 X 
10-3 cm3 g_1 (»0.078%) for Hb solutions with a Hb mass 
fraction of 0.44.

Evaluation of the Partial Specific Volumes. By using 
the relation for the partial specific volume uw of the water20

and of the protein, vp, in a binary mixture

v„ = v + (1 -  ® ) ( | ^ )  TiP 

one obtains from eq 6, 7, and 3 for BSA solutions

T A BLE  III: Coefficients for the Representation of the Specific Volume by Eq 1 and the Sums of the Squares of the
Deviations between the Observed and the Calculated Values for BSA  Solutions

6, 63- £ [  Vi -  ('(«’j) ]2

-0.269532 0 0 0 0 56.613 x 10‘7

-0.265213 -0.016458 0 0 0 6.274 x lo ' 7

-0.266800 0 -0.036847 0 0 4.027 x 10' 7

-0.267354 0 0 -0.099684 0 3.355 x 10"7

-0.267646 0 0 0 -0.285720 3.407 x 10' 7

-0.267527 0.00714 -0.052304 0 0 3.807 x 10' 7

-0.267156 -0.001437 0 -0.091505 0 3.330 x 10‘7

-0.266926 -0.004559 0 0 -0.213153 2.977 x: 1 0 - 7

-0.267372 0 0.001107 -0.102643 0 3.355 x: I 0 - 7

-0.267332 0 -0.012945 0 -0.187821 3.162 x 10' 7

-0.267478 0 0 -0.056242 -0.125030 3.278 >: 10‘‘
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TA BLE  IV: Coefficients for the Representation of the Specific Volume by Eq 1 and the Sums of the Squares of the
Deviations between the Observed and the Calculated Values for Hb Solutions

ft, b2 ft3 ft, ft5 M fçT i jr

-0.249271 0 0 0 0 11.705 X IO' 7
-0.247282 -0.005549 0 0 0 2.757 x 10-7
-0.247967 0 -0.009608 0 0 1.942 x IO"7
-0.248224 0 0 -0.019784 0 1.553 x 10-7
-0.248367 0 0 0 -0.042951 1.381 x IO"7
-0.248742 0.005664 -0.01886 0 0 1.674 x 10-:
-0.248505 0.001490 0 -0.024567 0 1.502 x IO"7
-0.248364 -0.00001514 0 0 -0.042850 1.381 x IO' 7
-0.248468 0 0.008274 -0.036370 0 1.449 x IO"7
-0.248420 0 0.001143 0 -0.047807 1.375 x IO' 7
-0.248436 0 0 0.008731 -0.061661 1.362 x 10-7

Figure 3. Calculated values of the partial specific volume vw of Figure 5. Calculated values of the partial specific volume vp of the 
water by eq 8 for B S A  solutions and by eq 10 for Hb solutions. protein by eq 11 for Hb solution.

Figure 4. Calculated values of the partial specific volume vp of the 
protein by eq 9 for B S A  solutions.

vv = 1.002964 + 0.004559«'2 + 0.852612«'5 (8)
vv = 0.736035 -  0.009118«' +

0.004559«'2 -  1.065765«'4 + 0.852612«’ (9)
For Hb solutions one obtains from eq 6, 7, and 4

r w = 1.002964 + 0.00001514«'2 + 0.1714«’5 (10)
rp = 0.756400 -  0.00003028« +

0.00001514zr2 -  0.21425«4 + 0.1714«'5 (11)
The partial specific volumes and their dependence on the 
protein mass fraction, resulting from eq 8-11 and plotted 
by an electronic plotter, are shown in Figures 3-5.

Errors in the Evaluation of the Partial Specific Vol­
umes. For the errors in the partial specific volume we ob­
tain from eq 6 and 7

6vv = 5vw = J ( 5v)2 + (12)

By assuming an error of fiv = 10-5 cm3 g_1 in the specific 
volume and an error of 5v = 10-4 in the protein mass frac­
tion, we obtained for BSA solutions values of Svp = Svw be­
tween 2.8 and 3.0 X  10~5 cm3 g_1, depending on the mass 
fraction, and for Hb solutions values of Sup = Svw between
2.7 and 2.8 X  10-5 cm3 g-1.

The errors calculated for Ao are of the same order. We 
can compare these errors with the root mean square devia­
tions between the observed and the calculated values of the 
specific volumes. They can be calculated by means of the 
sixth column of the Tables III and IV. We found Sv = 5.2 X 
10-5 cm3 g_1 for BSA solutions and Su = 4.4 X 10-5 cm3 g_1 
for Hb solutions.

IV. Discussion

The least-squares fit of the measured results was purely 
mathematically without considering any model of interac­
tion between water and protein. Two criteria let us choose 
the coefficients: first a minimum value of the sum of the 
square deviations between the observed and the calculated 
values, second the physical perception of that the partial 
specific volumes should be smooth functions without turn­
ing point of the protein mass fractions. We believe our fit­
ting is good enough so that nothing or little of the concen­
tration dependence of the partial specific volumes calculat­
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ed in this paper will be changed whatever physical model of 
interactions between water and protein, or among water 
molecules or hydrated protein molecules themselves may 
be found later. Furthermore, we believe that eq 3 and 4 can 
be used in order to determine the protein concentration of 
salt-free solutions of BSA or Hb, respectively, more accu­
rately than previously.

As far as we know, there has been no description in the 
literature which dealt with the concentration dependence 
of the partial specific volumes in highly concentrated salt- 
free protein solutions found by us.1“3 Although Pilz and 
Czerwenka3 used solutions with protein concentrations up 
to 220 mg/cm3, they could not observe a dependence of the 
specific volume on the concentration. However, we are sure 
that our accuracy in determining the protein concentration 
is absolutely necessary to detect small values of Au (our ac­
curacy is more precise by two orders of magnitude). Fur­
thermore, We used solutions up to much higher protein 
mass fractions. If there is salt in the solutions this will 
cause électrostriction |bf the water which will result in an 
opposite effect of the volume to that observed by us with 
pure salt-free protein solutions. The two effects are over­
lapping. Nevertheless, we can detect the volume deviation 
from linearity and separate these two effects within our ac­
curacy.2,3

The ‘ftrue” water content of the dried protein samples is 
an unsolved problem. We are sure that the values of the 
dry weight are reproducible within 0.01%. But according to 
Huber21’22 one has to reckon with up to 20 molecules of 
water which are tightly bound within a protein molecule of 
a molecular weight of approximately 20,000. It is possible 
that this number is different for various kinds of proteins. 
However, one may consider the fact that only the hydration 
water (reproducible within 0.01%) may be removed during 
the drying process, but the water molecules within the pro­
tein structure may not be removable. Therefore one may 
define a “true” value wp of the protein mass fraction wp = 
[(1 -  w)/( 1 — ww)\w, where w = mvi'/(mv'+mp') (mp is the 
“true” mass of the dry protein; mw' is the mass of water 
within the protein molecule). Each coefficient b„ is growing 
by a factor [(1 — ww)/( 1 — üj)]" = An. By using w = 0.001 
and w = 0, one obtains A = 1.01, and by using w = 0.01 and 
w = 0.4, A = 1.006. We found out that the removal of water 
from protein solutions is a process accompanied by an in­
crease of the partial specific volume vw of water (see Figure
3). The reason may be a changed interaction among the 
molecules at higher protein concentrations, i.e., interac­
tions between water and water, between water and hydrat­
ed protein, and among the hydrated protein. The increase 
of vw hints at a growing order with the water molecules by 
protein concentration, which may be due to the so-called 
Frank-Evans24 water structures around nonpolar groups.

One can understand the negative volume deviations ob­
served by us by considering the following model. We as­
sume that water exists at least in two states with different 
properties (“hydrated” and “free" water). Caused by Brow­
nian molecular movement, there exists for every concentra­
tion a certain probability that the hydrated protein mole­
cules build dimers and aggregates of higher order for a 
short time. During this process a part of water in the over­
lapping hydration shells may go into the free water and 
may change its properties. Assuming a larger value for the 
specific volume of the hydrated water than that of free 
water, the specific volume of the protein solution will show 
a negative deviation from linearity on the increase of pro­

Partial Specific Volumes in Aqueous BSA and Hb Solutions

tein concentration. Measurements of the specific volume at 
different temperatures could be a test for this model. As re­
sults from calorimetric measurements8’25 the amount of hy­
dration water increases with decreasing temperature. This 
could also show in the deviation of the specific volume of 
protein solutions from linearity.23

Similarly negative changes of an excess function for the 
specific volume were observed by Bpje and Hvidt26 with 
polymer solutions. The excess function for the specific vol­
ume defined by Bpje and Hvidt is based on 1 g of the poly­
mer, in our case Au is based on 1 g of solution. We used this 
function in order to show the deviation of the specific vol­
ume from a straight line.

The increase of uw is larger in BSA solutions than in Hb 
solutions. This may partly be a consequence of the elongat­
ed form of the BSA molecules, which form also is probably 
responsible for the high viscosity of salt-free BSA solu­
tions. Another possibility which cannot be excluded,27 is 
that the increase of uw is caused by the small change of pH 
of the salt free protein solutions during the dilution with 
water.23-30 The maximum increase of v,„ for BSA solutions 
is about 0.4% (at 0.34 BSA mass fraction), and for Hb solu­
tions about 0.3% (at 0.44 Hb mass fraction). According to 
the increase of uw there is a decrease of the partial specific 
volumes up of the hydrated proteins (see Figures 4 and 5). 
Our value of dbsa“ = 0.73604 cm3 g_1 for the hydrated 
BSA in infinitely diluted solutions is within the range given 
in literature. Among the publications of the last 10 years 
there is one by Hunter19 who found a value of ubsa" = 
0.7348 cm3 g_1, and one by Bull and Breese1 who found a 
value of l>b s a ”  =  0.7376 cm3 g_1. We found a value of i ’ H b “  

= 0.75460 cm3 g_1 for hydrated bovine oxyhemoglobin in 
infinitely dilute solutions. We have been unable to find a 
value for vp of bovine oxyhemoglobin in the literature. Bull 
and Breese1 found i>Mb = 0.7583 cm3 g_1 for bovine methe- 
moglobin. Recently Behlke and Wandt28 also published a 
value for bovine meihemoglobin of about 0.7503 cm3 g_1 at 
25°. There is a value of 0.758 cm3/g for the specific volume 
of dry BSA which was determined by Berlin and Pal- 
lansch29 by helium at 25°. This signifies that the function 
v(w) must have a turning point w’hich may appear between 
w = 0.5 and w = 0.7. For the partial specific volumes this 
signifies that between w = 0.5 and w = 1, vp shows an in­
crease and uw a decrease with protein concentration. We 
feel, at the present time, that we should not speculate 
about this as long as we know so little about what happens 
with the volume of a “dry” protein molecule when it is dis­
solved in water.
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Temperature Dependence of Excess Thermodynamic Properties of n-Heptane-Toluene, 
Methylcyclohexane-ToSuene, and n^eptane-Methylcyclohexane Systems1
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Heat capacities of the following pure components and mixtures were determined by adiabatic calorimetry: 
n- heptane (182-312 K), methylcyclohe ;ane (144-312 K), toluene (162 -312 K), five mixtures of n-heptane 
and toluene (132-312 K), five mixtures of methylcyclohexane and toluene (162-312 K), and one mixture of 
rt-heptane and methylcyclohexane (182-312 K). These data were used to compute the molar excess ther­
modynamic functions CPE, GE, HFi, and SE of the mixtures over the temperature range of the heat capacity 
measurements. Densities of the pure components and their tt-.ixtures were measured at 293.13 K; excess 
volumes were derived from these data. The derived excess thermodynamic properties of the n-heptane-tol­
uene and methylcyclohexane-toluene systems were interpreted using the conformal solution theory, a 
theory of Rowlinson and Sutton assuming directional intermolecular forces, and a theory by Flory for 
mixtures of nonspherical molecules. Only the theory of Rowlinson and Sutton was able to explain the ob­
served Temperature dependence of the excess thermodynamic functions, which suggests that directional 
forces are important in these systems. However, the theory of Flory succeeded best in predicting the ob­
served excess volumes.

Introduction
The dependence of excess thermodynamic properties of 

binary liquid mixtures on composition has been investi­
gated by many workers.4-6 Many of the results are summa­
rized in monographs by Rowlinson7 and Prigogine.8 Most 
of these studies are limited to one temperature or a narrow 
temperature range. Clearly, more information could be ob­
tained by studying the dependence of these properties on 
both composition and temperature for selected systems. 
Such studies have been made by Hwa and Ziegler9 and 
Brown10 for several alcohol-hydrocarbon systems.

The n-heptane-toluene and methylcyclohexane-toluene 
systems were selected as suitable representatives of two im­
portant classes of mixtures: aliphatic-aromatic and alicy- 
clic-aromatic hydrocarbons. Limited measurements were 
also made on the n heptane-methylcyclohexane system. 
Such mixtures are of technical interest because they occur 
frequently in petroleum processing. The low freezing points 
of all components permb the determination of excess ther­
modynamic properties over a wide temperature range. A 
point of special interest is that at room temperature, the 
«-heptane- toluene and methylcyclohexane-toluene sys­

tems show relatively high values of HE, GE, and SE 11-14 
whereas the n-heptane-methylcyclohexane system is al­
most ideal.1115

Since the excess thermodynamic functions GE, HK, SE, 
and CPE are related by thermodynamic equations it is suffi­
cient to determine the temperature dependence of one of 
these properties to establish the temperature dependence 
of the other properties. It was chosen to measure the heat 
capacities of the pure components and their mixtures and 
to derive excess heat capacities from these data. The other 
excess properties were then obtained from CPE by integra­
tion.

Experimental Section
Heat Capacity Measurements. The heat capacity mea­

surements were carried out in a precision adiabatic shield 
calorimeter similar in design to the one described by Scott, 
et a /.16 The calorimeter has been described elsewhere17 and 
has been used previously for liquid heat capacity measure- 
ments.910'17-18 The cryostat assembly was surrounded by a 
constant temperature bath. Depending on the temperature 
of measurement, four different baths were used: liquid ni­
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trogen up to about 201 K, ethanol-solid C02 from about 
195 to 279 K, ice from about 273 to 298 K, and water from 
about 292 to 312 K. The overlap between adjacent temper­
ature ranges was necessary to verify that the change in 
bath temperature did not significantly affect the measure­
ments. The sample temperature was measured with a plati­
num resistance thermometer which had been calibrated by 
the National Bureau of Standards on the International 
Practical Temperature Scale of 1948 (IPTS-48). The tem­
peratures were converted to the International Practical 
Temperature Scale of 1968 (IPTS-68) using the difference 
between the two scales tabulated by Barber.19 For the con­
version from degrees Celsius to kelvins, the relation T(K) = 
i(°C) + 273.15 was used. All temperatures are reported on 
IPTS-68 unless otherwise noted. The molecular weights are 
based on the C 12 scale: n-heptane, 100.206; methylcyclo- 
hexane, 98.190; and toluene, 92.142.

For the heat capacity measurements the calorimeter can, 
which had a liquid volume of about 160 cm3, was filled with 
about 150 cm3 of liquid. Calculations showed that'the heat 
capacity of the gas phase (essentially nitrogen) an J the ef­
fect of sample evaporation were negligible. Since tne effect 
of pressure on the heat capacity is negligible below about 1 
atm, the results are reported as heat capacity at constant 
pressure, Cp. These measurements are discussed in greater 
detail below.

Density Measurements. Dem tie: were measured with a • 
single-stem, Bingham-type pyc '.meter following essential­
ly the procedure recommended by the American Society for 
Testing and Materials.20 The pycnometer was immersed in 
a water bath which was held at 20 ± 0.005° .r he bath tem­
perature was monitored with a platinum resistance ther­
mometer calibrated by the National Bureau of Standards. 
The pycnometer was calibrated using freshly boiled, dis­
tilled water which had been redistilled from KMn04. All 
weighings were carried out using an analytical balance, 
with a reproducibility of ±0.2 mg. They were corrected for 
buoyancy. All densities given are averages of at least two 
determinations, with individual values differing by 0.00001 
g/cm3 or less from the average.

Materials and Purification. All hydrocarbons were ob­
tained from the Phillips Petroleum Co. The methylcyclo- 
hexane was Research Grade, and was used without further 
purification. The n-heptane and toluene were Pure Grade, 
and were further purified by fractional distillation. The 
melting point of the pure substances and the mole fraction 
of impurity were determined calorimetrically by measuring 
the fraction melted as a function of temperature. The usual 
assumptions were made that the impurity was insoluble in 
the solid phase and formed an ideal solution in the liquid 
phase. The details of this method have been outlined by 
Rossini.21

Table I lists the mole fraction of impurity, the melting 
point of the pure substance, and the density at 293.15 K. 
For comparison, the densities and melting points given by 
the API22 are also listed. The melting points given in this 
work agree with the API values within the uncertainty of 
the measurement (±0.03°). The density of the methylcy- 
clohexane sample agrees with the API value within the un­
certainty of the measurement (±0.00003 g/cm3). The densi­
ties of the n-heptane and toluene samples are 0.00011 g/ 
cm3 higher and 0.00048 g/cm3 lower, respectively, than the 
corresponding API values. As these differences exceed the 
uncertainty of the measurement they are attributed to im­
purities.

TABLE I: Melting Points, Purities, and Densities 
of Materials

Methylcy-
»-Heptane clohexane Toluene

Mp, K 182.586 ± 146.550 ± 178.166 ±
0.030 0.030 0.030

Mole fraction 0.0027 ± 0 . 0 0 1 2  ± 0.0024 ±
impurity 0 . 0 0 1 0 0.0005 0.0010

Mp, K(API22)“ 182.569 146.554 - 178.184
Density , 6 0.68387 0.76941 0.86648

g /cm 3

Density , 6 0.68376 0.76939 0.86696
g /cm 3

(API22)
a Corrected to IPTS-6 8 . h At 20°.

TABLE II: Sample Composition and Temperature 
Range of Heat Capacity apd Density Measurements

Tern- Tempera-
perature ture of

Compos:i - range of C,, density
.¡.'.on mole m easure- m easure-

System fi action. X\ ments, K ments, K

»-Heptane 182-312 293.15
Methylcy clohexs ne 141-312 293.15
Toluene 162-312 293.15
»- Heptane (IV- 

toluene
0.18810 182-312 293.15

»-Heptane (D— 
toluene

0.34751 182-312 293.15

»-Heptane (1)- 
toluene

0.50341 182-312 293.15

»-Heptane (1)— 
toluene

0.66119 182-312 293.15

»-Heptane (1)— 
toluene

0.82359 182-312 293.15

Methylcyelohexane
(l)-toluene

0.16728 162-312 293.15

Methylcyelohexane
(l)-toluene

0.31372 162-312 293.15

Methylcyelohexane
(l)-toluene

0.53541 162—312 293.15

Methylcyelohexane
(l)-toluene

0.66700 162-312 293.15

Methylcyelohexane
(l)-toluene

0.82676 162-312 293.15

»-Heptane (1)— 0.48910 182-312 293.15
methylcyclo-
hexane

Discussion of the Heat Capacity Data. The sample com­
positions and the temperature range of the measurements 
are given in Table II. The experimental molar heat capaci­
ties, Cp, of the pure components and their mixtures are list­
ed in Table III.23 The heat capacities of the pure compo­
nents were fitted by polynomials of the form:

C„ = a0 + axTx -i- a2 T 2 + asT 3 + (1)
using the method of least squares. The coefficients of the 
polynomials are given in Table IV. Apart from a few excep­
tional points the polynomials represent the experimental 
data within 0.1%.
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TABLE IV: L ist of Polynom ials R epresenting the Heat 
Capacity D ata  of the Pure Substances (J /(m o l K))

//-Heptane M ethylcyclohexane Toluene

G û 8.6618820 (+2 )a 1.2988277 (+2) 1.8743814 (+2)
G t -9.9628490 (+0) -5.4107773 (-2) -7.3026493 (-1)
G 0 5.4561085 (-2) 7.9975642 (-4) 2.9613602 (—3)

«3 -1.3079634 (-4) 0 -2.8661704 (-6 )
G 4 1.1957392 (-7) 0 0

0.0745 0.1045 0.0748
aNumbers in parenthes•es indicate the power of ten by which the

coefficients have to be multiplied.6 Standard deviation.

CPE = [C„ (-t*iCpi + x2Cp2)]p( 7 (5)

VE =  [Vr -  CvjVj + x 2V 2) \ P' T  (6)

The functions GE, HE, SE, and CPE are related by the 
equations:

(GE/T )  E/ 2 
dT = H /T

[3HE/d T  = CpE]Pfï

He -  Ge~

P,X

[rs: P, T,x

(7)

(8) 

(9)

A comparison of the heat capacity of n-heptane with 
good literature values shows that the results of this work 
are about 0.15-0.35% lower than the data reported by 
McCullough and Messerly24 and about 0.05% lower than 
the data of Douglas, et al.25 Both Douglas, et al., and 
McCullough and Messerly claim an accuracy of 0.1%. The 
discrepancy could at least partly be attributed to the impu­
rity of the n-heptane sample used in this work (0.27%). The 
agreement with Brown,10 who used the same calorimeter 
and a sample from the same lot, and who claims an accura­
cy of 0.2%, is very good, except for the room temperature 
region, where Brown’s values are up to 0.2% higher than the 
results of this work. This difference may be due to the fact 
that in the present work a water bath at 293 K was used at 
higher temperatures to reduce radiation from the calorime­
ter shield, whereas Brown used an ice bath for the same 
temperature range.

The heat capacity of methylcyclohexane has been mea­
sured by Douslin and Huffman26 and by Hwa.9 Both claim 
an accuracy of 0.2%. The results of this work agree with the 
data of Douslin and Huffman with an average deviation of 
0.1% and a maximum deviation of 0.2%, but are consistent­
ly about 0.15% lower than the data of Hwa. This may be 
due to a failure by Hwa to include the buoyancy correction 
for the sample weight, which would lower his heat capacity 
values by about 0.14%. in excellent agreement with the re­
sults of this work.

The heat capacity of toluene has been measured by 
Scott, et al.,'27 and by Hwa.9 The agreement with Scott, et 
al., is good between about 200 and 280 K, but at the highest 
and lowest temperatures of measurement, the values of 
Scott, et al., are up to 0.25% higher than the data reported 
here. The data of Hwa are, on the average, about 0.1% high­
er than the results of this work. An inclusion of the buoyan­
cy correction would lower his values by 0.12%, making the 
agreement even better.

This comparison shows that the data reported here for 
the pure components generally agree well with those of 
other workers using precision calorimetry. It is concluded 
that the accuracy of the heat capacities is 0.2%.

D erived  E xcess Therm odynam ic F unctions
Method of Derivation. The molar excess thermodynamic 

functions GE, HE, SE, CPE, and VE, of a binary mixture are 
defined by the following relations:
GE — \G CvjGj + x2G2)

RT(xi In xt + x2 In x2)]p, r (2)
He = [H -  {xxHx + x2H2)]PiT (3)

SE =  [h — U'-lS-! + a-; S2) +
R{x1 In jq + ,v2 ln.v2)]pir  (4)

If GE and HE are known as functions of composition at 
one temperature, the temperature dependence of these 
functions can be computed for the compositions used in the 
heat capacity measurements by integrating eq 7 and 8. SE 
is then computed using eq 9.

The experimental heat capacities of the pure compo­
nents and their mixtures were not determined at exactly 
the same temperatures. In order to apply eq 5, the heat ca­
pacities of the pure components were computed from the 
polynomials given in Table IV. The derived experimental 
excess heat capacities are listed in Table III.23

In order to avoid a restriction to certain compositions, all 
CPE values for each system were fitted by a single function 
of temperature and compositon using the method of least 
squares. The form used was

C„E = Xlx2[A0(T) + At{T)(atj -  x2) +
A2(T)(Xl -  x2f]  (10)

which corresponds to the Redlich-Kister equation,28 but 
with (in general) temperature-dependent coefficients. 
These equations represent the experimental excess heat ca­
pacities of the systems n-heptane-toluene and methylcy- 
clohexane-toluene with a standard deviation of about 0.1 
J/(mol K), corresponding to about 2-18% of the excess heat 
capacity or about 0.05-0.07% of the total heat capacity. 
The excess heat capacity of the single mixture of n-heptane 
and methylcyclohexane studied was also represented by a 
polynomial. All these CPE functions are given in Table V.

Literature Data for GE and HE. Where more than one 
set of GE or HE data were available, for a particular system, 
the set with the best internal consistency was selected to 
provide the integration constants for eq 7 and 8.

For the n-heptane-toluene system the excess enthalpy 
measured by Lundberg11 and the excess Gibbs free energy 
measured by Surovy and Heinrich14 both at 298.15 K, were 
chosen. Lundberg claimed an accuracy of 1%. Surovy and 
Heinrich did not state the accuracy of their values; from 
the scatter of their data it is estimated to be about 12 J/ 
mol, or about 4% of the maximum GE value. No corrections 
were made for the imperfection of the vapor since the pres­
sures are very low.

For the methylcyclohexane-toluene system the HE data 
of Sosnkowska-Kehiahian13 at 293.15 K and the GE data of 
Schneider12 at 333.15 K were selected. The excess enthalpy 
is claimed to be accurate to ±20 J/mol, or about 4% of the 
maximum value. The excess Gibbs free energy is claimed to 
be accurate within 1%; the reported values include correc­
tions for the imperfection of the vapor. Since the Cp mea­
surements only cover the range up to 312 K, these had to 
be extrapolated about 21° to derive the temperature de­
pendence of GE. However, GE is quite insensitive to any er-
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TABLE V : Functions R epresenting the D erived E xcess 
Thermodynamic Properties

n- Heptane (l)-T oluene (2) System 
T em p era tu re  Range 182-312 K 

Units J ,  mol, cm 3, K
Ge =  at1x2[(16451.814 -  843.97284T -  0.83607397’2 + 

9.7291136 x 10"4 T3 -  5.8287258 x 10-7 T4 + 
170.41964T In T) + (-1040.0338 + 16.37446787’ -  
2.3181047’ In- T)(x1 -  x2) + (527.75221 -  9.66071417’
+ 1.384904T In T)(x, -  x2)2]

=  x1x2[(16451.814 -  170.419647’ + 0.83607397’2 -  
1.94582273 x  10'3 T3 + 1.74861875 x 10*eT4) + 
(-1040.0338 + 2.3181047’)(x1 -  x2) + (527.75221 -  
1.384904T)(%t -  x2)2]

SE = x2x2[(673.5532 + 1.67214787’ -  2.9187341 x 
lO ^T 2 + 2.3314903 x 10 '6T3 -  170.41964 In T) + 
(-14.056574 + 2.318104 In T){xx -  x2) + (8.2758101 -  
1.384904 In r)(x , -  x2)2]

CPE =  x1x2[(-170.41964 + 1.67214787" -  5.8374682 x 
10-3 T 2 + 6.9944750 x 10-e7’3) + 2.318104(x1 -  x2) -
1.3 84904 (xt -  x2)2]

VE =  XjX2[0.58544 + 2.532 x 10-2 (xt -  x2)]
(293.15 K)

M ethylcyclohexane (l)-T oluene (2) System 
T em pera tu re  Range 162-312 K 

U nits J ,  mol, cm 3, K
Ge =  x,x2[(-639.4904 + 342.534157’ + 0.537124457-2 -  

7.1421085 x 10-4 T3 + 4.5461617 x lO"7̂  -  
78.2491657’ In T) + (65.078891 -  3.69814617’ + 
0.5770257" In T)(xt -  x2) + (954.67449 -  22.4499737"
+ 3.3716217’ In T)(xl -  x2)2]

77® = XjX2[(—639.4904 + 78.249165T -  0.537124457’2 + 
1.4284217 x 10‘3 r 3 -  1.3638485 x 10'fi7’4) +
(65.078891 -  0.5770257’)(.v1 -  x 2) + (954.67449 -  
3.3716217") (x, -  x2)2]

SE =  x1x2[(-264.28498 -  1.07424897’ + 2.14263255 x 
1 0 -3 ^ 2  _ 1.8184647 x  10‘6T3 + 78.249165 In T) + 
(3.1211211 -  0.577025 In T)(xx -  x2) + (19.078352 -  
3.371621 in  T)(x1 -  x2)2]

CpE = ^ [(7 8 .2 4 9 1 6 5  -  1.07424897’ + 4.285265 x 
l 0 -3 7 ’ 2 _  5 . 4 5 5 3 9 3  x  k)-g7’ 3 -  0.577025(x, -  ,v2) -  
3 .371621(xt -  x2)2]

VE = XiX,[l.55397 + 0.18259U, -  x2)}
(293.15 Kl

n- Heptane (l)-M ethylcyclohexane (2) System 
T em perature Range 182-312 K 

M ixture com position 0.48910 mole fraction  w-heptane 
Units J , mol, cm 3, K

GE = 5370.5959 -  330.60088T -  0.336527987’2 + 
3.8757364 x  10*4 T3 -  2.2840533 x 10-7 T4 + 
67.4892977" In T

77® = 5370.5959 -  67.489297T + 0.336527987"2 -  
7.7514727 x  lO ^T 3 + 6.8521600 x 10 '7T4 

SE =  263.11158 + 0.673055967’ -  1.16272091 x 10-3 T 2 

+ 9.1362133 x 10-7T3 -  67.489297 In T 
CPE = -67.489297 + 0.67305597T -  2.3254418 x 

10-3 T2 + 2.7408640 x  10-6T3 

Vs =  - 0 . 0 1 1  

(293.15 K)

rors in CpE due to the double integration involved in the 
derivation, and the uncertainty introduced by the extrapo­
lation is believed to be very small.

For the n-heptane-methylcyclohexane system the HE

data of Lundberg11 at 298.15 K were used. Vapor-liquid 
equilibrium data for this system have been measured by 
Brandt and Roeck15 at 304.65 K. Neglecting the small ef- * 
feet of vapor imperfection, they found GE to be 0 ± 4 J/mol J  
over the entire concentration range.

These selected literature data for GE and HE at the spec­
ified temperatures were used to provide integration con­
stants when integrating the CPE equations. These selected 
data for GE and HE were fitted by Redlich-Kister equa­
tions of the form

7Se — XjX2[C() + C \ [ x \  x 2 ) +  C2Cvj -3.'2)2] ( l l )

using the method of least squares. The values of the pa­
rameters are given in Table VI. Combinations of these 
equations with general expressions developed for CpE (see 
Table V) permitted the development of general expressions 
for HE, GE, and SE. These general expressions are given in 
Table V.

Excess Volumes. The excess volumes derived from the 
density measurements were fitted by Redlich-Kister equa­
tions of the form

UE =  X \ X 2[ D v +  -  x 2 )}  (12)

The experimental data and the equations representing the 
smoothed data are given in Tables VII23 and V, respective-
ly-

Figure 1 shows the excess volumes reported in this work 
together with data taken from the literature. Excess vol­
umes of the n-heptane-toluene system were measured at
298.15 K by Tsao and Smith29 and Mathieson and 
Thynne.30 Although the results of the present work were 
obtained at 293.15 K, the influence of this temperature dif­
ference is believed to be small. The agreement with the 
data of Tsao and Smith is good, although the latter scatter 
considerably. Mathieson and Thynne report only two data 
points, which are about 60% higher than the data reported 
here.

For the methylcyclohexane-toluene system no excess 
volumes were found in the literature.

Excess volumes of the n-heptane-methylcyclohexane 
system at 293.15 K have been measured by Brandt and 
Roeck.15 Although they report a positive excess volume as 
opposed to the negative value found in this work, the 
agreement is considered satisfactory since the absolute 
values are very small.

Discussion of the Derived Excess Functions. The de­
rived excess thermodynamic properties given in Table VI 
are shown in Figures 2-6 and values of these properties and 
the derived activity coefficients are listed in Table VIII23 at 
10° and 0.1 mole fraction intervals. The excess heat capaci­
ties are considered to be accurate within 0.25 J/(mol K).
The error of the derived excess enthalpies should be no 
larger than 50 J/mol at the lowest temperature and de­
crease to about 20 J/mol at room temperature. The derived 
excess Gibbs free energies are believed to be accurate with­
in 25 J/mol at the lowest temperature and 15 J/mol at room 
temperature. An analysis of the excess entropy data 
showed that the accuracy is about 0.24 J/(mol K) at the 
lowest temperature and 0.12 J/(mol K) at room tempera­
ture. The accuracy of the excess volume measurements is 
estimated to be 0.01 cm3/mol, corresponding to 6.8% of the 
maximum value for the n-heptane-toluene system and 
2.6% for the methylcyclohexane-toluene system.

The dependence of the excess thermodynamic properties 
on composition is very nearly parabolic for both toluene
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TABLE VI: Constants Used in F itting Selected  
Literature D ata by R edlich-K ister Equations

Quantity 
fitted T, K J /m o l J /  mol

^2»
J /  mol

_ a 
*9

J /  mol Ref

n-■Heptane-Toluene System
Ge 2 9 8 .15s 1177.99 -95 .78 0.00 11.51 14

I Ie 2 9 8 .156 2209.07 -348 .89 114.84 0.92 11

I Ie 323.15 2094.90 -315 .65 124.25 0.75 11

Methylcyclohexane-Toluene System
GE 333.15" 859.68 -50 .34 0.00 2.05 12

Ge 353.15 800.95 -52 .45 0.00 1.36 12

g e 363.15 772.13 -3 4 .5 9 0.00 1.90 12
g e 373.15 733.27 -42 .53 0.00 2.04 12

h e 283.15b 2113.72 -98.31 0.00 3.75 13
h e 298.156 2070.48 -90.23 0.00 10.52 13

n -Heptane-Methylcy clohexane System
g e 304.65'’ 0.00 0.00 0.00 15
g e 320.64 0.00 0.00 0.00 15
g e 353.10 0.00 0.00 0.00 15
h e 298.IS6 136.33 -27 .68 0.00 0.58 11
I I e 323.15 75.63 -17 .78 0.00 0.08 11

a Standard deviation. b Integration constants used in this work.

Figure 1. E xcess volum es.

systems, in accordance with the general behavior of 
mixtures formed by nonpolar molecules of similar size. The 
only exception is the asymmetry shown by the excess heat 
capacity of the system n-heptane- toluene near room tem­
perature. However, the absolute values are very small in 
this region, and the relative error is large. The shape of the 
curve will therefore depend on the type of fit chosen.

The following discussion will be limited to the excess 
thermodynamic functions for equimolar mixtures.

The n-heptane-toluene and methylcyclohexane-toluene 
systems show a very similar temperature dependence of the 
excess Gibbs free energy, enthalpy, and entropy. All these 
functions increase with decreasing temperature. The excess 
Gibbs free energy of an equimolar mixture of n-heptane 
and toluene reaches 450 J/mol at 180 K; the corresponding 
value for methylcyclohexane-toluene is 440 J/mol at 160 K. 
These values are unusually high for hydrocarbon mixtures 
and show that the mixtures are close to the point of phase 
separation. Cloud point experiments with approximately 
equimolar mixtures, however, showed no phase separation 
down to the freezing point for the two systems.

The excess heat capacity curves of both systems are very 
similar above 240 K. Below this temperature, the excess 
heat capacity of the n-heptane-toluene system becomes 
rapidly more negative, whereas the excess heat capacity of 
the methylcyclohexane-toluene system levels off and even 
shows a slight increase below 200 K. This difference in the 
CPE curves, however, has only a small effect on the derived 
excess enthalpies and entropies. Below 240 K, the excess 
enthalpy and entropy of the n-heptane-toluene system in­
crease faster with decreasing temperature than the corre­
sponding functions for methylcyclohexane-toluene. The 
excess volumes of the two systems at 293.15 K are quite 
different, with a maximum value of 0.15 cm3/mol for n- 
heptane-toluene and 0.39 cm3/mol for methylcyclohexane- 
toluene.

The derived excess thermodynamic properties for the 
mixture of n-heptane and methylcyclohexane, which is 
practically equimolar, are shown in Figure 6 and listed in 
Table VIII.23 Although the mixture is almost ideal at room 
temperature, the excess enthalpy and entropy show a 
strong increase at lower temperatures, especially below 
about 240 K. The excess heat capacity curve is similar to 
that of the n-heptane-toluene system. However, GE re­
mains relatively small over the whole temperature range. 
The excess volume is near zero at 293.15 K.

T heoretical C orrelations o f the D erived E xcess 
Therm odynam ic Properties

Correlations Based on the Conformal Solution Theory. 
The theory of conformal solutions was developed by Lon- 
guet-Higgins.4 Derivations of the pertinent mathematical 
expressions can be found in the original paper and in books 
by Prigogine8 and Hill31 and will not be presented here. 
The main assumption of the theory is that the potential, 
Ujj, of a pair of molecules conforms to a universal function.

«u = etjuiru/Oij) (13)

where rtJ denotes the distance between the centers of the 
molecules. All molecular pairs involved must have very 
nearly the same energy parameters e and length parame­
ters (J,j. Whereas the second assumption seems reasonable 
for the mixtures considered here, the first is clearly not ful­
filled because the molecules under consideration are non- 
spherical.

Rowlinson and Sutton5 have modified the conformal so­
lution theory to make it applicable to nonspherical mole­
cules. They assume that the intermolecular potential may 
be represented as

« i j  = 4€U[( o u / r u ) n  -  (au/r u)6( 1 + « ¡ ^ ¡ > 0 ))]
(14)
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Figure 2. Excess Gibbs free energy of the n-heptane-toluene and methylcyclohexane-toluene systems.

Figure 3. Excess enthalpy of the n-heptane-toluene and methylcyclohexane-toluene systems.

which corresponds to a Lennard-Jones potential with an 
orientation-dependent part. The quantity wtJ denotes all 
coordinates describing the mutual orientations of a molecu­
lar pair, atl is a constant, and gij is defined such that

f f f i j  duu  = 0 (15)
with the integration taken over all possible mutual orienta­
tions.

An obvious deficiency of the treatment of Rowlinson and 
Sutton is the assumption that the repulsive part of the po­

tential is spherical. There is some reason, however, to be­
lieve that the nonideal behavior of aliphatic-aromatic hy­
drocarbon mixtures is mainly due to the influence of direc­
tional attractive forces. Mixtures of saturated hydrocar­
bons are usually fairly ideal, although the shapes of the 
molecules (and thus the repulsive potential) are far from 
spherical. Typical examples are the systems n-hexane-cy- 
clohexane, n-heptane-methylcyclohexane, and n-octane- 
tetraethylmethane.7 On the other hand, quantum mechani­
cal calculations of the lattice energy of crystalline ben-
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Figure 4. Excess entropy of the n-heptane-toluene and methylcyclohexane-toluene systems.

Mole Fraction n-Heptane Mole Fraction Methylcydohexane

Figure 5. Excess heat capacity of the n-heptane-toluene and methylcyclohexane-toluene systems.

zene32-33 show that the attractive forces vary strongly with 
molecular orientation, due to the highly anisotropic polari­
zability of the ^-electron systems. Also, the attractive forc­
es between benzene molecules are unusually strong. The 7r 
electrons contribute 40% of the lattice energy, although 
they represent only 20% of all valence electrons.

Although the structure of liquid benzene is certainly 
much less ordered than that of the solid, the molecules still 
can be expected to favor orientations for which the attrac­
tive energy is large. This effect will decrease with increas­

ing temperature since the thermal motion of the molecules 
counteracts any order in the liquid.

When benzene is mixed with another liquid which shows 
no orientation effects, some of the strong it-it electron in­
teractions between neighboring benzene molecules are bro­
ken, resulting in a positive excess enthalpy. This effect will 
be larger at lower temperatures, where the benzene mole­
cules are statistically more likely to assume orientations 
with large attractive energies. Since the orientational forces 
in the mixture are weaker than in pure benzene, increased
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Tempenatui-?, «

Figure 6. Excess thermodynamic functions of mixture of n-hep:ane 
(l)-methylcyclohexane mixture (Xi =  0.4891).

where Uo and Vo denote the configurational energy and the 
volume, respectively, of a reference liquid.

If the parameter d12 is set equal to zero, the equations re­
duce to those given by the conformal solution theory. Be­
cause the reference species must satisfy the same criteria as 
a component of the mixture, it is convenient to choose one 
of the components for this purpose. Toluene is used here 
because it is the common component of the two systems 
mainly considered here.

The configurational energy of liquid toluene was com­
puted using the relation

U0(T) = —Hy(T0) -
T

(Cp, gas -  Cp, liquid) d T + RT  (24)
o

The quantity Cp,gas was calculated from the vibrational 
frequencies given by Scott, et al.,27 assuming free rotation 
of the methyl group; T0 was taken to be 298.15 K; the heat 
of vaporization Hv at T0 used was 37991 J/mol (API22). The 
configurational energy of liquid toluene between 160 and 
370 K was found to be (J, mol, K):

t/0 = -63693.102 + 154.8663671 -  0.32404623T 2 4- 

5.053086 x 10-4T3 -  3.2640018 x i r 7r 4 (25)
The density of liquid toluene is listed in the API Tables 

at 10° intervals from 183.15 to 383.15 K. From these values, 
the molar volumes were computed and fitted by a polyno­
mial (cm3, mol, K):

randomness of orientation results, causing a positive excess 
entropy.

These effects have been found in mixtures of benzene 
with saturated hydrocarbons.7’8 Mixtures containing tolu­
ene instead of benzene show the same effects, although the 
excess thermodynamic properties are smaller than for cor­
responding benzene mixtures. This can readily be ex­
plained by the more aliphatic character of toluene (16.7% 
of the valence electrons are 7r electrons vs. 20% in benzene) 
and by the larger intermolecular distances (due to the larg­
er molar volume), which weaken the tt- tt electron interac­
tions.

If the following parameters34 are introduced

e12 = (2e12 — €)i €22 )/ eoo (16)
s12 = (2a12 — On — cr22) /a 0o (17)

f'u = b ij2£ij/kT)( f g {j2 du)u/fdu>u) (18)

d 12 — (25lz — 5n — 5 22)T (19)

where the indices 1 and 2 refer to components of the mix­
ture and 0 to a reference species, the excess thermodynamic 
properties are given3 by

Ge — X\X2[e^2 (ĵ  3s^2RT  -f- d12(2U0/T  4- /i)] (20)
He — x iX2[ei2(LTQ — T(df/j/ 8 7’)p) 4-

d12(4U0/T  -  2(3U0/3  T)p + R)] (21)
SE = x1x>[—e12 (9 U0/  8 r)p + s12(3R) +

cf12(2t/0/ r 2 -  2(dU0/dT)yT)} (22) 

1E = xix2[-e 12 T(dV0/dT)s + s12(3 1'0) +
d a i-V jT  -  2(9F„/37’)P)] (23)

l'o = 80.430085 + 7.4025442 x 10"2r  +
1.1405825 x 10‘5r 2 + 1.2595624 x 10‘7r 3 (26) 

The theory predicts a quadratic dependence on composi­
tion for all excess thermodynamic properties, which is very 
nearly the case for the systems considered here. It is there­
fore sufficient to examine the excess thermodynamic func­
tions of the equimolar mixtures.

Equations 20-23 contain three adjustable parameters, 
ei2, di2, and si2. In principle, these parameters could be de­
termined to give a best fit of any of the excess properties 
over the whole range of temperature. In practice, however, 
it is preferable to fit GE since HE and SE can both be de­
rived from it. A good fit of either SE or HE alone would not 
guarantee a good fit of GB because the latter is obtained 
from either of the former by integration and thus also de­
pends on an integration constant.

The parameters e12 and di2 were determined by fitting 
the theoretical excess free energy, GEth, as given by eq 20, 
to the experimental excess free energy, GEexpt, as given in 
Table V, for the equimolar mixture over the temperature 
range of the experimental data. A least-squares method 
was used which consisted in minimizing the integral over 
the squares of the residuals

Here T 1 and To are the lowest and highest temperatures of 
the Cp measurements, respectively. The minimum could be 
found analytically, but if a computer is available it is less 
cumbersome to evaluate the integral numerically for sever­
al trial values of e12 and dio and to determine the minimum 
by iteration. The other thermodynamic functions can then 
be computed using eq 21, 22, and 23.

The influence of the parameter s12 on GE, HF\ and SE is 
very small. However, Si2 has a large effect on VE since it is,
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by definition, closely related to the intermolecular dis­
tances.

Several types of fits were attempted. Each method used 
has been assigned a number. The parameters obtained in 
these fits are shown in Table IX. The excess thermody­
namic properties derived from this model are given as a 
function of temperature in Table X,23 and compared with 
experiments in Figures 7-9.

Method 1. e12 ^  0; d 12 = si2 = 0. This model corresponds 
to the original conformal solution theory without inclusion 
of the volume parameter si2. The best fit is found by ad­
justing the parameter e12 such that I  (as given by eq 27) be­
comes a minimum.

Method 2. e12 ^  0; d12 = 0; s12 ^  0. Since the parameter 
s12 is mainly related to the excess volume, it was deter­
mined by inserting the experimental excess volume into eq 
23, giving one relation between e12 and si2 which is used to 
eliminate s12 from eq 20. e12 is then found again by mini­
mizing I.

The inclusion of s 12 has very little effect on the predicted 
values of GE, HF\ and SE. It is impossible, however, to pre­
dict VE from a knowledge of GE using the parameter ei2. 
The predicted excess volume for n-heptane-toluene is larg­
er than for methylcyclohexane-toluene, in disagreement 
with the experimental findings. For both systems, the pre­
dicted temperature dependence of GE is too small. The dis­
crepancy between theory and experiment becomes much 
more pronounced for HE and SE, which are obtained from 
GE by differentiation and therefore very sensitive to any 
deviations. Not only is the quantitative agreement poor, 
but the predicted temperature dependence is much too 
small.

Method 3. e12 = si2 = 0; d\2 ^  0. This model illustrates 
the effect of the noncentral forces.

Method 4. e12 = 0; d 12 ^  0; s)2 ^  0. The parameters di2 
and s12 are determined by fitting the excess volume at
293.15 K exactly and by least-squares fitting the excess free 
energy as a function o: temperature.

The variation of GE with temperature predicted by 
methods 3 and 4 is too large. The predicted HK and SE 
values are too large and show a much greater temperature 
dependence than the experimental values. These effects 
are exactly the opposite to the results of the conformal so­
lution theory (methods 1 and 2).

Method 5. el2 ^  0; di2 ^  0; si2 = 0. This model applies 
when the influence of both central and noncentral forces is 
important and a fit of the excess volume is not desired.

Method 6. e12 ;*s 0; di2 ^  0; si2 ^  0. The parameters are 
determined by fitting the excess volume at 293.15 K exact­
ly and by least-squares fitting the excess Gibbs free energy 
as a function of temperature.

Method 5 and 6 allow a fit of GE over the temperature 
range covered in this work well within the experimental ac­
curacy. The HK and SE values predicted by the theory fit 
the experimental values very well in the case of n-heptane- 
toluene and reasonably well in the case of methylcyclohex­
ane-toluene.

Table XI shows the contributions of the various parame­
ters to the excess functions as computed from method 6. 
Again, the results are similar for both systems. The contri­
bution of the directional forces (represented by d12) to both 
HE and SE is greater than the contribution of the central 
forces (represented by ei2), especially at low temperatures. 
However, both terms contribute about equally to GE. The 
contribution of the volume parameter si2 to GE and SE is

only a few per cent, and it does not enter the expression for 
HE (eq 21) at all. The contributions of the three parameters 
to VE are of the same magnitude. The theory predicts VK to 
be almost independent of temperature. Measurements on 
the related system cyclohexane-benzene show that the ex­
cess volume is independent of temperature over the range 
from 293.15 to 343.15 K,7 which gives some support to the 
theoretical predictions. )

The success of the theory of Rowlinson and Sutton in 
correlating the excess thermodynamic properties of n-hep­
tane-toluene and methylcyclohexane-toluene suggests that 
the temperature dependence of these properties may be 
predictable from a knowledge of their values at room tem­
perature alone. Two methods of prediction were attempted.

Method 7. The experimental values of GE and Hv‘ at
293.15 K are inserted into eq 20 and 21, respectively. The 
parameters e12 and d]2 are determined from these two 
equations. The parameter Si2 is assumed to be zero.

Method 8 . The experimental values of GE, HE, and VR at
293.15 K are inserted into eq 20, 21, and 23, respectively. 
The parameters ei2, d12, and s12 are determined from these 
equations. The excess thermodynamic functions computed 
from these fits are shown in Figures 7-9 and in Table X.23

As in the previous fits, the predated values of GE, ZZE, 
and SE are not significantly affected by the parameter ; l2. 
For the n-heptane-toluene system the predicted excess ree 
energy, enthalpy, and entropy agree with the eraerime ntal 
data well within the accuracy of measurement down to the 
lowest temperatures. For the methylcyclohexane-toluene 
system the agreement is not quite as good, but still vers 
satisfactory considering that the prediction covers a range 
of more than 130°, from 293.15 to 162 K.

Correlations Using the Theory of Flory. Flory6 has pro­
posed a theory for mixtures of nonspheTical molecules 
which is more empirical than the theories presented in the 
preceding section. Only a brief discussion will be given 
here; the original paper should be consulted for details. 
Flory’s notation will be followed here although it is not al­
ways consistent with the notation used in the rest of this 
paper.

Flory assumed that the forces between polyatomic mole­
cules effectively arises from the surfaces of adjoining mole­
cules. Each molecule is divided into r segments, each of 
which has s contact sites. The number of segments is pro­
portional to the volume of the molecule. The total number 
of contact sites per molecule, rs, is proportional to the sur­
face area of the molecule. The mean intermolecular energy 
of the liquid, E0, is assumed to be inversely proportional to 
the volume per segment

£ 0 = Nr srt/ 2 v ■ (28)
where N  is the number of molecules, v is the volume of a 
segment, and t] is a constant characterizing the energy of 
interaction for a pair of neighboring sites. Starting from 
these assumptions, Flory derived a reduced equation of 
state:

p v /T  = 7 in / ( 7 in  -  1) -  1/7 T
The reduced quantities u, T, and p are defined as

(29)

V  = v / v * (30)
p  = p/p* (31)
T = T/T* (32)

v denotes the molar volume, and v*, p*, and T* are 
teristic quantities for each liquid.

charac-
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T A B L E  IX :  C o m p aris o n  o f V a r io u s  F its  o f th e  D e r iv e d  Excess T h e rm o d y n a m ic  P ro p e rtie s  fo r  E q u im o la r  M ix tu re s

Method
no. Quantities fitted <?12 d i 2, K S 12

V e (293.15 K), 
cm3/m o l

1 GE (182-312 K)

77-Heptane—Toluene System  
Conformal Solution Theory“ 

-0.03636 0 0

0.1464 (expt) 

0.3016
2 • Ge (182-312 K) -0.03606 0 -0.001916 (0.1464)

3

V E (293.15 K) 

GE (182-312 K)
Theory of Rowlinson and Sutton6 

0 —4.343 0 0.6394
4 Ge (182-312 K) 0 —4.239 -0.006108 (0.1464)

5
Fe (293.15 K) 
Ge (182-312 K) -0.02136 -1.820 0 0.4451

6 Ge (182-312 K) -0.01994 -1.918 -0.003834 (0.1464)

7
T* (293.15 K) 
GE (293.15K) -0.02194 -1.737 0 0.4451

8
H e (293.15 K) 
GE (293.15 K) -0.02007 -1.904 - 0 003770 (0.1464)

9
10

H E (293.15 K) 
VE (293.15 K)

. //F (182-312 K) 
, H P <298.15K)

Theory of Flory“

Methylcyclohexane—Toluene System

0.2639
0.2641

0.3885 (expt)
• ■ ‘

1 GE (162-312 K)
Conformal Solution Theory“ 

-0.03216 0 0 0.2667
- 2 Ge (162-312 K) -0.03236 0 -0.001506 10.3885)

3

FE (293.15 K} 

GE (162-312 K)
Theory of Rowlinson and Sutton6 

0 -3.600 0.5300
4 Ge (162-312 K) 0 -3.576 -0.001828 (0.3885)

5
Fe (293.15K) 
GE (162-312 K) -0.01478 -1.978 0 0.4139

6 GE (162-312 K) -0.01466 -1.986 -0.000373 (0.3885)

7
VE (293.15K) 
Ge (293.15 K) -0.01283 -2.248 0 0.4375

8
H e (293.15 K) 
GE (293.15 K) -0.01251 -2.276 -0.000633 (0.3885)

9
10

He (293.15 K) 
l ’E (293.15 K)

He (162-312 K) 
He (298.15 K)

Theory of Flory“
0.3557
0.3491

a Reference 4. 6 Reference 5 . c Reference 6.

The theory is extended to a binary mixture by introduc­
ing a parameter X ¡ 2 which characterizes the difference in 
the energy of interaction between neighboring molecules of 
different species from the average of the interactions in the 
pure component liquids:

A't2 = + 7)22 — Vn)/^1'*2 (33)

$ 2  =  1 -  $ 1  =  x2/(x2 +  A't  r t/ r 2) (36)

and the site fraction 62 by
0, =  <S>2/(* 2  +  ^ l S / s , )  (37)

The molar excess free energy, enthalpy, entropy, and vol­
ume are:

The quantity v* is defined as
=  v/v (34)

and is the same for all species. Flory has shown that the re­
duced temperature of a binary mixture is given by the ex­
pression:

Ge =  Xipx*vt* 

x2p2*v2* v + 3 Tn In

■’" ( f t ™ -  / ) ]  +

( ^ ) J  *
.Vl 7'1*e2-Yi2"‘t (38)

T =  friPfTi + $ 2^ 2 *T2)/(*lPl* + < ^ 2 * -  * t62X it)

(35)
where the segment fractions, 4>j and 4>2, are defined as

He = xlpl*vl* ( v -  v ~1) + x2p2*v2*{v 2 X -  n '1) +
(39)
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Temperature, K

Figure 7. Predicted excess Gibbs free energy of the n-heptane-toluene and methylcyclohexane-toluene systems.

Temperature, K
Figure 8. Predicted excess enthalpy of the /i-heptane-toluene and methylcyclohexane-toluene systems.

S E -3 th lL In ( r  i’1/ 3
~rr

T * 1 2
In

1
)  +1

f 7  1 /3 
2 - M lV^ 1 / 3 - 1 ) \ (40)

At zero pressure, the reduced equation of state becomes

T — (F1/3 — l),/r4/3 (42)
Equation 42 can be differentiated with respect to tempera­
ture and rearranged to give

VE = (.Vj/ j* + ,v,r2*)(r -  4 y ,  -  4>2r 2) (41) v = (1 + 4aT /3 )/(l + atT)3 (43)
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Temperature, K

Figure 9. Predicted excess entropy of the n-heptane-toluene and methylcyclohexane systems.

Equation 43 permits the determination of v if the coeffi­
cient of thermal expansion, a, is known at a certain tem­
perature. If the molar volume, v, is known at the same tem­
perature, the characteristic volume, v*, can be computed 
from eq 30. Equation 42 serves to determine the corre­
sponding value of T, which is inserted into eq 32 to deter­
mine T*.

Differentiation of eq 29 with respect to pressure yields 
for the limit of zero pressure:

p* = T r la/I3 (44)
This equation serves to determine the characteristic pres­
sure, p*, from the isothermal compressibility, /i

Table XII lists the parameters used for the pure compo­
nents. All compressibilities were determined from isother­
mal measurements. The compressibility of n-heptane was 
measured by Eduljee, et al,,35 and the compressibilities of 
methylcyclohexane and toluene were measured by Shinoda 
and Hildebrand.36 Molar volumes and thermal expansion 
coefficients were computed from densities reported in the 
API tables.22

Abe and Flory37 applied this theory to a wide variety of 
binary mixtures of nonpolar molecules. They determined 
the interaction parameter X12 by fitting the experimental 
excess enthalpy and then computed the other excess func­
tions from X12. This procedure was adopted here.

Since the number of segments, r, was chosen proportion­
al to the volume of the molecule it follows that

rjr-i = i\* /v 2* (45)
The number of contact sites, rs, was assumed to be pro­

portional to the surface of the molecules. For spherical 
molecules, this leads to the relation

V s2 = ('2*A',*)t/3 (46)
Thus the quantities <p2 and 02 can be determined from eq 
36 and 37.

For nonspherical molecules, the ratio si/s2 depends not 
only on the ratio v2*/v\*, but also on the shape of the mole­
cules. For simplicity, however, eq 46 is adopted here. A 
change in the ratio s1(/s2 would only affect the numerical 
value of X )2 (which is treated here as an adjustable param­
eter), but not the derived excess thermodynamic proper­
ties.

Equations 35, 39, and 42 contain three unknown quan­
tities, X12, v, and T. Equations 35 and 42 car. be combined 
to give

^12 0101*^1 +  0202 *^2 , 01 P i *  ~ 0202* /4 7 \
p[d2{vl/i — l)/vin <p102

Equation 39 is rearranged to yield

X12 = [HE -  x f f v t H v i - ' -
Xip2*v2*{vfx -  v~l)]/xxi\*0zv~l (48)

The reduced volume, u, is adjusted by trial and error to 
make the quantity X i2 equal for both equations. As a first 
guess, v was taken to be

V  =  +  4>2V 2 (49)
which corresponds to a zero excess volume. The value of D 
was then improved by iteration until it changed by less 
than 10~6 from one step to the next one. The quantities GE, 
SE, and VE were then determined from D using eq 38, 40, 
and 41, respectively.

If the assumptions of Flory’s theory were exact, X12

The Journal of Physical Chemistry, Voi. 79, No. 6, 1975



602 J. K. Holzhauer and W. T. Ziegler

TABLE XI: Contributions of Various Interaction Param eters to the Predicted E xcess Thermodynamic Properties 
U sing the Theory of Rowlinson and Sutton“ (Based on Method 6, See Table IX)

Temp, K

rame ter 182 208 234 260 286 312

C i2 217.1

n-Heptane—Toluene System 
Excess Gibbs Free  Energy, J/m o l 

207.2 197.9 189.2 180.8 172.8

d\o 225.5 187.7 158.7 136.0 117.6 102.6

Sy 4.4 5.0 5.6 6.2 6.8 7.5
Tota l 447.0 399.9 362.3 331.4 305.3 282.9

fl2 289.1 283.9
Excess Enthalpy, J/m o l 

279.0 274.6 270.6 267.0

(ly) 531.0 450.2 388.1 339.1 299.6 267.2
Total 820.1 734.0 667.1 613.7 570.3 534.3

e \2 0.395 0.368
Excess Entropy, J/(m o l K) 

0.346 0.329 0.314 0.302

dy. 1,679 1.262 0.980 0.781 0.636 0.528

S12 -0.024 -0.024 -0.024 -0.024 -0.024 -0.024
Total 2.050 1.607 1.303 1.086 0.926 0.806

¿'12 0.082 0.099
Excess Volume, cm3/m ol 

0.117 0.137 0.159 0.183
Uy 0.337 0.316 0.301 0.291 0.284 0.280

S\2 -0.273 -0.280 -0.287 -0.295 -0.303 -0.312
Total 0.146 0.134 0.130 0.132 0.139 0.151

1̂2 165.6

Methylcyclohexane-Toluene System 

Excess Gibbs Free  Energy, J/m o l 
156.8 148.6 141.0 133.9 127.1

d\o 272.8 217.1 177.2 147.5 124.5 106.2
St2 0.4 0.4 0.5 0.6 0.7 0.7
Total 438.8 374.3 326.4 289.1 259.0 234.0

i?12 215.6 211.0
Excess Enthalpy, J/m o l 

206.7 202.8 199.4 196.3

d\2 633.3 514.8 429.5 365.5 316.0 276.6
Tota l 348.8 725.8 636.2 568.3 515.4 473.0

1̂2 0.308 0.283
Excess Entropy, J/(m ol K) 

0.262 0.245 0.232 0.222
d\2 2.225 1.551 1.136 0.865 0.679 0.546

s12 -0.002 -0.002 -0.002 -0.002 -0.002 -0.002
Total 2.531 1.831 1.396 1.108 0.909 0.766

e12 0.052 0.065
Excess Volume, cm 'Vmol 

0.080 0.096 0.114 0.135
d\ 2 0.373 0.340 0.318 0.304 0.295 0.290
s12 -0.026 -0.027 -0.028 -0.029 -0.029 -0.030
Total 0.399 0.378 0.370 0.371 0.379 0.394

“ Reference 6.

would have to be a constant over the whole range of compo­
sition and temperature. The calculations show that Xi2 is 
indeed very nearly independent of composition for both 
systems, but is strongly temperature dependent. Table 
XIII23 lists Xj2 as a function of composition for 298.15 K 
and as a function of temperature for the equimolar mix­
ture.

The variation of GE, HE, and S1"' with temperature calcu­
lated by this model (method 9) for an equimolar mixture is 
shown in Figures 7-9 and in Table X.23 It will be noted that 
the predicted excess entropy is much too low over the 
whole temperature range, which means that the predicted 
excess Gibbs free energy is too high (see Figure 7). Similar 
results were obtained by Abe and Flory37 for the system cy­

clohexane-benzene, n-hexane-benzene, and n-heptane- 
benzene, for which the predicted excess entropies are one- 
third to one-half of the experimental values. Although the 
theory of Flory is not restricted to spherical molecules, it 
does not take any orientational effects into account, which 
is the most likely reason for its failure to explain the ob­
served excess entropy. The theory, however, correctly pre­
dicts the excess volume of the system n-heptane-toluene to 
be smaller than that of the system methylcyclohexane-tol- 
uene, although the numerical agreement is poor for the for­
mer system (the predicted excess volume is 80% higher 
than the experimental value for the system n-heptane-tol- 
uene and 9% lower for the system methylcyclohexane-tolu- 
ene).

The Journal of Physical Chemistry. Voi. 79. No. 6. 1975



Temperature Dependence of Thermodynamic Properties 603

TABLE XII: Parameters Used in the Theory of 
Flory (T = 298.15 K)

M ethylcyclo-
n- Heptane hexane Toluene

a, K- 1 

¡3, cm3/ J  
v, cm 3/m o l 
p*, J /c m 3 

v*, cm3/m o l 
T*, K

1.251 x 10- 3 

1.470 x 10- 3 

147.47 
426.78 
113.70 

4657.3

1.137 x 10- 3 

1.203 x IO" 3 

128.34 
458.30 
100.65 

4884.8

1.070 x 10- 3 

9.480 x 10- 4 

106.86 
536.13 

84.67 
5041.9

Another way of testing Flory’s theory is to predict the 
temperature dependence of the excess thermodynamic 
properties from a knowledge of the interaction parameter, 
X i2, at room temperature.

The parameter X ]2 was determined from the excess en­
thalpy at 298.15 K as described above. By combining eq 35 
and 42, the parameter T can be eliminated and v can be de­
termined. Assuming that X12 is independent of tempera­
ture, GE, HE, SE, and VE can be computed as functions of 
temperature from eq 38-41. The results for equimolar 
mixtures of n-hep tane-toluene and methylcyclohexane- 
toluene are shown in Table X23 and Figures 7-9 (method 
10). For both systems, the predicted excess Gibbs free ener­
gy and enthalpy are practically independent of tempera­
ture, in disagreement with experiment. The predicted ex­
cess entropy is much too small and decreases with decreas­
ing temperature. The predicted excess volume also de­
creases with decreasing temperature. Apparently this 
method of predicting the temperature dependence of the 
excess thermodynamic properties delivers no better results 
than the simple assumption that these properties are inde­
pendent of temperature.

Comparison of the Theories. The results of the preced­
ing sections clearly show that the theory of Rowlinson and 
Sutton is superior in correlating the excess enthalpy, free 
energy, and entropy of the n-heptane-toluene and methyl- 
cyclohexane-toluene systems. The conformal solution 
theory and the theory of Flory (both of which assume no 
orientation-dependent intermolecular forces) fail to repre­
sent the temperature dependence of the excess thermody­
namic functions even qualitatively. This suggests that di­
rectional interactions play an important role in these sys­
tems.

For the two systems investigated here, the theory of 
Rowlinson and Sutton allows a fairly good prediction of 
HE, GE, and SE at low temperatures if these data are 
known at room temperature. More data on aliphatic-aro­
matic and alicyclic-aromatic mixtures are needed to decide 
whether this holds for all systems of these types.

The theory of Rowlinson and Sutton has two compara­
tively minor deficiencies. (1) Excess volumes cannot be 
predicted reliably from the other excess properties. In this 
respect, the theory of Flory gives better results. This is 
probably due to the fact that the latter theory uses experi­
mental parameters for both pure components and therefore 
gives a more realistic equation of state for the mixture. (2) 
The excess enthalpy and entropy of the n-heptane-toluene 
system below about 220 K show a larger temperature de­
pendence than the corresponding functions for the methyl- 
cyclohexane-toluene system. This different behavior is not 
predicted by the theory of Rowlinson and Sutton. It is in­
teresting to note that the n-heptane-methylcyclohexane 
system, which is almost ideal at room temperature, shows a

strong increase in HE and SE in the same temperature re­
gion. This suggests that both effects may have the same 
cause. A possible explanation is presented here in a quali­
tative manner.

Whereas methylcyclohexane and toluene are relatively 
rigid molecules, n-heptane is a chain molecule which is 
quite flexible at sufficiently high temperatures. The mole­
cules alternately coil up, stretch, assume S shapes, etc. No 
significant orientation effects would be expected in such a 
liquid. At lower temperatures, however, the molecules be­
come more rigid and assume a more defined shape. They 
are now more likely to line up with their neighbors in some 
preferred orientation, similar to the orientation in aromatic 
liquids assumed in the treatment above. By analogous rea­
soning, this would explain why n-heptane mixes almost 
ideally with methylcyclohexane at room temperature, 
whereas the mixture has a considerable excess enthalpy 
and entropy at low temperatures. The combination of the 
attractive orientational forces in toluene and the repulsive 
orientational forces in n-heptane would also explain why 
mixtures of these two components have higher HE and SE 
values at low temperatures than mixtures of methylcyclo­
hexane and toluene.

Supplementary Material Available. Tables III, VII, 
VIII, X, and XIII will appear following these pages in the 
microfilm edition of this volume of the journal. Photo­
copies of the supplementary material from this paper only 
or microfiche (105 X 148 mm, 24X reduction, negatives) 
containing all the supplementary material for papers in 
this issue may be obtained from the Journals Department, 
American Chemical Society, 1155 Sixteenth St. N.W., 
Washington, D.C. 20036. Remit check or money order for 
$6.00 for photocopy or $2.00 for microfiche, referring to 
code number JPC-75-590.
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Application of the Polanyi Adsorption Potential Theory to Adsorption from Solution 
on Activated Carbon. VI. Adsorption of Some Binary Organic Liquid Mixtures1
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Adsorption isotherms on a previously studied activated carbon have been determined for the following di­
lute binary solutions of miscible (a) and of partially miscible (b) components: (a) benzene and/or toluene in 
methanol, n-hexane (Ce), n-heptane (C7), n-octane (C8), rc-decane (Ci0), and 2,2,4-trimethylpentane 
(TMP); and Cio in C8 and TMP; and (b) C7, C8, C9, Ci0, and TMP in methanol. Except for C9, vapor-phase 
isotherms on the same carbon were determined for all components. Except for some upward deviation 
(higher capacity) for methanol at low capacities (presumably due to chemisorption), the vapor-phase iso­
therms of methanol, benzene, and toluene were in good agreement with expectations from the Polanyi 
theory. The paraffins all showed significant downward deviations in the low capacity range that increased 
with increasing molecular size. The adsorption of benzene and of toluene in the paraffins, over the experi­
mental mole fraction range of the order of 10-2 to 10~5, was well accounted for by incorporating the experi­
mental vapor-phase data into the Hansen-Fackler modification of the Polanyi theory. The adsorption of 
benzene and of toluene in methanol could be accounted for by application of an empirical scale factor to 
the adsorption potential of methanol in the theoretically derived adsorption isotherm (without the pre­
sumed chemisorptive effects). The adsorption of the paraffins in methanol could be accounted for in terms 
of an earlier Polanyi-based treatment of partially miscible systems, and the adsorption of Cio in C8 and in 
TMP could be accounted for by the Hansen-Fackler treatment; however, it was here necessary to use the 
theoretically derived isotherms for the paraffin solutes, i.e., without regard for the observed vapor-phase 
deviations that accounted for their behavior as solvents.

Introduction
Earlier work in this series2-3 has dealt with the applica­

tion of the Polanyi adsorption potential theory4 to account 
for the adsorption onto activated carbon of partially and 
completely miscible organic liquids from water solution. 
The present study progresses to the adsorption of partially 
and completely miscible binary organic liquid mixtures. Al­
though there is considerable earlier work on such mixtures, 
most of which has been reviewed by Kipling,5 this work is 
largely concerned with adsorption isotherms (or “compos­
ite isotherms”) over the entire composition range, and does 
not deal with highly dilute solutions. By contrast, the pres­
ent study has emphasized the dilute to trace concentration 
range, which is of particular interest to the final purifica­
tion of compounds by adsorption, as distinguished from 
bulk separation. Moreover, we expected the low concentra­
tion range to be particularly amenable to theoretical treat­

ment by the earlier-used modifications of the Polanyi theo­
ry-

The miscible systems comprised benzene and/or toluene 
in methanol, n-hexane (C8), n-heptane (C7), n-octane (C8), 
n-decane (Cio), and 2,2,4-trimethylpentane (TMP). The 
partially miscible systems comprised C7, C8, C9, Cio, and 
TMP in methanol. (C9 was not used as a solvent for bud­
getary reasons.) Except for C9, vapor-phase adsorption iso­
therms were determined for all of the solution components.

Following the procedures of the earlier work on water so­
lutions, we constructed theoretical liquid-phase adsorption 
isotherms from the corresponding vapor-phase isotherms 
of the individual components. However, whereas estimated 
vapor-phase isotherms had previously sufficed in the calcu­
lations, some of the present liquid-phase isotherms showed 
strong deviations from expectations; these deviations ap­
peared to be ascribable to deviations from theory of the sol-
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vent vapor-phase isotherms, which led to the extensive 
vapor-phase determinations.

Methanol was chosen as a relatively weakly competing 
solvent for both the paraffins and the aromatic solutes, on 
■the basis of its relatively low refractive index. Benzene and 
toluene were similarly expected to be adsorbed from the 
paraffins, which could therefore be observed both as sol­
vents and as solutes.

The characterization of a particular isotherm as normal 
or anomalous was considerably facilitated by the use of a 
carbon sample on which there was a considerable back­
ground of adsorption data.

T heoretical
The underlying theory, which is here briefly summa­

rized, is more fully explained in the cited references.2-4'6'7
The Polanyi theory4 assumes a heterogeneous “adsorp­

tion space” within which a molecule from the bulk phase 
loses an amount of potential energy (the “adsorption po-' 
tential,” «), that for a given molecule is independent of 
temperature (because it arises from temperature-indepen­
dent London forces), and increases with closer proximity to 
the solid surface; e is -highest in fissures or within fine 
pores. In vapor-phase adsorption the vapors are concen­
trated in the adsorption space, relative to the bulk phase,t 
to an extent that depends on the local value of t. Wherever' 
( suffices to concentrate the vapor to saturation concentra­
tion, the vapor liquefies; this liquefaction accounts for 
practically all of the physical adsorption on the solid.

In the adsorption from solution of a solid or of a partially 
miscible liquid, one similarly gets condensation of either 
the solid or liquid solute in the adsorption space; here, 
however, the driving force for adsorption, <si, is equal to the 
(vapor-phase) adsorption potential of the solute, reduced 
by that of an equal volume of the displaced solvent.

In the adsorption of miscible mixtures, according to the 
Hansen-Fackler6 modification of the Polanyi theory, the 
driving force for adsorption is the same. Here, however, 
there is no phase separation in the adsorption space; in­
stead, the adsorbate concentration varies continuously 
throughout the adsorption space and the resulting change 
in the solution concentration is calculated by integration 
over the entire adsorption space.

In vapor-phase adsorption the adsorbate volume com­
prises that volume in which the adsorption potential either 
equals or exceeds the value required for condensation, 
which Polanyi gives as

€ > E f l n  p j p  (1)
where ps is the saturation pressure of the liquid and p the 
equilibrium pressure. A plot of the adsorbate volume 
against the equilibrium value of (. as calculated from eq 1, 
is called a “characteristic curve.” It depends for a given ad­
sorbate on the nature and structure of the adsorbent, but is 
temperature independent. It is readily calculated from an 
adsorption isotherm at any convenient temperature; the re­
verse calculation of an adsorption isotherm from the char­
acteristic curve makes it possible to calculate adsorption 
isotherms over a wide temperature range from one experi­
mental isotherm.

Since the ratio of the adsorption potentials of any two 
adsorbates in any equivalent location should be constant 
over the entire adsorption space, the Polanyi theory pre­
dicts that all characteristic curves for a given adsorbent 
should be the same, except for a constant scale factor for

each adsorbate in the adsorption potential abscissa. Dubi­
nin8 suggested that this scale factor should be proportional 
to the adsorbate molar volume, at least approximately, so i 
that a plot of the adsorbate volume against t/V  (now called i 
a “correlation curve”) should be the same for all adsor­
bates. It turns out that whereas a single correlation curve 
describes the adsorption of a series of similar compounds 
(e.g., the lower homologous paraffins),9 significant differ­
ences do exist, and they turn out to be crucial for liquid- 
phase adsorption.

For the adsorption of a solid from solution (and, by ex­
tension, for the adsorption also of a partially miscible liq­
uid), Polanyi gives the equations

€sl 3 R T  In c j c  = es -  (2)
or

where cs and c are the saturation and equilibrium concen­
trations, es and q the adsorption potentials (at comparable 
volumes) of the solute and solvent, and Vs and Vi the corre­
sponding molar volumes. (We shall omit the superscript 
bars wherever the subscript clearly indicates that we are 
dealing with a molar volume rather than an adsorbate vol­
ume.)

Since t/V  is the abscissa of a correlation curve, eq 3 
implies that the abscissa in the correlation curve for the ad­
sorption of the liquid solute may be estimated as the differ­
ence between the abscissas of the corresponding curves for 
the solute and solvent. Since both of the latter are in turn 
derivable from the corresponding vapor-phase isotherms, 
eq 3 links liquid- to gas-phase adsorption for partially mis­
cible liquids.

Manes and Hofer7 have suggested that in the absence of 
experimental adsorption data for the components, the ratio 
of ti/V, to tr/Vr (where the subscript i refers to a compo­
nent and r to some reference substance) may be estimated 
from the refractive indices of the liquids by the equations

Vi
ii/X i
Ct/V t

Px
Pt

(4)

where p is defined as (n2 -  l)/(n2 + 2) and n is the refrac­
tive index. The factor that relates the correlation curve for 
the adsorption to the hydrocarbon correlation curve (which 
Manes and Hofer used as their reference) then becomes

ysi = rB - Yi = ^ (5)
Wohleber and Manes2 used these equations to estimate the 
adsorption of a number of partially miscible organic solutes 
from water solution. Although the adsorption of water was 
anomalously weak, most of the data could be successfully 
correlated by the use of a constant empirical value of y for 
water, together with the hydrocarbon correlation curve for 
the carbon and the calculated values for the 7 factors of the 
adsorbates.

For adsorption from miscible liquids, Hansen and Fack- 
ler6 derived the equations10

-  €l/ r ! + T -  ln WhA ib) =1 1
~ € 2/ V 2 + ln (•v2®/-v2b) ^

and
TAc, m =  f  -  ^ ) d o  (7)

0 \ * <2> ’ B'
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In eq 6 x u , *iB, x . ^ ,  x 2b  refer to the mole fraction of each 
component in bulk and in the adsorbate, in any volume ele­
ment d<t>, and the various values of « refer to the same ele­
ment of volume. Equation 6 is used to determine the com­
position of the adsorbate in each element of the adsorption 
space. Equation 7 is- used to determine the experimentally 
determined adsorption. In this equation V<tl and VB refer to 
the average volume per mole of the bulk and adsorbate 
mixtures; m is the mass of the adsorbent. V is the solution 
volume and Ac the reduction in concentration of compo­
nent 1 in solution.

For miscible systems, as for partially miscible systems, 
one may either determine e for each component as a func­
tion of the adsorbate volume from its vapor-phase isotherm 
or, alternately, one may estimate it by use of eq 5.

The treatment by Wohleber and Manes2 of partially mis­
cible liquid systems neglects any solubility of solvent in the 
solute adsorbate. We have derived equations to include this 
effect; the derivation applies the Hansen-Fackler6 treat­
ment to account for variations in the composite n of the ad­
sorbate within the adsorption space. The derived equations 
were applied to our data on partiallv miscible systems, but 
did not improye the correlation, presumably because of the 
relatively low solubility limits. The derivation, which may 
be useful for some systems, is given in the Appendix.11

Vapor pressures were calculated from the Antoine equa­
tion constants given by National Bureau of Standards12 
and by Hala, et al. 13 Solubility data for the hydrocarbon- 
methanol systems were obtained from the compilations by 
Stephen and Stephen14 and by Kiser, et al.15

Experimental Section
All of the experiments described in this article and the 

earlier cnes in this series were carried out with carbon sam­
ples from a single batch; this enables comparison of the re­
ported results with the results of earlier experiments. The 
carbon, of 1140 m2/g surface area (BET), was used as re­
ceived except for oven drying at 110° for 24 hr. The batch 
was Pittsburgh Activated Carbon grade CAL.

The paraffins (C6, C7, Cs, C9, C10, and TMP), and ben­
zene, toluene, and methanol were all reagent grade chemi­
cals (Matheson Coleman and Bell) with a minimum purity 
of 99.5% as determined by gas chromatography; they were 
used as received. Where analysis was made by uv spectro­
photometry (benzene and toluene) the.adsorbate reagents 
were Spectroquality grade.

As in earlier articles, the weighed carbon samples were 
shaken with measured volumes of solutions of measured 
concentrations in 125-ml screw-capped erlenmeyer flasks 
for 16 hr in a water bath thermostated at 25°. Following 
equilibration the carbon was allowed to settle in the bath 
and samples of the supernatant liquid were either filtered 
through sintered glass or else centrifuged. Paraffinic adsor­
bates were analyzed by glc in a Victoreen Series 4000 gas 
chromatograph equipped with a dual flame ionization de­
tector and electrometer interfaced to a Digital Equipment 
Corp. (DEC) Lab 8/E computer. The computer integrated 
the peak areas to a reproducibility of 0.2%. The column 
packing was Porapak Q (porous polymer beads of polysty- 
rene-divinylbenzene), except for the analysis of C10 (from 
either Cg or from TMP), where the column packing was 
Durapak (Carbowax bonded to a silicone base). Both pack­
ings were obtained from Waters Associates.

Spectrophotometric measurements were carried out in a 
Cary 14 spectrophotometer in the ultraviolet range.

Vapor-phase adsorption isotherms were determined on a 
McBain balance with quartz springs and buckets. Elevated 
temperatures were maintained around the sample by plac­
ing the sample tube in a dewar flask internally wound with 
heater tape. Temperatures were controlled by a variable 
voltage supply and measured by a thermocouple external 
to the sample tube. £

Results and Discussion
Vapor Phase. Table l 11 gives the experimental data for 

the vapor-phase adsorption of methanol, benzene, toluene, 
C6, C7, Cg, C10, and TMP. In addition to the loading as a 
function of temperature and pressure, Table 1 gives the 
same data calculated in terms of the volume adsorbed and 
T/V  log p jp  (c/4.6 V), following the notation of earlier arti­
cles.

Figure 1 shows the data for benzene and toluene; Figures 
2 and 3 show similar data for methanol and for C6, Cg, and 
C10. In all cases the curves are calculated from the hydro­
carbon (paraffin) correlation curve7 for the carbon and the 
refractive index of the liquid phase.

Figure 1 illustrates that benzene and toluene are in good 
agreement with theory. Figure 2 shows gbod agreement of 
methanol adsorption with theory at the higher loadings, 
with positive deviations (high loading for a given adsorp­
tion potential or high adsorption potential for a given load­
ing) at the lower loadings. Figure 3 shows good agreement 
at high capacities for the paraffins, with negative devia­
tions that increase with reduced loading and with increas­
ing molecular size of the adsorbate. Similar plots for C7 and 
for TMP (not shown ir save space) show C7 to be interme­
diate between C6 and Cg, and TMP to be somewhat more 
deviant than Cm-

The positive deviations for methanol at low loadings are 
consistent with earlier observations16 that methanol tends 
to chemisorb on carbon, presumably by interaction with 
surface oxygenated groups. The downward deviations for 
the paraffins, since they are most pronounced at low load­
ings and for larger molecules, would appear to be consistent 
with some sort of molecular sieving. However, the pre­
sumed molecular sieving would have to be due to fine pores 
of limited depth rather than of limited cross section, since 
the limiting cross sections of the normal paraffins should 
be about the same. We shall see, however, that these con­
siderations do not appear to apply when the same paraffins 
are solutes.

Consider now the validity of the generalized hydrocar­
bon (paraffin) correlation curves as reported, for example, 
by Grant, Manes, and Smith9 and by Grant and Manes.17 
Whereas these curves were based on the adsorption of par­
affins from methane to hexane, the authors noted that for 
experimental reasons the low capacity range was based 
only on the adsorption of methane and ethane, and there­
fore that there was no direct experimental verification of 
the validity of the paraffin correlation line for the higher 
paraffins at the low capacities. Having circumvented the 
earlier experimental limitations, we now find that the gen­
eralized correlation line does not in fact account for all of 
the vapor-phase adsorption of the higher paraffins. Never­
theless, we shall soon see that it is useful for predicting the 
adsorptive behavior of the higher paraffins as solvents.

Partially Miscible Liquids. Table 211 gives the experi­
mental data for the adsorption of C7, C8, C9, Cm, and TMP 
from methanol solution. Figure 4, which is typical of the re­
sults, shows the adsorption data for TMP from methanol,
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Figure 1. Vapor-pitase adsorption of benzene (O) and toluene (□), 
plotted as volume adsorbed vs. e/4.6V (= T/V  log The solid 
line was calculated from paraffin correlation line and refractive in­
dices.

Figure 3. Vapor-phase adsorption o f n-hexnne (O';, n-octane (□), 
and r "decane (A), plotted as in Figure i. Calculated correlation 
curves are n-hexane (----- ), n-octane (- -), and r  decane'(-----).

«/4-6V

Figure 2. Vapor-phase adsorption of methanol, plotted as in Figure 
1.

plotted as volume adsorbed vs. T/V  log x jx , as compared 
with the predicted line based on the earlier work of Wohle- 
ber and Manes.2 The predicted value of the abscissa at the 
lowest adsorption point overestimates the equilibrium so­
lute concentration by about two orders of magnitude. How­
ever, the experimental data follow a curve that appears to 
differ from the predicted curve only by an abscissa scale 
factor, in analogy with the results of Wohleber and Manes 
on water solutions. Moreover, because the calculated y 
values for methanol and the paraffins are rather close to­
gether (0.87 and 1.00), one would expect the adsorption 
data to be quite sensitive to any deviations from theory. 

\

Figure 4. Adsorption of TMP from methanol, plotted as volume ad­
sorbed vs. i S|/4.6 V (= T/V log xs/x): calculated curve (— ); experi­
mental curve (-------- ).

Empirical factors were determined for all of the adsorption 
data as follows: C7, 0.70; C8, 0.74; TMP, 0.76; C9, 0.79; and 
Cio, 0.78, for a mean of 0.75. Thus the empirical scale fac­
tors are lower than the calculated factors by approximately 
15%. With the application of the empirical scale factor, the 
results fall quite nicely into coincidence, over a wide range 
of concentrations.

The use of an empirical y factor for methanol, together 
with the theoretical isotherms for the components as calcu­
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lated from the paraffin correlation curve for the carbon, 
leads to considerably better correlation of the observations 
than does the use of the experimental vapor-phase iso­
therms. The ignoring, in effect, of the observed upward de­
viations of the methanol vapor-phase isotherm may be jus­
tified if these deviations are due to chemisorptive interac­
tions with oxygenated groups on the carbon, since the 
chemisorptive binding sites probably differ from those of 
high energy physical adsorption. However, it is more diffi­
cult to justify an empirical factor for methanol as a solvent 
when that empirical factor differs significantly from the 
vapor-phase isotherm. Moreover, it is similarly difficult to 
justify ignoring the observed negative deviations of the 
vapor-phase isotherms of the paraffin solutes, which devia­
tions are not at all reflected in the experimental observa­
tions on liquid mixtures. If one ascribes the vapor-phase 
deviations to structural or steric or molecular sieving ef­
fects, it is difficult to explain, on the basis of the Polanyi 
model, why these effects do not influence the adsorption of 
the same component when it is a solute. Finally, the validi­
ty of the observed deviations in the gas-phase isotherms is 
supported by the liquid-phase isotherms in which the par­
affins are solvents. These we now consider.

Miscible Liquids. Table 311 gives the adsorption data for 
benzene in methanol, Cq, C7, Cs, C10, and TMP; toluene :n 
methanol, Cg, and Csl and C10 in Cg and TMP. The data 
were reduced to volume adsorbed as a function of buik 
mole fraction, using the method of Hansen and Fackler.6 
As input to this treatment we could use, for both solvent 
and solute, either the correlation curves derived from the 
paraffin correlation curve and the refractive index, or the 
experimental vapor-phase isotherm. For benzene and tolu­
ene in methanol the input data for the method were the 
correlation curve for the solute (for which the experimental 
and the calculated curves coincided) and the theoretical 
correlation curve for methanol (with an abscissa scale fac­
tor of 0.75 as was used for the partially miscible systems 
with methanol solvent). It turned out that the adsorption 
in methanol was well accounted for by this procedure; 
again it was better to ignore the positive deviations in the 
vapor-phase methanol isotherm. For the paraffin solvent 
systems, however, the data are best correlated by using the 
theoretical correlation curve for the solute (as in the previ­
ous section, where methanol was the solvent), and the ex­
perimental correlation curves for the solvents.

Figures 5-7 are plots of the adsorbate volume against the 
log of the solute mole fraction, as calculated by the Han- 
sen-Fackler method. Figure 5 shows, for example, the ad­
sorption of benzene from TMP, and Figure 6 the adsorp­
tion of toluene from hexane. In these figures the dotted line 
is calculated on the assumption of theoretical correlation 
curves for both solvent and solute, and the solid line is cal­
culated by incorporating the experimental gas-phase iso­
therm for the solvent. The deviations of the solvent vapcr- 
phase isotherms, which had previously shown no experi­
mental consequences, have here made themselves manifest.

Up to this point a comparison of the adsorption of ben­
zene from the paraffins and of the paraffins from methanol 
would suggest that downward deviations of the vapcr- 
phase isotherms are reflected in the behavior of the sol­
vent, but not of the solute. The possibility arises, however, 
that failure of the deviations in the solute vapor isotherms 
to be reflected in the corresponding liquid-phase isotherm 
may be peculiar to methanol solutions. We now consider 
the adsorption of C10 from TMP and from Cg. Figure 7

Figure 5. Adsorption of benzene from TMP plotted as volume ad­
sorbed vs. log of solute (bulk) mole fraction: (— ) calculated from ex­
perimental vapor phase Isotherm of solvent; (— ) calculated from 
refractive indices.

Figure 6. Adsorption of toluene from n-hexane. Plot and legend simi­
lar to Figure 5.

shows the plot of the adsorption of C10 from C8 as com­
pared with the theoretical curve calculated both from the 
experimenta. gas-phase isotherms of both components 
(dotted line) and from the experimental isotherm of the 
solvent and the theoretical isotherm of the solute. Again, 
the combination of the experimental solvent and theoreti-
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Figure 7. Adsorption of n-decane from n-octane. Plot and legend 
similar to Figure 6.

cal solute correlation curves accounts for the data. The plot 
for Cjo from TMP (not shown) is quite similar.

Final Comments. Although the presumed structural ef­
fects on the vapor-phase isotherms have not here shown 
any effects on the liquid-phase adsorption of solutes, mo­
lecular sieving of solutes is well known in, for example, the 
removal of color bodies from sucrose. Moreover, Chiou and 
Manes18 found steric effects to profoundly affect the ad­
sorption of octahedral acetylacetonate complexes. We 
would therefore expect such effects to appear with larger or 
more hindered solutes than we have here observed.

Finally, the correlation methods that have been used 
here may well be applicable to at least a somewhat greater 
variety of binary mixtures than we have here been able to 
observe. Whereas the principal difficulty to further appli­
cation would appear to be the necessity of determining the 
low-capacity adsorption isotherm of each new solvent, this 
apparent difficulty could be readily circumvented by deter­
mining the adsorption of a reference solute, such as ben­
zene, in a new solvent. Any deviations due to the solvent 
should be the same for a wide variety of solutes and should 
be readily incorporated into the calculations by the meth­
ods described here.

Conclusions
(1) For benzene and toluene, the vapor-phase adsorption 

isotherms on activated carbon are in keeping with predic­
tions from the Polanyi approach. For methanol, positive 
deviations appear, particularly at low capacities; these may 
be ascribed to adsorptive interaction with surface groups 
on the carbon. The paraffin hydrocarbons from hexane and 
above fit the theory at high capacities, but deviate down­
ward at low capacities, the downward deviation increasing

at lower capacities and with increasing molecular size of 
the paraffin. These deviations may be tentatively ascribed 
to structural or steric effects such as inability to be accom­
modated by shallow pores, rather than to molecular sieving 
in the usual sense of inability to enter fine pores of indefi­
nite depth. <

(2) For dilute solutions of benzene, toluene, and the par­
affins in methanol solution, the liquid-phase adsorption 
isotherms are what one would predict from the theoretical­
ly derived isotherms (rather than the experimental ones), 
with the exception of a small empirical correction factor for- 
the adsorption isotherm of methanol.

(3) For solutions of benzene in the paraffins, and for so­
lutions of decane in octane and in TMP, the adsorption iso­
therms are what one would expect from using a Polanyi- 
based (Hansen-Fackler) treatment, using the experimental 
adsorption isotherms of the solvent and (where they differ 
from the experimental) the theoretical isotherms of the so­
lutes.

(4) We have not found a satisfactory model to account 
for the observations that the downward deviations of ad­
sorption isotherms, presumably due to structural effects, 
do not affect the adsorptive behavior of a component when 
it is a solute.
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An infrared study was made of the reaction of -NCO groups on a Rh/Al20 3 surface with the following com­
pounds: H2> H20, D20, NH3, n-C3H7NH2, CH3OH, C2H5OH, (CH3)2CHOH, HCHO, CHyCOOH, and HCl. 
Reactions of surface isocyanate groups are, for the most part, analogous to reactions of organic isocyanates 
with these same compounds. In the reaction of CH3OH with -NCO, isotopic labeling of surface isocyanates 
showed that a new band observed in the 1680-1690-cm- ' region was due to a group containing both carbon 
and nitrogen atoms. This group is believed to be a surface urethane (-NHCOOCH3). Further, prolonged 
pumping on the sample at room temperature or at slightly elevated temperatures was sufficient to cause 
reappearance of surface -NCO at the expense of -NHCOOCH:i. In other words, the surface-isocyanate + 
alcohol surface-urethane reaction is reversible under fairly mild conditions.

Introduction
Recent infrared studies of the reduction of nitric oxide 

by ca/bon monoxide have led to the discovery of isocyanate 
species on the surface of both noble metal'"3 and base 
metal4 catalysts. The role of this surface isocyanate species 
in the NO + CO reaction is not clear. It may be an impor­
tant factor in formation of NH3 in auto exhaust or it may 
simply be the end result of a side reaction as the proposed 
mechanism of London and Bell4 suggests. In any event, its 
presence does require the formation of a carbon-nitrogen 
bond on the catalyst surface and, therefore, could give in­
sight into some interesting chemistry. The aim of the pres­
ent study was to determine whether the reactions of the 
surface isocyanate species are analogous to the reactions of 
organic isocyanates. To this end, studies were made of the 
effect of treating the surface containing the -NCO group 
with various reactants at various temperatures. The extent 
of reaction was followed by observing changes in the in­
frared spectra of the samples.

Experim ental Section

ature studies were not desired, the pressure was immedi­
ately reduced to 1 Torr and the seas started. All scans were 
made at or very close to room temperature.

Chemistry of Isocyanates. The preparation, uses, and 
chemistry of organic isocyanate compounds are detailed in 
the literature.' 9 In general, reactions of isocyanates with 
compounds containing an active hydrogen are rapid and 
occur according to the genera! equation:

0
!l

R—N = C = 0  + H—A — ► R—N—C—A ( 1 )

H
Perhaps the most important example of this is the reaction 
of isocyanates with alcohols to give urethane products:

O
R—NCO + R'OH — RNHC OR' (2)

urethane
Other examples include reaction with water

RNCO + H ,0  — ► RNHCOOH — ► RNH, + C 0 2 (3) 
carbamic acid amine

The infrared spectrometer and the sample cell have been 
described earlier.1'2 The sample was prepared by air drying 
a dispersion of Baymal5 and Rh(N03)3 in distilled water on 
a CaF2 disk. The resulting film was calcined in vacuo at 
400° for ~4 hr after which it was oxidized in 100 Torr of 0 2, 
evacuated, and reduced in 100 Torr of H2, all at 400°. The 
nominal composition of the film was 5% Rh/Al20 3.6 Before 
each experiment, the sample was “cleaned” at 400° by a 
similar evacuation-oxidation-evacuation-reduction-evac­
uation sequence. After cleaning the sample at 400°, the 
surface isocyanate was formed by dosing the hot sample 
with 100 Torr of a gas mixture containing (by volume) 10% 
CO, 5% NO, and 85% N2. All materials were of reagent 
grade and used without further purification. The sample 
was cooled in this atmosphere and the pressure was re­
duced to ~1 Torr before scanning to check the -NCO band. 
After formation of -NCO, the sample was dosed with ~10 
Torr of the desired reactant gas and allowed to equilibrate 
for ~15 min before further treatment. If the effects of tem­
perature were to be examined, the sample was heated to 
the desired temperature and allowed to cool before the 
pressure was reduced to 1 Torr for examination. If temper­

amines

RNCO + R'NH, 

carboxylic acids

O
I!

RNHC—NHR' 
urea

(4)

RNCO + R'COOH — ►
O O  O

Il II
RNHC—O—C—R ' — -  RNHC—R ' + CO: (5) 

anhydride amide
and halogen acids.

RNCO + HCl ^  RNHCOC1 (6 )
carbamyl halide

From the above, it can be seen that variations of general 
reaction 1 can lead to a number of interesting products.

R esu lts and D iscussion

A. Reaction of -NCO with Hydrogen. From extension of 
reaction 1, one might expect hydrogen to react with surface 
isocyanates according to eq 7. Thus, one might look for ad-
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M—NCO + H2
O
II

M—N—C—H — - MNH2 + CO
H  H jH M—H + NH3 (7)

sorbed CO, adsorbed NH3, or an -NH2 deformation mode 
in the ir as evidence of reaction. Figure 1 shows results of a 
study of the interaction of H2 and -NCO at various tem­
peratures. Other experiments have shown that under 1 
Torr of a 10% CO, 5% NO, 85% N2 blend, -NCO and CO 
groups are stable at temperatures as high as 250° with only 
slight decreases in intensity being observed. Thus, de­
creased intensity of -NCO (~2256 cm-1) and CO bands 
(~2100 and 2033 cm-1) may be attributed to reaction with 
or displacement by the reactant gas. From Figure 1C, the 
-NCO species and H2 apparently do not react at room tem­
perature; however, at 150°, the -NCO band is considerably 
decreased in intensity while at 250°, the bands have almost 
completely disappeared. Unfortunately, the deformation 
bands of -NH2 are in a region ~1600 cm-1 where the spec­
trum is already crowded. However, in Figure ID and IE, 
there does appear tc be increased intensity at ~1610 and 
~1458 cm-1. These ba rds correspond to the bands at 1618 
and 1458 cm-1 observed when NH3 is adsorbed on the 
cleaned sample (see Figure 4B). Further, the band at 2015 
cm-1 in Figure ID is undoubtedly a CO species formed ei­
ther by reaction 7 or by displacement of one of the CO’s in 
the -Rh(CO)2 group giving rise to the doublet observed in 
Figure IB and 1C. The observed spectra in Figure 1 are 
therefore consistent with eq 7. Formation of NH3 by reac­
tion of H2 with an -NCO group at elevated temperatures is 
consistent with the results of Shelef10 who observed in­
creased NH3 in the effluent from the noble metal-catalyzed 
reaction of NO and H2 upon addition of CO to the feed- 
stream.

B. Reaction of -NCO with HrO and D20. Hydrolysis of 
organic isocyanates by reaction 3 is well known. The analo­
gous surface reactions would give Rh-NH2 and C02 prod­
ucts. Inspection of Figure 2 shows no evidence of N-H 
stretching bands in the 3300-3400-cm-1 region and the 
1631 -cm-1 band due to adsorbed H20  covers the region 
where one might expect to see any -NH2 deformation 
mode. Thus, while H20 appears to react with or displace 
the -NCO species at room temperature, there is no evi­
dence forthe expected products from the spectra inFigure 1.

The same experiment was tried with D20  and the result­
ing spectra are presented in Figure 3. By using D20  rather 
than H20, the 1631-cm-1 band of Figure 2B is moved out 
of our range of observation. Any ND3 or -ND2 deformation 
modes will also be out of range leaving only the hope of 
finding carbonate species from the adsorption of product 
C02. While assignment of the 1580- and 1450-cm“ 1 bands 
in Figure 3E is not conclusive, it is consistent with adsorp­
tion of product C02. Based on the above, it is felt that H20 
does react with surface isocyanate species even at room 
temperature but the final products cannot be determined 
from the present study.

C. Reaction of - NCO with NH:i and n-C \H-NH2. From 
reaction 4, one might expect the formation of mono- or di- 
substituted ureas on the surface when the -NCO is exposed 
to NH3 or AI-C3H7NH2, respectively. The urea structure

O H\  H /  N—C—N
/

Figure 1. Spectra from interaction of H2 with -NCO groups on the 
surface of Rh/Al20 3.

Figure 2. Spectra from interaction of H20  with -NCO groups on the 
surface of Rh/Al20 3.
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F igure 3. Spectra from  inte raction o f D20  w ith -N C O  groups on the 
surface  of R h /A l20 3.

Figure 4. S pectra from  inte raction o f NH3 w ith -N C O  groups on the 
surface  of R h /A l20 3.

is*expected to have a C = 0  stretching band in the 1640- 
1695-cm“1 region and a -NH2 deformation mode at 
~1634 cm-1. Again, the expected products have ir adsorp­
tions in a crowded region making interpretation difficult 
and more speculative than one would like. The results are 
presented in Figures 4 and 5. Notice that -NCO remains 
observable even with heating of -NCO + NH:1 (or n- 
CuHvNFO) to 250° in contrast to the behavior with H2 or 
HoO. From this, we conclude that the reaction of RNH2 (R 
= H or alkvl group) with surface -NCO is not as facile as 
with Ho, H20, or R-OH (shown in Figure 6). This finding is 
contrary to normal organic chemistry experience where 
such reactions proceed with relative ease. Reactions on a 
surface probably encounter stereochemical restrictions not 
ordinarily present. From Figures 4 and 5, it appears that 
interaction of NH3 and rc-C3H7NH2 involves the -Rh(CO)2 
species more than it does the -NCO group. There is essen­
tially no evidence for the expected urea structure in Fig­
ures 4 and 5 since the 1300-1700-cm“1 regions in D, E, and 
F can be viewed as the addition of spectra B and C in each 
case.

D. Reactions of - NCO with Alcohols. As shown in eq 2, 
the expected product from reaction of an isocyanate with 
an alcohol is a urethane

O
M — N — C — O R

I
H

In this case, the C = 0  stretch should fall in the 1700-1734- 
cm“ 1 region and be somewhat higher than the 1635-cm“1 
band normally found when NO and CO are allowed to react 
on the hot Rh surface. Thus, if a urethane group is formed, 
there is a chance of observing one of its characteristic 
bands. Results of experiments using CH3OH are given in 
Figure 6. First, interaction of alcohol with -NCO seems 
quite extensive at room temperature and removal or dis­
placement of the -NCO group is almost complete between 
200 and 250°. Secondly, there is a strong new band between 
1680 and 1690 cm”1. Finally, a very weak band in the 
1330-1360-cm“ 1 range is found in D and E of Figure 6 and 
appears to be related to the presence or absence of the 
stronger 1680-1690-cm“ 1 band. We speculate that the 
1680-1690- and 1300-1360-cm“ 1 bands are due to a ure- 
thane-type structure caused by reaction of the alcohol with 
the surface -NCO group. It also seems reasonable to inter­
pret bands at 2000-2020 and 1820-1830 cm-1 in the spec­
tra after reaction at elevated temperatures (E and F of Fig­
ure 6) as adsorbed urethane decomposition products CO 
and NO, respectively.

In order to aid assignment of the 1691-cm“1 band in Fig­
ure 6D and 6E, isotope labeling experiments were carried 
out using 1:,CO and 1SN0 under the same conditions as for 
Figure 6D. Table I presents the observed isotope shifts. 
The main result is that the 1691-cm-1 band shifts down by 
33 cm-1 upon ,3C labeling and by 7 cm-1 upon 1oN labeling 
showing that this surface structure contains carbon and ni­
trogen atoms which were originally part of the isocyanate 
group. A much larger shift upon carbon labeling is consis­
tent with a urethane structure since the ir active mode 
should be almost entirely a -C = 0  stretch with only a 
minor influence from the nitrogen atom. Thus, labeling ex­
periments confirm formation of MNHC(=0)0CH:1 from 
room temperature reaction of CH3OH and an -NCO group 
on the Rh surface. The reaction is general since similar re­
sults were obtained with CH3CH2OH and (CH3)2CHOH.
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TABLE I: Sum m ary o f 13C and 15N Labeling E xperim ents on the -N C O  +  CH3OH R eaction over 
R h/A l2 0 3  a t Room Tem perature

-NCO [NCO-f -CO -CO -C = N —H c o 32- (CO32-)6

A. Observed shifts in bands after NO + CO reaction at 4000
Unlabeled band, cm"1 c 2254 2232 2099 2031 1629 1564 1457
13C (shift) -59 -59 -51 -47 -19 -54 -32
15N (shift) -17 -17 -5 -1 -18 +6 -6

-NCO [NCO-f -CO -CO —NHCOOCHj- C=N —H (CO,2")4

B. Observed shifts in bands after subsequent treatment of A with CH3OH at room temperature
Unlabeled band, cm"1 c 2250 2178 2080 2010 1691 1606 1459
13C (shift) -59 -60 -58 -46 -33 -19 -14
15N (shift) -17 -8 -1 0 -7 -12 -1

0 The band assigned as an [NCO ] group might also be due to a bridging -NCO group. See J. Nelson and S. M. Nelson, J. Chem. 
Soc., 1597 (1969). b The assignments in parentheses are considered tenuous. c The accuracy of these bands is estimated as ±5 cm-1.

. . . .  1 . . . .  1 . . .  ........................... 1 1
350 0  3 0 0 0  2 5 0 0  2 0 0 0  1500

FREQUENCYCCM*1)

Figure 5. Spectra from interaction of n-C3H7NH2 with -NCO groups 
on the surface of Rh/Al203.

In other experiments it was noticed that after prolonged 
pumping on a sample which gave a spectrum such as in Fig­
ure 6D or E, the intensity of the -NCO band seemed to in­
crease while the 1691-cm_1 urethane band decreased. It ap­
pears that the isocyanate + alcohol —*• urethane reaction on 
the surface is actually reversible and that alcohol can, in ef­
fect, be pumped out of a urethane structure. To further 
test this hypothesis, one of the samples having the ure­
thane structure on its surface was heated to ~150° while 
pumping on the sample. After this treatment, the -NCO 
band returned to ~70-80% of its original intensity with a

Figure 6. Spectra from interaction of CH3OH with -NCO groups on 
the surface of Rh/Al20 3.

corresponding decrease in the intensity of the urethane 
band. This is taken as additional evidence of the reversibil­
ity of the isocyanate + alcohol reaction on the RI1/AI2O3 
surface. While it was not convenient to monitor the prod­
ucts from the reaction in the infrared cell, several attempts 
were made to detect urethane products by passing NO + 
CO + CH3OH over Rh/ALO.r catalysts in a conventional 
fixed-bed reactor. The liquid products were condensed in a 
Dry Ice or liquid nitrogen trap and then injected into a 
chromatograph with flame ionization detection. No evi­
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dence could be found for either urethane or -NCO surface 
species by this method.

E. Reaction of -NCG with HCHO. It is known that poly­
urethane structures can be formed by copolymerization of 
aldehydes and isocyanates.11 If formaldehyde forms ure­
thane or polyurethane structures with surface isocyanate 
groups, some features of the resulting spectra should be 
similar to those observed after interaction of alcohols with 
surface -NCO. A comparison of Figure 7E for HCHO with 
Figure 6E for CH3OH shows definite similarities in the 
1900-2300-cm-1 region. While no well-resolved band in the 
1680-1690-cm-1 region can be observed for HCHO (as was 
found for alcohols). Figure 7E and F does show a slight in­
crease in intensity of the shoulder (~1640 cm-1) on a 
strong doublet centered at ~1600 cm-1. This might be in­
terpreted as evidence for a urethane band, however, other 
explanations (such as amines) are possible.

Formaldehyde adsorbed on a Rh/Al20;i surface (Figure 
7B) is of some interest. Formate ions with bands at 2800, 
1580, and 1380 cm-1 are clearly present. In addition, CO 
bands (linear and bridged) at 2018 and 1838 cm-1 are ob­
served and indicate that some of the HCHO is decompos­
ing upon contact with the Rh surface even at room temper­
ature. From Figure 7D it is apparent that when -NCO and 
Rh(CO)2 groups are already present the decomposition of 
HCHO to CO does not occur to a very large extent, proba­
bly, because the Rh sites necessary for decomposition are 
blocked by these other species. While the spectra of Figure 
7 show evidence for reaction of formaldehyde with the sur­
face isocyanate groups, the case is much more tenuous than 
it was with the alcohols where surface reactions were clear­
ly occurring and a product could be observed.

F. Reaction of -NCO with Acids. Interaction of a carbox­
ylic acid and a surface isocyanate group as proposed in eq 5 
could lead to either a surface anhydride or amide group. 
Evidence for anhydride or amide products could not be 
found. A surface anhydride species was clearly absent since 
the expected CO bands at 1800-1835 and 1740-1750 cm-1 
would be in a relatively uncluttered region. Evidence 
against formation of an amide group was not as convincing 
since the 1630-1650-cm_1 region where the CO band was 
expected is strongly overlapped by the acetic acid spectra.

Reaction of surface -NCO groups with halogen acids 
should lead to a carbamyl halide structure as shown in 
reaction 6. By analogy with spectra of diphenylcarbamyl 
chloride, one would expect to find the C = 0  stretch in the 
1730-1740-cm_1 region. In Figure 8D there does appear to 
be a new band at ~1722 cm-1 which would not be predict­
ed from addition of Figure 8B and C. While 1722 cm-1 is 
lower than the 1730-1740-cm_I region expected, a similar 
shift to lower frequency was observed in the reaction of al­
cohols with surface -NCO where the C = 0  stretch expected 
at 1700-1736 cm-1 actually appears in the 1680-1690-cm~1 
region. In the present case, this 1722-cm~I band is relative­
ly weak so that its assignment as the C = 0  stretch of a car­
bamyl chloride is tenuous. The 1722-cm_1 band apparently 
arises from a structure which is fairly sensitive to heat since 
it is not observed in Figure 8E and F. Carbamyl halides are 
known6 to be relatively stable at room temperatures, but 
dissociate at about 100°. The spectra in Figure 8E and F 
appear to reflect this instability.

Summary
All of the substances examined appear to react with or 

alter the surface -NCO group to some extent either at room Figure 8. Sp ectra  from  interaction o f HCI w ith  -NCO groups on the 
surface o f R-i/A I20 3.
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temperature or at elevated temperatures. While it is not 
possible to order the substances in terms of their reactivity 
toward surface isocyanate groups, it does appear that H2, 
NH3, /1-C3H7NH2, and H20 have less effect on -NCO at 
room temperature than the rest of the compounds. The 
acids seem to be the most reactive. The most reactive of the 
alcohols seemed to be CH3OH. There was no apparent dif­
ference between CH3CH2OH and (CH3)2CHOH as far as 
reactivity is concerned. Originally, it was thought that 
there might be steric effects between the primary and sec­
ondary alcohols, but other than a slight downward shift 
(~5 cm"1) of the urethane C = 0  frequency, no real differ­
ences were observed. It could be argued from this that the 
Rh-NCO sites are well exposed and not buried in the pore 
structure, but the basis for such a conclusion needs more 
than spectral evidence.

One of the more interesting aspects of this study is the 
reversible nature of the alcohol + isocyanate —► urethane 
reaction. It has been known for some time that addition 
reactions of isocyanate with various compounds having an 
active hydrogen are reversible when heat is applied. For ex­
ample, urethanes from primary alcohols are known to re­
generate isocyanates12 when heated above 250°. Commer­
cial advantage is taken of this regeneratability in the pro­
duction of <#e •component systems for heat curable coat­
ings. This stûdv shows that the r versability of the reaction 
occurs even wh-n the isocyana e group is attached to the 
surface of a noble metal.

In conclusion, the results suggest that the reactions of 
surface isocyanate species can be predicted by analogy with 
the reactions of organic isocyanates. Some differences are, 
of course, observed such as the reluctance of -NCO to react 
with ammonia and amines and the relative ease of revers­
ing the isocyanate + alcohol —* urethane reaction.
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The infrared spectra have been obtained for a number of 1:1 hydrogen bonded complexes isolated in a ni­
trogen matrix at 15°K. The complexes studied and their absorptions (successively, i>s and in,, given in cm-1) 
are as follows: (CH3)20  • HC1, 2280, 525; (CH3)3N • HC1,1595, 1370; (CH3)3N • HBr, 1870,1600; H3N • HBr, 
1390, 1211; (CH3)2CO • HBr, 1700; H20  • HBr, 2310, 410. For each acid, the value of rs in the complex de­
pends systematically, though not monotonically, upon base strength, as measured by proton affinity. We 
define the normalized proton affinity difference, A = [PA(B) — PA(X_)]/[PA(B) + PA(X- )], and find that 
plots of both Ars/ps° and i>b against A correlate all of the systems studied (including H3N - HC1 and H20  - 
HC1). We call such a plot a vibrational correlation diagram and we associate the trends with an increasing 

extent of proton transfer as A and base strength increase. According to this interpretation, the proton is 
‘‘completely shared” if A is near —0.23. Partial proton transfer occurs if A is less negative than —0.23, in­
creasing progressively as base strength increases.

Introduction

The matrix isolation infrared spectra of the H20  • HC1 
and H3N • HC1 complexes have been particularly informa­
tive.1-2 They show that in neither of these hydrogen bonded 
complexes does proton transfer occur to form ion pairs. 
Moreover, the spectra differ markedly, suggesting that a 
concerted study of a variety of systems would display the

systematics of proton transfer in hydrogen bonds as a func­
tion of acid and base strength. We present here such a 
study and we introduce a vibrational correlation diagram 
which gives coherence to the results.
Experim ental Section

The apparatus and techniques were identical with those 
used earlier. 12 Except when noted, the two reactants were
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, i . . . .  ...................
3000 2500 . ... 2000Vfcm ')

Figure 1. Infrared spectrum of HCI and dimethyl ether in nitrogen: 
upper curve, (CH3)20:N2 = 1:300, lower curve, HCI:(CH3)20:N2 = 
1:1:300.

premixed with nitrogen in separate 3- or 5-1. bulbs and de­
posited simultaneously from separate jets onto a Csl win­
dow maintained at 15°K. The total amount deposited was 
generally 40-45 mmol at a final matrix composition of acid: 
base:matrix = 1:1:350. Deposition times ranged from 6 to 8 
hr.

The infrared spectrum of each complex was recorded on 
a Perkin Elmer Model 225 infrared spectrophotometer over 
the spectral range 4000-350 cm-1. Frequency accuracy was 
±1 cm-1 and the spectral slit width was roughly constant 
at 2 cm-1.

The HCI (Matheson, 99%), HBr (Matheson, 99%), NH3 
(Matheson, 99%), (CH3)20 (Liquid Carbonic), (CH3)2CO 
(Fisher), (CH3)3N (Matheson), DC1 (Merck Sharp and 
Dohme, Ltd, Canada), and DBr (Merck Sharp and Dohme, 
Ltd, Canada) were each purified by condensation with liq­
uid nitrogen to permit removal of volatile impurities fol­
lowed by one or more thawing-recondensing cycles. Both 
H20  and D20  (ICN, 99.8%) were merely degassed by re­
peated freezing-thawing cycles.

Results
The spectra of the parent molecules isolated at a concen­

tration of 1:300 in a nitrogen matrix have already been re­
ported for HCI,1 DC1,1 HzO,1 D20,! NH3,2 and ND3.2 The 
spectrum of HBr, which resembles that of HCI,1 consists of 
a simple doublet at 2540 (0.34) and 2495 cm-1 (0.04) (opti­
cal densities are given parenthetically). The matrix spectra 
of the other parent molecules will be presented here, along 
with those of their hydrogen bonded complexes.

HCI and (C//3)20. The hydrochloric acid-dimethyl ether 
complex has been thoroughly studied in the gas3 4 and 
solid0 phases and its hydrogen bond energy has been mea­
sured to be 7.1 kcal/mol.6 Hence it provides a valuable tie 
point.

The matrix spectrum of the parent base, (CH3)20, is 
shown in the upper spectral curve of Figure 1. When HCI 
and (CH3)20 are codeposited in a one-jet experiment, two 
new bands were observed, at 2280 (0.18) and 525 cm-1 
(0.04). The band at 2283 cm-1, shown in the lower curve of

Figure 2. Infrared spectrum of HCI, HBr, and trimethylamine In nitro­
gen: top curve, (CH3)3N:N2 = 1:350; middle curve, HBr:(CH3)3N:N2 
= 1:1:350; bottom curve, HCI:(CH3)3N:N2 = 1:1:350.

Figure 3. Infrared spectrum of HBr and ammonia in nitrogen: HBr: 
NH3:N2 = 1:1:350.

Figure 1, has a half-width near 300 cm-1, while the less in­
tense band at 525 cm-1 has a smaller half-width, about 85 
cm-1, and a shoulder at 575 cm-1.

HCI and N(CH3)3. Figure 2 shows the spectrum of trime­
thylamine in nitrogen at a mole ratio of 1 to 350 (top 
curve). In the bottom curve is shown the spectrum ob­
tained from a two-jet deposition to give a matrix mixture of 
HC1:(CH3)3N:N2 = 1:1:350. Most obvious is the broad dou-
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Figure 5. Infrared spectrum of HBr and water in nitrogen, 850-350 
cm -1: HBr:H20:N2 = 1:1:350.

Figure 6. Infrared spectrum of DBr, HBr, and water in nitrogen, 
2600-1350 cm“ 1: DBr:HBr:D20:N2 = %:1/4:1:200.

blet at 1615 (0.23) and 1575 cm-1 (0.18), bracketing the 
sharp band of monomeric H2O (an impurity) at 1597 cm '1. 
Each of these two doublet features has a band width near 
45 cm-1. Another broad absorption appears at 1370 cm-1 
(0.31), this time with a half-width near 30 cm-1. Finally, 
there are bands at 1197 (0.55), 1004 (0.22), and 1220 cm-1 
(0.09), the last two of which are quite sharp (half-width, 
about 5 and 10 cm-1, respectively). When the matrix was 
warmed to 40° K to allow diffusion, all of these spectral fea­
tures disappeared.

These two compounds were also deposited in a 1:1 ratio 
without a matrix gas to provide a reference spectrum of 
crystalline trimethylammonium chloride. The sample was 
deposited at 77°K, annealed for about 20 min at room tem­
perature, recooled to 77°K, and finally, to 20°K. The spec­
trum of the crystal was recorded at each temperature. 
None of the absorptions mentioned above was present. In­
stead, the spectrum is dominated by a broad doublet in the 
range 2400-2700 cm-1 with peak absorptions (after anneal­
ing) at 2600 and 2490 cm-1. There was, as well, a medium 
intensity band at 1230 cm-1 which shifted to 1245 cm-1 
after annealing. All of the other bands were similar to those 
observed in the matrix spectrum of (CH3X3N.

HBr and N(CH3)3. The middle curve in Figure 2 shows 
the spectrum obtained from a two-jet deposition to give a 
matrix mixture of HBr:(CH3).3N:N2 = 1:1:350. One promi­
nent absorption appeared that is not in the parent spec­
trum, a broad, close doublet at 1870 (0.20) and 1890 cm' 1 
(0.24) with overall half-width near 80 cm-1. A weaker and 
comparably broad band is seen at 1600 c m '1, again with 
the 1597-cm-1 sharp absorption of isolated H20  impurity 
superimposed. Finally, there are sharp bands at 1225 
(0.10), 1196 (0.12), and 1000 cm' 1 (0.05). The first two of 
these have half-widths of about 4 cm-1.

V lcrrP )

Figure 7. Infrared spectrum of HBr, DBr, and acetone in nitrogen: 
(CH3)2CO:(HBr + DBr):N2 = 1:1:400; (a) 1670-1790 cm "1; (b) 
1230-1350 cm 1 (no parent absorptions appear In this region).

HBr and NH3. Figure 3 shows the spectrum of a matrix 
mixture of NH3:HBr:N2 = 1:1:350. Four peaks appear that 
are not present in the spectra of the isolated parent com­
pounds: at 300 (0.15), 1211 (0.20), 1390 (0.74), and 1754 
cm-1 (0.08). The half-widths of these four features are, re­
spectively, 10, 65, 60, and about 25 cm-1. After diffusion at 
40°K and recooling to 15°K, all of these new bands disap­
peared and strong bands at 1400 and 3100 cm-1 appeared. 
A second experiment at mole ratios 1:1:400 confirmed these 
results.

HBr and H^O, DBr and D2O. Figure 4 shows the spec­
trum of an HBr:H20 :N2 = 1:1:350 matrix mixture prepared 
in a single-jet deposition. One new feature appears, a broad 
band centered at 2310 cm-1 whose band center and appar­
ent structure seemed to vary some somewhat from experi­
ment to experiment, undoubtedly because of interference 
by atmospheric C02. A second broad band was observed at 
410 cm-1, with a shoulder at 460 cm-1, as shown in Figure
5.

Figure 6 shows the spectrum obtained in a similar exper­
iment using DBr and D20. Exchange had occurred in the 
vacuum line, to give a D/H ratio near 3 (as indicated by the
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HCl and DCl parent bands). The band at 2310 cm-1 ap­
pears again, somewhat weakened, and a distinct new band 
is seen at 1644 cm-1. Because of excessive scattering, no in­
formation was gained about the spectrum beyond 500 
cm-1.

HBr, DBr, and Acetone. One experiment .was conducted 
with HBr and acetone and two with HBr-DBr mixtures 
and acetone. Figure 7a and 7b show the key spectral re­
gions in these experiments, conducted with (CH3)2CO: 
(HBr + DBr):N2 = 1:1:400. With HBr, new absorptions ap­
peared at 1733 (shoulder), 1700 (0.37), 1300 (0.22), 1268 
(0.11), 1182 (0.21), 1095 (0.22), 1069 (0.13), and 509 (0.30) 
cm-1. The most intense of these bands, at 1700 cm-1, is 
also distinctive in its 20-cm-1 band width, as is evident in 
Figure 7a. All of the other bands have normal widths of a 
few wave numbers.

In the HBr-DBr experiments, the H/D ratios were near 
unity, so all of the above absorptions were observed. In ad­
dition, a broad and intense absorption appeared at 1308 
cm-1 (OD 0.23, band width about 24 cm-1), as shown in 
Figure 7b. Again, new features with band widths of a few 
wave numbers were observed at 1248 (0.33), 1194 (0.05), 
and 484 (0.23) cm-1.
D iscussion

In the first two papers of this series,1'2 the infrared spec­
tra of the H20  • HCl and H3N - HCl complexes were com­
pared to the expected spectra for a range of prototype com­
plexes. This analysis helped us classify H20  - HCl as a nor­
mal hydrogen bonded complex, type I, in which the proton 
is best considered to be still attached to the chlorine atom. 
In contrast, H3N - HCl seems to contain a proton not at­
tached preferentially to either the chlorine or the nitrogen 
atom. We call this a “completely shared” or type II hydro­
gen bond, to be differentiated from an ion pair structure, 
type III, in which proton transfer has occurred and the 
complex involves a hydrogen bond between an ammonium 
ion and a chloride ion.

Of course, as base strength is systematically varied, a 
continuum of hydrogen bond types is to be expected, in 
which types I, II, and III are merely the extreme and most 
readily characterized cases. These extreme types, with the 
two specific examples as tie points, provide guidance as we 
interpret the spectrum of each of the systems studied here. 
Then the entire array can be coherently related through a 
correlation diagram based upon the relative base strengths 
involved.

(C//3)20 • HCL The matrix-isolated complex shows two 
major absorptions, at 2280 and 525 cm-1. These are suffi­
ciently close to the gas-phase absorptions centered as 2574 
and 475 cm-1 to be given the same assignments, respective­
ly, cs and in,.

On the other hand, the frequency discrepancies are large 
enough to be of significant interest. In fact they lend au­
thority to the recent reanalysis by Lassegues and Huong7 
and by Bertie and Falk8 in which vs (for the gas-phase com­
plex) is assigned at a lower frequency, at 2480 cm-1. The 
central and most intense peak at 2574 cm-1 is then as­
signed as a combination of vs with va = 95 cm-1, the latter 
mode being the heavy atom stretching frequency of the hy­
drogen bond. These conclusions were reached on the basis 
of the spectral temperature dependence, as measured by 
Bertie and Falk8 between +34 and -30°, and by Lassegues 
and Huong7 over the range +90 to -50°.

Since the spectrum of a matrix-isolated molecule usually

relates simply to its gas-phase spectrum, the matrix spectra 
presented here can be considered to extend the observed 
temperature dependence down to 20°K. If this view is 
taken, then even at the lowest temperatures studied ear­
lier,7,8 there must have been significant excitation of low- 
frequency vibrations that tend to weaken the hydrogen 
bond and, hence, to shift vs to higher frequencies. An ob­
vious possibility is the excitation of bending modes, which 
intrinsically distort the hydrogen bond from the most sta­
ble, linear geometry.

(C //3)3iV - HCl. Since the base strength of trimethyl- 
amine exceeds that of ammonia, proton transfer in the 
(CH3)3N • HCl complex can be expected to be more com­
plete than in H3N • HCl, a type II complex. Hence the tri- 
methylamine hydrochloride spectrum can be interpreted 
with a type III complex in mind.

Five new features are observed, the most prominent of 
which are the broad doublet at 1575/1615 cm-1 and the in­
tense band at 1370 cm-1. While there is no certain explana­
tion for the 40-cm-1 splitting of the doublet, the breadth 
and intensity support its assignment to vs and to vs in com­
bination with a low-frequency mode, possibly v„, the heavy 
atom stretch. Similarly, the shape and strength of the band 
at 1370 cm-1 support its assignment to vb-

It is reasonable to presume that the remaining three 
bands, at 1220, 1197, and 1004 cm-1, are due to vibrational 
modes of the base shifted somewhat from the nearby ab­
sorption frequencies of the isolated parent, 1270, 1187, and 
1039 cm-1. In assessing this possibility, we find useful 
guidance in the spectrum of the trimethylamine odine 
complex, as studied by Yada, et al.9 They found thai three 
parent features shift most noticeably on complex forma­
tion, the gas-phase bands at 1272, 1183, and 1043 cm-1. In 
a Nujol mull spectrum, the iodine complex has counterpart 
bands at 1250, 1206, and 1002 cm-1. The similar pattern of 
shifts suggests that the hydrogen bond perturbs the vibra­
tional motions of the trimethylamine base in the same 
manner as does the iodine complex.10

With this reassurance, it is of interest to examine which 
motions are the ones most affected. Unfortunately, the vi­
brational assignment of so complex a molecule as trime­
thylamine inevitably carries some uncertainty and, per­
haps, some intrinsic ambiguity, as far as descriptive labels 
are concerned. Yada, et al.,9 reference the available infor­
mation and propose the following assignments for the 
bands of our interest: 1272 cm-1, ^ (E ), C-N stretch; 1183 
cm-1, ('s(Ai), CH3 rock; 1043 cm-1, ^ (E ), CH3 rock.

(C//3)3IV • HBr. By far the most prominent feature in the 
spectrum of this complex, the 1870/1890-cm-1 doublet, dis­
plays the characteristics expected for us: it is very intense, 
it is very broad, and its frequency is strongly shifted from 
the parent frequency, all of which are appropriate to a hy­
drogen bond formed between such a strong acid and a 
strong base. In a similar way, the broad and somewhat 
weaker band centered at 1600 cm-1 is readily assigned as 
fb- Again, the only interpretation we can offer for the dou­
blet character of cs is that it is due to rs + va with va = 20 
cm-1.

The remaining features, at 1225, 1196, and 1000 cm-1, 
are remarkably close to the three absorptions of the 
(CH3)3N • HCl complex that were assigned as perturbed vi­
brations of the parent amine. The correspondence reas­
sures that interpretation.

H jN ■ HBr. Once again, the most prominent band in the 
spectrum of the H3N • HBr complex, at 1390 cm-1, is a
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TABLE I: A ssigned Frequencies for i/s, rb, and v 
in Solid N 2 at 15°K (cm *1)

Complex

P A ,0
k ca l/
mol ¡'s t'b K A v jv m A

HC1 3336 2854
(monomer)

H2O HC1c 163 2540 460 60 - 0 . 1 1 0 -0.343
(c h 3)2o 186 2280 525 95c -0.201 -0.283

HC1
H jN-HCT 209 705 630 -0.753 -0.229
(CH3)3N- 229 1595 1370 40(?) -0.441 -0.189

HC1
HBr 323d 2540

(monomer)
H20 -H B r 163 2310 410 50 -0.091 -0.329
(CH3)2C O 190 .1700 -0.331 -0.259

H Br
H3N-HBr 209 1390 1211 300 -0.453 -0.214
(CH3)3N -H Br 227 1870 1600 20(?) -0.264 -0.175

“ Proton affinities are those compiled in ref 12. b Proton affinity 
of C l '.  c Gas phase frequency.8 d Proton affinity of Br . 'R efer­
ence 1J  Reference 2.

likely choice for vs. Its 80-cm-1 half-width and intensity are 
appropriate to this assignment. That it should not be as­
signed as the triply degenerate bending mode of the ammo­
nium ion is attested by the absence of absorption near 3100 
cm-1 attributable to the NH stretching vibration, which 
absorption is plainly evident after diffusion to form the 
ammonium chloride crystal.

If i/s falls at 1390 cm-1, then the second most intense 
band at 1211 cm-1 is a logical choice for iq,- The band at 
300 cm-1 is in a range appropriate to the heavy atom 
stretching motion, v„. Three possible assignments of the 
weak band at 1754 cm-1 are to be considered: it could be a 
combination of v„ with either vs or iq, or it could be the de­
generate bending mode of the parent ammonia (v = 1630 
cm-1) shifted by the quite strong hydrogen bond in this 
complex. Either combination would require rather large 
anharmonicity while the parent band choice would imply a 
rather large shift, so none of the explanations is readily 
preferred.

H20 ■ HBr and D20  • DBr. There is little ambiguity in 
assigning ¡/3 to the broad feature at 2310 cm-1, which prop­
erly shifts on deuteration to 1644 cm-1. This relatively 
modest shift from the monomeric HBr frequency (j>s° = 
2540 cm-1) signals a rather weak hydrogen bond, so that 
assignment of vy, to the low-frequency absorption at 410 
cm-1 is quite reasonable.

If the shoulder at 460 cm-1 is attributed to a combina­
tion with vb, then the difference, 50 cm-1, might be as­
signed as i>„. The analogous spacing in the H>0 - HC1 com­
plex at 60 cm-1 is in reasonable accord when reduced mass­
es are considered.

(CHzhCO ■ HBr and (CH3)2CO ■ DBr. The intense ab­
sorption in the HBr-(CH3)2CO spectrum at 1700 cm-1 is 
distinctive in its band width and it has a broad counterpart 
in the DBr-(CH3)2CO spectrum at 1308 cm-1. The band 
width and isotopic shift, 1.30, identifies the 1700-cm-1 
band as rs of the (CH3)2CO • HBr complex. None of the 
other new features seems to be a suitable candidate for ryt. 
Each of the new, sharp bands in the DBr-(CH,3)2CO spec­
trum has a similar HBr-(CH3)2CO counterpart 4-6% high­

Figure 8. A plot of Ars/vs vs. A for a series of hydrogen bonds, A = 
(PA(B) -  PA(A“ ))/(PA(B) + PA(A- )).

Figure 9. A plot of vb vs. A for a series of hydrogen bonds, A-H • • 
• B.

er in frequency. Hence, all of the additonal bands seem to 
be associated with shifted frequencies of the parent ace­
tone molecule.

Vibrational Correlation Diagram. Table I compiles the 
observed frequencies and assignments, including those of 
H20  • HC11 and H3N • HC1.2 For each of the two acids, HC1 
and HBr, the bases are arranged in order of increasing base 
strength, as measured by the proton affinity of the base, 
PA (given in the second column). In this sequence, the 
value of es passes through a minimum for each acid. This 
behavior is consistent with the principles implicit in the 
designations of types I, II, and III complexes.1-2 When an 
acid forms a hydrogen bond to a base, A-H • • • B, vs is low­
ered and the A-H distance increases relative tc the isolated 
A-H molecule. If the base strength is increased, the fre­
quency continues to decrease and the A-H distance to in­
crease until the proton can no longer be said to be preferen­
tially associated with A (a type II complex). Further in­
crease of base strength, then, will draw the proton close 
enough to become strongly associated with B, causing vs to 
rise again, approaching the limiting frequency of the isolat­
ed ion, HB+. Of course, the base strength (proton affinity) 
of B needed for proton transfer from an acid A-H will also 
depend upon the base strength of the conjugate base, A- . 
Hence, proton transfer in a hydrogen bond should depend 
systematically upon the difference between the proton af­
finities of B and A~.

These ideas suggest that a continuum of hydrogen bond 
types is to be expected, of which types I and III are limiting 
cases and type II is a special case intermediate to them. 
They also suggest a convenient parameter with which to 
correlate the vibrational frequency trends within this con­
tinuum. We define the normalized proton affinity differ­
ence, A, as follows:

PA(B) -  PA(A')
PA(B) + PA(A')
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TABLE II: Electrostatic Contributions to Proton  
Transfer in  Hydrogen Bonds

%
£ Type I Type II Type m

N eutral A -H — B ' 1 / 2A—H—B* 1 / 2 "‘A—-H-B * 1

»J# species
Bihalide X ,-H — Xj' 1 - ,/ 2Xt- H - X 2 - , / 2 - 'x , — h - x 2

ions

The limiting values of A are ±1; A = —1 corresponds to 
PA(A~) »  PA(B) or, PA(B) -»■ 0, and A = +1 corresponds 
to PA(B) »  PA(A~) or, hypothetically, PA(A~) —*• 0. In the 
limit A —► —1, rs and vy, approach the hydrogen stretching 
and bending frequencies of the free A-H molecule and v„ 
approaches zero. (If A-H is diatomic, the bending motion 
becomes a rotation, so cb —*■ 0.) In the limit A —► +1, rs and 
vb approach the appropriate frequencies of the free HB+ 
ion and, again, v„ —*■ 0.

With these extremes in mind, we have plotted Ays/rs° in 
Figure 8 (ra0 is the value of vs for the matrix-isolated A-H 
molecule and Ar = rs — vs°). Also included (the solid dots) 
are the gas-phase measurements for HF with a variety of 
bases,13 as reported by Couzi, et a/.14 We see that the plot 
interleaves the HC1 and HBr data and it accommodates the 
gas-phase HF data as well, showing that they are all consis­
tent when viewed in this way. Furthermore, the plot dis­
plays the expected continuum of bond types; we shall call it 
a vibrational correlation diagram.

This type of diagram correlates, as well, the trend in try,, 
as shown in Figure 9. For large, negative values of A (type I 
complexes), i>h should approach zero, as it seems to do. For 
less negative values of A (type III complexes), ry, should rise 
toward of the ion HB+. At this limit, there is some ambi-. 
guity, particularly when the isolated HB+ contains equiva­
lent hydrogens [as in H30 + or NH4+, and in contrast to 
HN(CH3)3+]. However, for the range of A studied, Figure 9 
shows that the correlation is not impaired by this ambigu­
ity, undoubtedly because the hydrogen bond interaction is 
still strong enough to maintain the uniqueness of the trans­
ferring proton.

Concerning the v„ trends seen in Table I, the doubt in­
volved in the assignments permits only the observation 
that the strongest hydrogen bond is expected for type II 
complexes. Hence is expected to display a maximum for 
intermediate values of A, as the data seem to indicate.

The position of the minimum in Figure 8, which we des­
ignate An, is a matter of some interest. According to our in­
terpretation, this is the value of A that produces a “com­
pletely shared” proton, the heteronuclear counterpart of 
centrosymmetric hydrogen bonds such as those in HF2“ 
and HC12-  (type II). For these prototype systems, An = 0, 
whereas in Figure 8, An is near -0.23. The reason for this 
difference can be associated with the electrostatic asymme­
try in the hydrogen bonds studied here, an asymmetry 
which is not present in the bihalide ions. This is illustrated 
in Table II in which the proton in assumed to carry all of 
its +1 charge with it as it transfers (zero order approxima­
tion). Plainly, there is an electrostatic attraction to be con­
sidered in the neutral species hydrogen bond of type III 
that is not present in type I. This implies that proton 
transfer will be aided somewhat, and will occur with a 
weaker base strength [lower PA(B)[ than would be needed

without this attraction. Hence, An will have a negative 
value.

Not unexpectedly, this qualitatively appealing electro­
static picture has quantitative inadequacies. The equally 
shared proton in the type II H3N - HC1 complex surely.does 
not transfer a full unit charge, perhaps half a unit charge is 
a more reasonable guess, as pictured in Table II. The elec­
trostatic energy implied would be —51 kcal/mol at a charge 
separation of 3.26 A (the Cl • • • N distance found in crystal­
line ammonium chloride, NaCl lattice). This is much less 
than the proton affinity difference that corresponds to Alr 
= —0.23, PA(NH3) — PA(C1_) = —124 kcal/mol. The dis­
crepancy, 124 — 51 = 73 kcal/mol, is enhanced by the 19 
kcal/mol energy of the hydrogen bond.15-16 Thus, the elec­
trostatic asymmetry does not provide quantitative predic­
tability of the magnitude of An even though it rationally 
accounts for its nonzero and negative value.

C onclusions

Some years ago, Barrow and coworkers17'18 found some 
spectroscopic evidence for proton transfer in hydrogen 
bonds, but only recently have there appeared promising av­
enues by which to advance this pioneering work. One ave­
nue that can be cited is through theoretical calculations, in 
view of the successful predictions by Clementi, et a /.,15'16 
concerning the H3N - HC1 complex. The present work in­
troduces another powerful approach, the vibrational corre­
lation diagram, which is made possible by access to proton 
affinities as quantitative measures of base strength.12 With 
data provided by matrix isolation spectroscopy, the vibra­
tional correlation diagram displays the relative base 
strength needed for proton transfer in a hydrogen bond 
and provides a criterion for deciding when a heteronuclear 
hydrogen bond will involve a completely shared proton. 
Both the concepts and the techniques are applicable to 
other systems, including those of biological interest, and 
further work is in progress.
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Matrix isolation infrared spectra (15°K) have been obtained for complexes between LiX (X = Cl, Br) and a 
number of electron donor bases. The complexes studied and the absorption frequencies assigned as the 
Li-X stretching modes, i/s, are as follows: (CH3)3N • 6LiCl, 632; H3N • 6LiCl, 538; (CH3)20  • 6LiCl, 524; 
HzO • 6LiCl, 553; (CH3)3N • 'LiBr, 554; H3N • 'LiBr, 584, 479; H20  • 'LiBr, 460 cm-1. The relative frequen­
cy shifts (referred to the average, isolated-monomer frequency, ¡>m) depend in the same way as hydrogen 
bond shifts when plotted in a vibrational correlation diagram, a plot of (vs ~ against the normal­
ized proton affinity difference, A = [PA(B) -  PA(X“)]/[PA(B) + PA(X~)]. The minimum value of(kS -  
m)/rM is located near A = -0.28, rather close to that of the hydrogen bonded HX(X = Cl, Br) complexes 
with the same bases (A = -0.23 to -0.26). The evidence indicates that these complexes have geometries 
such as those found in hydrogen bonds, so that the interaction is reasonably called a “lithium bond.”

Introduction
We have recently reported the systematic infrared study 

of a series of hydrohalide-base, hydrogen bonded com­
plexes via the matrix isolation method.1-3 In the last of 
these papers3 (hereafter, called ASP), a vibrational corre­
lation diagram was introduced that correlates the observed 
infrared absorptions and that reveals the base strength 
needed for proton transfer from the acid. Here we report 
similar studies and extend the same interpretive technique 
to lithium halide complexes with a series of bases.

It is often assumed that hydrogen is unique in its ability 
to form the bond called the hydrogen bond. There have, 
however, been some speculations that lithium atom might 
display a similar attractive interaction: by Shigorin4 on the 
basis of spectroscopic study of organolithium compounds, 
by West and Glaze5 (who disprove Shigorin’s contention 
with 6Li isotopic studies) on the basis of gas-phase associa­
tion, and by Balasubramanian, et al.,e on the basis of in­
frared shifts observed between 300 and 600 cm-1 in the 
spectra of lithium halide-amide solutions. Relevant to this 
lithium bond possibility are the measurements by Dzidic 
and Kebarle7 of the lithium ion affinity of water, 34 kcal/ 
mol.

Theoretical calculations on lithium bonds have also been 
attempted, notably by Kollman and coworkers.8 Using 
Hartree-Fock calculations, they concluded that LiF could 
bond to a suitable base. Lithium ion affinities have been 
calculated, too; for water using detailed Hartree-Fock cal­
culations9 and for strong bases using the CNDO/Z meth­
od.10

All of this background encourages the expectation that 
lithium bonding can occur, but decisive evidence is lacking. 
Such weak interactions are notoriously difficult to distin­
guish by conventional techniques, whereas the matrix isola­
tion method is uniquely suited. We report here a systemat­
ic spectroscopic study, using the matrix method, of a series 
of lithium halide-base complexes. These spectra establish, 
we believe, the existence of lithium bonding.

Experimental Section
The apparatus was similar to that used in ASP except 

that a Knudsen cell was incorporated in the cold cell base,

following the design by Andrews and Pimentel.11 The heat­
ing wire was changed to 0.02-in. diameter tantalum wire 
(NRC), which permitted somewhat higher temperatures 
than accessible with chromel A. The oven temperature was 
measured with a chromel P vs. alumel thermocouple, but 
because of thermal contact difficulties, the temperatures 
are uncertain to ±20°. The oven orifice was aimed at 45° 
incidence to the cold window.

The lithium halides are quite hygroscopic, so they were 
stored in a drying oven at 125° prior to use. After the 
Knudsen cell was loaded, the sample was left under vacu­
um for several days in the cold cell, during part of which 
the oven temperature was raised to 200°. Despite this de­
gassing procedure, a small amount of water was present in 
many of the matrix samples, as revealed by the absorption 
at 1600 cm-1 due to monomeric H20.

The matrix samples were prepared by depositing a pre­
mixed argombase gas mixture at a mole ratio of 125:1 onto 
a Csl window held at 15°K. At the same time, the oven 
temperature was raised to the range 475-525° so as to co­
deposit the lithium halide in roughly stoichiometric ratio. 
Deposition rates were about 5 mmol of Ar/hr and deposi­
tion times fell in the range 5-8 hr. While the presence of 
the hot Knudsen cell reduced the cold cell refill time from 8 
to 5 hr, the water impurity absorption spectrum showed 
that diffusion was not caused.

The infrared spectrum of each complex was recorded on 
a Perkin-Elmer Model 225 infrared spectrophotometer 
over the spectral range 4000-200 cm-1. Frequency accuracy 
was ±0.5 cm-1 and the spectral slit width was roughly con­
stant at 2 cm-1.

The crystals used were as follows: LiCl (natural isotopic 
abundance, Mallinckrodt), 6LiCl (99%, Oak Ridge National 
Labs), and LiBr (natural isotopic abundance, Mallinck­
rodt). The NH3 (Matheson), (CH:i)20  (Liquid Carbonic), 
and (CH3)3N (Matheson) were purified by condensation 
under vacuum with liquid nitrogen (to remove volatile im­
purities) followed by one or more thawing, recondensing 
cycles.
Results

The spectrum of lithium chloride was recorded in the 
presence of four bases [H20, NH:i, N(CH3)3, and (CH3)20)
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TABLE I: Spectral O bservations U sin g  6LiCl v ( c m 1) (O ptical D en sities Given Parenthetically)

Base

None h 2o n h 3 N(CH3)3 (c h 3),o Icentn“

632(0.04) (CH3)3N -L iC l
616(0.40) 616(0.96) 617(0.28) 617(0.21) 617(0.08) M

607(0.50) 607(0.90) 606(0.33) 607(0.11) 607(0.03) M
576(0.02) 575(0.01) 576(0.02) 577-590(0.02) ?

553(0.02) 553(0.07) 554(0.03) 540-550(0.04) H jO L iC l
532(0.06) 532(0.06) 538(0.09) H jN -L iC l

524(0.16) (CH3)2O L iC l

518(0.42) 518(1.2) 518(0.43) 518(0.50) 516(0.23) D

510(0.87) 5100») 5110») 510(1.1) 510(0.31) D

497(0.08) 497(0.16) 497(0.09) 499(0.05) ?

“ M  = monomer, D = dimer.

Figure 1. Infrared spectrum of 6LiCI in argon (15°K): dashed spec­
trum, dry sample; solid spectrum, 6UCI with H20  present.

and for some of these both with LiCl containing natural 
lithium isotopic abundance (93% 7Li, 7% 6Li) and with 99% 
fiLiCl. These results are presented first. The spectrum of 
lithium bromide was recorded in the presence of two bases 
[NH3 and NlCHala] but only with natural abundance LiBr.

LiCl. The dashed curve in Figure 1 shows the spectrum 
of carefully dried 6LiCl. Two doublets are seen, one at 616 
and 607 cm-1 and the other at 518 and 510 cm-1. Also, 
there is a weak band at 553 cm" 1 and a shoulder at 532 
cm-1. The prominent features are in accord with spectra 
published earlier by Snelson and Pitzer12 and by Schick 
and Schnepp.13 The high-frequency pair of bands is rather 
clearly associated with monomeric 6LiCl, the doublet struc­
ture being commonly ascribed to site splitting in the ma­
trix. The relative intensities of the doublet components 
varied from experiment to experiment. The low-frequency 
pair of bands has been assigned to 6LiCl dimers12-13 which 
is in qualitative agreement with vapor composition mea­
surements14 that show a monomer/dimer ratio near 0.56 at 
a temperature of 642°. The shoulder at 532 cm" 1 could be 
due to higher polymers.

In the spectrum of LiCl with natural isotopic abundance 
(which we designate nLiCl), the two monomer features are 
found shifted to 580 and 565 cm"1. The isotopic shifts

Figure 2. Infrared spectrum of 6LiCI in argon with bases present 
(15°K): dashed spectrum, 6LiCI with (CH3)20:Ar = 1:125; upper solid 
spectrum, 6LiCI with NH3;Ar = 1:150; lower solid spectrum, 6LiCI 
with (CH3)3N:Ar =1:100.

y(6LiCl)M7LiCl) are 1.062 and 1.074. The dimer features at 
488 and 480 cm" 1 also duplicate reasonably their fiLiCl 
counterparts. A rather prominent shoulder at 500 cm" 1 can 
be assigned as a 6LiCl • 7LiCl dimer.12

Table I lists the frequencies and optical densities for a 
typical experiment using BLiCl, along with similar data for 
the depositions that included bases (to be described).

LiCl and H>0. Water was often present as an impurity, 
particularly in the first experiments conducted after the 
Knudsen cell was recharged. Of course, the presence of 
H9O is unequivocally signalled by sharp features near 1600 
cm“ 1. As well, when H20 was present, a new band occurs 
near 553 cm“ 1 as seen in the solid curve of Figure 1. With 
nLiCl, HoO impurity produces a counterpart absorption at 
518 cm"1, with an isotopic shift of 1.068.

These features, due to the H20  • LiCl complex, are occa­
sionally present in the spectra of other complexes, so their 
recognition is of some importance.
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TABLE II: Spectral Observations U sing nLiBr i/(cm_1) 
(Optical D en sities Given P arenthetically)

Base

None NH3 N(CH3)3 Identn“

584(0.06)
554(0.02) 553(0.04) 554(0.08)

539(0.03) 532—539(~0.06) 539(0.03)
521(0.18) 521(0.22) 520(0.25)
502(0.22) 502(0.37) 502(0.49)

479(0.13)
466(0.07) 464(0.10) 469(0.09)
457(0.11) 458(0.11) 458(0.13)

438(0.50) 438(0.62) 4380»)
432(0.47) 432(0.68)
421(0.09)

“ M = monomer, D = dimer.

H3N-7LiB r 
6LiB r, M, 

(CH3)3N-7L iB r 
6LiB r, M 
7LiB r, M 
7L iB r, M 
H3N,;L iB r 
6LiB r, D 
6L iB r, D, 

H20 -7LiBr 
7LiB r, D 
7LiB r, D

Figure 3. Infrared spectrum of trimethylamine in argon, 1000-1300 
cm-1: dashed curve, (CH3)3N:Ar = 1:100; solid curves, lithium halide 
present (a) 6LiCI, (b) "LiBr; shaded area shows absorption due to 
(CH3)3N • LiX complex.

LiCl and NH3. The upper solid curve in Figure 2 shows 
the spectrum of a 150:1 argon :NH3 mixture codeposited 
with 6LiCl. There are features at 554, 538, and 497 cm-1 
that are not present in the 6LiCl spectrum. The first of 
these is assigned to the H20 • 6LiCl complex. Since ammo­
nia has no absorptions in this spectral range, either of the 
other two features, 538 or 497 cm-1, might be assigned to 
the H3N • 6LiCl complex. The band width is 4 cm-1.

In the counterpart experiment using nLiCl (argon:NH3 = 
175:1) absorptions consistently appear at 510 and at 462 
cm-1. The latter band might be the 7Li counterpart to the 
unassigned 6LiCl absorption at 497 cm-1, with an isotopic 
shift of 1.076. The other feature, at 510 cm-1, coincides 
with one of the 6LiCl dimer absorptions, but the intensity 
(typically, with optical density between 0.1 and 0.2) far ex­
ceeds that expected for the natural abundance mixture. We 
believe that 510 cm-1 is due, in part, to H3N • 7LiCl, which 
implies an isotopic shift of 1.055.

Thus, we have two possible assignments for the LiCl 
stretching mode in the H3N • 6LiCl complex, 538 and 497 
cm-1, each with reasonable lithium isotopic shifts. We

Figure 4. Infrared spectrum of nLiBr in argon with bases present 
(15°K): dashed spectrum, .nLiBr alone; upper solid spectrum, nLiBr 
with NH3:Ar = 1:125; lower solid spectrum, "LiBr with (CH3)3N:Ar = 
1:125.

favor the 538 cm-1 choice because the lower frequency of 
the two H3N • 7LiCl counterpart bands, 510 and 462 cm-1, 
was variable and sometimes seemed to be present in spec­
tra of samples involving other bases.

LiCl and N(CHs)s. In three experiments conducted with 
6LiCl and N(CH3)3, no new features were detected at a fre­
quency below the monomer LiCl bands. However, the lower 
solid curve in Figure 2 shows that a new band does appear 
at higher frequency, at 632 cm"1. In agreement, the spec­
trum obtained with nLiCl reveals a corresponding feature 
at 592 cm-1, again just above the monomer bands of 7LiCl 
and shifted from 632 cm' 1 by a factor of 1.063. These fea­
tures are attributed to the (CH3)3N • LiCl complex.

The frequency range 1000-1300 cm '1, which furnishes a 
part of the “fingerprint” region of the base, N(CH3)3, is 
shown in Figure 3a for the 6LiCl experiment. The dashed 
curve indicates the spectrum of the base alone in solid ni­
trogen. In the argon matrix, with eLiCl present, there is 
weak absorption at 1212 cm-1 and also a rather pro­
nounced shoulder at 1025 cm-1, neither of which is present 
without fiLiCl. These features, which were also present in 
the 7LiCl • N(CH3)3 experiment, correspond closely to simi­
lar absorptions of N(CH3)3 in hydrogen bonded complexes 
with HC1 and HBr (see ASP).

LiCl and (CH^zO. Codeposition of 6LiCl and a 125:1 = 
argon:(CH3)20  mixture was carried out three times, but 
only with prolonged deposition (24 hr) was a new band ob­
served. The dotted curve in Figure 2 shows the spectrum 
recorded in this experiment. There is a quite distinct shoul­
der at 524 cm-1 alongside the high-frequency component of 
the dimer doublet at 518 cm-1. This shoulder is far more 
intense than the weak feature at 532 cm-1 noted in Figure 
1; we believe that the 524 cm-1 band is due to the (CH3)20  • 
6LiCl complex.

LiBr. The dashed curve in Figure 4 shows the spectrum 
of nLiBr in Ar, which closely resembles that in the litera­
ture.13 This sample, evaporated at an oven temperature 
near 475°, displays monomer absorptions at 521 and 502 
cm-1 due to 7LiBr, and weak counterparts at 554 and 539 
cm-1 due to 6LiBr. A doublet attributable to dimer absorp­
tion is seen at 438 and 432 cm-1 and there are shoulders on 
either side, at 421 cm-1 and over the region 450-470 cm-1 
in which 6LiBr dimers would absorb. The observed bands 
and their optical densities are given in Table II.
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LiBr and H20. As in the LiCl experiments, complete re­
moval of water from the samples was a problem, so recogni­
tion of the H20  • LiBr absorption was important. From the 
spectra of samples that had not been thoroughly dried, the 
absorption due to this complex was deduced to be at 460 
cm-1. The frequency uncertainty is large, about ±5 cm-1, 
because this spectral region also contains absorptions due 
to 6LiBr dimers and isotopically mixed sLiBr • 7LiBr di­
mers.

LiBr and NH-3. Argon and ammonia at 125:1 were code­
posited with 'LiBr to give the spectrum shown in the top 
solid curve in Figure 4. Two distinct new bands are evident 
at 584 and at 479 cm";. The band widths are, respectively, 
about 10 cm- 1  and about 4 cm-1. The experiment was re­
peated with deuterated ammonia (D/H was about 4, which 
implies that the sample contains about 50% ND3 and 38% 
NHD2). Unfortunately, the experiment was indecisive be­
cause of poor photometry below 475 cm-1; no absorption 
near 479 cm- 1  was discernable. A band was observed at 580 
cm"1, shifted only small amount from the 584-cm“1 NH3 
counterpart.

LiBr and N(CH3)3. The lower solid curve in Figure 4 
shows the spectrum of an Ar:N(CH3)3 mixture at 125:1 
with "LiBr. One new band was observed below 1000 cm- 1  
at 554 cm"1. The weakness of the absorption at 539 cm-1, 
due to monomeric 6LiBr, shows that the band at 554 cm- 1  
cannot be wholly due "o 6LiBr. Hence it can be attributed 
to the (CH3)3N • LiBr complex.

Again, new spectral features were seen in the region 
1000-1350 cm-1. Figure 3b shows this region and two ab­
sorptions are clearly resolved at 1215 and at 1022 cm-1. 
The half-width of the first band is about 10 cm-1.

D iscussion
Lithium Bond Stretching Motions. For each of the LiX 

base systems studied, it was possible to identify a new ab­
sorption feature in the general spectral region of the LiX 
monomeric absorption. These new bands are listed in the 
second column of Table III. There are three opportunities 
to determine the dependence upon the lithium isotopic 
mass, in the complexes of LiCl with bases H20 , NH3, and 
N(CH.3)3. The frequency ratios, ¡'(6Li)A'('Li), are, respec­
tively, 1.068, 1.055, and 1.068. These are all quite close to 
the observed isotopic shifts of the monomeric LiCl doublet 
frequencies, 1.062 and 1.074. Clearly, each of these bands is 
due to a vibration of lithium in the complex. Its proximity 
to the monomeric LiCl absorption identifies the mode as a 
perturbed LiCl stretching frequency, vs.

Although isotopic verification is not available for the 
other complexes, we believe that rs for each of them has 
been observed, as listed in Table III.

Perturbed Modes of the Base. Only for the trimethyl- 
amine complexes was it possible to discern perturbed 
modes of the base. As shown in Figure 3, there are two 
rather indistinct bands in the spectrum of (CH3)3N • LiCl, 
a weak band at 12 12  cm"1, and a pronounced shoulder at 
1025 cm“ 1. More clearly resolved counterparts are seen in 
the spectrum of the (CH3)3N • 7LiBr complex, in this case 
at 1215 cm" 1 and at 1022 cm"1. These new features are 
reminiscent of the spec'ra of the corresponding trimethyl- 
amine complexes with HC1 and HBr, as reported in ASP. 
With HC1, bands were observed at 1220, 1197, and 1004 
cm" 1 whereas HBr produced new bands at 1225, 1196, and 
1000 cm“1. The conclusions and discussion in ASP are 
again applicable: the 1212- and 1215-cm"1 bands are due to

TABLE III: V ibrational Frequencies and R elative Shifts  
for Lithium  H alide-B ase Complexes

C o m p le x t's , c m "1 ("a -  uJ A m A b

H 20 - 6L iC l 553 -0 .0 9 6 -0 .3 4 3
H , 0 ‘L iC l 518 -0 .0 9 5 -0 .3 4 3
(C H 3)20 ,6L iC l 524 -0 .1 4 3 -0 .2 8 3
H 3N -6L i C l 538 -0 .1 2 0 -0 .2 2 9
H 3N -7L iC l 5 1 0 ( ? ) -0 .1 0 9 -0 .2 2 9
(C H 3)3N *6N iC l 632 +  0 .034 -0 .1 8 9
(C H 3)3N -7L iC l 592 +  0 .034 -0 .1 8 9
H ,0 -7L i B r 460 -0 .1 0 1 -0 .3 2 9
H 3N -7L i B r 584 ■: + 0 .1 4 2 -0 .2 1 4

479 -0 .0 6 4
(C H 3)3N ,7L i B r 554 +  0.083 -0 .1 7 5

“ I'm is taken as the average of the two unperturbed monomer 
frequencies: KM(LiCl) = 611.5 cm-1; VM(7LiCl) = 572.5 cm"1; 
¡>M(7LiBr) = 511.5 cm"1. 6 Ah = [PA(B) -  PA(X")]/[PA(B) + 
PA(X")]. Proton affinities are taken from ref 15.

the perturbed trimethylamine vibration that appears at 
1272 cm- 1  for the gas. The 1025- and 1022-cm“ 1 bands are 
due to the perturbed 1043-cm-1 gas-phase vibration.

We believe that the correspondence between the LiX 
and HX perturbations of the trimethylamine vibrations in­
dicates that the lithium halide-base complexes are structu­
rally related to their hydrogen bonded counterpart com­
plexes. This encourages us to explore the ps frequency 
shifts in the same way that was so successful for the hydro­
gen bond systems, i.e., using the vibrational correlation di­
agram.

Vibrational Correlation Diagram. If the LiX-base com­
plexes are like their hydrogen bonded counterparts, we can 
expect for weak bases that the LiX stretching frequency 
will be progressively lowered as base strength increases. 
This lowering of vs will be accompanied by an increase in 
the X-Li bond length and a decrease in the Li ■ • • B dis­
tance. If base strength is steadily increased, there will come 
a point at which the X-Li distance will be sufficiently long 
and the Li • • • B distance sufficiently short that the lithium 
can be said to be transferred, presumably as Li+. For such 
high base strengths, the value of vs can be expected to rise 
again, approaching the limiting frequency of the isolated 
LiB+ ion. Between the extremes, there will be a base 
strength at which rs is a minimum, which corresponds to a 
“completely shared” lithium ion, in which the lithium ion 
cannot be said to be preferentially bonded either to X" nor 
to B.

If this analogy to hydrogen bonding is valid, it should be 
manifested by a systematic dependence of rs upon the dif­
ference in the lithium ion affinities of X" and B. Unfortu­
nately, most lithium ion affinities are, as yet, either un­
known or quite uncertain. However, internal consistency 
requires that if the analogy to hydrogen bonding is legiti­
mate, then lithium ion affinities ought to be monotonically 
related to proton affinities. Hence, we can explore the sys­
tematic dependence of rs upon base strength by examining 
how i/s changes as a function of A, where A is defined in 
terms of proton affinities, just as used in ASP:

PA(B) -  PA(X~) 
p a (b ) + PA(X")

For this purpose, Table III lists the appropriate values of 
A and the relative frequency shifts, Avs/nB° = (us — i>
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Figure 5. A  plot of Avs/vs° vs. A for a series of LiX complexes X -  
Li • • • B: AVr/s0 =  (vs -  ¡>M)/vM; A =  [PA(B) -  PA(X")]/[PA(B) +  
PA(X-)].

For the lithium halides, it is necessary to use as a reference 
frequency, vs°, one of the two components of the monomer 
doublet or, having no criterion for preference, the average 
of the two. We take the latter path, vs° = v\\. Figure 5 
shows the values of Avs/vs° plotted vs. A. There are two ob­
served bands for the H3N • LiBr complex, so both are 
shown. The lower frequency correlates smoothly with the 
other data. This suggests that </s is at 479 cm- 1  and that the 
higher frequency, 584 cm-1, is a perturbed vibration of the 
base.

The obvious systematization of the data in Figure 5 is 
convincing, and it tends to substantiate the lithium ion 
transfer interpretation of the vs frequency shifts. The shape 
of the curve suggests that there is a continuum of bond 
types in these complexes. While the extreme bond type at 
weak base strength (highly negative values of A) might be 
described as a dipole-polarizability bond and that at high 
base strength as an ion pair, there is no sudden transition 
from one type to the other. Instead, the curve suggests that 
at A «  —0.28, the lithium ion is “completely shared” in a 
bond that is best likened to a type II hydrogen bond (see 
ASP). Clearly such a bond would not be adequately de­
scribed by either of the extreme models derived from an 
electrostatic point of view.

The relationship to hydrogen bonding is further eluci­
dated by comparing the values of A at which Avs/vs° is a 
minimum (which we call An). In Figure 5, An is near —0.28 
for the lithium halide complexes, rather close to the value 
—0.23, which was determined for the hydrohalide complexes 
(see ASP). The difference is in the direction that indicates 
lithium ion transfer occurs with a somewhat weaker base 
than needed for proton transfer. To make a specific com­
parison, a base with proton affinity near 187 kcal/mol will 
form a type II (“completely shared”) lithium bond with 
LiCl whereas a proton affinity near 206 kcal/mol is needed 
to form a type II hydrogen bond with HC1. This difference 
seems to be intuitively agreeable on the basis of the high 
charge separation existing in the lithium halides (as indi­
cated by the molecular dipole moments). On the other 
hand, it is not what would be expected from a naive inspec­
tion of bond energies, since the bond energy of LiCl, 112 
kcal/mol. exceeds that of HC1 by 9 kcal/mol. In fact, a more 
complete thermodynamic analysis is necessary, based upon 
lithium ion affinities.

Thermodynamic Considerations. Unfortunately, only

one neutral molecule lithium ion affinity has been mea­
sured, that of water:

Li+(g) + tLOfg) -» H20Li+(g) AH = —34.0 kcal/mol

With this value, we can calculate the energy needed to form 
an ion pair at infinite separation from gaseous LiCl and 
H20  molecules, to be compared to comparable calculations 
for HC1.

L i C l  (g) +  H 20 (g )  — -  H , O L i+(g) +  C l -(g)

H = + 1 1 9  k ca l m o l

H C l ( g )  +  H jO (g) — *■ H 30 +(g) +  C l- ( g )

H  =  + 1 6 8  kca l m o l

H C l ( g )  +  N H 3(g) —  N H 4*(g) +  C l- ( g )

H — + 1 2 4  k c a l/ m o l

Thus, lithium ion transfer from Cl-  to FLO requires about 
the same energy as proton transfer from Cl-  to the stronger 
base, NH3. This is consistent with the conclusion based on 
Figure 5, that lithium ion transfer will occur with a weaker 
base than is needed for proton transfer.

Of course, the consideration is not complete until the two 
ions are brought into proximity. Regarding Cl-  and 
H2OLi+ as point charges, they would have to be placed at a 
separation 2.8 Á to make ion pair formation thermoneutral. 
This separation should be compared to the expected Cl • • 
- O distance if it is assumed that the charge on H¿OLi+ is 
lodged on the central oxygen atom. That distance must ex­
ceed the sum of the equilibrium bond distances in LiCl(g).
2.02 Á, and Li20 , estimated to be about 1.6 Á (r0 = L52 Á 
in LiF(g)). This sum, 3.6 Á, is much larger than 2.8 Á and 
suggests that charge transfer will not occur, consistent with 
the implications of the vibrational correlation diagram.

Spectral Characteristics of Lithium Bonds. Hydrogen 
bonding produces unique and obvious spectral perturba­
tions in vB: large frequency shifts, increase in intensity, and 
increase in band width. These effects are muted or absent 
in the spectra of the lithium halide-base complexes. Figure 
5 shows changes in Avs/vs° that qualitatively resemble those 
caused by hydrogen bonding, but much smaller in magni­
tude. The minimum in the Ai/Jr/1 curve is about —0.14 in 
the lithium complexes, whereas it reaches —0.76 for hydro­
gen bonded complexes (see Figure 8, ASP).

Even less similar are the intensity and band width be­
haviors. All of the new features recorded for lithium halide 
complexes are relatively weak and their band widths are in­
creased, but only modestly over the band widths observed 
for the isolated monomer. The low intensity could, of 
course, be due to a low concentration (rather than to a low 
absorption coefficient) but there is evidence to the con­
trary. The 1215-cm_1 band in the (CH3)3N • LiBr spectrum 
is almost as intense as the comparable band at 1225 cm -‘ 
in the (CH3)3N • HBr spectrum. This suggests that there 
are comparable amounts of complex, so the low intensitv of 
t's in (CH3)3N • LiBr must be due to low absorption coeffi­
cient.

The absence of intensity enhancement may be connected 
with the fact that the lithium halide bond is extremely 
polar before bond formation, so that the possibility for sig­
nificant enhancement is lessened. Nevertheless, neither the 
intensity nor the band width behavioral differences be­
tween hydrogen bonded complexes and their lithium coun­
terparts is readily rationalized. This contrast adds a dimen­
sion to a subject that remains unsettled; perhaps it may
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ultimately contribute to a clearer understanding of the be­
havior of both systems.

C onclusions
We believe that the present data provide strong evidence 

for the formation of complexes in which two molecules are 
linked by a lithium atom in a geometry such as that found 
in hydrogen bonds. Furthermore, the vibrational correla­
tion diagram indicates a continuum of such complexes can 
be formed by varying the base strength, again in close anal­
ogy to hydrogen bonding behavior. We believe that in this 
continuum, there is a progressive transfer of the lithium 
ion and that for appropriate base strength, the lithium oc­
cupies an intermediate position in which it is not bonded to 
either adjacent atom preferentially, i.e., it is “completely 
shared.” While the data suggest that a lithium ion transfer 
occurs with a weaker base for lithium halides than for hv- 
drohalides, the difference is perhaps not as significant as is 
the fact that it is a rather small difference. The only strik­
ing absence of similarity to the hydrogen bond lies in the 
fact that neither the intensity nor the band width of es is 
dramatically affected in these lithium complexes. Despite 
this one discordance, we feel that the likenesses warrant

the conclusion that these lithium halide-base complexes 
involve bonding such as that in hydrogen bonds, that is, 
they contain lithium bonds.
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Absorption and emission spectra are reported for five aromatic a-dicarbonyls in fluid solutions at room 
temperature. All emissions proceed from relaxed excited states, both S] and Tj, which possess coplanar or 
nearly coplanar dicarbonyl geometries, whereas absorption initiates in relaxed ground states, S0, which ex­
hibit widely different values of the CO/CO dihedral angle in different molecules. It is argued that low-ener­
gy 7t* <- n transitions in these molecules are heavily localized on the dicarbonyl moiety.

Introduction

Our previous studies of the emissive characteristics of 
nonaromatic a-dicarbonyl systems (e.g., pyruvic acid,2a ox­
alic acid,2h oxamide,3 parabanic acid4) evolved, in part, into 
a consideration of the geometric differences between the 
relaxed, absorbing ground state and the relaxed, emitting 
excited states. In this work, we extend these geometric con­
cerns to mono- and diaromatic a-dicarbonyl systems.

Prior work'’- 11 on mono- and diaromatic a-dicarbonyl 
systems is sparse and has been limited, largely, to the di­
aromatic benzil (I). In the most cogent discussion of such 
luminescence properties which is available, Morantz and 
Wright5 postulated that photoexcitation of the skewed 
ground state of compound I leads to relaxed, emitting Sj 
and Ti states in which the a-dicarbonyl system is planar. 
One consequence of this supposition is that if I were “fro­
zen” into a ground state conformation in which the a-dicar­
bonyl subsystem was maintained planar, or nearly so, all

geometric relaxation processes in the Sj and Ti states 
would be evaded. An examination of molecular models in­
dicated that the molecules phenyl mesityl diketone (II) and 
mesitil (III) might satisfy the requirements of a planar a- 
dicarbonyl S0 geometry. In particular, such models for the 
ground state of compound III suggest that the intercarbon­
yl dihedral angle, 6, should be ~180° and the “mesityl/ad- 
jacent carbonyl” dihedral angle, <I>, should lie in the 45-90° 
range.

The extent to which coplanarity of the aromatic and car­
bonyl moieties affects the luminescence properties (i.e., 
contributes to the large Stokes shift of the fluorescence ob­
served in many aromatic a-dicarbonyls) is largely un­
known. A study of the excited state properties of 1 -phenyl-
1,2-propanedione (IV), 3,3-dimethyl-l,2-indanedione (V), 
and 3,3,5,5-tetramethylcyclopentanedione (VI) might pro­
vide information on this point. Examination of molecular 
models indicates that coplanarity of the aromatic and car­
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bonyl fragments is sterically hindered, to a slight extent, in 
the So state of IV, is sterically enforced in all states of V, 
and is absent in VI, since this last molecule possesses no

0

aryl parts; in addition, coplanarity of the «-dicarbonyl sys­
tems is enforced cisoid in all states of V and VI and is prob­
ably transoid in the Si and T1! states of IV.

Finally, much of the prior work5-11 consisted of a corre­
spondence of absorption spectra obtained in liquid solu­
tions at room temperature with emission data obtained in 
glassy solutions at low-temperatures (usually 77°K). In 
view of the fact that glassification may itself induce struc­
tural changes in the solute species, it seemed appropriate to 
confine all measurements to fluid media at ~300°K.

Since the observed emission spectra of the fluid systems 
contain both phosphorescence and fluorescence compo­
nents, some means of distinguishing them is required. The 
technique of extensive degassing coupled with that of air 
saturation provides apt discrimination. Phosphorescence is 
either diminished or completely quenched in the air-satu­
rated solutions whereas fluorescence is usually not much 
affected.

Experim ental Section
Benzil (Baker) and l-phenyl-l,2-propanedione (East­

man) were purchased commercially. Mesitil and phenyl 
mesityl diketone were prepared by an air oxidation of the 
corresponding benzoins.12 3,3-Dimethyl-1,2-indanedione 
was prepared by standard methods.13 All solids were puri­
fied immediately prior to use by sublimation, recrystalliza­
tion, and/or thin layer chromatography. The liquid 1 -phe- 
nyl-I,2-propanedione was purified by vacuum distillation.

Instrumentation and techniques have been decribed pre­
viously.2®’3 Total emission spectra were recorded at ambi­
ent temperatures (~300°K) on samples previously submit­
ted to an extensive freeze-evacuate-thaw degassing proce­
dure and on samples subjected to aeration procedures; the 
fluorescence and phosphorescence components were deter­
mined by simple comparison of the degassed and the aerat­
ed solution spectra.

R esults
Absorption and emission spectra of compounds I-V are 

presented in Figures 1-5. Pertinent data for compound VI 
are available elsewhere.14 The absorption spectra are char­
acterized by a low-energy 'r ni» •*— 1 1  ̂i transition of weak 
intensity and a higher energy ’IT,,» *— 1 Fj transition of 
variable (i.e., moderate to strong) intensity. The total lumi­
nescence spectra comprise both ' r nir* -*• ‘ I’ j and :!Pn»» —*• 
1T i processes.

Salient features of the absorption and emission spectra 
are given in Table I. Data are given for only one 
1 Ti transition: the most intense such transition at v <
45,000 cm-1. Other T ^ *  ■*— 1 Ti transitions are observable 
(e.g., in Figures 1, 3, 4, and 5) but are not distinct in some 
compounds and not detectable in others.

The >rnT. 1Ti absorption is broad and structureless in
compounds I, II, and IV but exhibits distinct vibrational 
structure in compounds III and V. A vibrational analysis of

Figure 1. Absorption and emission spectra of benzil (I) in 3-methyl- 
pentane at ~300°K . The scale of emission intensities is linear: 
(-------- ) total luminescence of degassed solution; (....... ) total lumi­
nescence of aerated solution.

Figure 2. Absorption (in 3-methylpentane) and emission (in methylcy- 
clohexane) spectra of phenyl mesityl diketone (II) at ~ 3 00 °K . The
scale of emission intensities is linear: (-------- ) total luminescence of
degassed solution; (....... ) total luminescence of aerated solution.

9 0 ’

Figure 3. Absorption and emission spectra of mesitil (III) in 3-methyl­
pentane at ~300°K . The scale of emission intensities is linear: 
(-------- ) total luminescence of degassed solution; (....... ) total lumi­
nescence of aerated solution.

this absorption for the indanedione V is give in Table II; 
considerable activity in a symmetric carbonyl stretching 
mode, i> = 1450 cm-1, is evident. The corresponding fre­
quency observed in mesitil (III) is ~1350 cm-1. The 11'n̂ r» 
■«— 1 Tj absorption band of compound IV is somewhat differ­
ent from the others. It exhibits a poorly resolved structure 
on the long wavelength edge but is structureless at higher 
energies; in addition, the half-width of this band, 5400 
cm-1, appears to be larger than that of any other com­
pound studied here. Indeed, analogy to the corresponding
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T A B L E  I : A bsorp tion  and Em ission C ha rac te ris tics  o f Some o -D ica rbony lsa

! y  -F _̂_1 nu T ,

' r >

‘r ni* 
;  T ,

S to ke s  
sh ift  
A  F. 
c m "1

S T
sp lit
A S T ,
c m "1

—  ' r  i
D ih e d ra l A n g le s

4 _
«- .1/"' 
c m "1

-
e . 3 / "1
c m "1Compel

^max'
c m "1*

^max*
c m ”1

^max*
c m "1

 ̂mix •
c m "1 0. deg «¡>, deg

tC
I 25 .600 56 19.950 17,800 5650 2150 38.700 20,250 -9 0 0-10
I I 24 .300 52 19.450 h 4850 h 37.800 13.300 9 0 -1 8 0 0; 4 5 -9 0

I I I 20.200 57 19,800 17,330 400 2470 33.000 2.750 -1 8 0 4 5 -9 0

IV 24,550 28 20.700 18,300 3850 2400 38,500 8,150 70 -110 0-10
V
V I

18,900
18 .870c

36
31c

18.700 16.760 200 1940 36.600 8,870 0-10
-0

0-10

“ All data refer to band maxima observed in solutions in 3-methylpentane at -300°K . h Although II does phosphoresce, the difference of 
total luminescence spectra of degassed and aerated solutions (see Figure 21 is insufficient to locate A,,, ,* of the phosphorescence with any 
degree of accuracy.r In cyclohexane solutions; as reported in ref 14 of text.

TABLE II: Vibronic A nalysis o f the 1 r ]1;r* * 1Fi 
Absorption Band of Indanedione (V)

A, m/i v. c m "1 A c , cm

A s­
s i g n ­
ment

V | , IA ,

528 18.940 0 0 0.0
510 19.610 670 1.0
490 20.410 1470 0.1
475 21.050 1440 1. 1
458 21.830 1420 0. 2

i', -  670 c m "1
V. - 1440 c m "1

r
qn-

V (cm x 10 ) —-

Figure 4. The absorption and emission spectra of 1-phenyl-1,2-pro- 
panedione (IV) in 3-methylpentane at 300°K. The scale of emission
intensities is linear: (-------- ) total luminescence of degassed solution;
(....... ) total luminescence of aerated solution.

absorption band of pyruvic acid and various of its esters28 
leads one to conclude that compound IV samples a variety 
of ground state geometries, including the planar situation 
where ft = 180°. Nonetheless, it is the contention here that 
the dominant entities present in IV have dihedral angles 
such that 70 < ft < 110°. Intercarbonyl dihedral angles 
which have been inferred or deduced for the other com­
pounds are listed in Table I. Comparison of Table I and 
Figures 1-5 indicates that the presence of vibrational struc­
ture in the 1Tnir* — 1T | absorption band is an indicator of 
CO/CO coplanarity in both the ground and excited states.

The fluorescence origin band in compounds III and V is 
almost coincident with the 0,0 band of the ‘ I ’ n - *  1 Ti ab-

Figure 5. Absorption and emission spectra of 3,2-dimethyl-1,2-inda- 
nedione (V) in 3-methylpentane at ~300°K . The scale of emission 
intensities is linear. The emission spectra are displaced vertically for
greater clarity: (-------- ) total luminescence of degassed solution;
(....... ) total luminescence of aerated solution.

sorption band. A similar coincidence is also evident in com­
pound IV, if one supposes the absorption 0,0 to lie at 21,000 
cm“ 1 (i.e., in the structured red edge). The Stokes shifts of 
the measurable “vibrationless” origins lie, then, in the 
range 300-200 cm-1  and their smallness indicates a com­
plementarity of emission and absorption processes. The 
fluorescence of compounds III, IV, and V is, therefore, of 
1 Fnx* “* 11'i nature. The fluorescence band maxima of 
compounds I, II, and IV exhibit large Stokes shifts relative 
to the unstructured «— 1Ti absorption maxima. By
analogy with IV, where a nascent structure is detectable in 
the red edge of the 1 r nir» *— 1Ti absorption band, it follows 
that the fluorescence of compounds I and II is also of ‘r n̂ » 
—̂ 1 r i nature.

Given that the fluorescence is of 1r nir. — 1 Ti nature, the 
characteristic singlet-triplet split of 1900-2500 cm- 1  evi­
denced by all compounds indicates15 that the phosphores­
cence is always of :ir nir» -► 1 I'i type. This conclusion is also 
in accord with the 77°K data for phosphorescence lifetimes 
and with vibronic analysis of these T, -*■ So emission spec­
tra.

It is probable that much of the fluorescence observed 
here (i.e., in fluid nonpolar systems at ~30C°K) is of a ther­
mally activated Sj •*— Tj nature.16

D iscussion

The ground state geometry of I has received considerable 
attention.17 It has been established that t ie  benzoyl sub­

T h e  J o u r n a l  o f  P h y s ic a l  C h e r r  is t r y .  V o l. 79. N o . 6. 1 9 7 5



Photorotamerism of Aromatic a-Dicarbonyls 629

units are planar and aligned at 70 < 8 < 90°. No crystallo­
graphic data are available for II and III. Steric effects in­
duced by ortho substitution on the phenyl ring suggest that 
90 < 8 < 180° for II and that 8 ^  180° for III. Moreover, 
the same effects suggest that the “phenyl/adjacent carbon­
yl” dihedral angle, $  should increase toward 90° as one 
proceeds from I toward III. These suppositions concerning 
ground state geometries of I, II, and III have been used by 
Leonard and Blout18 to rationalize the decrease of energy 
of the 1 1'nT» •«— ]ri transition and the decrease of intensity 
of the 1 •*— 'IT transition which occur on proceeding 
from I toward III (see Table I). Straightforward application 
of the Leonard-Blout principles18 to the monoaromatic a- 
dicarbonyls, IV and V, establishes the most probable geom­
etry of IV relative to that which is sterically enforced on V. 
These geometries, consistent from the point of view of ste­
ric considerations and absorption spectroscopic data, are 
listed in Table I under 8 and 3>.

The 1Tn̂ » ■*— 1T i energies of the diaromatic a-dicarbon- 
yls vary over a broad range of 5400 cm-1. The 1r nT. —»• 1Ti 
and 3r nir» —► 1Ti energies, by contrast, span a very narrow 
range of ~500 cm-1. This near-constancy of emission ener­
gies suggests that the three diaromatics decay radiatively 
from a common, well-defined geometry. In turn, the ob­
served differences of Stokes shifts, which vary over a range 
of 5250 cm-1, must then be associated with ground state 
geometric differences and the effects which these differ­
ences exert on 1r nT» ' I'i absorption energies. As a result, 
we conclude, in agreement with Morantz and Wright,5 that 
the geometry of the ground state is categorized by a CO/CO 
dihedral angle which varies from molecule to molecule 
whereas the Sx state exhibits CO/CO coplanarity in all mol­
ecules. This conclusion is vindicated by the negligible 
Stokes shift and by the mirror-image relationship of fluo­
rescence and absorption spectra in V where the CO/CO co­
planarity is sterically enforced.

This common a-dicarbonyl coplanarity of all Si geome­
tries must be extended also to all Ti state geometries be­
cause of the relative constancy of all AST splittings of 
Table I. Thus, for mesitil, we conclude that 0(Si) = 0(Ti) = 
0(So) =* 130°; for indanedione, we conclude that 0(Si) = 
0(Ti) = 0(So) = 0°; for I, we conclude that 0(Si) = 0(Tj) = 
180°, whereas 0(SO) =* 90°; and, for II, we conclude that 
0(Si) = 0(Ti) = 180°, whereas 90 < 0(SO) < 180°.

The similarity of the absorption and emission properties 
of compounds I, II, and IV, the previously mentioned red- 
edge structure of the lowest-energy absorption band of IV 
being disregarded, indicates that the So, Ti, and Si geome­
tries found in IV are similar19 to those of the corresponding 
states in I and II. All of these compounds possess “phenyl/ 
adjacent carbonyl” near-coplanarity and CO/CO noncopla­
narity in their Sq states.19 On the other hand, the Si and Ti 
geometries of compound IV are identical with those listed 
for Si and Ti states of III; in this manner, the large Stokes 
shift, AF -  3850 cm-1, of compound IV finds a ready inter­
pretation.

Only one facet of the data of Table I, namely, the de­
crease of 1’3r il|ir» ■«-*• 1r 1 energies in V relative to III, remains 
to be interpreted. One might suspect that these decreases 
are in some way associated with the coplanarity of the 
“phenyl/adjacent carbonyl” which is sterically enforced in
V. This, however, is not the case: Sandris and Ourisson14 
have shown that compound VI has 1 •*— 1 Ti absorption

peaks at 538 and 508 rapt, in good correspondence with the 
related peaks of V at 528 and 510 mg, respectively. Since 
compound VI contains no aryl attachments whatsoever, it 
seems clear that the low values of 1’3r n̂ « 1 Ti energies in i
V are not attributable to phenyl-carbonyl interaction ef- y 
fects (i.e., are independent of <f>). Consequently, we are 
forced to seek an alternative interpretation of this effect. |  
The transoid geometry of the a-dicarbonyl subunit of III in 
all three states (i.e., S0, Si, and T^ as opposed to the cisoid 
geometry of V and VI in the same states provides an apt 
explanation.

First, the T ,,,.  1T i transition, as indicated by a com­
parison of the absorption spectra of V and VI is not very 
sensitive to aryl substitution. Consequently, we can assert 
that the 13r n,x* <-*• 1T1 processes in aromatic a-dicarbonyls 
are highly localized on the dicarbonyl group.20 In view of 
this, we can presume to compare the absorption and emis­
sion properties of III and V with those of glyoxal. Now, the 
difference of the absorption origin bands (i.e., C,0 bands) of 
compounds III and V is ~1300 cm-1, in very good accord 
with the corresponding difference of fluorescence origin 
bands of ~1100 cm-1. The same differences21 for trans- 
and cis-glyoxal are, in both instances, 1465 cm- 1  (the 
irarcs-glyoxal Si state being of higher energy than the cis- 
glyoxal). The near-identity of these two sets of separations 
suggests that the energy differences of the •*» xr i
processes of III and V are almost wholly attributable to the 
transoid nature of III and the cis nature of V and that the 
variance of the angle $  in these two compounds has little or 
no effect on ‘r nx. ** xr i energies.
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Information is considered which bears on the nature of CTTM transitions and on the mechanisms of pho­
toredox decompositions in transition metal complexes. The shifts of CTTM absorption bands in various 
solvent media and models for solvent perturbation of the CTTM excited state potential energy surfaces are 
presented. The absorption spectroscopy, the thermodynamics of CTTM transitions of outer sphere (ion 
pair) and inner sphere complexes of cobalt(III) and ruthenium(III), and the photorsdox behavior of these 
systems are compared in some detail. It isjinferred that an excited state Jahn-Teller distortion leads to a 
greater Franck-Condon contribution to the transition energies in the cobalt(III) complexes than in the ru- 
thenium(III) complexes. Marcus’ theory of solvent repolarization is used to estimate Franck-Condon con­
tributions. Appreciable metal-ligand covalent bonding is inferred to be important in CTTM excited states 
of ruthenium complexes. Various radical pair models, which have been proposed to describe the photore­
dox chemistry of cobalt(III) complexes, are compared to photochemical data for Co(NHa)sX 2+ (X = Cl, Br, 
NSC, N 3, NO2). These comparisons indicate that, although radical pair species appear to be the primary 
photoredox products, photophysical processes occurring in the CTTM excited states are important in de­
termining net product yields, with the overall quantum yield being a function of both excited state and 
radical pair processes. Approaches to excited state models are discussed.

Introduction
Mechanistic discussions of photoredox reactions of co- 

balt(III) complexes are commonly formulated around “rad­
ical pair” or “excited state” models.2 Despite the impor­
tance of the evolution of useful mechanistic models to a co­
herent understanding of the photoredox chemistry of tran­
sition metal complexes, neither the radical pair nor the ex­
cited state approach has yielded useful models of estab­
lished applicability. At least two different radical pair mod­
els have been proposed,3 5 but these models have been 
subjected to few critical appraisals.58 Even approaches to 
the formulation of specific excited state models are rare in 
the published literature. It is the aim of the present paper 
to (1 ) present some approaches to the formulation of useful 
excited state models for the photochemistry of coordina­
tion complexes; (2 ) to examine the complementarity of ex­
cited state and radical pair models; and (3) to present ex­
perimental observations, some original with this report, 
some previously published, which bear critically on the va­
lidity of various models. These aims will require a consider­
ation of the energetics of charge transfer to metal (CTTM) 
electronic transitions, some observations on CTTM spec­
tra, and some careful formulations of radical pair models. 
New photochemical studies are reported in the present 
paper, and additional photochemical studies pertaining to 
more detailed considerations of some of the problems 
posed will be reported elsewhere.6

Photoredox decompositions are a characteristic result of 
direct irradiation of CTTM absorption bands of cobalt(III) 
and other complexes.2 For purposes of organizing our ap­
proaches to the mechanistic questions it is useful to distin­
guish and discuss separately, the likely principal events in 
the photoredox reaction sequence: (A) excitation; (B) pho­

tophysical processes possible for the initial CTTM excited 
state; (C) fragmentation of the reactive CTTM excited 
state to form solvent trapped radical species; (D) separa­
tion of these radical fragments to form independent radical 
species in bulk solution; and (E) the formation of final 
products. In this report we will concern ourselves with 
steps A-C in this sequence.

E xperim ental Section

All spectroscopic studies were performed on a Cary 14 
spectrophotometer. Reference solutions were prepared 
without the coordination complex substrate, but otherwise 
of the same composition as the sample solutions.

Photochemical apparatus and techniques have been de­
scribed elsewhere.610  Quantum yield determinations were 
based on cobalt(II) analyses,9“u changes of absorbance of 
photolyte solutions, and, for specific complexes, on analy­
ses of N;}— NH:), NCS~, or chromatographically separated 
complexes. Chemical actinometers were Reineckete,12 fer- 
rioxalate,13 or uranyl oxalate14 solutions for the lowest en­
ergy visible, visible-ultraviolet, and deep-ultraviolet irra­
diations, respectively.

Although we have not relied on substrate absorption 
changes as the single measurement on which quantum 
yields were based, we have found such absorption changes 
to be useful as a check on the validity of yields based on 
other determinations. We did not work out a quantitative 
chromatographic separation of the cobalt(III) products 
which result from ultraviolet irradiations of Co(NH:!)-,Br2+; 
however, absorption changes were consistent with aquation 
yields reported by Adamson and Sporer3 and the redox 
yields reported by those authors and confirmed by us for 
near-ultraviolet excitations; for most ultraviolet excitations
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X , n  m

Figure 1. Absorption spectrum of 2.5 X  10-3  M  [Ru(NH3)6](CI0 4)3 in various media: (— ) H20; (---- ) 5 0 %  glycerol; (.........) 0.2 M Nal in H20;
(--------- ) 0.2 M Nal in 5 0 %  glycerol. Curves on upper right are ion pair spectra on expanded absorbance scale.

the observed absorbance changes were compatible with 
photoredox as the only detectable process, as reported pre­
viously at 254 nm.2a,a We have had similar experiences 
with Co(NH3),-,C12+; Balzani and coworkers1' have reported 
an ammonia aquation process for this complex, but no yield 
for this process has been reported and we have been unable 
to separate a Co(NH3)40H2Cl2+ product chromatographi- 
cally (see also ref 7b).

For Co(NH3)5N32+ and Co(NH3)5NCS2+ we have deter­
mined NH3 by a colorimetric procedure16 following chro­
matographic removal of cobalt(III) and cobalt(II) species. 
Azide analyses are described elsewhere;8 NCS-  was deter­
mined per the procedure of Adamson, et al.,rl following 
similar chromatographic separations.

The chromatographic separations were accomplished 
with about 1 ml of Bio-Rad AG 50-W-X2 cation exchange 
resin, pretreated by washing with 25 ml of a solution 1 M in 
NaC104 and 10-3 M in HC104. A 3-ml aliquot of photolyte 
(or of a blank solution) was passed slowly through the col­
umn, then washed with 4 ml of 10-3 M HC104. Effluents 
were collected in about 5-ml aliquots and analyzed per the 
noted procedures. Similar treatments were performed on 
blank solutions or on solutions containing known [NH4+] 
or [NCS- ], to calibrate the analytical procedure.

R esults
This study has involved the careful examination of 

CTTM absorption spectra and the determination of photo­
redox yields of several Co(NH3)5X 2+ complexes over an ex­
tended range of ultraviolet excitation energies. The spec­
troscopic observations for Ru(NH3)6:!+ and Co(NH3)5Br2+ 
are presented in Figures 1  and 2 , respectively, and summa­

rized in Table I. The photochemical results are summa­
rized in Figures 3 and 4 and are tabulated in Table III. 17

D iscussion

A. Excitation. Concerning Charge Transfer Spectra. 
One would hope that approaches which have proved useful 
for understanding CTTM spectra would provide insight 
into charge transfer photochemistry or even provide a basis 
for models describing important features of photoredox 
chemistry. The early analyses of Fe(OH2)5X 2+ (X = OH, 
Cl, Br) did relate photochemical and spectroscopic obser­
vations,18-20 and the approach we have evolved below is to 
a significant extent an extension and specific application of 
some of those ideas. Jorgensen’s more recent and remark­
ably successful semiempirical correlation (1 ) of the

v = 30(xL -  XM) + 10 Dq + SS + • • • (1)

frequencies, v in kK, of the absorption maxima of CTTM 
transitions21"23 has not yet led to useful approaches to pho­
tochemical models, but some of the arguments employed in 
the Jorgensen treatment are important components of our 
discussion of the behavior of CTTM excited states.

One may formally describe CTTM excitation in a 
MnlL,5(X- ) complex as indicated in (2). The dominant 
physical features of this type of transition are: (1 ) a net in­
crease in electronic charge density near the center of the 
molecule in the CTTM excited state, *|MULS(-X)j, com­
pared to the ground state, and (2) a significantly smaller 
molecular dipole moment in the excited state than in the 
ground state.

It is important to note that all of the photochemical 
studies considered here and most of the spectrcscopic stud-
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Figure 2. Absorption spectrum of Co(NH3)5Br2+ in various media: (— ) H20; (....... ) 9 0 %  glycerol; (— ) 8 5 %  H3P 0 4.

ies have been performed in solutions of very polar solvents, 
and that the ionic species must be considered to be strongly 
solvated. A change in charge density and in molecular di­
pole moment must change the energetics of interaction be­
tween the complex substrate and the solvent medium. For 
cationic complexes, CTTM excitation as in (2) should ulti-

M m L s(X-: +  hv — ►  * { M i i L 5(O 0 }  (2)

mately result in some electrostrictive relaxation of solvent 
molecules as a result of the change in charge separation. 
Two limiting cases may be considered in discussing various

systems: (1 ) a simple reorientation of solvent molecules to 
accommodate the change in dipole moment and charge 
density; and (2) oxidation of the solvent in the charge 
transfer process. The first limiting case describes behavior 
usually to be expected in aqueous solution (solvent oxi­
dized with difficulty).24 Some similarities in the role of the 
solvent in CTTM spectroscopy and photochemistry and in 
the spectroscopy and photochemistry of charge transfer 
complexes25 might be anticipated, although the excited 
state dipole moment is generally smaller than the ground 
state dipole moment in the former transitions and larger in
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TABLE I: Solvent Effects on the CTTM Spectra o f Some T ransition M etal Complexes“

C o m p le x k K A  v k K 6max i -iV 7 ,  iv, k K c 103e ma/ So lvent c o n d it io n s ''

C o (N H 3)sC12* 44.05 3.0 20 W a te r ; >
43.48 0.57 2.9 19.5 9 0 7  .glyfeerol

C o (N H 3)5B r 2* 39.68 2.5 17.8 W rfter
39.22 0.46 2.5 18.0 9 0 %  g ly c e ro l
39.06 0.62 2.6 17.7 85%  H PO.

C o (N H 3)5N 32* 33.45 3.0 8.8 W a te r
32.90 0.55 2.5 9.0 9 0 %  g ly c e ro l

C o (N H 3)5N C S 2t 32.79 4.0 1.09 W a te r
32.52 0.27 3.3 1.13 6 0 %  g ly c e ro l

{C o (N H 3)63*, I-} ~  33 ~  0 .4 0 ' 50%  g ly c e ro l
{R u (N H 3)fi3\  F } 25.00 W a te r

24.39 0.60 50 %  g ly ce ro l
a A ll spectra at 25°; lowest energy C T T M  m aximum listed (unresolved maxima or shoulders are not listed).6 Sh ift to the red with respect 

to I'max in water. r Half-band width at half-height. d M "  1 cm -1 . e Volume percentages. < Based on the red shift of the low-energy edge of the 
C T T M  band.

Figure 3. Variation of redox and labilization quantum yields with exci­
tation energy for irradiations of Co(NH3)5Br2+: A , <j>co2 '  (this work, 
see ref 17); ▲ ,  4>C oJ +  (ref 3); O, quantum yield of Co(NH3)5OH23+ 
(this work, see ref 17); • ,  quantum yield of Co(NH3)5OH23+ (ref 3).

the latter. The second limiting case is analogous to the 
charge transfer to solvent (CTTS) spectroscopy1819 26 and 
photochemistry18-19 27 of halide ions, but with the opposite 
sense of flow of charge; i.e., in this limit one would expect a 
net transfer of positive charge to the solvent nearest neigh­
bors. These considerations suggest that models of CTTM 
spectra and photochemistry should incorporate many of 
the features which have been found useful in models of 
CTTS and charge-transfer (donor-acceptor) complexes. 
Further to our more immediate concerns these consider­
ations have led us to carefully examine CTTM spectra of 
several coordination complexes in different solvent media.

1. R u iN H z)^ . The dominant absorption feature of this 
complex is a transition at 274 nm which is very likely 
CTTM in nature (assignment based on eq 1 and compari­
son with Co(NH3)63+).22 This band is increased in intensity 
and red shifted about 1 kK in a 50% glycerol-water medi­
um28 (Figure 1). This sensitivity to the solvent environ­
ment is common for CTTM transitions (see sections 2 and
3). It is important that the solvent sensitivity is not found 
to increase with increasing energy, no new absorption fea­
ture is observed, and it therefore seems most implausible 
that these spectroscbpic features result from the onset of a 
glycerol —► Ru(III) CTTM transitions. It is far more likely 
that the red shift and the intensity enhancement are mani­
festations of the role of the solvent environment in the pho­
tophysics of a characteristic CTTM transition.

Jorgensen has attributed similar spectral shifts in

21 2 8  3 5  4 2

V  (Kkt

Figure 4. Excitation energy dependence of the quantum yields for 
photoreduction of several cobalt(lll) complexes in acidic aqueous so ­
lution. From the top curves are for: Co(NH3)5N 0 22+ (ref 4); 
Co(NH3)5Br2+ (ref 3, 31, and this work); Co(NH3)5CI2+ iref 3, 30-32, 
and this work); Co(HEDTA)N02~  (□, 35a); Co(HEDTA)Br_ (O, ref 
35a); Co(HEDTA)CI-  (A, ref 35a); and Co(EDTA)-  (■ , ref 35b).

CTTM absorption maxima of hexahalo complexes to varia­
tions in M -X bond distances.21d While such variations in 
bond length may well account for the pressure dependence 
of CTTM absorption maxima, the limiting models men­
tioned in the preceeding section have more immediate pho­
tochemical implications and seem to provide more plausi­
ble accounts of the solvent perturbations of CTTM spectra 
we have observed; for example, in our studies the complex 
cations are no doubt preferentially solvated by water in the 
mixed solvent media so that the observed perturbations 
must be the result of changes in the competitive interac-
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tions of water molecules with the cations and with the bulk 
solvent environment.

The NH3 — Ru(III) charge transfer transition can be de­
scribed formally as generating a metal center with a t2„R 
electron configuration, the source of additional charge 
being a ligand centered p-type orbital;29 i.e., the spin al­
lowed transition generates a doublet excited state with T Ju 
symmetry properties. The weak symmetry forbiddeness of 
a 2T 2g —*■ 2T iu transition30 probably contributes to the 
small molar absorptivity29 (c ^500 M“ 1 cm-1) of the ob­
served transition. Since the molecule contains six identical 
ligands, the excited state wave function would be expected 
to contain a separate, but equal, contribution from each of 
the ammine ligands.21 Therefore, the Franck Condon 
CTTM excited state of M(NH3)63+ should be regarded as 
containing six fractionally oxidized ligands.21d Thus the 
CTTM transition for complexes of 0/, microsymmetry does 
not involve a net change of molecular dipole moment and 
any solvent perturbation of this transition must involve 
something other than the interactions mentioned in the 
first limiting case of the preceding section.

The other limiting model mentioned above, transfer of 
positive charge to solvent, has not received much attention. 
An insightful approach to this limit is suggested by 
Fox’s27-31 modification of the Mulliken charge-transfer 
complex theory32 for application to CTTS spectra. This ap­
proach suggests that the solvent contribution to eq 1 could 
take the form of eq 3, where 7soiv is the ionization potential

A(Msolv

ÔU.01T ~ E,c o m p i e iJ  + T — F
-‘ s o l v  -‘- 'c o m p l e x ( f O  <3'

of the solvent, FCompiex is the electron affinity of the coordi­
nation complex, a is an overlap term which depends on the 
overlap integral and polarization terms,27 32 and 5 is a con­
stant, S < 1. We have written eq 3 with a smaller contribu­
tion from the first term than that in the corresponding 
CTTS theory since the principal component of the CTTM 
transition must be due to first coordination sphere ligands. 
We may then represent the solvent shift of the CTTM 
transition of any specific complex as in (4). This reduces to
(5) for small values of the overlap parameter and values of

A ( M So l v - a  -  A ( M So l v - b  =  A A ( M  =  5 A / s o l v  +

j _ rp
/ s o l v - a  ■c ' c

r __ rp
i s o l v - b  ^ c o m p l e x  _

( 4 )

A A ( M  -  ^ A 7Soiv ^  5 'A £ ° s01v (5)

|7Solv — complex! »  0; the ionization potential of the solvent 
may be assumed proportional to the standard reduction 
potential of the solvent, E°soiv. Thus the magnitude of the 
solvent shift, compared to aqueous solutions, should in­
crease in proportion to the ease of oxidizing the solvent, all 
other factors being equal. In mixed solvent media, one 
would expect the solvent shifts to reflect variations in the 
composition immediate solvent environment; more specifi­
cally, one would expect highly charged cationic species to 
be preferentially solvated by water and that molecules of 
solvents such as glycerol would become statistically signifi­
cant in the solvation environment only at relatively large 
concentrations. We have only observed solvent shifts in so­
lutions more concentrated than 1  M in the nonaqueous 
component. For example, glycerol is more easily oxidized 
than water (by approximately 1 V), and we observed a shift

of the NH3 —► Ru CTTM transition to lower energies in 
50% glycerol.

We have observed qualitatively similar solvent shifts of 
the CTTM absorption of Co(NH3)63+. For this complex the 
CTTM maximum occurs at relatively high* energies (~50 
kK) so that the spectroscopic resolution of effects could not 
be as clear as for the ruthenium analog. The CTTM transi­
tion for this complex should be described in terms similar 
to those used for Ru(NH3)63+, with the principal difference 
being the strongly allowed 1A2g — 3T lu component (c ~ 2  X 
104 M~l cm-1) of the transition for the cobalt complex.

The nature of the Franck-Condon excited states is im­
portant in developing useful mechanistic models for 
CTTM photochemistry, since these are the initial points on 
the photoreaction coordinates. For an octahedral complex 
irradiated at the CTTM absorption maximum, this initial 
“point” corresponds to a species with a unit of positive 
charge distributed equally over the ligands, and with nucle­
ar coordinates constrained to be the same as for the ground 
state species. As the system moves along the photoreaction 
coordinate the excited system will relax until thermally 
equilibrated, primary photoproducts are formed. These 
primary photoproducts will have the positive charge local­
ized on a single molecular (or radical) species. For 
Co(NH3)63+, the t2g6eg excited state electronic configura­
tion of the metal would require a Jahn-Teller distortion, 
probably axial, as the system relaxes along the photoreac­
tion coordinate; such a distortion would tend to facilitate 
the localization of charge by lowering the molecular sym­
metry. No such distortion is expected of Ru(NH3)63+ and 
this may be a factor in the greater photoreactivity of the 
cobalt complex.6’33

The observation and analysis of solvent perturbations of 
CTTM transitions in M(NH3)63+ complexes suggests that 
primary photooxidation of solvent could be a possibility for 
high-energy excitations. Primary photooxidation of solvent 
has been proposed in photoredox studies of metallophe- 
nanthroline complexes in methanol.34 Siegel and Armor 
very recently reported that the efficient 184.9-nm stimulat­
ed photoreduction of Ru(NH3)63+ did involve oxidation of 
solvent species.33 The discussion above points out a mecha­
nism for the delocalization of some positive charge over sol­
vent species, and we would estimate a threshold energy of 
about 45 kK35 for the appearance of such a process in the 
presence of Ru(NH3)fi3+. We believe this mechanism pro­
vides a much more plausible account of the high efficiency 
of the 184.9-nm photoredox process than the scavenging 
mechanism proposed by Siegel and Armor.

2. Dipolar CTTM Transitions. Ion Pair Charge Transfer 
Spectra. It is instructive to begin our consideration of the 
effect of solvent on the more dipolar transitions by consid­
ering those charge transfer transitions which have the larg­
est change in dipole moment and the weakest metal-ligand 
covalent bond, charge transfer transitions in ion pair 
species. As illustrated in Figure 1 and reported previous­
ly,36 the jRu(NH3)fi3+,I“| ion pair exhibits a charge transfer 
absorption band in a spectral region where neither 
Ru(NH3)63+ nor I has detectable absorption. Since the I-  
is constrained to remain outside the first coordination 
sphere, the CTTM transition for this system may be repre­
sented as in eq 6 where the Franck-Condon allowed transi-

{R u (N H 3)b3*, I ' }  + hw * { R u (NH3)62+, T [  (6)

tion produces an excited state, *jRu(NH3)62+, • IJ, which re­
sembles a radical pair species, but with the ground state
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solvent environment and bond lengths. The CTTM band of 
¡Ru(NH3)63+,I~) is red shifted about 0.6 kK in 50% glyc­
erol-water compared to aqueous solution. It is to be noted 
that our discussion of the {Ru(NH3)63+,I_ | ion pair is very 
similar to Rabinowitch’s discussion of FenlX~ species,18 
but in the ion pair system there is much less ambiguity re­
garding the nature of the M-X chemical bond in either the 
ground state or the excited state.

Although the CTTM absorption band is less well de­
fined,37 this transition in the jCo(NH3)e3+,I_ l ion pair is 
similarly altered by changes in solvent composition.

3. Dipolar CTTM Transitions. MIUL^(X~) Complexes. 
The M,nL.5(X_) complexes exhibit solvent shifts of their 
X -  —* Co CTTM transitions comparable to those observed 
for ion pair species (Figure 2, Table I). In addition to the 
complexes in Table I we have found that the lowest energy 
CTTM maxima of Ru(NH3)5Br2+ and Co(HEDTA)N02-  
vary differently with solvent composition. Our salts of 
these complexes had limited solubility in anhydrous sol­
vents, but they were reasonably soluble in “wet” (5-10% 
water) solvents. Solutions of either complex in such mixed 
solvents had lower energy CTTM absorption maxima than 
the corresponding aqueous solutions; these red shifts were 
largest (1 kK) in methanol for Ru(NH3)5Br2+ and (0.7 kK) 
in dimethyl sulfoxide for Co(HEDTA)N02_. In order of 
decreasing energy of the lowest energy CTTM absorption 
maximum we found for Ru(NH3)ftBr2+, H20  ~  DMSO > 
AN >  CH3OH; and for Co(HEDTA)N02“, H20  ~  CH3OH 
> AN > DMSO (AN = acetonitrile, DMSO = dimethyl 
sulfoxide). Since these solutions all contain water, the ob­
served red shifts most likely represent variations in the 
complex ion-water dipole interactions as perturbed by the 
organic solvents; e.g., different orderings of the spectral 
shift induced by various solvents for Ru(NH3)sBr2+ and 
Co(HEDTA)NOs_ no doubt occur because the CTTM 
transition involves a decrease of dipole moment in the for­
mer complex and an increase of dipole moment in the lat­
ter.

4. Inferences from CTTM Spectra, (a) The energies of 
CTTM transition have been found to be perturbed by the 
solvent environment. This implies that solvent significant­
ly affects the excited state potential energy manifold and 
suggests that the solvent environment should be considered 
in any description of the photoredox reaction coordinate,
(b) It is possible to identify systems which approach the 
limiting cases in which spectroscopic solvation effects are 
attributable to (i) different ground state and excited state 
dipolar interactions (ion pair systems), or (ii) delocalization 
of charge over the solvent environment (M(NH3)<;:i+ com­
plexes); however, most cases probably fall between these 
limits.

5. Photochemical Implications. If the CTTM excited 
state were very short lived, then the rate of dielectric relax­
ation of the solvent could become a significant feature of 
the reaction coordinate describing the relaxation of the ex­
cited system from the initial Franck-Condon excited state 
to the primary photoproducts. In order to come to terms 
with the problems posed, we need to arrive at some sort of 
estimate of the energy of solvent repolarization along the 
photoreaction coordinate, to establish the nature of the pri­
mary photoproducts, to arrive at a means of estimating the 
energy of these products, and to find a means of estimating 
the energy associated with any change of metal-ligand 
bond lengths. These quantities must then be compared to 
experimentally observed CTTM transition energies and

Figure 5. Kinetic scheme Indicating excited states and intermediates 
which may in principle play a role in the photoredox chemistry of co­
balt complexes.

photoredox excitation energies. Approaches to each of 
these problems will be considered below. However, the 
problems as posed assume a smooth relaxation along a sin­
gle photoreaction coordinate. Gross kinetic features of such 
a relaxation process and of complications involving alterna­
tive relaxation pathways are considered in the following 
section.

B. Excited State Processes of Possible Mechanistic Im­
portance. A somewhat simplified diagram representing 
processes which might occur following CTTM excitation is 
shown in Figure 5. The overall quantum yield of redox 
products, <pp, is given in terms of these processes by

= 'kp Ar -h + + A, (7)

where

4» •

RP _ R̂P

‘Ï’r P =  ‘ï’isc 7

k

A’cg A’cD + A’isc

Arp
A’c G + Acd + ARp

(?RP + k CG + k CV +  k is

Ann * 1
Arp  +  k r a  -f Ar n  +  h i s c  A ic +  AitJf, +  "A

It is instructive to consider several limiting cases.
1. The Photodissociative Limit. For &R1> »  (kcc, + ken + 

kisc + . . . ) ,  4>rp -*■ 1 and >i>p —► [Ap/(fep + Ar)]. It is in this 
limiting case that photophysical processes in the CTTM 
excited states play no role in determination of the yields of 
photoproducts.38 In order to compare this limit to experi­
mental observations, some additional considerations on the 
nature of radical pair species, |MnL5, - X| and the nature of 
the rate constants, kp and Ar, are required; such consider­
ations are presented in section C.

2. The Limit of Efficient Electronic Relaxation. For kpn 
»  Arp, A;sc, and for k,c »  2Aoc, 4> p  ~  0 , and the observed 
photochemical products will tend to be those characteristic 
of population of ligand field excited states. This limit may 
be appropriate to the excitation of the low-energy CTTM 
bands of ruthenium(III) complexes,8 but seerr.s less appli­
cable to the photochemistry of cobalt(III) and rhodium(III) 
complexes.2

3. Limiting Triplet State Contributions. Charge transfer 
triplet states will make the predominant contribution to 
formation of products if the following conditions hold: (a)
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♦ftp »  4>rp' and/or (b) [Ap/(Ar + Ap)] «  [Ap7(Ar' + Ap')]. 
Condition a holds for cases that Aisc > (Arp + Acd + Acg); 
but in addition some solvent relaxation would be expected 
to occur on the time scale for intersystem crossing so that 
one would also expect ARP' > ARP to contribute to this con­
dition. Since the time scale for geminate radical recombina­
tion is very short, the spin forbiddeness of 3(MnL5, • Xj — 
MUILS(X- )39 suggests that AR' < Ar might be generally ex­
pected to be valid. Thus a, and more specifically Aisc »  
(Arp + ken + kcG + ■ ••), seems likely to be the most criti­
cal condition for contributions of the triplet charge transfer 
pathway to photoredox decomposition of MmL5(X- ) com­
plexes.40

C. Solvent Trapped Metallo-Fragment-Radical Species. 
Models and Experimental Comparisons. The primary 
products of decomposition CTTM excited states should be 
regarded as solvent trapped radical pair species.2-5’18'19 Ex­
perimental and theoretical studies of radical pair species 
have been reviewed elsewhere.18’19-41'42 In the present sec­
tion we consider radical pair models specifically applicable 
to the photochemistry of transition metal complexes and 
compare inferences based on these models to observed pho­
tochemical behavior. With radical pair species presumed to 
be the primary photoproducts, then the net photochemical 
information depends on both (a) any photophysical pro­
cesses which compete with radical pair formation from 
CTTM excited states, and (b) the chemical behavior of 
radical pair species. While we consider radical pair models 
as a necessary complement to models for excited state be­
havior, at least some of these models were originally pro­
posed318 excluding any role for CTTM excited states and 
should thus be regarded as models for limiting photodisso- 
ciative behavior (see section B l).

1. The Adamson Radical Pair Model(s). Approximately 
15 years ago Adamson3 proposed that a simple radical pair 
model could account for all the features of the photoredox 
chemistry of cobalt complexes.2“ 3,3,43 The Adamson model 
is described in eq 8-12,2a’b’3a’b where {ConL.5, ■ Xj and

Cou iL5(X‘) + hv — -  {Co"L5,-X} + A (8)

{Co^Lj, -X>
3ma1-1 A> Com L5(X") 

7 7 7 7 ~  {CoiiL5S, -X}

(9)
(10 )

{CoI!L5S,-X}
Con LsS + -X 

Coln L5S + X-
(1 1 )
(12 )

jConLr,S, • Xj are geminate and secondary (or solvent sepa­
rated) radical pair species respectively and where A is the 
energy difference between the energy of the absorbed pho­
ton and the minimum energy44 required for homolytic 
Coln-X _ bond cleavage. This excess energy A is postulated 
to appear in the separating radical fragments as linear mo­
mentum and to contribute to the formation of the secon­
dary radical pair species. In the earliest version of this 
model3 (ARPM-1 ), it was further postulated that some of 
this excess energy still contributed to the linear momentum 
of the separating radical fragments in the secondary radical 
pair species so that the ratio A11/A12 was expected to in­
crease with A. A more recent restatement of this model23 
(ARPM-2) treats the secondary radical pair as if the linear 
momentum has been dissipated in (10 ) so that the ratio of 
k u/kv, should be a constant; this latter modification 
(ARPM-2) appears to be somewhat more consistent with

current thinking about geminate and secondary radical 
pair species.42

Some definite inferences may be made on the basis of the 
Adamson model(s).

(a) Only the secondary radical pairs lead to products. 
Since the ratio of yields of secondary to geminate radical 
pairs is postulated to depend only on A, the total yield of 
photochemical products, (d>L + r), is predicted to increase 
monotonically with A.

(b) Prom ARPM-1, the yield of solvated product 
(MmL$S) should pass through a maximum with increas­
ing A.

(b') From ARPM-2, the ratio of the yields of photosol­
vation of photoredox should stand in a constant ratio; i.e., 
$ l/<Ar = constant.

(c) The photosolvation process involves only the ligand 
photooxidized.

(d) Increasing the solvent viscosity, for constant A, 
should favor (9) over (10) and (12) over (11).

Predictions a-c may be compared with experimental 
data available for C o^iN H ^siX “) (X = Cl, Br, NCS, N 3, 
N 0 2) complexes. For these complexes X -  aquation is ob­
served only for relatively low-energy irradiations of 
Co(NH3)5Cl2+,2’3’17 Co(NH3)5Br2+,2’3’17 and
Co(NH3)sNCS2+,2,3,17 and photoaquation of the X -  ligand 
has not been detected (i.e., (¡>\. is generally less than ~ 10 ~3) 
for irradiations of “pure” CTTM absorption bands of these 
complexes (i.e., for irradiations with X <350 nm).2’15’17 For 
Co(NH3)sN32+, ammonia aquation, but no azide aquation, 
has been found to result from irradiations over the range 
580 nm > X > 214 nm;9 for irradiations of Co(NH3)5N022+ 
photoredox decomposition has been found to be accompa­
nied by linkage isomerization of NO2-  but not by aqua­
tion.2®’4’5 Thus inference c and reaction 12  do not appear to 
have universal validity.

If X -  aquation, ammonia aquation, and linkage isomer­
ization all are considered examples of ligand labilization 
reactions accompanying the formation of a cobalt(II) frag­
ment in the radical pair products, then some modification 
of (12 ) could still lead to inferences a, b, or b', and d. Figure 
6 examines the inference that ($L + <fr) should increase 
monotonically (presumably to unity) with A: for irradia­
tions of Co(NH3)sBr2+ and Co(NH3)sC12+ in aqueous solu­
tions well-defined limiting quantum yields of much less 
than unity are observed for large A; for Co(NH3)5NCS2+, 
the variation of (4>l + 4>r) is far more complex than pre­
dicted, while for Co(NH3)5NC)22+, (<j>l + <t>r) may monoton­
ically approach a limiting unitary value. The labilization 
yields from excitations of Co(NH3)5C12~, Co(NH3)5Br2+ 
(Figure 3), and Co(NH3)5NCS2+ do reach a maximum 
value; in each case this maximum is observed in the near 
ultraviolet region exhibiting significant spectral overlap 
of ligand field and CTTM absorption bands.

Figure 7 analyzes the constancy of observed values of the 
ratio of (fh/fpR■ Among these five complexes we find two 
kinds of limiting behavior of the 4>l/(Pr ratios. For one com­
plex, Co(NH3)5N 0 22+, prediction b' (of ARPM-2) is ob­
served; this observation was previously made and inter­
preted by Balzani and coworkers.4 For Co(NH3)5Br2+ and 
probably Co(NH3)5Cl2+, the 4>l/<1>r ratio45 decreases nearly 
monotonically with increasing excitation energy. Both 
types of behavior are found over limited ranges of excita­
tion of Co(NH3)5N32+ 46 and Co(NH3)sNCS2+.45 It seems 
unlikely that any single radical pair model can by itself ac­
commodate all the variations in 0L/ 0R ratios.
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E . VK
Figure 6. Dependence of the sum of quantum yields for labilization 
and redox (<̂>L +  <f>R) on excitation ene 'gy for several acidopentam- 
minecobalt(lll) complexes: □, CotNH3)5N32+ (ref 9); O,
C o(NH3)5N022+ (ref 4); ▲ ,  Co(NH3)5Br2+ (this work, ref 17; see also 
ref 3a, 3b, and 7a); • ,  Co(NH3)5CI2+ (this work, ref 17; see also ref 
3, 7a, and 15); ■ ,  Co(NH3)5N C S2+ (ths work, ref 17; see also ref 
3a, 3b, and 35). 4>i refers to NH3 aquation for Co(NH3)sN32+, linkage 
isomerization for Co(NH3)5N022+, Br~ aquation for Co(NH3)sBr2+, 
C P  and NH3 aquation for Co(NH3)5CI2+, and N C S~  aquation for 
C o (NH3)5N C S2+.

'00 \- ó

Figure 7. Variation with excitation energy of the ratio of labilization 
and redox yields, <pj<t>p., for several acidopen:amminecobalt(lll) 
complexes: O, Co(NH3)5N32+; ■ ,  Co(NH3)5CI2+; • ,  Co(NH3)5Br2+; 
+ ,  Co(NH3)5N 0 22+. Arrows directed upward indicate that entry is for 
a lower limit; arrows directed downward indicate that entry is for an 
upper limit. See caption to Figure 6 for references and processes 
considered in 0 U.

Although one may legitimately question whether the ob- s 
served labilization yields derive from only the charge trans­
fer component of the excitations, prediction b of ARPM-1 
is more successful (3 out of 5) than prediction b' of ARPM- 
2 (1 out of 5).

The final inference, d, drawn from the Adamson mod- 
el(s) has received little attention in the literature. In a 
study of Co(NH3)5N 0 22+ in glycerol-water mixtures, Scan- 
dola and coworkers have found that the yield of linkage iso­
mer increased and the redox yield decreased with increas­
ing solvent viscosity,53 in agreement with the last part of 
inference d; i.e., increasing solvent viscosity apparently far 
vored a radical recombination reaction over diffusive sepa­
ration of metallo fragment and radical species. Similar 
studies of Co(NH3)5X2+ (X = Cl, Br, N3, NCS) complexes 
in this laboratory6'35 have indicated that the variations of 
<£r with solvent composition depend on X and on the exci­
tation energy; for most of these complexes it has been pos­
sible to find excitation wavelengths for which 0r increases 
(yith percentage glycerol in the solvent. Despite the com­
plexity of the several “solvent effects” observed, each of 
the Co(NH3)5X 2+ complexes does seem to exhibit behavior 
consistent with d over some range of excitation energies. Jg*

From the above considerations there can be little doubt J 
that the photoredox chemistry of Co(NH3)5X2+ complexes • 
is generally more complex than the Adamson model(s) 
would permit. Despite the apparent inadequacies of these 
radical pair models, and despite the exaggerated claims oc­
casionally made for these models,2b these models do have a 
number of useful features. For example, with the elimina­
tion of (12 ) one would have an instructive and simple 
model for limiting photodissociative behavior; some com­
plexes do seem to approach this kind of behavior under 
some conditions. Furthermore, this is useful as tne simplest 
limiting model for radical pair behavior in systems with 
nearly limitless potential for radical pair complexity.

2. A Model Allowing for Secondary Radical Pair Recom­
bination. Balzani and coworkers4 suggested that the link­
age isomerization observed to result from excitation of 
Co(NH3)5NC>22+ was the result of the recombination of sol­
vent separated, (Co(NH3)50H22+, • NO2), radical pairs. 
This suggests an alternative to the Adamson mechanism(s) 
in which reaction 12 is replaced by 13. This mechanism re-

{Con L5S,-X} ■■3’eL> Com L5X + S (13)

quires appreciable lability of the solvent, but is plausible 
for low spin, Jahn-Teller distorted cobalt(II) fragments.47 
Provided that the secondary radical pair is thermally 
“cool,” the ratio of product yields, 0l/$ r, should be con­
stant, as observed for Co(NH3)5N024’5 and as observed 
over limited ranges of excitation of Co(NH3)5N32+ 9b and 
Co(NH3)sNCS2+. Furthermore, this model would allow for 
secondary radical pair recombination reactions which re­
generate the original substrate, and thus for limiting values 
of 4>u < 1 for very large A. Despite the greater flexibility, 
this model is not adequate to describe all the details of all 
the photoredox chemistry of cobalt complexes; for example, 
this model cannot account for the complex wavelength de­
pendence of quantum yields for Co(NH3)sNCS2+, the sen­
sitivity of photoredox behavior to the composition of the 
solvent medium,6 or electronic relaxation processes which 
occur, even for Co(NH3)5N022+, prior to formation of radi­
cal pair species.53-48'49

3. Other Possible Variations on Radical Pair Models.
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There is of course nc a priori reason to expect that very 
similar radical pair species should be formed in the photo­
redox decompositions of different cobalt complexes irra­
diated at different wavelengths or in different solvent 
media. However if qualitatively different kinds of radical 
pairs are formed in different systems, their formation must 
be dictated by the nature of their excited state precursors.

Since the CTTM transition is spin allowed, and since the 
final cobalt(II) products are most commonly high-spin d7 
species, it seems surprising to us that questions of spin 
multiplicity have played so small a role in previous discus­
sions of radical pair models. There are four possible spin 
combinations of the cobalt(II) and radical fragments 
trapped in solvent cages: the cobalt(II) fragment may be 
high spin or low spin, and the spin moments of the cobalt 
and radical fragments may be either aligned or opposed. 
This gives rise to possible geminate and secondary radical 
pairs of singlet (low spin cobalt), triplet (low spin or high 
spin cobalt), and quintet (high spin cobalt) spin multiplici­
ties. The radical pairs with singlet spin multiplicity are cor­
related with the original electronic transition, while radical 
pairs with high spin cobalt(II) are correlated with the final 
products. While the rate constant for spin relaxation of co­
balt is expected to be large,39 it is not clear that it is signifi­
cantly larger than the rate constant for dissociation of radi­
cal pair species (>109 sec-1). One likely influence of the 
difference in recombination kinetics for the spin allowed 
and spin forbidden processes (i.e., that k R > kR ) was a fea­
ture of our discussion in section B3. Such a spin restriction 
on radical recombination reactions could make diffusive 
separation of geminate radical pairs competitive with gem­
inate recombination, and should be an especially important 
consideration when the cobalt(II) fragment is high spin 
rather than low spin.

Finally we wish to observe that the radical pairs contain­
ing a low-spin cobalt(II) fragment will necessarily be 
formed at an energy greater than the energy of radical pairs 
containing high-spin cobalt(II); the difference in energy 
should be similar to the energy difference AHsp,n between 
the thermally equilibrated lowest energy doublet excited 
state of cobalt(II) and the high-spin ground state.

Although none of the radical pair models discussed 
above can be regarded as well established, the weight of ev­
idence as well as considerations of logic strongly support 
the view that the primary products of excited state decom­
position are radical pair species. Clearly additional probing 
of the nature and behavior of radical pair species is neces­
sary.

D. Some Observations on the Photoredox Behavior of 
Cobalt Complexes. Figure 4 demonstrates that for 
Co(NH:i)5X2+ and Co(HEDTA)X-  (X = Cl, Br, N 0 2) com­
plexes the variation of the quantum yield of cobalt(II) with 
excitation energy cepends very strongly on the ligand 
which is photooxidized: for the pentammine complexes the 
X -  ligand is photooxidized (with the possibility of both Cl-  
and NH3 oxidation for Co(NH3)5C12+ 7b). It is important to 
observe that for eacn complex represented in Figure 4, the 
energy region over which <[>c,S+ increases rapidly to signifi­
cant values corresponds to the lowest energy region in 
which CTTM absorbances (assignments par ref 21 and 22) 
begin to make significant contributions.

Whereas Figure 4 demonstrates that the ligand photoox­
idized is a major factor in determining the quantum yield 
profile, this figure also demonstrates that other factors con­
tribute significantly since the Co(HEDTA)X-  and Co(ED-

TA)-  complexes differ in their behavior despite the fact 
that the EDTA ligand is oxidized in each case.

It is convenient to define certain experimental parame­
ters in terms of data such as in Figures 3 or 4. Since the rise 
of the photoredox quantum yield is generally very rapid 
with increasing energy, the resulting curves of 4>ca2+ vs. ex­
citation energy may be approximately extrapolated to 4>Co2+

» 0; alternatively, the energy corresponding to <pco2+ 0
may be approximated by the largest excitation energy for 
which 0co2+ is 1 % of the maximum observed quantum yield. 
The excitation energy corresponding to this onset of signif­
icant photoredox behavior will be designated the "photore­
dox threshold energy,” Eth. For high-energy excitations 
many of the photoredox yields approach well-defined limit­
ing values, ct>lco2+ (e.g., see Figure 3). It is then seen that the 
photoredox behaviors of Co(NH3)5X 2+ complexes generally 
differ in that values of Eth tend to increase as the reduction 
potentials of the (-X + e-  X- ) couples50-52 become more 
positive, while values of 4>lc02+ vary in a complex manner 
with X; i.e., values of <t>]C o 2+ decrease in the following order 
with changes in X, N 0 2 > Br > Cl > N 3 ~  NCS. With the 
exception of Co(NH3)5NCS2+, the approach to 4)’co2+ is 
smooth for the pentammine complexes investigated, with 
the curvature varying somewhat from complex to complex. 
The Co(HEDTA)X-  complexes are seen to be similar in 
their (relatively poorly defined) Eth values, but to differ ap­
preciably in values of 0 lco2+-

E. Considerations of Redox Energetics. Several authors 
have made comparisons of thermodynamic quantities and 
CTTM spectroscopy. 18’19 o3 :>4 The present approach differs 
from those previous comparisons in that (a) we allow for 
some effects of covalent bonding, (b) we estimate the ener­
gies of the Franck-Condon contributions, (c) the specific 
substrates selected for discussion here are more appropri­
ate to our main purpose, and (d) we use the comparisons 
developed to gain insight into the nature of the CTTM ex­
cited states.

1. Ion Pair Systems. The thermodynamic parameters are 
more easily defined for ion pair species, so these serve as a 
useful point of departure in this discussion. The 
|Ru(NH3)63+,I- | ion pair exhibits a CTTM absorption 
maximum at the blue end of the spectrum where the ab- 
sorptivities of the free cation and anion are negligible (see 
Figure 1). The standard reduction potentials (SRP) of the 
Ru(NH3)g3+| RuiNHs)^2"5 and • I|I— couples are 0.155 and 
1.42 V,50-52 respectively; the respective entropies for these 
couples are estimated to be AS0 = +3956-57 and 9.1 eu.24'50 
From these parameters we estimate that AH° = 15.6 kK/ 
mol for reaction 14. While the formation constants for the

R u (N H 3)63* +  T  =5= ^  R u (N H 3)G2* +  -I (14)

respective ion pair and radical pair species are of the order 
of 10  and 0.1 M- 1 ,37-58 the enthalpies of formation probably 
are O i l  kK.37b We therefore estimate that AH°ip = 16 
kK/mol for reaction 15; this is in reasonable agreement

{R u (N H 3)c3% r }  —  {R u (N H 3)g2*, -1} (15)

with the value of £ th’ = 18 kK/mol estimated for the onset 
of CTTM absorbance in the |Ru(NH3)63- ,I- | ion pair.

The thermodynamic parameters for the 
¡Co(NH3)63+,X-( and |Ru(NH3)63+,X- j ion pairs are very 
similar24-55-56 yet £ th' is larger by about 8 kK/mol for the 
cobalt than for the ruthenium ion pairs (Table II). There 
seem two likely sources of the observed dependence of £ th' 
on the metal: (1 ) the CTTM transitions are spin allowed

T h e  J o u r n a l  o f  P h y s ic a l  C n e m is t r y ,  V o l. 79. N o . 6. 1 97 5



Photoredox Reactions in Metal Ammine Complexes 639

T A B L E  I I :  Energy Q u a n titie s  P e rtin e n t to  C T T M  T ra n s itio n s  in  Several C oord ina tion  Complexes

C o m p le x ÎT a*b ^  th p ra*c ^  th X / 4 a,d £ maI ( 0 b s d ) a’ c E mM( c a l c d r ' A H ° lp e A H n A  E V

{C o (N H 3) 63M - } 26 14 ~ 3 3 33J(40) 15 15
{C o (N H 3) R3% B r - j 2S 15 ■ 40J (44) 21 21
C o (N H 3) 5i * 17 8 26 26(25) 11 l ►-* CO

C o (N H 3) 5B r 2* 22 22 10 32.0 34(32) 16 8 24
C o (N H 3) 5C l2* 26 28 11 36.5 40(39) 21 7.7 29
C o (N H 3)5N C S 2t 24 ~22 14 11.5 26
C o (N H 3)5N 32* 22! 2 3 ' 15 11.5 27
{R u (N H 3)e3M - } 17 5.8 25 22(23) 16 16
{R u (N H 3) e3* ,B r - } 22 6.7 l CO to 28(29) 21 21
R u (N H 3)5I 2* 14m 5.8 18.6 (19.8) 13 8.5 21
R u (N H 3)5B r 2* 19m 6.4 25.1 (25.4) 19 7.7 27
R u (N H 3)5C12* 24m 7 31.0 (31) 23 9.6 34

a All energies in kK/mol.s Extrapolated low-energy limit for the onset of appreciable photoredox behavior; this study except as indicated. 
See also ref 3. 0 Extrapolated low-energy limit for the onset of appreciable CTTM absorption; this study except as indicated. a X = \o + \r, 
reorganizational parameters estimated per discussion in section E2c; see ref 66. e Observed energy of lowest energy CTTM absorption max­
imum. f Emax(calcd) = AH°c + X/4. Values in parentheses are for Emax(calcd) = E,h' + X/4. * Estimated per procedure in text. n Data 
from ref 58a. ‘ For ion pairs AH°c = AH°ip; for MinLsX complexes AH°c = AH°ip + AH%. J Emax (calcd) = AH°spin; AH°Spin = 4 kK/ 
mol. * Estimate based on values for Co(NH3)sCl2+ and Co(NH3)sBr2+. 'Reference 9b. m Estimated from data in H. Hartmann and C. 
Bushbeck, Z. Phys. Chem. (Frankfurt am Main), l l, 120 (1957).

leaving the cobalt with a t2g6eg electronic configuration, 
while the ruthenium excited state would be t2g6—the 
ground state of Co(NH3)62+ has a t2gseg2 configuration, 
with a minimum energy of AH°spin between the low- and 
high-spin states; (2) a t2g6eg electronic configuration should 
result in a large Jahn-Teller distortion47 thus shifting the 
excited state potential energy surface of the cobalt system 
along the photoreaction coordinate with respect to the sim­
ilar surface for the ruthenium system. This would result in 
a larger Franck-Condon contribution, A H ° f c , to the 
CTTM transition for cobalt than for ruthenium. Thus we 
may attribute the difference between Eth'(Co) and Eth'(Ru) 
to the sum of Franck-Condon and spin contributions; i.e.,
Eth'(Co) -  Eth'(Ru) = AH°spin + AH°fc =* 8 kK.

2. Pentammine Systems. In order to apply this approach 
to M,nLf,X complexes, some additional considerations are 
necessary. Consistent with the discussion in sections B and 
C we assume that the primary photoredox products are 
radical pairs; and at the threshold for photoredox behavior 
these are geminate ¡MmL5,X~j radical pairs. The corre­
sponding ion pairs, (MmL5,X- |, are unknown as ground 
state species, but are the presumed transition states59 for 
thermal hydrolysis reactions of the complexes discussed 
here. We may thus approximate the thermodynamic analog 
of reaction 16 in the stepwise manner of reaction 17, where

a tf°
MitiL5(X-) ---- ►  {MuiL5, -X} (16)

A Atf°ip
M ihL5(X-) — * {MInLs,X-} -----►  {Mu L5,-x} (17)

AFP is the enthalpy of activation for the corresponding 
thermal aquation reactions.

A final quantity which must be taken into account is the 
possibility of some metallo-radical bonding in the excited 
state. If the metallo-radical bond energy is E b ,  then the ob­
served absorption threshold should be related to the other 
energy quantities by (18). In eq 18, AH°ip contains a con-

E th' = Ai/°IP + AH* a- AH°fc -  E b (18)

tribution, AH°m, from the M(NH3)53+|M(NH3)s2+ couple 
and a contribution, AH°x, from the -X|X-  couple. The sum 
(AH°x + AH1) is available from literature data, while the

remaining terms on the right hand side of (18), (A /i°M + 
A / f ° F c  —  E b ) ,  are not. This suggests two levels of approach 
to the use of eq 18: (a) to establish empirical correlations of 
the type (19), where a is an experimentally determined

E th' = A H \  + AH* + a (19)

quantity which is a function of metal, radical, solvent, etc.; 
and (b) to find a means of estimating the unknown energy 
quantities. We believe both approaches will prove useful 
and they are developed below to the limit of information 
presently available

(а) Empirical Correlations Involving Threshold Ener­
gies. For Co(NH3)5X 2+ (X = Cl, Br, N3, NCS, and N 0 26°) 
we estimate from parameters in Table II or tabulated else­
where2250-52 that a(av) = —2.8 ±  0.9 kK/mol. Among the 
halopentammines, a = —1.9, —2.7, and —0.6 kK/mol for Cl, 
Br, and I, respectively.

For Ru(NH3)5X 2+ (X = Cl, Br, and I) we estimate that a 
= —6.8, —5.4, and —5.1 kK/mol, respectively, or that a(av) 
= —5.8 ± 0.7 kK/mol.

Although the insensitivity of a to the acido ligand may 
be a fortuitious result of cancellation of radical dependent 
terms, with appropriate caution (19) can be used as a basis 
for assignment of CTTM transitions, and, since Eth' and 
Eth are generally about equal (Co(NH3)5N022+ is one ex­
ception to this49), the empirical correlation can be used as a 
basis for predicting excitation energies for which photore­
dox should become significant in cobalt(III) complexes.

(б) Estimates of AH°m. An approach to estimating the 
contributions to AH°\p from the MIII(NH3)6|M 1I(NH3)5 
couples is available if we assume the entropy contributions 
differ little from those of the hexammine couples and if we 
use correlations of standard potentials of cobalt(III)|co- 
balt(II) couples with variations in crystal field stabilization 
energy.56’61

For cobalt complexes of the type irans-Co(N4)X2 (N4 = 
cyclic nitrogen donor ligand), the cobalt(II) ground state is 
low spin62-63 and the potentials of the Com(N4)- 
X 2|CoII(N4)X2 couples have been found to increase with 
decreasing crystal field strengths of the axial ligands.61 On 
the basis of this correlation we would expect the 
Co(NH3)5:i+|Co(NH3)52+ couple to have a SRP value about
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1 V more positive than the SRP of the
Co(NH3)63+|Co(NH3)62+ couple,64 for low-spin cobalt(II) 
products; assuming \H °spin ~4  kK/mol65 for Co(NH3)62+, 
the SRP of C o ( N H 3 ) 5 3 + | C o ( N H 3 ) 5 2 +  (low spin) would be 
about 0.5 V more positive than the SRP of 
Co(NH3)63+|Co(NH3)62+ (high spin).

The potentials for the corresponding ruthenium couples 
vary less55-57-66 than those of cobalt with changes in liga­
tion; this may be presumed to be mostly a consequence of 
the greater ligand field stabilization energy of six coordi­
nate ruthenium(II) compared to six coordinate co­
balt! II).59a On the basis of the estimated differences in lig­
and field stabilization energy of five and six coordinate ru­
thenium, we would estimate a difference of about 0.2 V for 
the Ru(NH3)53+|Ru(NH3)52+ and Ru(NH3)63+|Ru(NH3)62+ 
couples.

Estimates of AH°jp based on the above approximations 
are included in Table II. For the Com(NH3)5X complexes 
Eth =* Eth' and AH°c -  Eth' = (2 ± 1 ) kK/mol.

Two points merit additional consideration: (1 ) AH°c for 
the Ruln(NH3)5X complexes is significantly larger (by 8 ±
2 kK) than Eth'; and (2) while Eth' 2  AH°c for the
CoIII(NH3)sX complexes, Et h > AH° ip for the
(Co(NH3)63+,X_i ion pairs.

A significant portion of AH°c for the Runl(NH3)sX com­
plexes must come from the generation of pentacoordinate 
ruthenium(II) in the hypothetical |Ru(NH3)52+, • X} radical 
pair product. There are likely to be two contributions to 
the endoergicity of the excited state reaction, 
*!Ruu (NH3)5(-X)| — |Ru(NH3)52* -X): ( 1 ) residual 
Ru(II)—(• X) bonding in the excited state; and (2) the relat­
ed difference in LFSE of hexa- and pentacoordinate ru- 
thenium(II) species. In support of these arguments for an 
endoergic dissociation of the thermally equilibrated CTTM 
excited states of Rum (NH3)5X complexes, we note that ir­
radiations in the lowest energy CTTM bands in these com­
plexes have not been found to produce significant photore­
dox decompositions.6'33

We would expect similar contributions of AH°spin and 
somewhat smaller Franck-Condon contributions to the 
CTTM transitions of Coln(NH3)5X complexes compared to 
CTTM transitions in jCo(NH3)63+,X~j ion pairs; we esti­
mated AH°fc — 8 kK for the latter complexes. It is there­
fore somewhat surprising that Eth' should be found ap­
proximately equal to AH°c for Conl(NH3)5X complexes. 
This may imply some residual Co(II)-( • X) bonding in the 
CTTM excited state, analogous to the ruthenium case, i.e., 
AH°c ~ Eth' = AH°fc — Eb where the bond energy and 
Franck-Condon contributions have opposite signs and our 
estimates have already taken some account of AH°spin.

(c) Franck-Condon Contributions. There is an approach 
to estimating Franck-Condon contributions which appears 
to be useful for CTTM transitions. In reconstructing the 
initial Franck-Condon excited state from the radical pair 
products, we may consider the total energy associated with 
the changes in internuclear distances to fall into two cate­
gories: (i) energy changes associated with compression to 
ground state bond lengths of the metal-ligand distances in 
the reduced metallo fragment, and (ii) energy changes asso­
ciated with the reorientation of solvent molecules until the 
solvent environment of the ground state is regenerated. 
Such a reconstruction of the ground state nuclear geome­
tries is very similar to processes postulated to be generally 
involved in bimolecular, condensed phase electron transfer 
reactions.6. Thus we may represent the reorganizational

energy as X/4 where X = A; + X0, X; is the first coordination 
sphere contribution due to the M °-L compression, and Ao 
is given by (20).68 Using such an approach we could esti­

mate the energy difference between relaxed radical pair 
species and any other species with different nuclear coordi­
nates. For the present discussion we consider only the dif­
ference in energy between the radical pair products and the 
Franck-Condon excited state with nuclear coordinates 
identical with those of the ground state. j

In the estimates of X/4 which are reported in Table II, we 
have neglected contributions of Xj for ruthenium complexes 
since there are only small differences in the bond lengths of 
ruthenium(II) and ruthenium(III) complexes.69 For the co­
balt complexes we have treated the low-spin cobalt(II) 
fragments of the radical pair products as axially distorted 
with a final distortion of 0.5 A per bond;47 in the acidopen- 
tammines we have assumed the distortion to be localized 
along the C4 axis. This distortion is also the basis for values 
of Oi used in the actual calculations. We have based the 
M-X distances in |M(NH3)63+,I_j systems on the Ru(II)-I~ 
distance in [Ru(NH3)6]l2-69

For the |M(NH3)63+,X~j ion pairs the sum, (AH°¡p + 
(X/4 + AH°rpjn), seems to provide a reasonable estimate of 
the energy of the CTTM absorption maximum; in these es­
timates AH°Spin is taken to be 4 kK/mol for the cobalt com­
plexes (see Table II).

For the halopentammineruthenium(III) complexes, the 
sum, (AH°c + X/4), is considerably greater than the energy 
of the absorption maximum consistent with Ru(II)-( • X) 
covalent bond energy in the range of 8-15 kK/mol for the 
thermally equilibrated CTTM excited state. If the values 
of Eth' are taken as estimates of the energy of the vibration- 
ally relaxed CTTM excited state, then the en. rgy of the ab­
sorption maximum, Emax, is very closely estimated by the 
sum, (£ th' + X0/4), for each ruthenium complex in Table II 
(note that values of \ 0 are determined predominately by 
the -X radius, â , and are relatively insensitive to a reason­
able range of choices of r).

The above observations argue strongly that the Franck- 
Condon excited state generated by absorption of radiation 
with hu = E max has an arrangement of nuclei identical with 
that of the ground state. Furthermore absorption at E th' 
must be Franck-Condon “forbidden,” hence the low inten­
sity; such excitations would presumably generate highly 
distorted Franck-Condon excited states. However the dis­
tortions of these CTTM excited states of Ru(NH^)i,X2+ 
complexes must occur principally in their solvation envi­
ronments. In fact eq 2 provides a means of analyzing some 
of the solvent shifts discussed in section A; however, for 
ionic species in mixed solvent media specific solvation ef­
fects are probably important, and bulk solution values of 
E op and De\ are most likely inappropriate.

While the above approach to the analysis of CTTM spec­
tra seems to indicate an appreciable contribution of 
Franck-Condon terms of Eth' for |Co(NH3)83+,X_|, ion pair 
complexes (probably arising from the very large inner 
sphere Co-N distortions; Xj/4 ~  9 kK/mol), there appear to 
be no significant Franck-Condon contributions to Elh' for 
the halopentamminecobalt(III) complexes. The excellent 
agreement of £ max(calcd) and £ max(obsd) tends to confirm 
the various approximations we have employed, and 
suggests that for these complexes £ b may not be greater
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Figure 8. Hypothetical potential energy surfaces describing photoredox decompositions of bromopentamminecobalt(lll) and -ruthenium(lll) com­
plexes.

than 2 or 3 kK/mol. If for these complexes Er ~  0, then the 
observation of $ lco2+ < 1  would be best accounted for if vi­
brational relaxation and/or electronic relaxation within the 
Franck-Condon excited state occurred more rapidly than 
dielectric relaxation of the solvent environment. At the 
present time this seems a plausible inference, and this in­
ference leads us to two additional predictions: (i) at least

the spectroscopic CTTM excited states in the halopentam- 
minecobalt(III) complexes probably have lifetimes shorter 
than or approximately equal to the lifetime for dielectric 
relaxation of the immediate solvent environment (i.e., 
probably less than 10 - 1 1  sec); and (ii) photoredox behavior 
in these complexes could be a very sensitive function of the 
rate of dielectric relaxation of the solvation sheath. The
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latter inference may well account for the dramatic varia­
tions of <(>Co2+ found for irradiations of Co(NH3)5Br2+ in 
different solvent media.6® Since some dielectric relaxation 
would likely occur on the time scale for intersystem cross­
ing, and since covalent bonding in a triplet CTTM state 
would not be expected to be greater than that found in the 
singlet states, we surmise that all CTTM excited states of 
these cobalt(III) complexes must be very short lived. Nei­
ther present information nor the above considerations pro­
vide a sound basis for ascribing the observed photoreac­
tions to either a'singlet channel or a triplet channel. How­
ever in either case we would predict 4>r p  (and 4>r p ' )  to be a 
function of the dielectric relaxation time of the solvent 
shell.

Finally we note that the argument employed above re­
quires that there be an appreciable reorganizational barrier 
to radical recombination. The significance of such kinetic 
barriers in determining values of & r  and product distribu­
tions will be explored elsewhere.35’49

F. Summary. In this manuscript we have developed a 
systematic analysis of the energetics of the photoredox be­
havior of transition metal complexes. The energy, Emax, of 
a CTTM absorption maximum has been shown to be the 
sum of the enthalpy change associated with electron trans­
fer within an ion pair complex, AH°u>, the enthalpy of ion 
pair formation, A//l; the enthalpy of activation for aqua­
tion of acidopentammine complexes, a Franck-Condon 
contribution, A/4, and a contribution arising from metal- 
radical covalent bonding in the excited state, £ B; thus -Emax 
= A//°ip + AH1 + (A/4) — Eb- In this analysis the Franck- 
Condon contribution is attributed to M -X bond compres­
sion (A;) and solvent reorientation (Ao), where A is Marcus’ 
reorganizational parameter and A = A; + Ao. The threshold 
energy for CTTM absorption, Eth' = Emax — A/4.

For several Co(NH3)5X 2+ complexes (i.e., for X = Cl, Br, 
NCS, Ns) we find that Eth is approximately equal to the 
threshold energy for photoredox behavior, Eth, and that 
Eth' — Eth — A/i°ip + AHx. The net barrier to excited 
state dissociation in such systems is inferred to be small, 
but it is also inferred that the excitation energy depen­
dence of redox quantum yields does require some electronic 
and/or vibrational relaxation of the Franck-Condon excit­
ed states; these processes are inferred to occur at rates 
more rapid than or in competition with the rates of dielec­
tric relaxation of the solvent. As a consequence, this ap­
proach implies that CTTM excited states are very short 
lived in these systems and that photoredox yields should be 
a sensitive function of the dielectric relaxation time of the 
immediate solvent environment.

The approach employed thus requires that the solvent 
participate actively in the processes occurring along the 
photoreaction coordinates describing relaxation of the 
Franck-Condon excited state to the primary radical pair 
products. In addition to an intimate role in the dynamics of 
excited state and radical pair processes, the solvent affects 
the energetics of the CTTM transitions, through A/4 terms 
and the contributions of solvation energies to AH°]p and 
AH' in systems whose CTTM transitions result in large 
changes in dipole moment. It also seems likely that some 
charge delocalization over the solvent contributes to 
CTTM energetics, especially for complexes with Oh micro­
symmetry.

A qualitative representation of the above mechanistic 
picture for Ru(NH3)5Br2+ and Co(NH3)sBr2+ is shown in 
Figure 8. This figure qualitatively represents a more

strongly bond CTTM excited state for ruthenium, 
CTTM(Ru), than for cobalt, CTTM(Co); a large Jahn-Tell- 
er distortion of CTTM(Co); a barrier to solvent reorganiza­
tion (affecting radical recombination as well as excited 
state dissociation); and low lying triplet CTTM state of the 
cobalt complex, 3CT, which correlates with the high-spin 
cobalt(II) products through a radical pair species of triplet 
spin multiplicity. While we are not in a position at the 
present time to present a rigorous quantitative theory of 
photoredox reactions, we believe that the above consider­
ations will be very useful in organizing significant mecha­
nistic studies and in developing empirical photochemical 
models. The above considerations do allow for great sensi­
tivity of photoredox processes to the composition of the 
solvent medium; studies of medium effects in photoredox 
reactions will be reported elsewhere.6

Acknowledgments. The authors are grateful to Professor
V. Balzani for a careful reading of the manuscript and for 
his many critical comments and useful discussions on many 
of the key issues. The authors are also indebted to Profes­
sor F. Scandola for a thorough and critical review of the 
manuscript, Finally, some discussions with Professor E. C. 
Lim l ave been stimulating and insightful and Dr. P. Natar- 
ajan provided several helpful comments and suggestions.

Supplementary Material Available. Tabulated quantum 
yield data (Table III) will .appear,following, these pages in 
the microfilm edition of this volume of the journal. Photo­
copies of the supplementary material from this paper only 
or microfiche (105 X 148 mm, 24X reduction, negatives) 
containing all of the supplementary material for papers in 
this issue may be obtained from the Journals Department, 
American Chemical Society, 1155 16th Street, N.W., Wash­
ington, D.C. 20036. Remit check or money order for $3.00 
for photocopy or $2.00 for microfiche, referring to code 
number JPC -75-630.

References and Notes
(1) (a) Partial support of this research by the National Science Foundation 

(Grant No. GP 38888X) is gratefully acknowledged, (b) Additional sup­
port of this research by means of a fellowship for G. J. Ferraudi from 
the Faculty of Science, University of Chile, is also gratefully acknowl­
edged.

(2) For pertinent reviews see: (a) V. Balzani and V. Carassiti, "Photochem­
istry of Coordination Compounds,”  Academic Press, New York, N.Y., 
1970; (b) P. D. Fleischauer, A. W. Adamson, and G. Sartori, Progr. 
Inorg. Chem., 17, 1 (1972); (c) D. W. Watts, MTP (Med. Tech. Publ. Co.) 
lot. Rev. Sci., Inorg. Chem., Ser. One, 9, 52 (19721; (d) A. W. Adamson, 
W. L. Waltz, E. Zinato, D. W. Watts, P. D. Fleischauer, and R. D. Lin- 
dholm, Chem. Rev., 68, 541 (1968); (e) D. R. Eaton, Spectrosc. Inorg. 
Chem., [1 ], 9, 29 (1970).

(3) (a) A. W. Adamson and A. H. Sporer, J. Amer. Chem. Soc., 80, 3865 
(1958); (b) A. W. Adamson, Discuss. Faraday Soc., 29, 163 (1960); (c) 
R. A. Pribush, C. K. Poon, C. M. Bruce, and A. W. Adamson, J. Amer. 
Chem. Soc., 96, 3027 (1974).

(4) V. Balzani, R. Ballardini, N. Sabbatini, and L. Moggi, Inorg. Chem, 7, 
1398 (1968).

(5) (a) F. Scandola, C. Bartocci, and M. A. Scandola, J. Amer. Chem. Soc., 
95, 7898 (1973); (b) F. Scandola, C. Bartocci, and M. A. Scandola, J. 
Phys. Chem., 78, 572 (1974).

(6) (a) J. F. Endicott, G. J. Ferraudi, and J. R. Barber, J. Amer. Chem. Soc., 
97, 219 (1975); (b) J. F. Endicott and G. J. Ferraudi, ibid., 96, 3681 
(1974).

(7) (a) J. F. Endicott and M. Z. Hoffman, J. Amer. Chem. Soc., 87, 3348 
( 1965); (b) G. Caspari, R. G. Hughes, J. F. Endicott, and M. Z. Hoffman, 
ibid., 92, 6801 (1970).

(8) W. L. Wells and J. F. Endicott, J. Phys. Chem., 75, 3075 (1971).
(9) (a) J. F. Endicott, M. Z. Hoffman, and L. S. Beres, J. Phys. Chem., 74, 

1021 (1970); (b) G. J. Ferraudi and J. F. Endicott, J. Amer. Chem. Soc., 
submitted for publication; (c) G. Ferraudi and J. F. Endicott, J. Chem. 
Soc., Chem. Commun., 674 (1973).

(10) (a) P. Natarajan and J. F. Endicott, J. Amer. Chum. Soc., 95, 2470 
(1973); (b) J. Phys. Chem., 77, 2049 (1973).

(11) R. E. Kitson, Anal. Chem., 22, 664 (1959).

The J o u r n a l  o f  P h y s ic a l  C h e m is tr y .  V o l. 79. N o . 6, 1 9 7 5



Photoredox Reactions in Metal Ammine Complexes 643

(12) (a) E. Wegner and A. W. Adamson, J. Amer. Chem. Soc., 88, 394 
(1966); (b) E. Zinato, R. D. Lindholm, and A. W. Adamson, ibid., 91, 
1076 (1969).

(13) G. A. Parker and G. C. Hatchard, Proc. Boy. Soc., Ser. A, 234, 518 
(1956).

(14) (a) J. G. Calvert and J. N. Pitts, Jr., “ Photochemistry," Wiley, New York,
N. Y., 1966; (bl J. N. Pitts, Jr., J. Amer. Chem. Soc., 77, 5499 (1955).

(15) L. Moggi, N. Sabbatini, and V. Balzani, Gazz. Chim. Ital., 97, 980 (1967).
(16) W. Bollester, C. Bushman, and P. Tidwell, Anal Chem., 33, 592 (1961).
(17) Quantum yield data obtained for the present study are collected in Table 

III. See paragraph at end of paper regarding supplementary material.
(18) E. Rabinowitch, Rev. Mod. Phys., 14, 112 (1942).
(19) N. Uri, Chem. Rev., 50, 375 (1952).
(20) See also ref 2a, pp 174-178.
(21) (a) C. K. Jorgensen, Progr. inorg. Chem., 4, 73 (1962); (b) “ Orbitals in 

Atoms and Molecules,”  Academic Press, New York, N.Y., 1962; (c) 
"Absorption Spectra and Chemical Bonding in Complexes," Oxford Uni­
versity Press, Oxford, 1962; (d) “ Oxidation Numbers and Oxidation 
States," Springer, New York, N.Y., 1969.

(22) A parameterized application of (1) to the CTTM absorption bands of 
MlnL5X complexes is presented in J. F. Endicott, “ Concepts of Inorganic 
Photochemistry," A. W. Adamson and P. 0. Fleischauer, Ed., Wiley-ln- 
terscience. In press. Chapter 3.

(23) In eq 1 Xl and xm are optical electronegativities of metal and ligand, re­
spectively, in ML6 complexes; 10Dgis the crystal field splitting in the oc­
tahedral complex, and the higher terms account for differences in elec­
tron pairing energies (SS) and Racah parameters. See also H. H. 
Schmidtke, "Physical Methods in Advanced Inorganic Chemistry,”  H. A.
O. Hill and P. Day, Ed., Interscience, New York, N.Y., 1968, Chapter 4.

(24) W. M. Latimer, “ Oxidation Potentials," 2nd ed, Prentice Hall, Englewood 
Cliffs, N.J., 1952.

(25) For a recent review see M. Ottolenghi, Accounts Chem. Res., 6, 153
(1973) .

(26) For a review see M. J. Blandamer and M. F. Fox, Chem. Rev., 70, 59 
(1970).

(27) For a review ■ ee M. F. Fo> Quart. Rev. d iem . Soc., 24,565(1970).
(28) This may be compared 6 a 5-kK oiue shift of the CTTS band of I-  in 

neat glycerol compared tr water.2”
(29) For some useful commet' ; on symmetry species and on the effects of 

orbital overlap on charge Pansier -ansitions see (a) A. B. P. Lever, J. 
Chem Educ, 9, 612 (',9V4); (b) W. Byers, B. FaChw. Chow, A. B. P. 
Lever, and R. V. Parish. J. Amer. Chem. See., 91, 1329 (1969).

(30) F. A. Cotton, "Chemical Applications of Group Theory, Wiley, 1972.
(31) M. F. Fox and T. F. Hunter, Nature (! ondon), 223, 177 (1968).
(32) R. S. Mulliken and W. B. Person, “ Molecular Complexes,”  Interscience, 

New York, N Y., 1968.
(33; J. Siegel and J. N. Armor, J. Amer. Chem. Soc., 96, 4102 (1974).
(34) (a) S. Sundarajan and E. L. Wehry, J. Phys. Chem., 76, 1528 (1972); (b) 

E. L. Wehry and R. A. Ward, Inorg. Chem., 10, 2660 (1971).
(35) G. J. Ferraudi and J. F. Endicott, manuscript in preparation.
(36) H. Elsgernd and J. K. Beattie, Inorg. Chem., 7, 2468 (1968).
(37) (a) M. G. Evans and G. H. Nancollas, Trans. Faraday Soc., 49, 363 

(1949); (b) M. T. Beck, Coord. Chem. Rev., 3, 91 (1968).
(38) See section C1 below and ref 2 and 3.
(39) Note however that spin relaxation rates appear to be rapid in transition 

metal complexes; see (a) J. T. Yardley and J. K. Beattie, J. Amer. 
Chem. Soc.. 94, 8925 (1972); (b) J. K. Beattie, N. Sutin, D. H. Turner, 
and G. W. Flynn, ibid., 95, 2052 (1973).

(40) This is a limiting argument, analyzing conditions for population of pho­
toactive triplet states in systems where the spin labels are at least use­
ful approximations. Some of the limitations on assignment of spin labels 
in coordination complexes have been recently discussed by G. A. Cros­
by, K. W. Hipps, and W. H. Elfring, Jr., J. Amer. Chem. Soc., 96, 629
(1974) .

(41) R. M. Noyes, Progr. React. Kinet., 1, 128 (1961).
(42) J. P. Lorand, Progr. inorg. Chem., 17, 207 (1972).
(43) To simplify our discussion we have adopted the relatively recent modifi­

cation (A. Vogler and A. W. Adamson, J. Phys. Chem., 74, 67 (1970)) 
that this model is applicable only to the charge transfer photochemistry 
of cobalt complexes.

(44) It is convenient to associate this “ minimum energy" with Eth as defined 
below.

(45) The only photoaquation data available for ultraviolet excitation of these 
complexes pertains to Br-  and Cl-  aquation respectively; for excita­
tions at A <300 nm, ammonia aquation has not been detected and an 
upper limit of <ÿNH3 <  <t>co2+ may be estimated.

(46) For this complex ammonia aquation predominates and azide aquation is 
not of major importance.

(47) Axially distorted (Co-OH2 bond lengths of 2.3-2.5 A) low spin trans- 
Co(N„XOH2)22+ complexes with macrocyclic nitrogen donor N4 ligands 
may be taken as models of Jahn-Teller distortions in low spin cobalt(ll) 
species: M. D. Glick, J. M. Kuszaj, and J. F. Endicott, J. Amer. Chem. 
Soc., 95, 5097 (1973); M. D. Glick, W. G. Schmonsees, and J. F. Endi­
cott, ibid., 96, 5661 (1974).

(48) V. Balzani, private communication to J.F.E. (1974). The regeneration of 
substrate Co(NH3)5N 022+ is not kinetically competitive with processes 
leading to observed products.

(49) J. F. Endicott, Inorg. Chem., in press.
(50) W. H. Woodruff and D. W. Margerum, Inorg. Chem., 12, 962 (1973).
(51) S. D. Malone and J. F. Endicott, J. Phys. Chem., 76, 2223 (1972).
(52) A. T. Thornton and A. S. Laurence, J. Chem. Soc., 1632 (1973).
(53) G. Stein, J. Jortner, and A. Treinin, J. Chem. Phys., 30, 1110 (1959).
(54) M. G. Evans, N. S. Hush, and N. Uri, Quart. Rev., Chem. Soc., 6, 186

(1952).
(55) T. J. Meyer and H. Taube, Inorg. Chem., 7, 2369 (1968).
(56) P. A. Rock, Inorg. Chem., 7, 837 (1968); actually this reference dis­

cusses only the Co(NH3)33+| Co(NH3)62+ couple and we have assumed 
similar enthalpic and entropie contributions for the ruthenium couple. 
Lavallee et a/.43 have reported AS0 = —4.1 for the ruthenium couple; 
however, this value appears to have been determined for an ionic 
strength of 0.5, not extrapolated to zero ionic strength. Use of the more 
negative value of \S °  would reduce all our estimated values of AhPp 
for ruthenium coup os by about 4 kK. The relatively good agreement be­
tween A f / ’ ip and Eth' lo r the ion pair complexes, |Ru(NH3)63+,X~|, 
suggests that the larger value of A-3° is reasonably correct.

(57) Q. K. Lavalle, C. Lavalle. J. C. Sullivan, and E. Deutsch, Inorg. Chem., 
12,570(1973).

(58) R. G. Wilkins, Accojnts Chem. Rev., 3, 408 (1970).
(59) For reviews see (a! F. Basclo and II. G. Pearson, “ Mechanisms of Inor­

ganic Reactions," 2nd ed, Wiley, New York, N.Y., 1967; (b) V. S. Sastri 
and C. H. Langford, MTP [Med. Tech. Publ. Co.) Int. Rev. Sci., Inorg. 
Chem., Ser. One, S, 203 (1970).

(60) For this complex we have had to substitute a value of Fth =  19 kK, the 
photoredox threshold, for the absorbance threshold energy (see ref 48).

(61) D. P. Rillema, J. F. Endicott, and E. Papaconstantinou, Inorg. Chem., 10, 
1739 (1971); see especially Figure 3.

(62) (a) D. P. Rillema, J. F. Endicott, and N. A. P. Kane-Maquire, J. Chem. 
Soc., Chem. Commun., 495 (1972); (b) unpublished observations.

(63) L. Warner, Ph.D. Dissertation, The Ohio State University, 1968.
(64) In this estimate we have taken the average axial ligand field strength of 

the pentacoordinate complexes as the appropriate quantity to use in 
Figure 3 of ref 61.

(65) Estimated from parameters in ref 56.
(66) H. S. Lim, D. J. Barelay, and F. C. Anson, Inorg. Chem., 11, 1460 

(1972).
(67) (a) R. A. Marcus, J. Phys. Chem., 72, 891 (1968); (b) 56, 854 (1963); (c) 

Annu. Rev. Phys. Chem., 15, 155 (1964).
(68) We take the parameters in (20) to be: a 3, the radius of the reduced mé­

tallo fragment; a2, the radius of the -X radical (covalent radius); r, the 
distance of separation of the fragments in the particular Franck-Condon 
state being considered; Dop is the square of the index of refraction of 
the medium; Ds is the dielectric constant of the medium; e is the charge 
on the electron. For the Franck-Condon state with nuclear coordinates 
identical with those of the ground state we take r  =  a /  +  a2 (a ,'th e  
covalent radius of the one electron oxidized metal) when the ground 
state is M(NH3)5X; for ion pairs we take a i to be the radius cf the 
M(NH3)62* complex, a2 the covalent radius of -X and, r  to be the sum of 
the radius of M(NH3)63+ and the ionic radius of X- . In our estimates of 
A0 for ion pair complexes we did not take account of reorganization of 
ionic atmospheres, which in the 0.1 M  solutions should contribute a few 
kK.

(69) H. C. Stynes and J. A. Ibers, Inorg. Chem., 10, 2304 (1971).
(70) J. E. Huheey, "Inorganic Chemistry," Harper and Row, New York, N.Y., 

1972, pp 73 and 184.

The J o u r n a l  o f  P h y s ic a l  C h e m is tr y ,  V o l. 79. N o . 6 , 1 9 7 5



644 A. Cu and A. C. Te s ta

Photochemistry of the Nitro Group in Aromatic Heterocyclic Molecules

A. Cu and A. C. Testa*

Department o f Chemistry, St. John's University, Jamaica, New York 11439 
(Received May 13, 1974; Revised Manuscript Received December 13, 1974)

The 313-nm photolysis of 5-nitroquinoline in 50% isopropyl alcohol and water with varying concentrations 
of hydrochloric acid results in photoreduction with formation of 5-amino-6,8-dichloroquinoline. The pho­
toreduction to an amine is similar to that observed for nitrobenzene and 1 -nitronaphthalene and appears 
to proceed via the anion of the nitro compound to the hydroxylamine. The quantum yield for photoreduc­
tion increases with increasing HC1 concentration and reaches an upper limit of 5.44 ± 0.16 X 10~2 when 
(HC1) > 1 M. Comparison of the behavior in HC1 and H9SO4 and previously reported results for nitroben­
zene, 1-nitronaphthalene, and 4-nitropyridine indicate that the primary process involves an electron trans­
fer from the chloride ion to the triplet state of the nitro compound.

Introduction
The photochemistry and excited state behavior of aro­

matic nitro compounds has been a subject of continuing in­
terest in our laboratory. Following our initial studies on ni­
trobenzene1̂ * and nitronaphthalenes,4 we recently re­
ported that the 4-nitropyridinium ion undergoes photore­
duction via the :tn,rr* state to form 4-hydroxylaminopyri- 
dine as the only primary photoproduct.5 In that study a 
limiting quantum yield of 0.65 ± 0.05 was measured for the 
acid concentration range 0.5-2.0 M HC1. The primary pho­
tochemical event was shown to involve electron transfer 
from the chloride ion and evidence for the anions of 4-ni- 
tropyridine and nitrobenzene were obtained from flash 
photolysis studies.6 As an extension of our photochemical 
studies of 1 -nitronaphthalene into heterocyclic systems we 
have undertaken a photochemical study of 5-nitroquinoline 
in aqueous alcohol solutions containing HC1. In addition to 
identifying the reactive excited state and the photoprod­
uct, the importance of electron transfer as a primary pro­
cess was worthy of investigation. Triplet yields of nitro 
compounds are known for nitrobenzene (0.67)3 and 1- and
2-nitronaphthalene (0.63 and 0.83, respectively)3 and are 
probably comparable in 4-nitropyridine and 5-nitroquino- 
line. Although the triplet yield of pyridine may be small,7'8 
the large photochemical quantum yields for 4-nitropyridine 
observed in alcohol-aqueous HC1 solutions indicate that at 
least in some cases the triplet yields of substituted pyri- 
dines can be substantial, i.e., >0.5.

R esu lts and D iscussion
The 313-nm irradiation of degassed 0.5 X 10-4 M 5-ni­

troquinoline in aqueous alcohol solutions containing HC1 
results in the decrease of its absorption band at 315 nm 
with an increasing absorption in the region 240-265 nm. 
Upon prolonged photolysis a three peaked structure typical 
of aminoquinoline hj'drochlorides appears at 248, 255, and 
265 nm. It is thus evident that photoreduction to 5-amino- 
quinoline is occurring. The absorption increases at 240 and 
265 nm during the early stages of the photoreduction 
suggesting that the corresponding hydroxylaminoquinoline 
is the primary photoproduct. The photoproduct was identi­
fied from its spectra (uv, ir, nmr) and by comparison with a 
sample of 5-aminoquinoline to be 5-amino-6,8-dichloroqui- 
noline. The overall process occurring is

By comparison of our results with those for 1-nitronaphth­
alene it seems reasonable to assign the reactive state as
' V , 7 r * .

The quantum yield for the photoreduction is observed to 
increase with increasing HC1 concentration and a summary 
of degassed data is presented in Figure 1. The increasing 
quantum yield observed in the lower acidity range is due to 
increasing protonation of the ring nitrogen, while in the 
higher acidity range the limiting quantum yield indicates 
complete protonation. The limiting quantum yield of 5.44 
± 0.16 X 10~2 is observed for (HC1) > 1 M, at which con­
centration the ring nitrogen is totally protonated. In order 
to establish whether or not the small quantum yield ob­
served is due to a small triplet yield, the phosphorescence 
yield was measured at 77°K in EPA. The phosphorescence 
yield of 5-nitroquinoline relative to the value of 0.051 for 
naphthalene in EPA9 was determined to be 0.27; conse­
quently, it is clear that not all the available triplets are 
reacting. Photochemical depletion of 5-nitroquinoline was 
determined by polarographic analysis in acetic acid-sodi­
um acetate buffers. The photoreduction yields for air-satu­
rated solutions are approximately 25% lower, however, the 
acid dependence is similar to that shown in Figure 1 . The 
importance of chloride in the primary process is reflected 
in the observation that the photochemical disappearance is 
significantly lower in H2SO4. In 6 M HC1, when the ring 
proton is totally protonated, 4> = 5.9 X 10-2, which de­
creases to a value of 0.23 ± 0.02 X 10~2 in pure isopropyl al­
cohol. A similar effect is observed in the photochemistry of
4-nitropyridine where the photoreduction quantum yield in 
pure isopropyl alcohol is only 1.3 ± 0.03 X 10~2, and signifi­
cantly smaller than the quantum yields measured in the 
presence of HC1. Since the major impetus of this study was 
to investigate the importance of the chloride ion as an elec-
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Figure 1. Photoreduction quantum yields for 1 X  1CP2 M  5-nitroqui- 
noline in degassed 5 0 %  isopropyl alcohol-water vs. HCI concentra­
tion (Xexc 313 nm; /a ~  2.5 X  1015 quanta/sec).

tron donor to the triplet state of the aromatic nitro com­
pound no analysis of photoproducts was performed for iso­
propyl alcohol solutions. The photoreduction of aromatic 
nitro compounds with alcohols is generally a very ineffi­
cient process.1’34 In 50% isopropyl alcohol-water, 6 N  in 
H2SO4, the disappearance quantum yield of 5-nitroquino- 
line is only 0.99 ±  0.02 X  10~2 due to the absence of the 
chloride ion. In the absence of chloride ions and protons 
hydrogen abstraction from the alcohol is the only contrib­
uting photochemical process. By comparison of our results 
for 5-nitroquinoline with those for 4-nitropyridine, nitro­
benzene, and 1 -nitronaphthalene it seems very likely that 
electron transfer to the 3:r,-ir* state, producing the anion, is 
the primary process, which is then followed by a rapid pro­
tonation. A representation for the photoreduction of 5-ni- 
troquinoline, ArN0 2 , is given in Scheme I.

S chem e I

ArN02 ArNO,* 1 —̂  ArN02*3 (1)

ArN02*3 — - ArN02 (2)

ArN02*3 + Cl' =!=* ArN6 2- + Cl- (3)

ArNOz- + H+ — *■ ArN02H (4)

ArN02H + (CH3),CHOH — *- ArNHOH----*- ArNH, (5)
(chlorinated aromatic 

amines)

The results demonstrate the involvement of chloride ion 
as an electron donor, since a sixfold decrease in photo­
chemical disappearance is observed when 6 N  HCI is re­
placed with 6 N  H2SO4. Wubbels et al.10 have shown a sim­
ilar effect in nitrobenzene. A summary of the photoreduc­
tion quantum yields for 5-nitroquinoline obtained in this 
study with those for previously studied aromatic nitro com­
pounds in 50% isopropyl alcohol-water with varying con­
centration of HCI is presented in Table I for nitrobenzene 
(NB), 4-nitropyridine (4-NP), 1-nitronaphthalene (1-NN), 
and 5-nitroquinoline (5-NQ) in 2, 3, and 6 M HCI.

Photolysis of 10-2 and 10-4 M 5-nitroquinoline did not 
exhibit any measurable differences. Previous results with

TABLE I: Photoreduction  Quantum  Y ields (D egassed  
Solutions) for Arom atic N itro  Compounds in 50% 
Isopropyl A lcohol-W ater w ith  V arying HCI 
C oncentration

(H C I).
M N B “1' 4 - N P i,' d 1 -N N “,f 5 - N Q 6' 1

2 i .8  x i c r 2 0.59 3.4 x 1 0 ' 5.3 x 1 0 '2
3 2.6 x 10'2 0.16 5.7 x 1 0 " 5.3 x 1 0 '2
6 0.14 0.06 12.8 x 10' 5.9 x 1 0 '2

a 366-nm excitation. * 313-nm excitation. ‘ Reference 2. d Ref­
erence 5. ■' Reference 4. t  Th is study.

nitrobenzene and 4-nitropyridine indicate that there is no 
concentration or intensity dependence on the photoreduc­
tion quantum yield of aromatic nitro compounds.1-5 Pho­
tolysis with 313 and 366 nm produces the same electronic 
state and thus the same photoreduction quantum yield. 
The primary photoproduct does not effectively absorb ei­
ther of these wavelengths so that the quantum yield mea­
surements are not affected by secondary events. No dark 
reactions were observed when the degassed cells, after pho­
tolysis, were left in the dark for 2 days.

The data tabulated in Table I indicate that the photore­
duction quantum yield of the nitro group in heterocyclics is 
generally higher than in the carbocyclic aromatic, and that 
the quantum yields for 1-nitronaphthalene and 5-nitroqui- 
noline are an order of magnitude smaller than in the case of 
nitrobenzene and 4-nitropyridine, respectively. A similar 
behavior has been observed in the photoreduction quan­
tum yields for phenyl ketones relative to naphthyl ke­
tones.11 Porter and Suppan12 have concluded that triplet 
7r,7r* states are ~10% as reactive as triplet n,7r* states in ar­
omatic ketones. Similarly, in the case of aromatic nitro 
compounds the 3ir,ir* states (1-nitronaphthalene and 5-ni- 
troquinoline) generally live longer than 3n,7r* (nitrobenzene 
and 4-nitropyridine), both in solution and in frozen glass­
es,3 and exhibit lower reactivity as seen in the quantum 
yield results summarized in Table I. In the ir,x* triplets of 
1-nitronaphthalene and 5-nitroquinoline the excitation is 
localized primarily in the aromatic nucleus. In such cases 
the NO2 group is probably electron rich rather than elec­
tron poor as is the case in n,-?r* states. Consequently, radi­
cal-like reactivity at oxygen may be considerably dimin­
ished. Thus, one possible interpretation for the above data 
is that anion formation for 1-nitronaphthalene and 5-nitro- 
quinoline is less facile than for phenyl or pyridine type an­
ions, i.e., electron transfer to a 3n,x* state is favored over 
transfer to a 3ir,ir* state. A referee has suggested the possi­
bility that the energy of the triplet state may be significant 
in the electron transfer from Cl-  and the conversion of the 
triplet to the anion; however, we believe that electron defi­
ciency is more important than energy of the triplet state. It 
is very unlikely that variation of triplet yields in the four 
molecules is an important consideration in accounting for 
differences in the observed photochemical quantum yields.

There is a decreasing quantum yield exhibited by 4-ni- 
tropyridine when (HCI) > 2  M, which is an exception to the 
trend shown in Table I. Nitrobenzene, 1 -nitronaphthalene, 
and 5-nitroquinoline, on the other hand, show a general in­
creasing quantum yield with increasing HCI concentration. 
It appears that an acid-catalyzed process decreases the 
photochemical efficiency in this molecule; however, a satis­
factory explanation for this behavior is still lacking.
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E xperim ental S ection
Materials. 5-Nitroquinoline and 5-aminoquinoline were 

obtained from Aldrich Chemical Co. and recrystallized 
twice from pentane and once from benzene before using. 
Spectrograde isopropyl alcohol and EPA were used as re­
ceived. Glass distilled water and reagent grade HC1 and 
H2SO4 were used for aqueous solutions.

Equipment. All quantitative photolysis experiments 
were performed with 313-nm excitation in 50% isopropyl 
alcohol-water with varying acid concentrations, employing 
1 -cm spectrophotometric quartz cells. Other experimental 
procedures have been described elsewhere.5 Light intensi­
ties were typically 2.5 X 1015 quanta/sec as determined 
with the potassium ferrioxalate actinometer.13

The disappearance of 5-nitroquinoline was determined 
by polarographic analysis of buffered acetic acid-sodium 
acetate solutions (pH 4.7) before and after photolysis. 
There were no interfering waves associated with photo­
products generated during the photolysis. The polaro­
graphic potential was scanned from 0 to —0.8 V, and the 
half-wave potential appears at approximately -0.34 V vs. 
see. Experiments were designed to keep the disappearance 
of 5-nitroquinoline at <15%.

Large-scale photolyses were performed through a Pyrex 
sleeve with an Hanovia 450-W medium-pressure mercury 
immersion lamp (Type 679A-36). In a typical experiment,
1.50 g of 5-nitroquinoline was dissolved in 800 ml of 50% 
isopropyl alcohol-water, 0.15 M  in HC1, and irradiating 
under nitrogen for approximately 9 hr. The originally col­
orless solution was red at the end of the experiment. The 
solution was then concentrated by evaporation in vacuo

and separation of the product was achieved with silica gel 
preparative TLC plates. The isolated photoproduct was es­
tablished to be 6,8-dichloro-5-aminoquinoline by compar­
ing its uv (Cary 14), nmr (Varian A60A), and ir (Beckman 
IR-8) spectra with that for 5-aminoquinoline. The photo­
product exhibits an amine band at 2.8 p and the amine pro­
tons, which appear at 4.2 8 in 5-aminoquinoline, are shifted 
to 5.2 ô due to chlorine substitution. The ring protons in 
the photoproduct appear between 7.5 and 9.0 <5.

Phosphorescence measurements of 4 X 10-5 M 5-nitro- 
quinoline at 77°K were made in EPA and in 50% isopropyl 
alcohol-water with varying amounts of HC1. The phospho­
rescence yields, using 313-nm excitation, for 5-nitroquino- 
line in EPA was determined relative to a value of 0.051 for 
naphthalene, which phosphoresces in the same wavelength 
region.
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Electron Spin Resonance Study of the a-Keto 
Iminoxy Radicals of Some Bicyclic Ketones
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a-Keto iminoxy radicals from some cyclic and bicyclic ketones were studied by esr. Using properly substi­
tuted compounds of known conformation and configuration the proton hfs’s have been assigned and their 
dependence on molecular geometry could be followed. For the a-anti proton hfs a cos2 6 type dependence 
involving hyperconjugation with the iminoxy carbon 2pT orbital was found. This is an indication of tr-o po­
larization contributing to the spin density transmission in this class of <r radicals.

Introduction

For some years the iminoxy radicals (RiR2C=NO-) have 
been the subject of interest, the aim being to understand 
the hyperfine interaction mechanism in this class of cr-type 
radicals. From a large amount of data Norman and Gilbert2 
found evidence for a preferential syn interaction which is 
most efficient in the plane of a bonds and is highly favored 
by a W geometry. Our preliminary data on a-keto iminoxy

radicals3 showed however the unexpected feature that sig­
nificant hfs from anti protons was involved. The same type 
of interaction was described in a recent work of Russell and 
Mackor4 who have undertaken a systematic study of cyclo­
hexanone iminoxy radicals with new and important conclu­
sions regarding the hyperfine interaction mechanism.

We have studied a series of substituted bicyclic com­
pounds with known configurations and conformations, and
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have obtained relevant information regarding the position­
al and angular dependence of the hyperfine interaction in 
o-keto iminoxy radicals. Our results agree with Russell and 
Mackor’s conclusions which thus appear to have a more 
general significance.

Results
Fox, McRae, and Symons5 were the first to synthesize 

o-keto iminoxy radicals by allowing gaseous nitrogen diox­
ide to react with ketones having a free active methylene 
group. The radicals studied in this work have been ob­
tained by the same method starting from the ketones de­
rived from cyclohexanone (I-V), cycloheptanone (VI), bicy- 
clo[3.3.1]nonan-2-one (VII—XI), bicyclo[3.2.1]octan-2-one 
(XII-XIV), bicyclo[3.3.1]nonan-3-one (XV-XVII), bicyclo-
[4.2.1]nonan-2-one (XVIII), bicyclo[4.2.1]nonan-3-one 
(XIX), and bicyclo[3.2.2]nonan-6-one (XX). The parame­
ters of their esr spectra are summarized in Table I.

I, R 2 - R 6 =  H
II. R 2. R 6 =  D ; Ra -  R 5 =  H

HI, R ,f, =  t-Butyl; R,, R 3, R 4„, R 5, Re =  H
IV, R,.,, R 4eq =  t-Butyl; Rj„. R 3, R,„. R 5, R 6 =  H
V. R 4 =  O

VII, R, = R , =  R („ =  R 4i =  H  
V III, R, =  R 3 =  D ; R 4„ =  R „  = H

IX. R, = R 3 =  R 4„ =  H; R „  = Ph
X, R, = R 3 =  D : R ,n =  H. R „  =  Ph

X I, R, = R, =  R „  =  H; R,„ =  Ph
X II,  R, = R, =  R 4n =  R 4i  = H

X II I,  R, = R 3 =  R 4n =  H; R 4i =  Ph
X IV ,  R, = R 3 =  R 4j =  H; R,„ =  Ph 
XV, R 4n = R 4i  =  R  =  R ' =  H

X V I, R 4n =  H; R 4i  =  Ph; R, R ' =  O
X V II.  R 4„ =  R  =  H; R4i =  Ph; R ' =  O H

0
XVIII XIX XX

The o-keto iminoxy radicals have the general formula 
R 1-CO-CNO-R2 with two possible stereoisomers:

\
II

E Z
Sites lying on the same side of the C =N  double bond as 
the iminoxy oxygen will be referred to as syn, the opposite 
ones as anti.

The significant difference between the a n values of the 
two isomers is characteristic of o-keto iminoxy radicals. 
Previous authors5-6 have assigned the lower values to the Z 
and the higher ones to the E isomers. In our series the Z 
isomers all have an ~  27 G and the E isomers have on ~  32
G. This effect of the o-carbonyl group is well accounted for

by an EH calculation' on some adequate simple model 
compounds.

The cyclohexane-1,4-dione (V) has four active methylene 
sites, so a large number of iminoxy radicals can result in 
the reaction with nitrogen dioxide. Actually we have seen 
four different iminoxy radicals. Radical i has a second ni­
trogen splitting of ~ 1 1  G and no proton hfs. So we propose 
a structure of the type:

c

II

The other three radicals have no secondary hfs, which leads 
to the formula:

0

The three radicals probably differ by the presence of addi­
tional oxime groups in the 5 and/or 6 positions, or by the 
syn-anti isomerism of the adjacent oxime.

From bicyclo[4.2.1]nonan-3-one,(XIX), with two distinct 
active sites (four possible radicals) three radicals have been 
obtained. Radical ii with on ~  29 G having no proton hfs 
was ascribed to the Z isomer of the 2-oximino derivative. It 
follows that radical iii with aN ~  27 G corresponds to the
4-oximino Z isomer. Radical i is of an E type. On the basis 
of the proton hfs it is not possible to decide between the 
two substitution isomers which can be predicted.

Assignment of Proton Hfs. In all spectra the proton hfs 
could be easily distinguished on the side lines of the main 
nitrogen triplet, as these lines do not overlap.

Using cyclohexanone-2,2,6,6-d4 (II), we were able to es­
tablish5 the proton hfs assignments for radicals E-1, E-II 
and Z-I, Z-II as follows:

E-I, R - H Z-I, R - H
E-II, R =. D Z-II, R - D

The hfs in the structurally related radicals VII-XIV 
clearly demands the following assignments:8

-'■'3.0 ~'A.Q ^ 1.2 ~2.2

~ 0.7

E Z

We feel that the quasi-identity of the hfs on the a position 
justifies the extension of this description for radicals III 
and IV of the fixed cyclohexanone:

£ -1 1 1 , R = H Z - I I I ,  R = H
E -IV , R -- Bu* Z -IV , R * Bu6
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T A B L E  I :  H fs  C o n s ta n ts  (G a u s s ) a n d  g  F a c to r s  o f  th e  a - K e t o  Im in o x y  R a d ic a ls  M e a s u re d  a t  R o o m  T e m p e r a t u r e

Parent ketone Iminoxv rad ica ls oN

r /:-i 32.8 2.6(2! 1.6(2) 2.0C53

z - r 26.6 1.5(2) 2.0C53

IT: K -  II 32.9 2.6(21 1.6(2) 2.0C52

X-II 26.8 1.5(2' 2.0C52

in" /■.-III 32.9 2.9(11 2.4(1) 2 .0 C5 j
/ - I I I 26.8 2 .K l ) 0.9(1) 2.0C53

IV" E-IV 32.7 2.9(1) 2.5(1) 2.0C52

/-IV 26.4 2.1(1) 0.9(1) 2.0052

V* i 28.2 11.4(1)" 2.004 4
ii 27.5 2.005,a
iii 28.1 2 -0042
iv 32.0 2.0042

v r E-VI 33.1 2.005,
Line-width effects" 0

/-V I 27.3 2.005Q

v ir E-VII 33.0 3.1(2) 2.5(1) 2.0050

/-V II 26.6 2.2(1! 1.2(1) 0.9(1) 0.7(1) 0.2(1) 2.0052

vnr E-VIII 33.1 3.1(2) 2.5(1) 2.005q

/-V III 26.7 2.2(1) 1.2(1) 1.0(1) 2.0052

EX1 E-IX 32.3 2.5(2) 2.005q

/- IX 26.7 1.2(1) 1.0(1) 0.7(1) 0.3(1) 2.0052

X' E-X 32.4 2.5(2) 2.0050

/-X 26.7 1.2(1) 1.1(1) 2.0052

XIs E-XT 32.0 3.0(2)
2 - 0 0 4 9

/-X I 27.4 2.2(1) 1.1(1) 0.7(1) 0.3(1) 2.0051
x ir E-XII 32.7 3.1(2) 2.5(1) 2.005Q

/-X II 26.8 2.2(1) 1.2(2) 2.0052
xnT E-XIII 32.2 2.9(1) 2.6(1) 2.005q

/-x in 26.9 1.4(1) 1.2(1) 2.0052
xrv” E-XIV 31.9 2.9(2) 2.005q

/-X IV 27.2 2.0(1) 1.2(1) 0.2(1) 2.0052
XV" E-XV 32.6 2.9(1) 2.0(1) 1.6(1) 0.6(1) 2.0051

/-X V 26.0 2.0053
XVI1 E-XVI 32.6 1.9(2) 0.8(1) 2 .005Q

/-X V I 27.2 0.5(2) 2.0052
XVII1 E-XVII 32.8 1.9(2) 0.8(1) 2.005q

z-xvn 27.2 0.5(2) 2.0052
xvnr E-xvm 32.5 2.9(1) 1.7(1) 1.3(1) 0.3(1) 2.005q

/-XVHI 26.4 1.8(1) 0.8(1) 0.4(1) 0.2(4) 2.0052
XIX" i 32.5 2.8(1) 1.9(2) 2.005q

ii 28.8
2-0046

iii 26.6 Spectrum of eight lines 2.005,
separated by 0.6 G 2

XX" E-XX 32.3 Spectrum of weak lines 2.005
/-X X 27.0 2.2(1)

u
2.005,

° From these ketones the radicals were obtained by method 1 (see Experimental Section). 1 From these ketones the radi:als were ob­
tained by method 2 (see Experimental Section). ■ "he same radicals were obtained by Fox, McRae, and Svmons."’ d This splitt. ng is on a ni- 
trogen atom. p See Discussion.
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As compared to the analogous bicyclic radicals, the ~3-G 
hfs is missing in the £  isomers and the ~1 G one in the Z 
isomers, because of C-4 substitution.

The following assignments are reasonable in the series of 
radicals £-XV-£-XVII: ' v..'

/o'
E

The spectra of the corresponding Z  isomers have no major 
proton hfs.

We could not ascribe the hfs to actual protons in the bi- 
cyclo[4.2.1]nonane systems as the available data do not 
lead to unequivocal assignments.

The 2.2-G hfs in the radical Z-XX is assigned to the C-5 
proton:

Z-XX

This results from the already proved assignments in the Z 
radical of isonitrosocamphor.9

Discussion
The hfs on geminal protons provide information regard­

ing the mobility of the implied ring.
As indicated by the equivalence of the hfs of their gemi­

nal protons radicals £-1 and Z-I are rapidly interconverting 
between limiting structures. In the bicyclic radicals VII- 
XIV7 this flipping is frozen, and a preferred conformation is 
adopted as indicated by the nonequivalence of the o-gemi- 
nal protons in both £  and Z isomers. The preferred confor­
mation is the same for all members of this series as implied 
from the consistency of the proton hfs at endo- and exo­
phenyl substitution. This conformation proved to be a 
chair-like one as established by Lee, Seymour, and Burgs- 
tahler10 by X-ray and CD analysis in both solid and solu­
tion for the closely related 4,4-dimethylbicyclo[3.2.1]oc- 
tane-2,3-dione. The hfs of about 3'G for the (3  proton in the 
£  isomers as compared to a value close to zero for the cor­
responding proton in a boat-shaped ring (as established on 
the iminoxy radicals of exo-2-(lV-morpholinyl)- and 
exo,cxo-2,4-(A/-morpholinyl)phenylbicyclo[3.3.1]nonan-9- 
one oximes11) is an independent indication of the chair 
conformation of the radicals themselves. The quasi-identi­
ty of the observed hfs in the whole series of substituted 
compounds (III, IV, VII-XIV) seems to justify the exten­
sion of this conclusion to radicals III and IV in spite of 
their apparent greater mobility.

The arithmetical mean rule holds for the splittings in the 
flipping radicals, as expected when the limiting conforma­
tions are equally probable. So, an(«-syn) = 2.6 ^  '¿(2.4 + 
2.9), an(«-anti) = 1.5 ^  %(2.1 + 0.9), and an(d-syn) = 1.6 
^  */)(3.0 + 0).

The spectrum of radical £-VI from cycloheptanone pre­
sents important line width effects. From —25 (below this 
temperature the radicals dimerize) to +60° (above this 
temperature the radicals decompose) the spectrum under­
goes essential changes (which are reversible) approaching 
an imperfect 1:4:6:4:1 quintet (an = 1.5 G) at the high-tem­
perature limit (Figure 1). Although the observed changes

5 6

Figure 1. The low-field line of the nitrogen triplet in the esr spectrum 
of E-VI radical at different temperatures.

Figure 2. End-on-view of the p^-like orbital on the minoxy C  atom 
and the a-methylene group; a represents the plane containing the 
C = N O -  group.

could not be reduced to some model of molecular motion, 
we find it important to notice the effect in contrast to cy- 
cloheptene systems (semidiones)12 which are conformation- 
ally stable in this temperature range (—80° to +60°). The 
mobility of the seven-membered ring is drastically reduced 
in bicyclic compounds as illustrated by rad.cals £-XVIII 
and Z-XVIII in which the hfs of geminal protons are not 
averaged and the spectra do not change at temperatures up 
to +60°.

Inspection of the proton hfs assignments leads to certain 
conclusions regarding the hfs-molecular geometry correla­
tion. (i) «-anti protons show a hyperfine interaction which 
is essentially angularly dependent varying from 0 for pro­
tons in the a plane to 1.8  G for a dihedral angle of 60° and 
to still higher values at greater angles (Table II and Figure 
2).

Using C-4 phenyl compounds with firmly established 
configuration and assuming for the six-membered ring the
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TABLE II: H fs and D ihedral A ngles (F igure 2) o f the  
a-A nti P rotons in R adicals w ith  Known G eom etry

u , deg "h R a d ic a l and the p ro ton  in vo lved

0 0.4" Z - X X .  the C - l  p ro ton ; the im inoxy- r a d i ­
cals of a s e r ie s  of b ic yc lo [3 .3 .1  |nonan- 

9 - one o x im e s, the b r id ge h e ad  p ro ton "

4 0.7 Im in o x y  ra d ic a l of b icyc lo|3 .3 .1  |nonan-3- 
one o x im e , the e q u a to r ia l p ro to n 4

-25*’ 1.1 Z - I X .  Z - X ,  Z - X I I I ,  the evdo-C-4 pro ton

60 1.8 Z  is o m e r  o f cvc lopentanone. the C -3

protons'-

~95'> 2.2 Z - X I .  Z - X IV ,  the r .v o -C -4  p ro ton

113 2.0 Im in o xy  ra d ic a l  of b icvc lo|3.3.1  |nonan-3-
one o x im e , the a x ia l proton '*

“ The 0.4 value represents the line width. h Measured on Dreid- 
ing model of bicyclo[3.2.1]octan-2-on-3-iminoxy with a torsional 
angle between the keto and iminoxy groups of ~34°.10 1 Reference 
11. d Reference 4 . Reference 5.

previously argued chair conformation, it was possible to de­
termine that the higher hfs value (2.2 G) is due to the axial 
proton, the lower one (1.1 G) to its equatorial pair. This as­
signment is in agreement with the data showing that the 
hfs approaches zero for protons lying in the plane. It should 
be noted that tv-anti nitrogen hfs have not been either ob­
served when in the cr-bonds plane.1:i

The hfs-angle dependence in Table II seems to obey a 
cos2 6 type relationship characteristic for hyperconjugative 
coupling with /3 protons in alkyl-type radicals:

<vH =  Bn + B l co s2 9
where 0 is the angle between the iminoxy carbon 2px orbital 
and the plane containing the Cjm-C„-H bonds (comple­
mentary to y;). A least-squares fit for the data in Table II 
leads to B0 = 0.6 and Bj = 1 .6. The hfs of anti-methyl 
group observed2,14 in a series of iminoxy radicals can be 
now calculated. For a free rotating methyl group an = B,, + 
Bj(cos2 0>av = Bq + 'kB\ = 1.4 G, a value in very good 
agreement with the experimental one.214

(ii) o-syn proton hfs vary much less with dihedral angle 
because the hfs value for the in-plane proton is also impor­
tant. In our radicals the stronger interaction involves the 
axial position. This was proved in the same way as for anti 
protons.

(iii) A W-type geometry is favorable for efficient long- 
range coupling. Values of about 3 G were observed for /3- 
syn protons when this condition is achieved in the E iso­
mers (£7-VII, E-VIII, E-XI-E-XV). In the Z isomers these 
values are lower and range between 2.2 G for Z-XX and 0.7 
G for Z-VII, Z-IX, and Z-XI depending on the planarity of 
the fragment involved. Even /3-anti protons were observed 
with about 1 G in the Z-VII-Z-XIV radicals.

All these data strongly support Russell and Mackor’s 
conclusions4 that “the hfs at the anti-position mainly 
comes from x-spin density at the unsaturated C atom.” 
This mechanism, which also contributes to the hfs of out- 
of-plane ar-syn protons, explains the observed angular de­
pendence, which is reversed to what would be expected for 
electrons in a orbitals. A recent INDO calculation on a 
model iminoxy radical (CH2NO-) supports this conclu­
sion;15 negative spin density was found in a px-like “orbit­
al” on the unsaturated C atom.

So at present it appears that all observed esr data on imi­
noxy radicals can be accounted for by three types of inter­

action: (a) long-range spin delocalization which is asym­
metric, preferential in syn, and more efficient in a planar 
W-shaped framework; (b) direct overlap sometimes having 
a significant magnitude for substituents in a-syn, in the a 
plane; (c) ir-a spin polarization, by which the spin density 
in the a orbital induces a negative x spin density wt the imi­
noxy C atom. By hyperconjugation a protons are involved 
in the interaction, their hfs being zero in the nodal plane of 
the x orbital (the a plane)' and reaching the maximum 
when the CH bond is parallel to the x orbital.

E xperim ental Section

Materials. Cyclohexanone J), 4-ferf-butylcycIohexanone
(III), cyclohexane-1,4-dione (V), and cycloheptanone (VI) 
were commercially available and used without purification.

Bicyclo[3.3.1]nonan-2-one (VII),16 4-exo- and 4-endo- 
phenylbicyclo[3.3.1]nonan-2-ones (IX and XI),17 bic;, 
clo[3.2.1]octan-2-one (XII),18 4-exo- and 4-endo-phenylbi- 
cyclo[3.2.1]octan-2-ones (XIII and XIV),19 bicyclo-
[3.3.1] nonan-3-one (XV),20 4-exo-phenylbicyclo[3.3.1]no- 
nane-3,9-dione (XVI),21 and 4-exo-phenylbicyclo[3.3.1]- 
nonan-9-anii-ol-3-one (XVII)21 have been synthesized as 
described in the literature. The stereochemistry at C-4 po­
sition was firmly established by nmr and chemical meth­
ods.

The cyclohexanone-2,2,4,4-d4 (II), bicyclo[3.3.1]nonan-2- 
one-l,3,3-d3 (VIII), and 4-exo-phenylbicyclo[3.3.1]nonan- 
2-one-l,3,3-d3 (X) have been prepared from the undeuter- 
ated ketones as described in the literature.-1-22 For the last 
two compounds the exchange time was 6 weeks. Their nmr 
spectra indicated more than 2.7 deuterium per molecule.

Benzene was dried on sodium wires and distilled. Di- 
methylformamide was dried on potassium carbonate and 
distilled. Nitrogen dioxide was prepared according to the 
literature23 and dried before use by passing it over phos­
phoric acid.

Radicals. The a-keto iminoxy radicals were prepared in 
one of the following two ways: (1 ) passing gaseous nitrogen 
dioxide over a benzene solution of the ketone (or the ke­
tone itself when liquid) in an esr sample tube; (2) adding a 
saturated solution of nitrogen dioxide in dimethylformam- 
ide over the ketone in the esr sample tube.

Esr Spectra. The esr spectra were recorded at room tem­
perature on a JES-3BX (JEOL) spectrometer with 100- 
kHz modulation. The hfs constants and g factors were mea­
sured in comparison with potassium peroxylaminedisulfon- 
ate (on = 13.0 G, g = 2.0055). For measurements at low and 
high temperatures the variable temperature cavity and the 
corresponding units were used.
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Electron Spin Resonance Spectra of the Phosphoranyl Radicals ROPF31
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Esr spectra recorded during the liquid-phase photolysis of solutions of PF3 and F20  or certain peroxides 
ROOR are attributed to the phosphoranyl radicals PF4 and ROPF3. The magnitudes of the observed 31P 
and I9F hyperfine interactions in these radicals are indicative of a totally symmetric half-filled molecular 
orbital in a trigonal bipyramidal framework. With the exception of the ferf-butoxy group, the oxyl groups 
in ROPF3 invariably occupy an apical position. Variations in the hyperfine interactions of the latter radi­
cals with changes in RO are essentially restricted to those of the 31P nucleus and the apical 19F nucleus, an 
effect reminiscent of the trans influence of ligands in metal complexes. INDO MO calculations reproduce 
qualitatively some of the experimental observations.

Introduction

It is now well established3' 6 that valence-shell expansion 
of elements of groups V-VII may take place by way of free- 
radical addition and that under certain conditions interme­
diate, short-lived valence states are detectable by the 
method of electron spin resonance spectroscopy (esr). Hy­
perfine interactions provide a ready means of identification 
of these species and also a sensitive probe of the unpaired 
electron spin density at the various magnetic nuclei present 
in the intermediates. Phosphorus-centered radicals have 
proved particularly informative because of the large mag- 
netogyric ratio of the normal phosphorus isotope :,1P (/ = 
%). Of particular interest was the recent discovery of esr 
spectra of certain phosphoranyl radicals, formed by the ad­
dition of ierf-butoxy radicals to various phosphines.3 
These radicals are derived from the prototype PH4 and 
possess distorted trigonal bipyramidal geometry, with the 
ierf-butoxy ligand invariably occupying an apical site.

These results, and our recent success4’7 in observing in­
termediates during the addition of F atoms and various 
alkoxy and fluoroxy radicals to SF4 led us to attempt simi­
lar experiments with PF3 as the acceptor molecule. Radi­
cals of the type .ROPF3 are derived from the prototype8 
PF4, and a comparison of their geometries with those of 
radicals derived from PH4 would be of great interest in 
connection with recent theories of bonding in pentacoordi- 
nate phosphorus compounds.9

R esu lts and D iscussion

Esr spectra were observed during the photolysis of solu­
tions of PF3 and F2O or a peroxide in an appropriate Freon. 
The experimental conditions are summarized in Table I, 
together with the spectral parameters obtained from the 
experimental data by exact diagonalization of the appro­
priate spin Hamiltonian.

The observed esr spectra were all characterized by a sin­
gle large 31P (I = %) hyperfine interaction and by smaller 
interactions with three or more 19F (7 = %) nuclei. In the 
case of the spectrum obtained during the photolysis of 
F2O-PF3 solutions the latter consisted of two pairs of 
equivalent I9F interactions, the data being very similar to 
those ascribed8 to PF4 trapped in an SFfi matrix.10 Accord­
ingly, we identify the spectrum observed during the photol­
ysis of F2O-PF3 solutions with the radical PF4; it is pre­
sumably formed by the addition of photolytically generat­
ed fluorine atoms to PF3. Theoretical considerations 
suggest13 that the larger (291 G) of the two I9F hyperfine 
interactions be assigned to fluorine nuclei in the apical po­
sitions, the smaller (58 G) interactions to the equatorial 
fluorine nuclei in the pseudotrigonal configuration of the 
PF4 radical.

Spectra observed during the photolysis of PFs-peroxide 
solutions were attributed to ROPF3 radicals. Apart from 
small hyperfine interactions (Table I, column 7) originating 
in the fluoroxyl ligands, the 31P and 19F interactions of
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TABLE I: Esr Parameters of PF 4 and ROPF3 Radicals

H yp e rf in e  in te ra c t io n s*

,flF , G
So lve n t and ------------------------------

R a d ic a l tem p ,°C g  fa c to r " 31P , G A p ic a l E q u a to r ia l In  R O

P F . F r e o n  13 2.0002 1344 291 58
- 1 6 0 (1) (2) (2)

F S O sP F , F r e o n  11 2.0020 1364.5 245.5 45.0 r
- 7 5 (1) (1) (2)

F C O o P F F re o n  11 2.0014 1306.1 262.0 42.1 23.3
- 9 0 (1) (1) (2) (1)

C F - O P F , C F -O O C F -, 2.0018 1232.0 275.0 43.8 7.0

-120 (1) (1) (2) (3)

( C F :;) , C O P F , F re o n  13 2.0017 1225.3 276.5 44.3 9.1

-120 (1) (1) (2) (6)

(C H ,);!C O P F , F re o n  13 2.0015 1263.9 289.6 59.2

-120 (1) (2) (1)

n Esr parameters were obtained from the experimental data using exact diagonalization procedures; g  factors are accurate to ±0.0002, 
hfs to ±0.50 for ROPF3 and to ±1 G for PF4. '’The numbers in parentheses beneath each hfs value indicate the number of equivalent 
interactions of that value. 1 Not resolved: maximum-slope line widths were ~ 3  G throughout.

these radicals were very similar to their analogs in PF4 it­
self. We conclude that these radicals arise from the addi­
tion of oxyl radicals to PF:i and may be regarded as derived 
from PF, by the substitution of an oxyl group for a fluorine 
atom. The data in Table I are therefore interpreted in 
terms of an equatorially substituted derivative of PF4 in 
the case of (CH^HCOPF;, and in terms of apicallv substi­
tuted derivatives in the remaining cases. Thus, in the case 
of CF:!OPF3> for example, the CF:,0  ligand occupies an api­
cal position and reveals itself by the 7.0-G hyperfine inter­
action of its three equivalent 19F nuclei. The fluorine nucle­
us in the other apical position has a 275-G hyperfine inter­
action, and the two equivalent equatorial fluorine nuclei 
show 43.8-G hyperfine interactions.

F - -----  275 G

0CF3- -----7.0 G

This picture of the structure of CF3OPF3 is consistent 
not only with the data on PF4, but also with data on phos- 
phoranyl radicals'1 derived from the prototype species PH.,. 
Thus the two equatorial protons in the radical 
(CH.d.iCOPH-) had hyperfine interactions of 10.8 G, and 
the lone apical proton had an interaction of 139.6 G. It is 
noteworthy, however, that the 31P hyperfine interaction in 
PF., and its derivatives is over twice that found in radicals 
derived from the prototype PH4.

Of the five ROPF3 radicals listed in Table I, four (RO = 
FSO:,, FCOo, CF.iO, and (CF3)3CO) have the RO ligand in 
an apical position. The fifth species, (CH:i) ¡COPF;,, has its 
RO ligand in an equatorial position, as demonstrated by 
the presence of two 19F hyperfine interactions of 289.6 G 
(apical) and only one (equatorial) at 59.2 G. This configu­
ration is in direct contrast to that of radicals formed by the 
addition of ieri-butoxy radicals to phosphine and to a vari­
ety of alkyl phosphines, where the (CH:!).-,CO ligand invari­
ably occupied an apical position.3

Comparison of the hyperfine interactions associated with

magnetic nuclei originating in the fluoroxy ligands (Table 
I, column 7) with the corresponding interactions in the sul- 
furanyl radicals4-7 ROSF4 leaves little doubt that the cor­
rect formulation is ROPF3, rather than RPF:i, for the phos- 
phoranyl radicals reported here. Indeed, attempts to pre­
pare radicals of the latter type, for example, bv photolysis 
of CF.jl containing dissolved PF3, were not successful. The 
value (23 G) of the 19F interaction of the FC02 ligand in 
FC02PF:i is unexpectedly high and suggests that rotation 
about the C -0  single bond is not free.14 A similar conclu­
sion may be drawn from the observation of six (rather than 
nine) equivalent 19F hyperfine interactions from the 
(CF;d:iCO ligand in the radical (CF3)3COPF,3.

It is of interest to note that there appears to be a linear 
correlation between the 31P hyperfine interaction and the 
apical 19F hyperfine interaction in the four radicals 
(RO)apPF:j, whereas the two equivalent (equatorial) ,9F in­
teractions appear to be unaffected by changes in the RO 
ligand (Figure 1). The common factor affecting both the 
31P hyperfine interaction and the 19Fap hyperfine interac­
tion in these species is probably the electronegativity of the 
RO ligand. Moreover, since FSO3 is indubitably more elec­
tronegative than (CF:)):iCO we conclude that Figure 1 dem­
onstrates that with increasing electronegativity in RO (a) 
the 31P hyperfine interaction increases, (b) the I9Fap inter­
action decreases, and (c) the I9Feq interactions are unaf­
fected. The change in the 3!P hyperfine interaction is read­
ily explained as follows: increasing the electronegativity in 
RO results in an increased contribution by the atomic or­
bitals of phosphorus to the molecular orbital occupied by 
the unpaired electron.16 The increase in the :,1P hyperfine 
interaction simply reflects an increase in the phosphorus 3s 
contribution.

Changes in the 19F interactions, on the other hand, are 
probably due to more subtle effects involving the bonding 
orbitals. It is well established that ligands in metal com­
plexes exert a “trans influence," such that with increasing 
electronegativity of a ligand the bond trans to that ligand 
decreases in length, while cis bonds remain unaffected.1718 
We believe that such an effect is operative in these phos- 
phoranyl radicals (and in certain sulfuranyl radicals7) and

T h e  J o u r n a l  o f  P h y s ic a l C h e m is t r y .  V o l. 79. N o . 6. 1975



Esr S p ec tra  of P hosphoranyl R ad ica ls 653

TABLE II : Summary of INDO Calculations

B on d  length",
Á

B o n d  ang le ,“
deg

Net u n p a ire d  s  o rb ita l 
sp in  den s ity C h a rg e 5

* eq }  a p Ó 0 P ^ - a p P

PH, 1.45 1.53 98 150 0.185 0.00303 0.483 -0.384 0.041 0.151
p f 4 1.80 1.89 96 158 0.156 0.000251 0.00418 -1.126 0.321 0.242
p h 5 1.48 1.51 120 180 -0.916 0.137 0.252
p f 5 1.80 , 1.81 120 180 -1.748 0.335 0.372
a Values for the energy-optimized (C 2l ) geometries; 0 and <t> are the angles between the two apical and the two equatorial bonds, respec 

tively; angle X eqP X ap >  90° in both P H 4 and P F 4. b Expressed as a fraction of the charge on the electron.

Figure 1. Correlation between 31P hyperfine interaction in (RO)apPF3 
radicals and (a) the 19Fap hyperfine interaction O, (b) the 19Feq hy­
perfine interactions A.

that it accounts for the directional selectivity of the effect 
of ligand changes on the net unpaired s orbital spin densi­
ties. A decrease in the P~Fap bond length will result in re­
duced absolute values for the a--,r parameters19 Qsff and 
Qksf associated with the bond. Since both Qsff and SF, the 
core-polarization parameter for fluorine, are probably neg­
ative, while Qfsf is positive,20 our observation that the 
19Fap hyperfine interaction decreases with increasing elec­
tronegativity in RO implies that unpaired spin density in 
the apical fluorine 2p orbitals makes the dominant spin- 
polarization contribution to the isotropic hyperfine interac­
tion at this nucleus. The invariance of the 19Feq hyperfine 
interactions, on the other hand, is the result of (a) smaller 
absolute values of the polarization parameters due to the 
shorter equatorial P-F bonds and (b) the fact that these 
bond lengths are essentially unaffected by changes in elec­
tronegativity at RO.

We have attempted to rationalize some of our observa­
tions on the configurations of phosphoranyl radicals in 
terms of the charge distributions predicted by INDO MO 
calculations for the prototype radicals PH4 and PF4. Using 
the INDO I (K = 1 ) parameterization21 and a minimal 
basis set of s and p atomic orbitals these calculations were 
energy optimized within the constraints of an imposed Civ 
symmetry. For comparison purposes we carried out similar 
calculations for the trigonal molecular configurations PH5

and PF.v The results of all INDO calculations appear in 
Table II. For PH4, PHS, and PFp the apical ligands have an 
appreciably greater charge density than the equatorial lig­
ands. This result accounts for the apical substitution of 
ferf-butoxy ligand(s) in radicals derived from PH4,3 since 
the more electronegative (than H) iert-butoxy ligand(s) 
will prefer sites of higher charge density. Similar results for 
PH5 and PF5 offer a simple rationalization of “Muetterties’ 
rule” that in a trigonal bipyramidal configuration the more 
electronegative ligands will occupy the apical positions.9’22

The INDO calculation for PF4, however, predicts the 
equatorial positions to possess the larger charge density, 
thus providing a satisfying rationale of our observation that 
oxyl groups (being less electronegative than fluorine) prefer 
to occupy apical positions in ROPF3 radicals The greater 
stability of the equatorial configuration of (CH3)3COPF3 is 
not, of course, accounted for by this simplistic hypothesis. 
Other factors, such as ir donor capability,9 may well over­
ride electronegativity effects in determining "he preferred 
configuration of that radical.22

The INDO method also enjoyed a certain measure of 
success in predicting net unpaired s orbital spin densities 
for the radicals PH4 and PF4 (Table II) in qualitative ac­
cord with the experimental observations on phosphoranyl 
radicals. Quantitatively, however, the results cf the calcula­
tions in the INDO approximation were disappointing. In 
particular, the prediction of a larger 31P hyperfine interac­
tion in PH4 compared to PF4 is in direct conflict with ex­
perimental observations.23 We did note, however, that the 
spin densities predicted at the Hückel level of approxima­
tion (for the INDO-optimized geometries) were more real­
istic, yielding a ratio of 31P hyperfine interactions for PH4 
and PF4 of 0.64. This has been a feature of many of our MO 
computations for a radicals and suggests that the INDO 
method overemphasizes spin polarization contributions to 
the net unpaired s orbital spin densities.

The composition of the semioccupied orbital of PF4 pre­
dicted by our MO calculations at both Hückel and INDO 
levels of approximation closely resembles that deduced by 
Gillbro and Williams24 for the 33 valence-electron species 
POCl3- . The principal atomic orbital components are 
phosphorus 3s and 3p„ combined (in antibonding fashion) 
with apical fluorine 2p„ orbitals. Contributions to the half- 
filled orbital from atomic orbitals on the equatorial fluo­
rines are small. A similar composition was predicted for the 
half-filled orbital of PH4 where the contributions from the 
apical protons were necessarily restricted to H Is orbitals.

Experimental Section
Bis(fluorocarbonyl) peroxide (FCO)2C>2 was prepared25 

by the photolysis of a mixture of F20 , CO, and 0 2, perflu-
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orodi-ferf-butyl peroxide (CF3)3C0 2C(CF3)3 by the meth­
od of Gould, et al. , 26 and peroxydisulfuryl difluoride 
F2S2O6 by the procedure of Staricco, et a l21 PF3 and 
CF3OOCF3 were purchased from PCR Inc., Gainesville, 
Fla., F20  from Ozark-Mahoning Inc., Tulsa, Okla.

Esr spectra of ROPF3 radicals were obtained by the pho­
tolysis in the cavity of the spectrometer of solutions of PF3 
and a peroxide in an appropriate Freon. The photolysis 
lamp was a 1000-W Schoeffel Hg-Xe high-pressure lamp, 
and the spectrometer was a Varian E-12 spectrometer 
equipped with an F-8A proton fluxmeter. The frequency of 
the latter and the frequency of the microwave resonant 
cavity were measured with a Systron-Donner Model 6057 
frequency counter. The conditions under which the spectra 
were recorded and measured are given in Table I.

The spectrum of PF4 was obtained by photolysis at 
— 160° of a solution of 15 mol % each of PF3 and F20  in 
Freon 13.

Caution. Under no circumstances should these concen­
trations be exceeded, otherwise violent detonations may 
occur upon photolysis. (Solutions containing PF% and any 
of the hypofluorites CF3OF, SF^OF, or FSO2OF tend to 
detonate spontaneously.)
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The method of partitioning of total electronic energies within the CNDO/2 theory as suggested and applied 
to hydrocarbons by Fischer and Kollmar has been employed with a variety of molecules each containing 
one or more of C-N, C =N , and C ^ N  bonds. The two-center E ab  ̂ terms appear to be characteristic of the 
AB bond, as anticipated, and good internal self-consistency of these values is obtained. The a and tr com­
ponents in general reflect the usual qualitative picture of the nature of these three types of bonds.

1. Introduction
The interpretation of solutions, both nonempirical and 

semiempirical, of the Schrodinger equation for molecules is 
an important aspect of quantum chemistry. While the solu­
tions themselves are both valuable and interesting, never­
theless, the chemist is in many instances more interested in 
relating the results to physical concepts commonly used in 
chemistry. One of these concepts is that of the bond. Meth­
ods of interpretation of wave functions and electronic ener­
gies of molecules which would assist in elucidating the na­
ture of a chemical bond are therefore of paramount impor­

tance to the chemist. Further, it would be anticipated that 
if such methods were valid, quantities characteristic of a 
given bond in the molecule would emerge and could be re­
lated to measurable properties of the bond and reactivities 
of the molecule.

One approach to this problem was given by Ruedenberg1 
who devised a method for the partitioning of both the elec­
tron density and electronic energy of a molecule. This 
method was applied in this laboratory to the results of 
nonempirical calculations on diatomic molecules and small 
nitriles,2 and it was shown that the intrabond interference
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energy for a given bond was characteristic of that bond 
from molecule to molecule.3

The development of approximate self-consistent molecu­
lar orbital methods such as the CNDO technique of Pople, 
Santry, and Segal4 has provided means of performing cal­
culations on much larger molecules than may conveniently 
be done by more exact methods. A method for partitioning 
the energies obtained from such calculations has been sug­
gested by Fischer and Kollmar5 and applied to hydrocar­
bons.

The present work was initiated in an effort to determine 
the applicability of the Fischer-Kollmar (FK) method to 
heteronuclear bonds and in particular to those containing 
the CN single, double, or triple bond. In addition it is 
hoped that further information concerning the nature of 
the CN bond, and bonds in general, may result.

2. Theory
The ith molecular orbital is written as

* ,  =  X  (i)u
with the summation being taken over all atomic orbitals 
Elements of the bond order matrix are given as

Puv =  Z ' l  iCi*Civ (2 )
i

where n, is the occupation number of the ith molecular or­
bital. The diagonal terms of the bond order matrix are 
grouped according to their atomic centers as

PA = X > « »  (3)ueA
Within the Born-Oppenheimer approximation, the total 

electronic energy of a molecule is given by

E = 2 +  2 £  Jtj -  (4)
i if J UJ A<B n AB

where the terms, in order, represent the one-electron ener­
gy, the electronic repulsion energy, the electronic exchange 
energy, and the nuclear repulsion energy. The terms of eq 4 
can be regrouped as one-center and two-center expressions.

E  =  X ^ A  +  X  ^ a b  ( 5 )A A<B
where

EA -  Eau + Ea j + Eak (6)

and

£ ab -  Eabr + Eabv + Eabj + Eabk + Eabn (7) 
The individual terms in eq 6 are

Eau =  X  A J A  (8)lie A
where is the one-electron energy of an electron in AO p 
in the isolated atom, and EAU is the total (one center) AO 
energy of the electrons on atom A

E/  = K PaV aa 0 )
where E \J is the electronic repulsion of the electrons on 
atom A, and

£ Ai " ‘/ i) 'A A X = l> » ;  (10 )PJS
eA

is the electronic exchange interaction of the electrons on 
atom A.

In eq 7, the two-center terms are

^AB ~   ̂ 2 2  -Piivfiiiv 
u e A vt B

(1 1 )

' v ___ p v  _  p \rAB ~  r AkAB 1 B V BA (1 2 )

^AB =  -̂ A-̂ bXaB (13)

K 1  v-' 0
"AB =  ~  9 ^AB Puv

Z lie Ave B
(14)

EAb — ZaZ b/ R ab (15)

M.

which represent the contribution of the resonance integrals 
to the energy of the A-B bond, the potential energy of thé 
electrons on atom A in the field of nucleus B and vice versa, 
the repulsion of the electrons on atoms A and B, the elec­
tronic exchange interactions of the electrons on atoms A 
and B, and the nuclear repulsion energy of the nuclei A and 
B, respectively.

In Ruedenberg’s original work1 the concept of interfer­
ence was introduced and was considered by him to be the 
“primordial source for the positive or negative stabilization 
energy which leads to chemical binding and antibinding.” 
Interference contributions were obtained through the par­
titioning of electronic densities into quasiclassical and in­
terference terms so that

pit) -  pCLlv) + p1 lv) (16)
where pCL(x) is the sum of atomic contributions, and the 
interference density, pHx), has zero total population, that is

p I ( r ) d F = 0  (17)

One of the most convenient and interesting aspects of the 
Ruedenberg theory is that constructive interference (p1 > 
0) leads to covalent bonding, while destructive interference 
(p1 < 0) leads to anticovalent bonding.

Within the framework of the LCAO-MO scheme and, in 
particular, the CNDO approximation for a closed shell mol­
ecule, the one-electron quasiclassical CNDO energy con­
tains two parts, the one-center energies for a given atom A

F u — Y' AP n^  A — r  u u L' u u

= X A 2 X i c X -2  V2 -  ^ i )  (18)

and the two-center electron-nucleus attraction energy for 
the pair of atoms AB

E ab — ~ E aa  ̂ ab ,V

= - Z aP Uu(k \Vb \h) ~ X Bp> ^ ! y)

occ

= - 2X AX | c J 2( X ^ b IM -
u i

2 X BX I C w ! 2 H F Ak )  (19)v i
The one-electron interference energy for the pair of 

atoms AB is then

F  Rr'AB 2 X a X b ^ a ,u v
occ

2 X AX B 2 Z C ui*3AB°Su„
V i

occ
=  4/3AB0X AX Bi X . - * CwS„, (20 )

u v i
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TABLE I: Partitioned Two-Center Energies“ of C-C Bonds in Nitriles

M olecu le R E vĉc E 7 E K■ ĈC E j E * E ,R E Rĉc £cc e  R I fĈC ' •C<CC

(CoH,)CN 2.925" -10.532 5.253 -0.168 5.470 -1.081 -1.058 1.023
2.785" -10.815 5.323 -0.183 5.746 -1.232 -1.161 1.061

NC (CH0CN 2.759" -10.849 5.217 -0.182 5.789 -1.097 -0.1464 -1.244 -1.160 1.072
CH ,CN 2.756" -10.955 5.417 -0.189 5.806 -1.269 -1.191 1.065
CH-.C = C C N 2.756" -11.036 5.497 -0.191 5.807 -1.118 -0.1610 -1.279 -1.202 1.064
C H C H C N 2.698q -11.098 5.468 -0.194 5.930 -1.325 -1.219 1.087

2.694" -11.112 5.476 -0.194 5.939 -1.327 -1.218 1.084
H C C N 2.612“* -11.356 5.585 -0.207 6.127 -1.212 -0.2198 -1.432 -1.283 1.116
NCCN 2.607" -11.227 5.454 -0.207 6.135 -1.216 -0.2198 -1.436 -1.281 1.121
C H 3C = C C N 2.606" -11.525 5.743 -0.209 6.139 -1.215 -0.2288 -1.444 -1.296 1.114
C H = C C N 2.603" -11.381 5.597 -0.208 6.146 -1.216 -0.2236 -1.440 -1.286 1.120
N C C = C C = O C N 2.589" -11.455 5.646 -0.211 6.180 -1.224 -0.2352 -1.458 -1.298 1.123

2.589" -11.545 5.737 -0.215 3.180 -1.221 -0.2452 -1.466 -1.309 1.120
N C C ^ C C N 2.588" -11.438 5.630 -0.211 3.180 -1.223 -0.2330 -1.456 -1.295 1.124

mean 1.093 ± 
0.070

a Bond distances and energies in au except where otherwise specified.6 L. E. Sutton, “Tables of Interatomic Distances and Configuration 
in Molecules and Ions,” (and supplement) The Chemical Society, London, 1965, 1958. c J. B. Moffat and R. J. Collins, J. Mol. Spectrosc., 
27, 252 (1968). d J. K. Tyler and J. Sheridan, Trans. Faraday Soc., 59, 2661 (1963)." J. B. Moffat, J. Chem. Eng. Data, 14, 215 (1969). < J. B. 
Moffat, Can. J. Chem., 48, 1820 (1970).

It is apparent from eq 20 that the bond orders P are relat­
ed to the Eabr terms. In fact, when the bond order between 
two atoms is nonzero the interference energy will also be 
nonzero. However the interference energy between a given 
pair of atoms has the possibility to be either constructive or 
destructive, that is, positive or negative and is an energy 
term as opposed to a dimensionless quantity. As Rueden- 
berg1 points out the interference density should not be in 
general interpreted as an overlap distribution. Fischer and 
Kollmar5 have described such an analysis as a population 
analysis in which the individual terms are weighted with an 
energy factor

Hence the Eabr term obtained from CNDO theory is di­
rectly related to the interference energy and should be a 
characteristic of the AB bond.

The calculations were performed on an IBM 360/75 com­
puter using the CNDO/2 program of Pople and Segal6 
modified to permit calculation of the various energy terms 
in the partitioning method. The original methods for calcu­
lation of integrals as well as values of the parameters have 
been retained.

Results and Discussion
The energy terms of eq 6 and 7 are displayed in Tables 

I-V for a series of molecules each containing the nitrile 
bond. To facilitate comparison of the results, Table I gives

TABLE II: Partitioned Two-Center Energies of C-H 
Bonds in Nitriles

M olecule R° F RCH E c- h E chR/ E ch

C H 3CCCN 2.092" -0.7250 -0.7388 0.9813
c h 3c n 2.083" -0.7297 -0.7417 0.9838
(c ,h 5)c n 2.063" -0.7420 -0.7500 0.9893
NC(CH,)CN 2.060" -0.7195 -0.7145 1.007
C H 2CHCN 2.054" -0.7540 -0.7570 0.9960

2.053c -0.7540 -0.7570 0.9960
HCN

oCM -0.7910 -0.7810 1.0128
2.009" -0.7930 -0.7815 1.0147
2.000' -0.7960 -0.7800 1.0205

CHCCN 1.998" -0.7978 -0.7863 1.0170
mean 1.0018 ± 

0.0205

a See Table I for references.

the partitioned energies for the C-C bond, where the nitrile 
contains such a bond, Table II gives the terms for the C-H 
bond, if present, Table III shows the terms for the C=C 
bond, where present, and Table IV contains the terms for 
the C=N bond. The molecules are arranged in each table 
in decreasing order of the length of the bond being consid­
ered.

TABLE III: Partitioned Two-Center Energies of C=C Bonds in Nitriles

Molecule R a E vE-'cc E  7■ ĈC
K

^cc ĉc E * E * E Rr'cc £cc E R/ F•C'CC 7 ÊCC

HC:CN 2.278" -12.766 6.419 -0.562 7.024 -1.361 -0.9904 -2.351 -2.236 1.051
2.273d -12.783 6.428 -0.564 7.038 -1.362 -0.9950 -2.357 -2.238 1.053

C H 3C ,CN 2.273" -12.764 6.408 -0.541 7.038 -1.361 -0.9644 -2.326 -2.185 1.065
N CC ,CN 2.251" -12.751 6.356 -0.535 7.109 -1.367 -0.9698 -2.337 -2.158 1.083

2.249" -12.758 6.359 -0.536 7.115 -1.369 -0.9700 -2.339 -2.159 1.083
NCCjCoCN 2.249" -12.766 6.408 -0.541 7.033 -1.369 -0.9640 -2.333 -2.185 1.068

mean 1.067 ± 
0.016

“ See Table I for references.
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TABLE IV: Partitioned Two-Center Energies of C = N  Bonds in Nitriles

Molecule R a E v•^ C N E J■ ^CN F K £ c n E s^ C N E .R E ,R F R•^ C N
F
•^ C N E cuR/ E c -n

C H 2CHCN 2.204" -16.961 8.399 -0.594 9.074 , -1.362 -0.9483 -2.309 -2.171 1.064
CH jCHCN C

O

C
O CO -16.774 8.415 -0.595 9.100 -1.365 -0.9537 -2.319 -2.173 1.067

HC2CN 2.1896 -16.744 8.363 -0.592 9.135 -1.365 -0.9620 -2.327 -2.165 1.075
n c (c h 2)c n 2.188*’ -16.794 8.408 -0.603 9.139 -2.345 -2.195 1.068
HCN 2.187' -16.865 8.483 -0.627 9.145 -1.367 -1.0076 -2.373 -2.237 1.061
CH3CN 2.18666 -16.839 8.451 -0.603 9.146 -1.367 -0.9655 -2.342 -2.187 1.071
h c 2c n 2.1864" -16.759 8.371 -0.593 9.147 -2.332 -2.166 1.077
C H jC jCN 2.1864'’ -16.784 8.398 -0.591 9.147 -1.369 -0.9634 -2.332 -2.162 1.079
NCCN 2.1864*’ -16.715 8.328 -0.594 9.147 -1.370 -0.9676 -2.337 -2.171 1.076

2.186" -16.718 8.330 -0.594 9.149 -1.370 -0.9679 -2.338 -2.171 1.077
C ,H 5CN 2.1858*’ -16.861 8.469 -0.605 9.150 -2.349 -2.195 1.071
HCN 2.183*’ -16.885 8.494 -0.628 9.160 -1.369 -1.0100 -2.379 -2.238 1.063
HCN 2.179" -16.908 8.506 -0.629 9.178 -1.374 -1.0153 -2.389 -2.242 1.066
N CC2C 2CN 2.154" -16.914 8.442 -0.596 9.284 -1.383 -0.9893 -2.372 -2.156 1.100
NCCoCN 2.154*1 -16.903 8.433 -0.597 9.284 -1.383 -0.9907 -2.374 -2.156 1.101

2.154" -16.903 8.426 -0.597 9.284 -1.386 -0.9920 -2.378 -2.168 1.097
mean 1.071 ± 

0.030

a See Table I for references.

TABLE V: Partitioned One-Center Energies of C and N in Nitriles

Molecule F 1 F J F K f-'C E u F J F  K

(C2H5)CN -9.401 4.728 -0.592 -18.639 9.517 -1.306
-9.335 4.670 -0.585
-9.182 4.485 -0.563

NC(CH,)CN -9.132 4.429 -0.556 -18.638 9.515 -1.306
-9.309 4.650 -0.582
-9.131 4.428 -0.556

C H 3CN -9.438 4.765 -0.597 -18.620 9.497 -1.304
-9.182 4.478 -0.562

c h 3c ^ c c n -9.392 4.718 -0.590 -18.421 9.288 -1.282
-9.349 4.656 -0.583
-9.545 4.871 -0.609

c h 2= c h c n -9.442 4.754 -0.596 -18.574 9.446 -1.299
-9.352 4.681 -0.586
-9.199 4.495 -0.564

CH: CCN -9.149 4.453 -0.558 -18.497 9.367 -1.290
-9.375 4.692 -0.587
-9.562 4.863 -0.610

NCCN -9.154 4.459 -0.559 -18.397 9.261 -1.279
-9.154 4.459 -0.559

N C C = C C = C C N -9.146 4.452 -9.558 -18.469 9.341 -1.287
-9.414 4.734 -0.592
-9.348 4.665 -0.583

N CC= CCN -9.159 4.465 -0.559 -18.424 9.293 -1.282
-9.376 4.693 -0.587

In each table it may be seen that the £ abr values for a 
given bond remain reasonably constant but there is, not 
unexpectedly, an increase in the value of Eabr as the inter- 
nuclear distance decreases. There are some discrepancies, 
notably for NCCH2CN in Table II, for which no explana­
tion, except that of an error in the nuclear configuration, 
can be offered at this time. Of course, each of the other 
two-center energy values in a given table display, in gener­
al, relatively constant values from molecule to molecule. It 
is not suggested that such quantities display no character­
istics of the particular bond. Rather it is contended that 
the £ abr values may display more characteristics, and par­

ticularly those which are of most interest, of a chemical 
bond.

Both Fischer and Kollmar5 and Dewar7 have suggested 
that, in hydrocarbons, the partitioned quantity E ^ R corre­
lates well with £ A b , the total two-center energy for a given 
bond. To indicate such a correlation the last column of the 
tables for the C-C, C-H, C=C, and C=N bonds shows the 
ratio of Eab^ to Eab for the given bond. In all cases the 
ratio is constant to better than ±7%. Indeed, cancellation 
among the other terms contained in £ a b  produces a corre­
lation which is approximately one-to-one.

T he relationship between E a b r  and the internuclear dis-
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Figure 1. Dependence of EccP an  ̂ Ecc of C-C bond in nitriles on 
C-C internuclear distance; (O) £ccB. (E) Ecc, (■) EccR of methylac- 
etylene, propylene, and ethane.

tance is shown in Figure 1 for the C-C bond c f the nitriles 
of T able I. For purposes of comparison F 'a b / i values for the 
C-C bond in m ethylacetylene, propylene, and ethane are 
indicated in this figure. T he alm ost linear correlation be­
tw een E Akr  and bond length provides further support for 
the use of £ ab/; as a measure of bond strength and bond 
characteristics. Sim ilar correlations are found for C -H  and 
C = N  values.

For com pleteness as well as purposes of comparison, the 
one-center energies (ea 6) for C and N in som e of the ni­
triles are given in Table V. For a given atom “he values of 
E l , E J , and E K are quite constant over the set o f molecules 
given.

It is o f interest to compare values of E a b r  for each of the 
three types o f CN bonds, nam ely C -N , C = N , and C = N .  
U nfortunately accurate experim ental inform ation on the  
nuclear configurations of m olecules containing the CN sin­
gle and double bonds is less available than fcr those con­
taining the nitrile bond. Tables VI and VII give the values 
of E ab^. together w ith the a and 7r com ponents for som e 
m olecules containing CN single and double bonds, respec­
tively. In the CN single bond compounds there is a sm all, 
but nonvanishing, contribution to the term s from
m olecular orbitals having only p-type atom ic orbitals in the 
plane of the bond in question. For purposes of internal con­
sistency these are classified as ir com ponents. In m ost cases 
such contributions are sm all except, o f course, in the case 
where other ir bonds are present in the molecule and some 
delocalization results. As indicated, w ith many of these 
com pounds only geom etries in the solid state were avail­
able. In som e cases, the geom etries were estim ated from 
those o f similar com pounds. T he £ cnw values for the m ole­
cules containing either the amine or ¡mine bond are much 
smaller than those for the nitrile bond, but again, as with  
those containing the latter bond, the values obtained for 
E c n r  o f a given type are relatively constant. In Table VI 
there are, however, som e notable exceptions. T hese occur 
with dicyanodiam ide and with pyridine. In the case o f di- 
cyanodiam ide the are three apparent CN single bonds. 
However in the case o f all o f these bonds the ir com ponent 
of E c n r  is substantially higher than for the case o f ethyla- 
mine, for example. T his suggests, not unexpectedly, that in 
the case o f dicyanodiam ide (and also with pyridine), there 
is sufficient rr-electron delocalization from the ¡mine and

TABLE VI: E , \ h h for Molecules Containing C-N Bond

- E cnr , hartrees

Molecule length, A a Tota l

CH,NH, 1.474° 1.1037
(CH3)oNH 1.4656 1.1075
(c h ;!)3n 1.451c 1.1116
C-.H-.NH, 1.47" 1.0444 0.0995 1.1439
CHINCH, 1.44e 1.0470 0.1194 1.1664
(NHi)tCNCN 1.37/ 1.0582 0.2835 1.3417

1.28/ 1.2618 0.2698 1.5316
1.37/ 1.0208 0.3200 1.3408

(CH3)2NNH2 1.47* 1.0781 0.0683 1.1464
1.47* 0.8213 0.3074 1.1287

c ,h 5n 1.34* 1.0808 0.3669 1.4477
H,NCN (planar) 1.349' 1.3881
HjNCN (nonplanar) CO CO 1.3715
Pvraz ine 1.334" 1.4500
Tetram ethylpyrazine 1.30' 1.1071 0.3947 1.5018
Tetram ethylpvrazine 1.32' 1.1065 0.3943 1.5009
Ethvleneim ine 1.489" 0.9440

a D. R. Lide. .Ir , /. Chem. Phys., 27, 343 (1957). 6 J. E. Wollrab 
and V. \V. Laurie -/. Chem Phys., 48, 5A58 (1968). c J. E. Wollrab, 
■J. Chem. Phys.. Si 1S80 ; ..1691. d I’. W. Allen and L. E. Sutton, 
A cta Crystalioer.. 3. 46 (19591. * K. V.'Li-N. Sastry and R. F. Curl, 
Jr., J. Chem. Phxs . 41, 771 ( 1964). 1 E. W. Hughes, J. Am er. Chem. 
Soc., 62, 1258 (1941/î. » W. Beamer, ibid., 70, 2979 (1948). h B. Bak,
L. Hansen-Nygaard and J. Kastrup-Anderson, J. Mol. Spectrosc., 
2, 361 (1958). 1 D. R. Lide, Jr., ibid., 8, 153 (1962). 'J .  N. Mac- 
Donald. D. Taylor, and J Sheridan, ibid., 26, 285 (1968). *M. 
Hackmeyer and J. L. Whitlen, J. Chem. Phys., 54, 3739 (1971). 
1 D. T. Cromer. A. J. Hyde, and H. L. Ritter, j .  Amer. Chem. Soc., 
73, 5587 (1951). m R. Bonaccorsi, E. Scrocco, and J. Tomasi. J  
Chem. Phys., 52, 5271 (1970).

TABLE VII: E.\nH for Molecules Containing C=N Bond

- £ cnr , hartrees
C = N  bond

M olecule length, A a 77 Tota l

HNCH-, 1.3° 1.0619 0.5392 1.6011
HjNCHV 1.36b 1.1630 0.3748 1.5378
NCHC 1.366 1.0458 0.4449 1.5907
(NHohCNCN 1.36° 1.1113 0.3134 1.4247
HoCNN 1.32" 1.1741 0.3532 1.5273
C H 3NCH, 1.3° 1.1293 0.5457 1.6750
Pvrazine 1.334/ 1.4500
Tetram ethylpyrazine 1.30* 1.1071 0.3947 1.5018
Tetram ethylpyrazine 1.32* 1.1065 0.3943 1.5008
Pyrid ine 1.340'’ 1.0808 0.3669 1.4477

° J. M. Lehn and B. Munsch. Theor. Chim. Acta, 12, 91 (1968). 
b R. D. Brown and A. Penfold, Trans. Faraday Soc., 53, 397 (1957). 
r E. W. Hughes, J. Amer. Chem. Soc., 62, 1258 (1940). d A. P. Cox,
L. F. Thomas, and J. Sheridan, N ature (London), 181, 1000 (1958). 
e K. V. L. N. Sastry and R. F. Curl, Jr., J. Chem. Phys., 41, 77
(1964). ' M. Hackmever and J. L. Whitlen, J. Chem. Phys., 54, 
3739 (1971 ). * D. T. Cromer, A. J. Hyde, and H. L. Ritter. J. Amer. 
Chem. Soc., 73, 5587 (1951). h B. Bak, L. Hansen-Nygaard, and J. 
Rastrup-Anderson. J. Mol. Spectrosc., 2, 361 (1958).

cyano bonds which are present to  alter the character of the 
CN bonds which are classically represented as single bonds. 
In the case of those m olecules containing C = N  bonds 
(Table VII) the total E ç n r  values are again reasonably con­
stant from molecule to m olecule. It is to  be noticed th a t the
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TABLE VIII: E A3 R of C3HN and C3H5N°

659

CtH ^C 2—C3N
c ,  C, " J C, N

Co -2 .351

C 3 0.036 -1 .440
N 0.000 0.011 -2 .327
H -0 .798 0.012 -0.001 0.000

N

C, c 2 C3 N H, H, h3 h 4

C2 -1 .081
C3 -0.025 -1 .23 2
N 0.001 0.015 -2 .349

Hi -0.003 -0 .729 -0.008 0.001
h2 -0.003 -0 .729 -0,008 0.001 0.003
h3 -0 .743 -0.001 -0.002 0.000 0.001! 0.002
h4 -0 .741 -0.002 0,002 -0.000 0.002 0.002 0.003
h 5 -0 .744 -0.002 0.002 -0.000 -0.002 0.002 0.003 0.003

a Italicized ten.is corre: d to E.\n" vv ices between bonding atoms.

BOND LENGTHI
Figure 2. Variation of E” with C-N bond length: (1) (NH2)2CNCN, (2) 
tetramethylpyrazine, (3) tetramethylpyrazine, (4) pyrazine, (5) pyri­
dine, (6) H2NCN (planar), (7) H2NCN (nonplanar), (8) (NH2)2CNCN, (9) 
CH3NCH2, (10) (CH3)3N, (11) (CH3)2NH, (12) C2H5NH2, (CH3)2NNH2, 
(13) (CH3)2NNH2, (14) CH3NH2, (15) CH2CH2N.

E c n r  values for som e of the C -N  bonds in dicyanodiam ide 
and the C -N  bond in pyridine are similar to those found  
for C = N  bonds as given in Table VII.

As is to be expected the E R values increase in absolute  
m agnitude as one passes from the C -N  single bond through  
the double bond to the nitrile bond. In addition the abso­
lute magnitude o f the it contributions to E R increase, in 
general, in  the sam e manner. However the <r contributions 
are approxim ately the sam e for the C -N  and C = N  bonds 
w hile they  are som ewhat higher for the C = N  bond. Figures 
2 and 3 show the correlation of E R values w ith bond lengths 
for C -N  and C = N  bonds, respectively. As has been m en­
tioned previously, som e uncertainty as to the geom etry ex ­
ists in many o f these examples, so it is d ifficult to deter-

1.30 135
BOND LENGTH!

Figure 3. Variation of with C= N  bond length: (1) CH3NCH2, (2) 
HNCH2, (3) tetramethylpyrazine, (4) H2CNN, (5) tetramethylpyrazine, 
(6) pyrazine, (7) pyridine, (8) NCH2~, (9) H2NCH2+, (10) (NH2)2CNCN.

mine the exten t to which the deviations in these figures can 
be attributed to characteristics o f the bond itself.

Comparison of the E R values for the C = C  bond (Table 
III) w ith those for the C = N  bond (Table IV) reveals a 
strong sim ilarity not only in the total values but also in the 
a and jt com ponents. However, it is som ewhat more d iffi­
cult to extend such a comparison to the C -C  and C -N  
bonds since the range o f character of such bonds appears to  
be much greater than in the case of the triple bonds. H ow ­
ever if the C-C bond m ost remote from the nitrile bond in 
ethyl cyanide is assumed to be a reasonably “pure” single 
bond, and similarly the C -N  bond in m ethylam ine, then it 
is seen that the E R values are in good agreem ent as m ight 
be expected.

Finally, Table VIII provides the total E Ab r  values of two
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typical molecules for all atomic pairs in the molecules. The 
values for the directly bonded pairs are italicized. It may 
readily be seen that ER values for pairs of atoms not direct­
ly bonded to each other are much smaller than those for 
the directly bonded pairs. This provides additonal support 
for the use of E ABR as characteristic of the bond. While in 
many cases E Abr values for pairs of non bonded atoms can 
be neglected, such values of EABR can be quite useful in 
elucidating the mechanism of chemical reactions.

The results of the present work provide reasonable evi­
dence to support the extension of the scheme of Fischer 
and Kollmar5 for the partitioning of total electronic energy 
to molecules other than hydrocarbons. In addition, the 
present and future use of such partitioned quantities, par­
ticularly that of EABR, in elucidating the nature and char­
acteristics of a chemical bond have been demonstrated. Fi­
nally, as England and Gordon8 have pointed out, ER is in 
fact directly related to Ruedenberg’s interference energy, 
so that the fact that intraatomic interference energies cal­
culated by semiempirical methods show the same behavior 
as those obtained with ab initio methods is gratifying. 
More work needs to be done in relating the partitioned 
quantities from semiempirical calculations with those from

purely theoretical ones. Indeed, the existence of a relation­
ship between the two for quantities such as EABR opens up 
the possibility of the development of a semiempirical meth­
od based on pairs of atoms, i.e., bonds, and calibrated by 
means of the results of ab initio calculations.
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The permittivities at 2 MHz and 25° for 1-octanol in carbon tetrachloride, benzene, and cyclohexane solu­
tions have been measured over the entire alcohol concentration range, with particular attention being paid 
to the range below 0.1 M. By use of the Kirkwood-Fröhlich equation the apparent dipole moment of the al­
cohol as a function of concentration has been evaluated; using this concentration dependence and infrared 
absorption results, the natures of the proposed associated species are considered. Equilibrium constants 
have been determined for a monomer-dimer-trimer equilibrium model of the alcohol self-association at 
low concentrations; the association follows a general pattern: monomer-small, high dipole moment polv- 
mer-low dipole moment cyclic polymer-high dipole moment polymers.

Introduction
The manner in which solute molecules in solution asso­

ciate with one another and with solvent molecules has a 
marked effect on the physical properties of solutions. In 
this study we are concerned with the intermolecular behav­
ior of alcohols in nonaqueous solvents. 1-Octanol was se­
lected as being representative of medium length, straight 
chain, primary alcohols. Branched chain alcohols may have 
different properties in solutions as a result of possible ste- 
ric interference in intermolecular interactions; some results 
relating to branched chain alcohols will appear in a later 
communication.

Many physical techniques may be used to study intermo­
lecular behavior in solution. However, it is clear that no 
single method gives, a complete understanding of the na­
ture of the intermolecular interactions. In particular, in­
frared and nmr spectroscopies, which are commonly used, 
give little information concerning the alignment of neigh­
boring solute molecules. Such information is vital for full 
understanding of the solution physical properties since, al­
though it is accepted that hydrogen-bonded polymers of 
varying size are formed, little is known about the size and 
configuration of such species. To examine such parameters, 
we have measured the permittivities of the solution and, by
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use of a generalized form of the Kirkwood-Frohlich1 equa­
tion, have calculated the apparent (bulk) dipole moment as 
a function of concentration; this gives information on the 
relative alignment of the molecular dipoles in associated 
species. Infrared spectroscopy has been used in conjunction 
with dielectric measurements to provide qualitative, but 
unambiguous, information on the appearance of new, 
small-polymer species with increasing concentration. The 
application of the two techniques in this complementary 
fashion has been invaluable in clarifying the data analysis.

Carbon tetrachloride, benzene, and cyclohexane have 
been chosen as representative nonpolar solvents. Although 
there can be no specific molecular interactions between the 
alcohol and these solvent molecules, their different elec­
tronic polarizabilities lead to different solvent behavior.

Dielectric data for normal alcohols in various solvents 
have previously been given by Ibbitson and Moore;2 how­
ever, their data cover a limited concentration range and 
were not fully analyzed. Recently, further data for 1-hepta- 
nol in carbon tetrachloride at varying temperatures were 
published by Bordewijk, Kunst, and Rip.3 We have used 
the model developed by Bordewijk, et al., to obtain rough 
values for dipole moments of associated species and equi­
librium constants for their formation from the concentra­
tion dependence of the apparent static dipole moment. An 
interesting nondielectric method for extracting the same 
information has been given by Tucker and Becker4 for tert- 
butyl alcohol in hexadecane; this involves the use of vapor 
pressure measurements. Many investigators have used nu­
clear magnetic resonance chemical shifts in studying alco­
hol association and a comprehensive review on this subject 
has been given by Brodskii, et al.,5 and by Davis and Deb.fi 
However, in general, the concentration dependence of the 
chemical shift in the alcohols gives such a featureless curve 
compared, e.g., with that of carboxylic acids7 that little use­
ful information can be extracted, except in special cases 
where only a single associated species can be assumed to be 
present.

used to compensate for solvent absorption, and the solvent 
cell was thermostatted at 25.0°.

R esults

The low-frequency permittivities for 1-octanol in carbon 
tetrachloride, in benzene, and in cyclohexane at 25.0° are 
deposited as supplementary material.9 The precision of the 
permittivity measurements is better than 0.0001 units at 
the lower concentrations (DFL 1 cell) and about 0.0004 
units at the higher concentrations (DFL 2 cell).

The apparent dipole moments are calculated using a 
generalized form of the Kirkwood-Frohlich equation1 
which, for the case of a dipolar material in a nonpolar me­
dium, may be written (in cgs units):

2 == 8V-Ì =
9k T .1/, (e -  e J(2e +
4-tL PICn e(e, 2 V (1)

where k, L, T, M, p, and t have their usual meanings, w re­
fers to mass fraction, and subscript 2 refers to the solute. e„ 
is the limiting high-frequency permittivity of the solution 
and is often taken as «d2 (Maxwell’s relationship) or as 
mnn2, to include an approximation for the atomic polariza­
tion where m has a value from 1.05 to 1.15. The apparent 
dipole moment, Mapp, and the gas-phase value mo, are relat­
ed through the factor g. A value of g greater than unity is 
interpreted as being due to a parallel alignment of near- 
neighbor dipoles, and a value of g less than unity is as­
cribed to an antiparallel arrangement.

The choice of a value for f= presents a problem since, if 
we select«<*, = nd2 for each solution, we find that the calcu­
lated values of g are quite meaningless. We have therefore 
p.oc^eded as follows. The specific refraction

R i  =  (n i { n , 2 -  l)/(»i,H,2 + 2)p; (2)
>s, to a good approximation, an additive quantity,10 there­
fore, for a solution we may write

R -  /I’lRf -  /c,R2 (3)
E xperim ental Section

The solvents used were of spectroscopic grade. They 
were refluxed over P 2O5 prior to distillation, and stored 
over molecular sieve (type 4A) for a short period before use. 
The 1-octanol (Aldrich Chemical Co., puriss grade) was 
predried over molecular sieve and fractionally distilled over 
CaH? using a spinning-band column; this removed the 
small amount of carbonyl impurity, as observed in infrared 
absorption analysis. The solvents and alcohol were checked 
for purity using gas chromatography, infrared spectrosco­
py, and refractive index measurements.

Static permittivity measurements (at 2 MHz, well below 
the dielectric absorption frequency range) were made using 
a W.T.W. dipolmeter (Model DM 01), with a DFL 1 cell for 
concentrations up to about 0.1 M, and a DFL 2 cell for 
higher concentrations. The permittivity of the pure alcohol 
was checked in the DFL 2 cell using a General Radio 716C 
bridge at 10 kHz. The cells were thermostatted through the 
outer water jacket using a water bath controlled to ±0.02°. 
The two cells were calibrated using carbon tetrachloride, 
benzene, and cyclohexane; and carbon tetrachloride, cyclo­
hexane, and butyl ether, respectively, against published 
permittivities.8

Infrared spectra were recorded on a Beckman IR-8 spec­
trophotometer; frequencies are accurate to ±5 cm-1 for the 
-OH stretching vibrations. A variable path-length cell was

For the pure 1-octanol, n22 was taken to be 1.05 nD2 = 
2.1396; for the solvents n \2 was taken as the intercept ob­
tained from a least-squares fit of the low concentration per­
mittivity data.

Figure 1 shows the concentration dependence of gapp2 of 
1-octanol in the three solvents, with a logarithmic scale 
along the abscissa. This scale permits a condensation into a 
single graph of the interesting behavior of Mapp2 over the 
whole concentration range. For the purposes of the graph 
only Mapp2 at the lowest concentrations has been calculated 
from values of t smoothed using a cubic polynomial; this 
was done because of the extreme sensitivity of the term (t 
— fa,) in eq 1 to small errors in c. The values of Mapp2 in the 
low concentration range, calculated from unsmoothed ex­
perimental values of f, are shown in Figures 2-4, using a 
linear concentration scale on the graphs. The solid lines in 
Figures 2-4 represent least-squares fits for monomer- 
dimer-trimer models; these are discussed below.

The arrows in Figures 1-4 indicate the concentrations at 
which the infrared spectra depicted in Figure 5 were re­
corded; these spectra lie in the fundamental -OH stretch­
ing region.

D iscussion

In the infrared spectra of the alcohol solutions at the 
lowest concentration in each of the three solvents (Figure
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Figure 1. gapp2 vs. the logarithm of solute concentrations in M  for 1- 
octanol in (a) cyclohexane, (b) carbon tetrachloride, and (c) benzene 
solutions at 2 5 .0 °. At the lowest concentrations, where data points 
are not given, n app2 is calculated from smoothed values of e. The ar­
rows indicate the concentrations at which the infrared spectra in Fig­
ure 5 were recorded.

Figure 2. Mapp2 vs. concentration in M  for 1-octancl in carbon tetra­
chloride at low concentrations. Discrete points are experimental 
values; the continuous lire is a least-squares fit assuming a mono­
m er-dim er-trim er model. The arrows indicate the concentrations at 
which the infrared spectra in Figure 5 were recorded.

Figure 3. p app2 vs. concentration in M  for 1-octano in benzene at 
low concentrations. See legend to Figure 2 for other details.

5), only a single -OH stretching vibration (.‘ 650 cm-1) is 
observed when a 1-mm sample cell is used; this is the non­
bond ed -OH stretching vibration. This does rot mean that 
associated species are entirely absent, but rather that their

Figure 4. Mapp2 vs. concentration in M  for 1-octanol in cyclohexane 
at low concentrations. See legend to Figure 2 -fo' other details; lines 
A and B represent two different least-squares fits to the data (see 
text).

Wsvtiiumber j  cm

Figure 5. Infrared spectra at 25 .0 ° of 1-octanol in (a) cyclohexane, 
(b) carbon tetrachloride, and (c) benzene at concentrations: (I) 
0.0107 M, (II) 0 .0339 M, and (III) 0 .0650 M, using a 1-mm sample 
cell.

concentrations are too small to be observed under the ex­
perimental conditions. As the concentration is increased, 
two additional bands appear, in the region of 3500 and 3350 
cm-1. A significant point is the rate at which the low-fre­
quency 3350-cm-1 band increases with concentration com­
pared to the 3500-cm-1 band in the various solvents. In cy­
clohexane solution the low-frequency band increases rapid­
ly; in carbon tetrachloride solution it increases more slowly; 
in benzene solution this band is absent at the concentra­
tions shown but does appear at higher concentrations. In 
addition, the peak near 3500 cm-1 grows more slowly in 
benzene solution than in the other two solvents.

The Journal of Physical Chemistry. Vol. 79. No. 6 . 1975



Dielectric Studies of Molecular Association 663

The three peaks are usually attributed to monomer, 
dimer, and higher polymeric hydrogen-bonded species, re­
spectively.1112 van Ness, et a/.,11 consider the dimer to be 
double bonded (cyclic) and the polymers to be linear (non- 
cyclic). Bellamy and Pace,12 however, from an analysis of 
data similar to that of van Ness, et al., conclude that the 
dimer has an open (noncyclic) configuration, i.e., one hy­
drogen-bonded hydroxyl proton and one free hydroxyl pro­
ton; the nonbonded hydroxyl proton of the open dimer also 
absorbs in the region of the monomer alcohol species. 
Tucker and Becker,4 from an analysis of infrared data for 
ierf-butyl alcohol in hexadecane, favor an open trimer as 
the first associated species. Fletcher and Heller,13 from an 
infrared study of the self-association of 1-octanol in rc-dec- 
ane, conclude that the results are explained by monomer 
and tetramer species only, although, from Table III of ref 
13, monomer-dimer-tetramer and monomer-trimer-tetra- 
mer models also fit the data well.

In carbon tetrachloride solution, the appearance of the 
“dimer” band in the infrared spectrum (Figure 5) is associ­
ated with an increase in /¿app2 (Figures 1 and 2); with fur­
ther increase in concentration fiapp2 decreases, and this is 
accompanied by the first appearance of the “polymer” 
band in the infrared spectrum. The initial increase in ¿¿app2 
indicates a parallel alignment of dipoles, as a result of hy­
drogen bonding, with an enhancement of apparent dipole 
moment. The infrared peak at about 3511 cm-1 conse­
quently arises from an open dimer or perhaps an open tri­
mer, but certainly not from a closed, cyclic species. The 
subsequent decrease in Aapp2 with concentration then rep­
resents a situation where the associated species are still 
small (because concentrations are still small), but now have 
a low apparent dipole moment, perhaps cyclic trimers or 
tetramers. This behavior is accompanied by the appearance 
of a peak near 3340 cm-1 in the infrared spectrum. If the 
concentration of the alcohol is increased still further, MaPP2 
again increases, due to an associated species of high appar­
ent dipole moment, perhaps chains of four or more alcohol 
molecules. No additional peaks appear in the -OH stretch­
ing region of the infrared spectra to accompany this behav­
ior but the lowest frequency peak grows in intensity com­
pared with the other two peaks. Apparently, the force con­
stants of the O-H bonds in the various types of hydrogen- 
bonded polymers, the shortest (dimer) excepted, are not 
much different and give rise to a broad peak centered at 
about 3340 cm-1. The dimer and polymer peaks grow less 
rapidly with concentration in carbon tetrachloride solu­
tions than in cyclohexane solutions. Evidently the mono­
mer is stabilized by an association with the carbon tetra­
chloride; Fletcher14 has postulated a 1:1 complex between 
the 1-octanol monomers and carbon tetrachloride.

The dielectric behavior of 1-octanol in benzene solution 
is similar to that in carbon tetrachloride. However, the for­
mation of the first high dipole moment species is delayed, 
as shown both by the dipole moment behavior depicted in 
Figures 1 and 3 and by the infrared spectra in Figure 5. 
The infrared spectra show that the appearance of the low 
dipole moment species is also delayed. This suggests that 
the alcohol monomer is stabilized by association with the 
solvent, benzene. Woolley and Hepler,15 using thermo­
chemical data, have found similarly that phenol is more 
self-associated in cyclohexane than in carbon tetrachloride, 
and that the self-association is even smaller in benzene so­
lutions.

Solutions of 1-octanol in cyclohexane present an inter­

esting situation. Apparently, the monomer is little stabi­
lized by interaction with this nonpolarizable solvent, nor is 
the open, high dipole moment species. This results in the 
early appearance of the higher polymeric absorption band 
in the infrared spectrum which represents a low dipole mo­
ment, presumably cyclic, species. The combined effect of 
the nearly simultaneous appearance of a high and a low di­
pole moment species results in a balance which keeps Mapp2 
approximately constant until the low dipole moment 
species dominates the equilibrium, as shown in Figures 1 
and 4. Ibbitson and Moore2 have suggested that ¿iapp2 re­
mains constant at low concentrations because alcohol asso­
ciation is delayed until the concentration is sufficiently 
great for cyclic higher polymers to form. This suggestion 
was based on the argument that the free end of an open al­
cohol dimer would not be stabilized by an interaction with 
cyclohexane as might be the case in the more polarizable 
carbon tetrachloride or, more particularly, with benzene 
molecules. It is, however, clear from the infrared results 
that the balance suggested above pertains, and that the 
closed higher polymers appear more-or-less simultaneously 
with the open dimer (or trimer) in cyclohexane. Although 
we do not present the results here, we have found that the 
behavior of the alcohol in n-hexane solution is almost iden­
tical with that in cyclohexane. These two saturated alkanes 
would be expected to exhibit similar solvent behavior. 
Fletcher and Heller13 conclude, from a near-infrared analy­
sis, that the self-association of 1-octanol in n-decane over 
the whole concentration range can be explained in terms of 
monomer and only two associated species, viz., open tetra­
mer and closed tetramer. However, from our present di­
electric and infrared data for 1-octanol in cyclohexane, it is 
evident that at least two associated species exist from 
about 0.03 M and at least one additional species must be 
present to account for the increasing dipole moment for 
concentrations greater than about 0.5 M. It is not expected 
that the behavior in n-decane would be markedly different 
from that observed in cyclohexane.

The dielectric behavior in all three solvents at the lower 
concentrations can be accounted for using at least two asso­
ciated alcohol species. The first polymer species may be an 
open dimer for which n&pp2 is greater than Mapp2 for the mo­
nomer; an alternative is an open trimer, as suggested by 
Tucker and Becker4 for ieri-butyl alcohol in hexadecane. 
The next species, with low dipole moment, might be a cy­
clic trimer or tetramer. The infrared results probably ex­
clude a cyclic dimer at these concentrations. Each hydro­
gen bond in a cyclic dimer, because of its nonlinearity, 
would be weaker than the bond in an open dimer. We 
would then expect to see a peak at frequencies between the 
monomer and open dimer (trimer) bands, but this is ab­
sent. Finally, at high concentrations, there appears a long, 
open-chain polymer, or perhaps a special configuration of a 
cyclic polymer having a large dipole moment, as suggested 
by Bordewijk, Gransch, and Böttcher.16

We may explain the increasing extent of polymerization 
of the alcohol molecules as a function of concentration 
using thermodynamic arguments; thus, the Gibbs function 
is reduced by the enthalpy release on hydrogen bonding 
but increased by the configurational entropy decrease 
which occurs with the greater degree of intermolecular 
bonding. The presence of solute-solvent interactions par­
tially offsets the effects of solute-solute interactions; this is 
most apparent at the lowest concentrations, where the mo­
nomer is the most stable species. At higher concentrations
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an open dimer (or trimer) forms, but there does not appear 
to be a tendency to form a closed dimer, implying that the 
enthalpy gain from the two weak hydrogen bonds which 
would form cannot compensate for the entropy decrease in­
volved. It is only when a larger polymer (trimer or tetra- 
mer, perhaps) is formed that cyclization is favored. Fur­
thermore, such cyclization will be hindered in polarizable 
solvents, such as carbon tetrachloride and benzene as com­
pared with more inert solvents such as cyclohexane (as 
shown by the delay in the decrease of /¿app2 in benzene and 
in carbon tetrachloride solutions). Finally, for longer chain 
polymers, the enthalpy gain per monomer molecule on cy­
clization reduces so that open chains, with high dipole mo­
ments, can be expected to be stabilized in a favorable envi­
ronment, as has been argued for HF.17

We now utilize the above ideas in a model to obtain a 
quantitative measure of the dipole moments of the associ­
ated species and equilibrium constants for their formation. 
For example, if we consider a monomer-dimer-trimer equi­
librium, we may write

2(monomer) — *• dim er

3(monomer) — ► tr im er

with corresponding equilibrium constants, K2 and K:i. 
From this may be developed3

( W  = \  [ c ^ t2 + + C ; . p 32 ] (4)
or

Papp’ = ~ [ c iP T  + Z K yC ^gygg  — 3A'3Ci g iP \  ] (5)

where subscripts 1, 2, and 3 refer to monomer, dimer, and 
trimer, respectively, c, represents the concentration of 
these species, and c the total alcohol concentration. From 
the mass balance

c = cr + 2c2 -  3c3 = Cj + 2A,c,2 + 3AjC,2 (6)
For any general model these equations have the form18

Pap„2 =  7  'LiKi{cJigigl2 (7)

and
c = i)! (8)

i
We may use eq 7 and 8 to obtain values for the K ’s and 

/¿’s by a least-squares method. We have used a simplex 
least-squares procedure described by Deming and Mor­
gan,19 where we optimized the variables only over the lower 
concentration range; the species which cause the final in­
crease in apparent dipole moment have not been included, 
for their influence would swamp the interesting low con­
centration behavior. The model considered has the form: 
monomer-open dimer-cyclic trimer. To simplify the prob­
lem, since we have five unknown parameters, we have as­
sumed that the dipole moment of the cyclic trimer is zero. 
The results are summarized in Table I and the solid lines in 
Figures 2-4 show the calculated /¿app2 for the model in ben­
zene, carbon tetrachloride, and cyclohexane solutions, re­
spectively. The maximum solution concentrations used in 
each fit are noted in Table I.

During the least-squares optimization it became appar­
ent that the minimum was extremely shallow, especially for 
cyclohexane solution. Consequently, different sets of pa­
rameters could possibly be found with about the same 
error. In Table I two sets of parameters are given for the

TABLE I: Parameters from Least-Squares Fit for 
Monomer-Open Dimer-Closed Trimer (g3 = 0) Models 
for 1-Octanol in Solution at 25°

Solvent craax, • M  p f . D 2 K 2b g 2 uc

M onom er-d im er-trim er
C y c lo ­ 0.118 (A) 2.596 1.113 24.28 1.593 0.028

hexane (B) 2.589 0.424 19.48 2.400 0.027
Carbon

te tra­
ch loride 0.297 2.693 1.268 12.02 2.164 0.031

Benzene 0.850 2.624 0.202 0.258 2.414 0.013
“ M axim um  concentration of d a ta  used in least-squares fit of 

model. h E quilbrium  constants based on concentration un its  of 
M . 1 S tan d ard  deviation of fit calculated from /¿ „ak d 2 and /¿„bsd2 .

cyclohexane solutions, labeled A and B, with nearly the 
same errors of fit. A visual inspection of the two fits in Fig­
ure 4 indicates that both are equally acceptable. Our curve­
fitting experience on these systems shows that a unique set 
of parameters can be obtained if there is no error in the 
data, i.e., fitting synthesized data. A nearly unique set of 
parameters is also apparently possible if the intercept at 
zero concentration, /¿r, is well defined, when there is not 
much scatter in the data. In the cyclohexane data this is 
clearly not true and different combinations of the parame­
ters can be found which give approximately the same error 
of fit. The intercept for the carbon tetrachloride data is 
better defined and the intercept for the benzene data is 
well defined, consequently in these two cases the minimum 
found during the curve fitting was less shallow. Bordewijk, 
et al.,3 have described similar problems cf nonunique sets 
of parameters in fitting their data for solutions of 1-hepta- 
nol in carbon tetrachloride; to obtain consistent values for 
their results at different temperatures they have arbitrarily 
fixed /¿i2 and g2. Our data extend to lower concentrations, 
so that /¿i2 is better defined. However, there is still uncer­
tainty in this value because of the scatter of the data at low 
concentrations.

The values determined for benzene solution are subject 
to the influence of an additional high dipole moment 
species which is clearly present in the latter part of the con­
centration range, but has not been allowed for in the analy­
sis. It is, however, not physically meaningful to fit the data 
in the region where only monomer and dimer are expected 
to be present because the parameters /¿22 and K 2 are then 
not independent and only the product ix^Ky. can be deter­
mined.

The results in Table I confirm our expectations about 
the behavior of 1-octanol in the three solvents; K2 and K2 
in benzene are small, indicating a relatively strong interac­
tion between the alcohol and solvent and, consequently, a 
smaller opportunity for self-association. The combined ef­
fects of K2 and K;> in cyclohexane indicate a greater degree 
of self-association of the alcohol than in carbon tetrachlo­
ride solutions. The smaller K2 found in cyclohexane solu­
tions compared to carbon tetrachloride solution may be 
due to the inherent uncertainty in the least-squares fit. 
The infrared results in Figure 5, however, seem to indicate 
that the rate of dimer formation in cyclohexane is about 
the same as in carbon tetrachloride; the extent of trimer 
formation is clearly greater in cyclohexane than in carbon 
tetrachloride. We do not attempt to rationalize the values 
of g2 in Table IV; they depend on the details of the 0 - 
H • • • 0  interaction between two alcohol molecules and on
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the O-H • • • solvent interaction of the “open” end of the 
dimer.

The monomer-dimer-trimer model considered here is 
highly idealized and the parameters obtained from the 
mathematical fit must be treated with caution since they 
are only mathematical parameters. Bordewijk,3 et at, have 
shown that a monomer-dimer-trimer model results in the 
same error of fit as a monomer-dimer-tetramer model. The 
value of this type of mathematical procedure is that it does 
give some quantitative feeling for the relative magnitudes 
of the parameters involved. We have also tried fitting 1-
3-4 and 1-2-4 models but the fits are slightly worse than 
those given in Table I, except for cyclohexane solutions 
where the error of fit is about the same.

Tucker and Becker,4 using vapor pressure measure­
ments, have postulated a monomer-open trimer-large cy­
clic polymer for feri-butyl alcohol in hexadecane. Aveyard, 
et al.,20 using overtone O-H stretching frequency measure­
ments and vapor pressure osmometer measurements of 1- 
octanol in n-octane, note that at least two associated 
species exist up to 0.13 M  and they favor the monomer- 
dimer-tetramer model.

Because of the large number of unknown parameters and 
the scatter in the data, it is difficult or perhaps impossible 
to obtain unique and physically acceptable values for both 
the equilibrium constants and the Kirkwood g factor. 
There are many experiments which have the potential to 
yield equilibrium constants, but the dielectric method is 
the only one which can yield the liquid structure-related g 
value. Thus, if equilibrium constants are available from 
other sources, they may be used in the curve fitting to ob­
tain the important g values. The paper by Fletcher and 
Heller13 gives equilibrium constants for various associated 
models for 1-octanol in n-decane. If we assume, as before, 
that the solvent properties of n-decane are similar to those 
of cyclohexane, then we can apply the equilibrium con­
stants obtained by Heller and Fletcher to our data. We 
have interpolated the equilibrium constant in Table III of 
ref 13 to 25° for the 1-2-4 and 1-3-4 models. The dimer 
value for the 1-2-4 model is unfortunately uncertain and 
we have therefore used only the equilibrium constants for 
the 1-3-4 model. Applying these to our cyclohexane data 
we obtain a value of 2.8 for g3 (the trimer being the high di­
pole moment species, in this case), with an error of fit of 
the same magnitude as for our fits of our 1-2-3 model. We 
cannot judge the significance of the isolated result, except 
that the value seems reasonable for an open trimer; how­
ever, this illustration does demonstrate the potential of this 
approach.

Conclusions

We have shown that important structural information on 
solute association can be obtained by measuring dielectric 
properties as a function of concentration. The interpreta­
tion of these results is greatly assisted by the happy combi­
nation of infrared and dielectric data. The results establish, 
for 1-octanol in the solvents studied, that solute association 
follows a general pattern: monomer-small, high dipole mo­
ment polymer-low dipole moment cyclic polymer-high di­
pole moment polymers.

There are interesting differences in the behavior of 1- 
octanol in the three solvents studied. There is a fairly large 
solute-solvent interaction in benzene solution which delays 
association; this contrasts with the behavior in cyclohexane 
(and in hexane) solution. In a further communication we % 
shall compare the behavior of a number of other isomers in J  
the same three solvents.
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Chemical Society, 1155 16th St., N.W., Washington, D. C. 
20036. Remit check or money order for $3.00 for photocopy 
or $2.00 for microfiche, referring to code number JPC-75- 
660.
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The enthalpy of formation of molecular complexes arises from charge transfer and other forces, including 
coulombic, induction, dispersion, and exchange repulsion forces. The use of a theoretical expression which 
equates enthalpy of formation with energy terms arising from charge transfer and other forces can provide 
information about the magnitudes of these energy terms, and thus provide an insight to the nature of 
bonding in amine-iodine molecular complexes.

Introduction
The extent to which charge transfer and other forces 

contributes to the observed ground-state properties of mo­
lecular complexes is a topic of considerable interest.1-4 A 
relationship5 derived from AH° and the enhancement of 
dipole moment for amine-iodine complexes shows that the 
large observed —AH° values for these complexes is a conse­
quence of strong charge-transfer interactions since the en­
ergy contribution made by other forces to AH° has essen­
tially a constant positive value of 10.4 kcal mol-1. We have 
confirmed15 this result by the use of a theoretical equation 
of Person' and we now proceed to determine the magnitude 
of the contribution made by non-charge-transfer forces to 
AH° of amine-iodine complexes.

Theory and Results
The ground and excited states of a complex (D,A) de­

rived from the interaction of an electron donor (D) and an 
electron acceptor (A) can be described8 by the wave func­
tions

;|jn = ad0(D, A) + &il1(Dt-A")
and

= a*M D+-A-) -  6*ii-0(D, A)
The terms \pp and i/q refer to the no-bond and dative-bond 
wave functions, respectively. The ground-state energy (/?N) 
of a complex can be written as

En = Rn + E0 = A H°
where is the resonance energy due to the charge-trans- 
fer force in the complex, while E0 is the energy change due 
to other interactions when the donor and the acceptor 
come together. The coulombic, induction, and dispersion 
forces are attractive, while the exchange repulsion works 
against them, thus making E0 either negative, zero, or posi­
tive. For molecular complexes which can be satisfactorily 
described by one charge-transfer state and r.wo resonance 
structures \pp and ip\, I?n is given by the theoretical expres­
sion ‘

— {^1 -  F(i — 2p(lS —

[(£, -  Enf  -  4/JfrS(£t -  E0) + 4(I,,2]1 /2}/2(l -  S2) (1)

where E} is the energy of the dative structure, do is a reso­
nance integral, and S is the overlap integral between i/-o and

i/q. The term (E\ — Ep) = Iy> — E& + Ec ~ Ep where If a is 
the electron affinity of the acceptor and Ec is mainly the 
coulombic attractive energy associated with the dative 
structure of the complex. If (EA — Ec + f?o) is designated 
by C i ,  then AH° is given by the expression

AH° = {/„ -  C, -  2d0S -  [(ID -  C,/r -

4d0S (/D -  C,) + 4/302 j172]/2(1 -  S2) + E 0 (2)

Equation 2 can be conveniently expressed as
=  Z  +  E 0 (3)

where Z represents the first term on the right-hand side of 
eq 2.

For a series of complexes derived from structurally relat­
ed donors with a common acceptor, it has been shown9 that 
the parameters do, Ci ,  and S can be assumed to be fairly 
constant, but the empirical procedure used9 to obtain these 
parameters can only provide a range of reasonable rather 
than precise values. Hence, direct substitution of the values 
of these parameters obtained empirically can lead to erro­
neous estimations of R n and E p  if the values used turn out 
to be significantly different from the true values of the 
complexes.

For amine-iodine complexes it was found10 that a Ham­
mett plot of AH° against o* is linear for complexes which 
are relatively free of steric factors and we will assume do, 
Ci, and S as constant for these complexes. Table I shows 
the Ip and AH° values for these complexes. It was empiri­
cally found by the use of a least-squares fit program that a 
linear relationship with a correlation coefficient of 0.99 ex­
ists between AH° and Z values calculated for values of do, 
Ci, and S of —1 to —4 eV, 6 to 9 eV, and 0.15 to 0.55, re­
spectively, at parameter intervals of 0.05. This result can 
be formalized by the expression

A H° =  m Z  + k  (4)
where

™ = /(do, Cu s)
and

k =/(d„, Cu S)

Thus, when m = 1, eq 4 becomes identical with eq 3 and k 
= E p .  Table II shows the solutions obtained for E p  together 
with the appropriate values of do, C i, and S.

The recommended range of values9 for 80, Clt and S are
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TABLE I: AH° and Id Data for Amine-Iodine 
Complexes"

Donor —A H ° .e V V e V

M ethylam ine 0.308 8.97
Ethylam ine 0.321 8.86
»-B utylam ine 0.364 8.71
D im ethylam ine 0.425 8.24
T rim ethylam ine 0.525 7.82

“ Reference 10.

TABLE II: Solutions of E0 with Appropriate Values of
ISn, Ci, and S

Solu­
tion

do,
eV

c„
eV S 111

k  =  
eV

1 1.500 6.500 0.200 0.990 0.298
2 1.500 7.000 0.450 1.018 0.293
3 2.000 6.000 0.250 1.006 0.536
4 2.000 6.500 0.400 0.990 0.520
5 2.500 6.000 0.400 0.999 0.756
6 2.500 6.500 0.550 0.996 0.737
7 3.000 6.000 0.500 0.983 0.966

— 1.7 tc —3 eV. 6.5 to 7.5 eV, and 0.4 to 0.5, respectively, 
thus solution 4 provides the best values of A’o of 0.520 eV 
mol-1 (11.99 kcal moi-1) as values of do, C\- and Si associ­
ated with this solution have values which fall within the 
recommended range of values. Solutions 1 and 3 can be re­
jected on the grounds that S values associated with these

solutions are markedly different from the recommend 
values of S, while solutions 2, 5, 6, and 7 may be reasonable 
since two out of three parameters do, Clf and S associated 
with these solutions have values which are within the rec­
ommended range of values.

Conclusion
A linear relationship can be found between \H °  and RN 

for these amine-iodine complexes which suggests that E0 is 
essentially a constant. It has a large positive value of 11.99 
kcal mol-1 which is in good agreement with the value of 
10.4 kcal mol-1 obtained from the use of a relationship be­
tween AH° and the enhancement of dipole moment.5 The 
large positive value indicates that repulsive forces domi­
nate the term Eo and that charge-transfer forces account 
for the large observed -A H° values for these complexes. 
The Rn contribution to AH° of these complexes varies 
from —19.1 to —24.1 kcal mol-1.
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COMMUNICATIONS TO THE EDITOR

Some Unmeasured Chlorine Atom Reaction Rates 
Important for Stratospheric Modeling of Chlorine Atom 

Catalyzed Removal of Ozone

P u b l ic a t io n  c o s ts  a s s is t e d  b y  t h e  D iv is io n  o f  R e s e a r c h ,  U .S . A t o m ic  E n e r g y  

C o m m is s io n

Sir: Chlorine atoms when injected into the stratosphere at 
25 km or above can initiate a chain reaction with odd oxy­
gen involving principally reactions 1-3.19 The primary

Cl + o ,  -—  CIO + O, (1)
CIO + O —-  Cl + o . (2)

CIO + NO —  Cl + NO, (3)

manner in which this CIO* chain is interrupted in the 
stratosphere is through the reaction of CI with various hy­
drogen-containing species with the formation of HC1. The

Cl atoms can then be released again through the attack of 
OH and HC1 as in (4). From the measured concentrations

OH + HC1 — -  H,0 + Cl (4)
of CH,|10 and the reaction rate coefficients,11 it is clear that 
reaction 5 with CH4 is quite important in the stratosphere, 

Cl + CH, —  HC1 + CH, (5)
and it has been regularly assumed to be the chief HC1 
forming reaction between about 30-50 km. Our purpose 
here, however, is to estimate the possible contributions 
from other hydrogen-containing species in the strato­
sphere, with the primary intention of discovering whether 
CH4 is an overwhelmingly dominant H-abstraction source. 
Several recent calculations indicate that CIO, -catalyzed re­
moval of odd oxygen is becoming an increasingly serious 
global environmental problem through the release of Cl 
atoms in the stratospheric photodissociation of CF^CL and 
CFCl:i.'
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TABLE I: Calculated Rates of Removal of Cl Atoms at Various Stratospheric Altitudes“
Altitude, km 25 
Temp, K 227 
Density. 7.7(17) 

m olecules cm "3 
Estim ated concn, cm "3

30
235
3.6(17)

35
252
1.7(17)

40
. 268 
" 8.1(16)

45
275
4.3(16)

______ " j -

50
274
2.3(16)

55
274
1.3(16)

o, 4(12) 4(12) 202) . 6(11) 2(11) % 7(10) 3(10)
CHj 5(11) 2(11) 8(10) 3(10) 1(10) ' 6(9) 3(9)
H, 6(11) 3(11) 1(11) 5(10) 2(10) ' 9(9) 4(9)
HO, 2(7) 3(7) 2(7) 9(6) 6(6) 4(6) 3(6)
H ,0, 2 (9)ft 2(9)'’ 3(8) 4(7) 1(7) 4(6) 2(6)
HÑÓ3 4(9) 5(8) 2(8) 3(7) 2(6) '  1 (6) ».

Estimated rates7 of rem oval of C l atoms. 
Reaction with

cm "3 sec "1 'i #
A

o3 74 70 33 11 3.7 > 1.3 0.5
c h 4 10 (—3 ) 5 (-3) 3 (-3) 2 (-3) K-3) * 4(-4) ; 2 (-4 )
H, 2 (-3) K-3) 8 (-4) 6 (-4) 3 (-4) K-4) 5 (-5)
HO, K-3) K-3) 8 (—4) 4 (-4) 3 (-4) 2 (-4) 2 (-4)

H A 6 (-3) 6N )  i K -3) 2 (-4) 7 (-5) 3 (-5) 2 (-5)
h n o 3 4 (-3) 6 (—4) f 2 (-4) 3 (-5) 3 (-6)

a All exponential figures have been w ritten with the exponential in parentheses, i.e., 7.7 x  1017 is w ritten as 7.7(17). T he d a ta  have all been 
read to  two places from sm oothed curves, and then  rounded off to one place in the table in view of the  large uncertain ties in m odeling ca l­
culations for the stratosphere. * O ther models show lower values for H 2O2 at these a ltitudes. Crutzen, for exam ple, has given values of 3(8) 
and 4(8) at 25 and 30 km. respectively .c Sum m ary of ra te  equations, in cm 3 molecules 1 sec E for reaction of Cl with O 3 , 1 4  (1.85 ±  0.36) x 
1 0 11; CH4,11 5.1 x 10- 11 exp( —1790/71; H2,n  5.7 x  10 11 exp i-2 2 6 0 /7 1 ; H 0 2. 17 5 x  10 11; H20 2,16 1.7 x  IQ- 10 exp (-9 1 0 /7 1 ; 
H N O 3.1 7 6 x i 0  12 exp (-4 0 0 /7 1 .

The most abundant hydrogen-containing species in the 
stratosphere are, roughly in order of decreasing abundance, 
H2O, CH4, H2, H9O2, HNO3, H02, and OH. Hydrogen ab­
straction by Cl atoms is endothermic by 10 Kcal/mol with 
H20, and is therefore of negligible importance at strato­
spheric temperatures. Except for H2, further calculations 
can only be estimates since the rate coefficients for reaction 
with Cl atoms has not been measured for the last four 
species in the list above. The reaction of Cl with OH must 
have an activation energy of at least 3 kcal/mol since the 
forward reaction is 0.8 kcal/mol exothermic and the reverse 
reaction of O atoms with HC1 has an activation energy of at 
least 4 kcal/mol.12 Abstraction of H from OH can therefore 
be neglected relative to abstraction from CH4.

From the measured or estimated concentrations of these 
species in the stratosphere,13 and with appropriate approx­
imations for the rate coefficients as described below, we 
have calculated in Table I the approximate raoes for forma­
tion of HC1 by reaction with each of the five possible 
species between 25 and 55 km. Table I also includes the 
rate of reaction of Cl atoms with 0 3,14 showing it to be > 103 
times faster than the sum of all of the HCl-forming reac­
tions at all of these altitudes. The reaction of Cl with H2 is 
consistently about 20-30% as probable as with CH,t.

Our estimated rate coefficients for reactions 6-8 in Table

Cl + HO, — HC1 + o 2 (6)

Cl + H A — ► HC1 HO, (7)

Cl + HNO, — ► HC1 + NO) (8)

I have been based on comparison with the known rates for 
OH reaction with the same species, since OH is isoelectron- 
ic in the valence shell with Cl, and the thermochemistry of 
Cl and OH reactions is similar. However, since the mea­
sured rates for Cl reaction with C H 4 and H2 are respective­
ly 16 and 5 times faster than the corresponding OH reac­

tion rates in the 225-275°K temperature range,15 we have 
also used more rapid rate estimates for Cl reaction with the 
three hydrogen species of (6) to (8). Our assumptions for 
reactions 7 and 8 are each ten times faster than the mea­
sured rates for OH with H20 216 and HNO3. The radical ter­
mination reaction 6 is almost certainly fast, but probably 
does not occur on every collision for geometric reasons. Our 
estimate in Table I (~1 collision in 6) falls in the middle of 
recent estimates for the reaction of OH + H02.17 Even the 
assumption of reaction on every collision of Cl with H 02 
still leaves reaction 6 less important than reaction 5 
throughout the 35-50 km range.

Present calculations of the rates of odd oxygen removal 
by CIO* indicate that the region between 35-45 km is heav­
ily dominant1 :i’7 9 (for example, see Figure 10 in ref 2), 
and in this region the data of Table I indicate that (a) reac­
tion with CH4 is more important in HC1 formation than the 
other four reactions combined; and (b) omission of reac­
tions 7 and 8 in earlier studies has not introduced major er­
rors into the estimates of ozone depletion by CIO*.

The estimates in Table I do suggest that H20 2 may be 
equally important with CH4 in HC1 formation near 25-30 
km, and that H02 probably becomes more important than 
CH4 somewhere above 50 km. Moreover, the uncertainty in 
these estimates must be considerable since neither H02 nor 
H20 2 has actually even been observed in the stratosphere, 
let alone accurately measured, and the concentrations of 
Table I have been inferred from model calculations. (Since 
our chief concern here has been to avoid ignoring a poten­
tially important but poorly understood hydrogen-contain­
ing species, we believe that the removal rates for reactions 
6 and 7 in Table I are more likely to be over- than underes­
timated.) [Note Added in Proof: R. T. Watson and D.
D. Davis gave a preliminary value of less than 10“ 12 for the 
rate constant of reaction 7 (4th C.I.A.P. Meeting, Cam­
bridge, Mass., Feb 1975). With this rate constant, reaction
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7 has only minor importance throughout the stratosphere.] 
The stratospheric concentrations of HNO:i have been 

measured,18 and it is therefore unlikely that reaction 8 is of 
much importance relative to reaction 5 in HC1 formation.! 
Nevertheless, completeness in the stratospheric modeling 
should include reaction 8 as well as reactions 6 and 7. Con­
sequently, experimental measuremAts of both the high al­
titude concentrations of HO2, H2U2, and HNO3, plus the 
laboratory rate coefficients for their reactions with Cl 
atoms are important for a more detailed understanding of 
stratospheric chlorine chemistry.

Measurement of the reaction 'fates for the stable mole­
cules in (7<i and (8) should be relatively easy, but the radi- 
cal-radicdl reaction of (6) seems much more difficult. Fi­
nally, all of the model palculations used in these estimates 
have beeh one-dimensional (vertical) global average mod­
els, and detailed calculations in two or three dimensions 
may well show portions of thq stratosphere in which one or 
mofe of reactions 6-8 has more importance than in the av­
erage calculations. '
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Quantum Yield for the Photolysis of CF2CI2 in 0 2
P u b l ic a t io n  c o s t s  a s s is t e d  b y  t h e  D iv is io n  o f  R e s e a r c h ,  U .S . A t o m i c  E n e r g y  

C o m m is s io n

Sir: Large quantities (—0.5 Mtons/year) of CF2CI2 are 
manufactured each year for use as an aerosol propellant

and as a refrigerator coolant.1-2 Essentially all of the aerosol 
propellant is released to the atmosphere within 1 year of 
manufacture, while most of that used as a refrigerant is 
probably also eventually released as well. The accumula­
tion of CF2CI2 in the earth’s atmosphere presents a hazard 
to stratospheric ozone through its photolysis by reaction
(1), and the subsequent chain reaction of Cl with O3 and

CF,C1, + hu — >- CF,C1 -  Cl (1)

CIO with O.1-0 All of our calculations concerning the atmo­
spheric residence time of CF2C12 and the rate of formation 
of Cl atoms have been based on the assumption that the 
quantum yield for (1) is 1.0, and that the subsequent reac­
tion of CF,C1 with 0 2 leads to the release of a second chlo­
rine-containing free radical (either Cl or CIO). While this 
sequence seemed highly probable to us on the basis of anal­
ogy with CC I4 photolysis,6 as well as relative quantum 
yields for CFCI3 photolysis, we have measured the actual 
quantum yield for photooxidation of CF2C12 in the labora­
tory for confirmation of the postulated photochemical 
steps in the atmospheric mechanisms.

The absorption of CF2C12 has its long wavelength edge 
near 2150 A, increasing rapidly to shorter wavelengths with 
a maximum near 1800 A.2-7 In the earth’s atmosphere, the 
cross product of flux penetrating to 25-35-km altitudes and 
absorption cross section, assuming unit (or constant) quan­
tum yield, causes photodissociation to occur with roughly 
constant probability between 1900 and 2100 A. In this lab­
oratory, we have used a low-pressure Hg lamp flushed with 
N2 as the light source and have photolyzed CF2CI2 with 
1849-A light. Our photolysis cell had one 1-in. quartz win­
dow and a path length of 11 cm. The CF2C12 (Matheson 
Co.) had a stated purity of 99.6% and was thoroughly de­
gassed at —196°. Molecular oxygen from Liquid Carbonic 
was used. The light intensity of the lamp was determined 
by N20  actinometry to be 5.7 ± 0.5 X 1014 photons sec-1 
(cm)-2. Approximately 11-15% of CF2C12 was decomposed 
in each photolysis experiment, as measured by differences 
in chromatographic peak heights.

The first step in photolysis was assumed to be reaction 1 
followed by the rapid secondary reaction of CF2C1 with 0 2. 
While the expected product of this reaction is CF20, our 
chromatographic analysis utilized a 50-ft silicone oil col­
umn known to convert CF20  to C02. Consequently, our 
measurement provides only the quantum yields for the re­
moval of CF2C12 and for the complementary appearance of 
a corresponding photooxidized molecule capable of further 
reaction to form C02. The quantum yields for six runs with 
0 2 concentration < [CF2C12] are given in Table I. Within 
the accuracy of our actinometry, the quantum yields for the 
removal of CF2C12 and for the appearance of C02 are both 
unity. Since the cross sections for absorption of 1849-A 
light are 1.0 X 10-18 cm2 for CF2C122 and 3 X 10-2° cm2 for
O9,8 >95% of the initial light absorption occurs with
CF2C12.

The initial absorption step occurs in the lone pair of one 
of the chlorine atoms,7 and the energy relationships over­
whelmingly favor the release of Cl rather than F.2 By anal­
ogy with the reactions of CF3 and CCI3, the reaction of 
CF2C1 with 0 2 should give CF20 as the product, indicating 
the release of either Cl or CIO in the second step. Indepen­
dent CF2Cl2- 0 2 photolysis experiments utilizing infrared 
analysis have shown that CF-20  absorption bands are ob­
served afterward with no indication of CFCIO formation.9 
For stratospheric computations, the mechanistic difference

The Journal of Physical Chemistry. Vol. 79. No. 6. 1975



670 Communications to the Editor

f TABLE I: Quantum Yields for Removal of CF2CI2
t c and Formation of Oxidized Product in the
; ; 1849-A Photolysis of CF2CI2-O2 Mixtures

-. _  ---  — —  — ■ -....... - —   —■- -
'¿r Pressure, Torr

CF2C12 SÎ-CFüCIü)6 <i>ÍC02)‘,•,’

fc*-3*9.4 49.8 1 .% r.o4
49.5 49.7 l-06. 1.10
12.1 49.6 1 .2g 111

* 0*12.3 49.8 i.o7 l.«8
49.8 49.7 io 2 !-20 •
49.6 49.7 -I.I7 1.13

Av 1.12 ± 0.09 1.11 ± Ô.05
a Measured as CO2 after reaction on the chromatographic col- 

umn.  ̂Quantum yields are given on the basis ol absorption by 
CF2PI2 alone.

-< ..
> t  O"’. ■ .^tT  . .

<r’ between Cl and CIO formation in the second step is not im­
portant because the two are rapidly interconverted in chain 
processes'involving 0 3, 0, and NO. The photooxidation of 
CF2C12 with a quantum yield of unity is thus accompanied 
by the appearance of CIO* species with a quantum yield of 
4>(C1 + CIO) = 2. Both measurements are actually made at 
1849 A, and we infer that the same values are applicable for 
the 1950-2150-A band because of the absence of any struc­
ture in the absorption band in this region, and because all 
of the energies are far above the minimum needed for rup­
ture of the C-Cl bond in CF2C12. We have no- sought high­
er precision in these experiments since our purpose was 
only to confirm the postulate that photooxidation was the 
usual fate for these molecules following absorption of a 
quantum of light in the 1800-2150-A region.

The earlier measurements with CFCI3,10 the other major 
aerosol propellant gas in current usage, demonstrated that 
a constant relative quantum yield was obtained for its de­
composition in 0 2 or NO on widely varying ratios to the 
CFCI3 molecule. This constancy strongly suggested that the 
quantum yield for decomposition is unity, unaffected by 
changes in photolysis conditions.10 In view of the CF2CI2 
results given above, we have concluded without further ex­
periment that $(C1 + CIO) is also 2 for CFC13 photolyzed in 
0 2 or air. In the atmosphere, the number of Cl atoms even­
tually released from CFC13 depends upon the ultimate fate 
of the CFCIO residue, since its further photolysis or hydrol­
ysis would release a third Cl atom.
%
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