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Dinitrogen pentoxide is formed in the atmosphere by the reaction of 0 3 and N 02. One possible fate of 
N2 O5 is the reaction N2 O5 + H20  --*■ 2 HNO3 ; however, a reliable rate constant for this reaction has not 
been available. In this report the reaction has been shown to proceed both via heterogenous and gas- 
phase mechanisms. An upper limit has been determined for the rate constant of 1.3 X 10“ 20 cm3 mole­
cule- 1  sec- 1  at 25°.

The reaction of N 0 2 and O3 in photochemical smog 
produces N2 O5 via the mechanism

0 3 +  N02 — ► Os +  N03 (1)
N03 +  N02 N A  (2)

The subsequent fate of N2O5 affects the rate of N02 decay 
and the ultimate O3 level. When N2O5 is placed in a 
glass vessel that has been rigorously baked under high 
vacuum to remove water and then conditioned to N2O5, 
the reaction

N03 +  N02 —  N02 +  NO +  0 , (3)
competes with reaction 2 to destroy N2O5. Under these 
conditions the half-life is known to be about 6  hr.1-4

In the study of the photolysis of NO2 in the presence of 
HNO3, Jaffe and Ford5 state that a rate constant on the 
order of magnitude of 1 0 - 1 8  cm3 molecule- 1  sec- 1  for the 
reaction

N A  +  H20  — '► 2HN03 (4)

is necessary to explain their experimental data. This value 
has been frequently quoted in the literature as a gas-phase 
rate constant. In the same study these authors derive a 
rate constant of the order of magnitude 1 0 - 1 1  cm3 mole­
cule- 1  sec- 1  for the reaction

0  +  HNO3 — *- OH +  N03 (5)
However, a more recent study6 has shown k s < 2 x 10- 1 4  

cm3 molecule- 1  sec-1 . Thus the mechanism assumed by 
Jaffe and Ford appears to be erroneous. Another estimate

of the rate constant for reaction 4 has been made in this 
laboratory7 from data8 on the photochemical oxidation of 
propylene in the presence of oxides of nitrogen at 50% rel­
ative humidity. To explain the observed NO2 and 0 3 pro­
files, a value of k4 was needed that is several orders of 
magnitude smaller than that suggested by Jaffe and Ford. 
If k* = 10- 1 8  was used in the kinetic analysis, the predict­
ed removal rate of N 0 2 was much faster than the experi­
mental results and the predicted 0 3 level too low. Thus a 
more reliable study of the kinetics and mechanism of 
reaction 4 is required for the assessment of the role of 
N2O5 in smog formation. In the present paper, we have 
investigated the kinetic behavior of N2O5 in the presence 
of H20  using long-path infrared spectroscopy.

Experimental Section
The reaction vessel was a Pyrex cylinder 12-in. i.d. and 

36 in. in length. Water and N2O5 were measured in situ 
with a Perkin-Elmer 421 infrared spectrometer equipped 
with a 40-m path length cell. The optical system consist­
ing of mirrors, mirror mountings, and optical bench was 
placed inside the Pyrex reactor. All metal parts except the 
mirror surfaces were coated with Teflon. Plexiglas flanges 
were used to couple the Pyrex cylinder to the infrared in­
strument. This apparatus was originally designed to mini­
mize the wall decomposition of ozone. The lifetime of 
ozone at the 1 ppm level was typically 10 hr. Between ex­
periments the reactor was evacuated to below 0.1 Torr 
with a mechanical pump. The leak rate under vacuum

1929



1930 E. D. Morris, Jr., and H. Niki

Figure 1. Exponential decay ot N20 5 at various water concen­
trations: curve A. “dry:' curve B, 3.2 X 1016; curve C. 6.1 X 
1016; curve D, 12.4 X 1016: curve E, 17.5 X 1016 molecules/ 
cm3.

was 10 Torr in 24 hr. After the cell was allowed to stand 
idle overnight, the next experiment consistently gave a 
faster decay of N2O5 than subsequent runs. Therefore, the 
standard procedure was adopted of treating the cell with 6 
ppm of N2O5 prior to experiments to recondition the walls 
to a reproducible state.

N2O5 was generated either directly in the reaction cell, 
or by an independent preparation, stored in a cold trap. 
To generate N2O5 in the cell. 12 ppm of NO2 was added 
to the cell containing 25 ppm of O3 from ozonized oxygen. 
This produced a mixture of 6 ppm of N2O5 and residual 
O3. At this initial concentration of O3, NO2 has a half-life 
of 10 sec and is virtually all converted to N2O5 within 1-  
2 min. Pure N2O5 was prepared according to the method 
of Schott and Davidson.9 In this method NO2 is added to 
a stream of dried oxygen which has been passed through a 
silent discharge ozonizer. The flow of NO2 is reduced until 
the brown color is no longer visible downstream of the 
mixing point. When the proper flows are established, 
N2O5 can be collected in a trap at Dry Ice temperature. 
The N2O5 was introduced by flowing helium as a carrier 
gas through the trap and into the reaction chamber. This 
flow was continued until ir absorption indicated approxi­
mately 6 ppm of N2O5. This initial concentration was re­
quired to monitor the decay over an order of magnitude 
with adequate detection sensitivity. Thus this initial con­
centration was used in most experiments.

The concentration of N2O5 was measured by following 
the infrared absorption at 1245 cm-1 . At the end of each 
experiment, excess NO was added to convert any remain­
ing N2O5 to NO2. This method was used to determine the 
baseline accurately. Several water peaks in the region 
1560-1500 cm-1 were calibrated both by filling the cell 
with room air of known humidity and also by adding mea­
sured amounts of water-saturated air to the cell. In actual 
experiments, once calibrations were made, water was in­
troduced by flowing compressed air through a bubbler 
into the cell. The ir absorption at several wavelengths was

Figure 2. Increase in 4N03 as N20 5 decays in the dry system: 
(a) background, (b) initial scan, (c) after 10 rrin, (d) after 20 
min.

then used to determine the water concentration. As mea­
sured by this method, the “ dry” system contained less 
than 0.5 X 1016 molecules/cm3 of water. Experiments 
were preformed at a total pressure of 650 Torr with argon 
as a diluent. Independent experiments have shown that 
even at this pressure there is constant mixing within the 
cell. Gas introduced at one end of the reactor reached the 
opposite end in 1-2 min.

Results
When 6 ppm of N2O5 in dry argon was placed in the 

Pyrex reaction cell, it decayed with a half-life of 20-30 
min. From the reported unimolecular dissociation rate, a 
half-life on the order of 6 hr was expected. A plot of In 
[N2O5] vs. time appears nearly linear (curve A, Figure 1). 
However, closer examination of several such plots reveals 
a consistent deviation from linearity. If a straight line is 
drawn through the data, a first-order decay constant be­
tween 0.035 and 0.050 min-1 is obtained with either pure 
N2O5 or excess 0 3 plus N0 2. The decay rate of N2O5 with 
an initial concentration of 6 ppm reproducibly fell be­
tween these limits for all experiments without added 
water. During the decay of N2O5, the infrared absorption 
due to HN0 3 was observed to increase.10 Figure 2 shows the 
growth of the HN0 3 peak as N20 5 decreases. This nitric 
acid will disappear from the gas phase if allowed to stand 
in the reactor overnight. To determine whether concentra­
tion affected the rate of decay, 50 ppm of N2O5 was 
added to the cell. Since this amount of N2O5 reduces the 
infrared intensity to nearly zero, decay measurements had 
to be delayed until N2O5 was reduced to about 10 ppm. 
Under these conditions, a decay rate of 0.013 min-1 was 
observed.

The effect of added water on the N2O5 decay was deter­
mined for concentrations up to 18 X 1016 molecules/cm3 
(20% relative humidity). Higher concentrations of water 
would give decay rates too rapid to measure accurately. In 
the first set of experiments, 25 ppm of 0 3 (ozonized oxy­
gen), the desired amount of water, and diluent argon were 
added to the cell to a total pressure of 200 Torr. The 
water concentration was then measured by ir absorption

The Journal of Physical Chemistry. Voi. 77, No. 16. 1973
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at the calibrated wavelengths. The spectrometer was set 
at 1245 cm-1 to monitor N2O5 and 12 ppm of NO2 plus 
argon was added to a pressure of 650 Torr. N2O5 rapidly 
reached a maximum, and after 1-2 min began to decay 
exponentially. The plots of In [N2O5] against reaction 
time exhibited good linear behavior over a decade (Figure 
1). The plot of d In [N20s]/d i against [H2O] (Figure 3, 
curve A) gives a straight line with an intercept corre­
sponding to the rate measured in the dry system. If the 
rate of the “ background” decay is assumed to remain con­
stant when water is added, the slope of this line then cor­
responds to a second-order rate constant of 1.3 x 10-20 
cm3 molecule-1 sec-1 .

The effect of water was also studied with pure N2O5 
which had been previously prepared and stored in a cold 
trap. Water was added and measured by the procedure 
mentioned above. N2O5 was introcuced in a helium car­
rier to give 6-8 ppm. Argon was used to bring the total 
pressure to 650 Torr. The decay of N2O5 was again found 
to be exponential. The plot of d In [I^Osj/dt vs. [H2O] 
(Figure 3, curve B) gives a second-order rate constant of
1.3 x 10-20 cm3 molecule-1 sec-1 identical with that 
measured with excess O3 present. In addition, experi­
ments were performed at a total pressure of 200 Torr. The 
results were indistinguisable from those at 650 Torr.

To determine whether the walls had an effect on the 
N2O5 decay, the Pyrex cylinder was lined with a sleeve of 
%6-in. aluminum. This sleeve represents about 50% of the 
cell surface area. The remainder consists of the Plexiglas 
end flanges, gold-plated mirrors, and the Teflon-coated 
optical bench. The aluminum was conditioned by expos­
ing it to ozone a number of times. Ozone then showed 
good stability in the aluminum-lined cell. When 6 ppm of 
N2O5 was first introduced, its decay was much faster than 
in the Pyrex system. Higher concentrations of N2O5 were 
added to treat the surfaces. Returning to the standard 
condition of 6 ppm of N2O5 in dry argon, the decay was 
much slower and in succeeding experiments the lifetime 
of N2O5 continued to increase. When the decay rate set­
tled down between 0.060 and 0.070 min-1 , a water depen­
dence experiment was carried out with pure N2O5. A plot 
of d In [^ O s j/d t  vs. [H2O] gives a rate constant of ap­
proximately 2 X 10-20 cm3 molecule-1 sec-1 . In another 
set of experiments, a Teflon (TFE) sheet was used to 
cover the Pyrex surface. The decay of N2O5 in dry argon 
was then the same as in the Pyrex system. Adding water 
gave a rate constant of 1.5-2.0 x 10-20 cm3 molecule-1 
sec-1 . The data obtained using aluminum or Teflon 
sleeves show much more scatter than in the glass system, 
most likely because of the brief conditioning periods used. 
Thus an extensive effort was not expended to try to obtain 
a precise rate constant with these wall materials. The 
data are good enough to show there is not a major change 
when aluminum or Teflon are used.
Discussion

The observed decay of N2O5 in a dry system is much 
faster than expected solely from the unimolecular decay 
mechanism. Since the formation of HNO3 was observed, 
reaction of N2O5 must be occurring with water adsorbed 
on the walls of the reactor. The heterogenous nature of 
this reaction is consistent with the fact that (1) the decay 
rate depends on the initial N2O* concentration, (2) curva­
ture is observed in the In [N2O5] vs. time plots, and (3) 
the rate is sensitive to the wall conditioning. From previ-

Figure 3. Rate of N20 5 decay as a function of H20: curve A, 
NO2 +  excess O3 ; curve B, pure N20 5.

ous investigations of N2O5 decay, it appears that a thor­
ough procedure of baking and high vacuum is required to 
minimize wall effects. Since the reactor used here was not 
subjected to such treatment, the observed short lifetime is 
understandable. The purpose of the present study is to in­
vestigate the effect of gas-phase water on N2O5; thus the 
walls of the reactor are going to contain adsorbed water. 
The exact numerical rate obtained for this wall effect is 
probably unique to the specific geometry and surface to 
volume ratio used here. However, a similar effect can be 
expected in most photochemical smog reactors.

A number of experimental observations suggest that the 
increased decay with added water is due to a gas-phase 
reaction. The decay of N2O5 is exponential and shows 
first-order dependence on gas-phase water concentration. 
If the reaction is heterogenous, the amount of adsorbed 
water must be directly proportional to the gas-phase 
water concentration. Experiments with either pure N2O5 
or NO2 in excess O3 give an apparent bimolecular rate 
constant of 1.3 x 10-20 cm3 molecule-1 sec-1 . The 
change in wall materials from Pyrex to aluminum to Tef­
lon had only a small effect on this rate constant. It is very 
unlikely that the relationship between adsorbed and gas- 
phase water would be the same for the three different wall 
materials. Changing the total pressure from 650 to 200 
Torr had no effect. It would be difficult to explain these 
observations in terms of a heterogenous reaction, although 
the possibility cannot be ruled out entirely. In any case, 
the present results clearly show the rate constant for the 
gas-phase reaction N2C5 + H2O to be equal to or less 
than 1.3 X 10-20 cm3 molecule-1 sec-1 at 25°. This value 
is two orders of magnitude smaller than the estimate of 
Jaffe and Ford. Thus Niki, Daby, and Weinstock7 were 
justified in using a smaller rate for k 4 in their smog mech­
anism. A number of other atmospheric models11 have also 
incorporated the reaction of N2O5 with water. Some of 
these authors used Jaffe and Ford’s estimate of while 
others used a value to suit their data. All these models 
should be reevaluated in light of the present work. It has 
been shown that the reaction of N2O5 with water most 
likely occurs by both heterogenous and gas-phase mecha-

The Journal of Physical Chemistry. Vol. 77. No. 16. 1973
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nisms. In the atmosphere, the reaction of N2O5 to form 
HNO3 would be expected to be affected both by humidity 
and by reaction on particulate matter.
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Ozone was photolyzed with 2537-A radiation in the presence of excess 0 2 and H2 at 225, 250, and 298°K. 
The quantum yield of O3 disappearance, —$ ¡03!, was measured. The 0 (4D) atom produced in the pho­
tolysis reacted with H2 to initiate the chain decomposition of O3 oy H 02 radicals: H 02 + O3 —1- HO + 
202 (2). The chains were terminated by the reaction 2H02 —*• H20 2 + 0 2 (18). The detailed reaction 
mechanism is given and leads to the simple rate law — <i>jO31 — 1 = fe2[03]/(feis/a)a 2, where Ia is the ab­
sorbed intensity. From plots of — i ’ lOsl — 1 vs. [O3] / /a1/2, &2/fei812 was found to be 1.9 x  10“ 8 exp(-2000/ 
RT) cm3/2/sec1/2. If fei8 is taken tobe 3.0 X  10“ 12 cm3/sec, independent of temperature, then k2 = 3.3 X  
10_ 14 exp( —2000/RT) cm3/sec, where/? = 1.987 cal/mol°K.

Introduction
For a long time it has been known1-2 that the photode­

composition of O3 with radiation between 2100 and 2800 A 
in the presence of H20  leads to a long chain decomposi­
tion of O3. Norrish and his coworkers3“5 suggested that 
the chain decompositicn could proceed via the reactions

HO + 0 3 —^ H 0 2 + 0 2 (1)
HOz + 0 3 — ► HO + 2 0 2 (2)

For a time it was believed that this sequence was an im­
portant mechanism for O3 destruction in the stratosphere.

De More6 raised objections to reactions 1 and 2, based 
on a comparison with Kaufman’s results.7 De More pro­
posed that the chain steps were

HO* + 0 3 — ► H + 2 0 2 (3)

H + 0 3 — HO* + 0 2 (4)
where HO* is vibratienally excited HO. Support for this 
hypothesis was obtained from the liquid-phase photolysis 
of O3 at —186°. In that system, the addition of 0 2 sup­
pressed the chain indicating that 0 2 scavenged the H 
atoms and that H 02 did not react with O3, at least at low 
temperatures in the liquid phase. The failure of the Nor­
rish mechanism appeared confirmed with the flash-pho­

tolysis results of Langley and McGrath8 who reported that 
low-lying levels of HO (v = 0,1) did not react with O3,
i.e., fci < 10“ 16 cm3/sec. Furthermore. Potter, et al.,9 
found that HO* (v = 9) reacted readily with O3, thus sub­
stantiating reaction 3. The reaction scheme of De More 
was adopted by Lissi and Heicklen10 in their studies of 
the photolysis of wet ozone, even though this scheme re­
quired that H20  be extremely inefficient in quenching 
HO*. Also the Norrish mechanism has been discarded in 
recent aeronomical models of the stratosphere.11

Recently, however, evidence has appeared which indi­
cates that reaction 1 may be important. Coltharp, et al.,12 
have now measured the reactivity of HO* with O3 for each 
vibrational level between 2 and 9, and find rate coeffi­
cients varying from 2 X  10“ 12 cm3/sec for v = 2 to 8 x 
10“ 12 cm3/sec for v = 9. Extrapolation of their data 
suggests that for v = 0, the rate coefficient will be orders 
of magnitude greater than 10“ 16 cm3/sec. Also, Kaufman 
and Anderson13 have preliminary results indicating that 
fci ~  6 x 10“ 14 cm3/sec.

It appears that the report of Langley and McGrath8 
may be incorrect. If so, the conclusion of De More6 may 
also be in error, and the Norrish mechanism may be oper­
ative. The only measurement for k2 was done at —186° in 
the liquid phase.6 Perhaps at higher temperatures in the
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gas phase reaction 2 can be important. In view of the im­
portance of reaction 2 in regard to the possible destruction 
of O3 in the stratosphere by H20  emitted from the super­
sonic transport, we have measured the rate coefficient for 
reaction 2 at stratospheric temperatures, and those results 
are reported here.

After our work was completed, a new report by De 
More14 came to our attention (not published at the time 
of this writing). He has measured k1 at 300°K and obtains 
a value of 8 x 10-14 cm3/sec in reasonable agreement 
with the values suggested by the other recent work.1213 
He also obtained an approximate value of ~ 3  x 10 15 
cm3/sec for k.2 at 300°K.

In our work HO2 radicals were produced from the pho­
tolysis of O3 at 2537 A in the presence of excess H2 and
O2. The 0 (4D) atoms produced from the photolysis of O3 
react with H2 to produce HO radicals and H atoms. The 
HO radicals react with H2 to give H20  and more H 
atoms. All the H atoms then add to O2 to produce HO2 
radicals. The quantum yield of O3 removal, -<i>j03j, is 
measured; from this measurement, the importance of 
reaction 2 is determined.

Experimental Section
The experiments were performed in a conventional Hg- 

free high-vacuum glass line equipped with Teflon stop­
cocks with Viton O rings. The cylindrical quartz reaction 
cell was 10 cm long and 5 cm in diameter. The cell was 
enclosed in an insulated box through which cold N2 could 
be circulated for low-temperature measurements.

The radiation was from a Phillips 93109E low-pressure 
Hg resonance lamp. Before entering the reaction cell, the 
radiation was passed through a cell with chlorine vapor to 
remove radiation above 3000 A and a Corning CS 9-54 fil­
ter to remove radiation below 2200 A. Thus, the effective 
radiation entering the reaction cell was at 2537 A.

Ozone pressures were measured spectrophotometrically, 
and could be monitored continuously. It was established 
that Beer’s law was obeyed at all temperatures. The ab­
sorption cross sections measured were 1.04 X  10“ 17 and
0.98 x 10“ 17 cm2 respectively at 298 and 225°K in good 
agreement with the accepted value15 of 1.12 X 10~17 cm2 
at 298°K. Quantum yields of O3 decay were obtained from 
the initial rate of O3 removal. The actinometry employed 
was from the low-pressure photolysis of O3, for which 
-4>(03| = 5.0.10

The O3 was prepared from a tesla coil discharge of O2. 
It was distilled at -186° before use. Prepurified Grade H2 
and Extra Dry Grade 0 2 from '.he Matheson Co. were 
used after passage through a trap at -196°.

Results
The results of the photolysis of O3 in the presence of H2 

and 0 2 at 225, 250, and 298°K are shown in Table I. Most 
of the experiments were performed at H2 pressures of 614 
Torr and 0 2 pressures of 86 Torr. The O3 pressure was 
varied from 48 to 266 mTorr, almost a factor of 6. The ab­
sorbed intensity. /a, was varied from 0.065 to 54 mTorr/ 
min, a factor of 830. The quantum yield of O3 disappear­
ance. — 4>|03l, rises from a lower limiting value of one as 
the O3 pressure is raised or / a is reduced. In fact, the table 
indicates that — 4>¡O3! can be correlated with the parame­
ter [Osl/Za1 2.

In one series of runs at 298°K, the 0 2 pressure was var­
ied from 5.8 to 86 Torr. a factor of 15. Except for the ex-

T A B L E  I: P h o to ly s is  o f O3  a t 2 5 3 7  Ä  in th e  P r e s e n c e  

o f E x c e s s  H 2 a n d  0 2 a

, 57*1 a
(mTorr 
m in )1 /2

[0 3],
mTorr

â-
m Torr/

min -4 > !0 3|

T =  225°K

130 66 0.26 2.7
189 134 0.50 3.6
540 145 0.070 6.8
600 150 0.065 6.0
600 150 0.065 7.0

T =  250°K

93 86 0.87 2.9
150 94 0.39 3.9
159 120 0.57 3.7
166 133 0.64 3.3
194 137 0.50 4.0
204 140 0.48 5.3
470 165 0.120 8.7
540 200 0.135 9.3
600 208 0.120 10.5

T =  298°K

14 57 16.0 1.2
20 100 25 .7 1.8
31 254 54.0 2.2
52 48 0.83 2.7
53 63 1.39 2.7
54 63 1.39 2.6
68 70 1.04 2.2
73 100 1.88 3.2
73 100 1.88 3.3
76 123 2.60 3.2
99 115 1.38 6 A b
99 115 1.38 4 .4 C
99 115 1.38 4 .2 d
99 115 1.38 4.2

108 115 1.13 4 .4 e
108 115 1.13 5.7 r
120 205 2.90 6.4
148 109 0.55 6.5
158 209 1.76 6.4
188 266 1.99 7.0
345 97 0.079 8.5
358 107 0.090 10.6
359 95 0.070 10.0
530 210 0.156 16.0
615 246 0.160 16.0
700 254 0.130 20.0

“ Except where indicated [H2] =  614 Torr. [0 2] =  86 Torr. 6 (H2] =
694 Torr. [0 2] =  5.8 Torr. r [H2] =  680 Torr. [0 2] =  19 Torr. d [H2j =
661 Torr. |0 2) =  39 Torr. « [H2] =  314 Torr. [0 2J = 86 Torr. '  |H 2] =
125 Torr, [0 2] = 85 Torr.

periment at 5.8 Torr of O2, there is no effect of O2 pres­
sure on — 4»¡03!. Even with 5.8 Torr, — 4> IO3i has only 
risen from 4.2 to 6.4. If the 0 2 is omitted altogether, the 
O3 consumption is almost instantaneous at first, but slows 
down as the O2 produced in the reaction accumulates in 
the system.

In another series of runs at 298°K, the H2 pressure was 
reduced. A reduction from 614 to 314 Torr did not change
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Figure 1. Plots of - $ ¡ 03! -  1 vs. [0 3] / / a1/2 in the photolysis of 
O3 at 2537 A in the presence of excess H2 and O2 at various 
temperatures.

— ! 0 3}, but when the H2 pressure was reduced to 125 
Torr, — <t>¡03} rose from 4.2 to 5.7.

Discussion
The results can be understood in terms of a chain 

mechanism initiated by the photolysis of 0 3. The photoly­
sis of O3 at 2537 A is known to give CM1 A) and 0 (1D) all 
the time10

0 3 + hv — >- O / A )  + 0 ( ‘D) (5)

The 02(1A) fragment might react, in principle, with any 
of the gases

0 2( 'A ) + 0 3 ^  2 0 2 + 0 ( 3P) (6)

0 2(*A) + 0 2 — >- 2 0 2 (7)

0 2( 'A ) + H2 — *■ products (8)
The rate constant for reaction 6 is1017 5 X  10" 11 exp- 
( — 5650/7^) cm3/sec. For reaction 7, 67 = 2 x 10" 18 cm3/ 
sec at room temperature,18’1» and can be no faster at lower 
temperatures. Apparently reaction 8 is so slow that its rate 
coefficient has never been measured. Thus reaction 8 can 
be ignored, but both reactions 6 and 7 can play a role in 
our system.

The 0 (3P) atom produced in reaction 6 might also react 
with any of the gases

0 (3P) + 0 3 — *• 2 0 2 (9)

0 (3P) + 0 2 + M — ► 0 3 + M (10)

0 (3P) + H2 ——► HO + H (11)
For the above reactions kg = 1.3 X  10" 11 exp(-4400/i?7T) 
cm3/sec,20-21 kio = 6.6 X  10" 35 exp(1014/AT) cm3/sec22 
for Ar as a chaperone, and An = 2.9 x 10" 11 exp(-9450/ 
RT) cm3/sec.23 Consequently for all of our experiments, 
reactions 9 and 11 are unimportant.

The 0 (1D) atom produced in the primary photolytic act 
could also react with all the gases

0 (lD) + 0 3 — * 2 0 2 (12)

O ('D ) + 0 2 — ► 0 (3P) + 0 2 (13)

0 ( ‘D) + H2 — ► HO + H (14)

TABLE II: Values of k2/k i8 1/2 as a Function of Temperature

T,
°K

* 2 /k 181/2, 
(mTorr min) 1/2

1010k2/k i8 w2, 
cm 3/2/s e c 112 a

298 0.0277 6.4
250 0.0164 3.4

225 0.0108 2.1

a k2/ k 1B' /2 =  1.9 X 1 0 "8 exp( —2000/R7) cm3/2/s e c 1/2, with R =
1.987 ca l/m o l °K.

For these reactions, the relative reactivities are10-24-26 
A 1 2 / A 1 3 / A 14  = 10/1/10. Thus in all of our experiments, 
reactions 12 and 13 can be neglected.

The HO radical produced in reaction 14 might react 
with either 0 3 or H2

HO + 0 3 — > H 0 2 + 0 2 (1)

HO + H2 — +■ H20  + H (15)
The rate coefficients for the reactions are k\ ~  10" 13 
cm3/sec at 298°K,12~14 and A15 = 3.7 X  10" 11 exp( —5150/ 
RT) cm3/sec.23 Thus, for all of our experiments, with the 
possible exception of that with 125 Torr of H2, reaction 1 
is unimportant. Of course, the HO radicals produced in 
reaction 14 could be excited to the fourth vibrational 
level, in which case Ai could be as large as 2.8 x 10"12 
cm3/sec.12 However, it would be expected that k15 would 
be enhanced even more than k1 by vibrational excitation 
of HO, so that reaction 1 would still be of no consequence.

It is of interest to note that even if the rate coefficients 
were in error and that reaction 1 dominated reaction 15, 
rather than vice vena, the results would not be much af­
fected. If HO radica.s produced in reaction 14 reacted by 
reaction 1 rather than reaction 15, — 4>|03j would only be 
greater by one. For HO radicals produced in the chain 
steps, i.e., reactions 2 and 4, — <h|03j would only double if 
reaction 1 dominated over reaction 15.

The H atoms produced in reactions 14 and 15 might 
react with either O3 or O2

H + 0 3 — ► HO* + O, (4)

H + G2 + M — ► H 0 2 + M (16)
The rate coefficients at 298°K are A4 = 2.6 x 10" 11 cm3/ 
sec,27 and Ai6 = 1.6 X  10" 12 cm6/sec for Ar as a chap­
erone.28 Thus, reaction 16 is completely dominant over 
reaction 4 for all the experiments except the one with only
5.8 Torr of O2. For this experiment, reaction 4 plays a 
measurable role, and —<i>IO3! is enhanced. At tempera­
tures below 298°K. A 4 can only be smaller and A16 larger; 
reaction 4 can be ignored.

The HO2 radical produced in reaction 16 might react 
with either 0 3 or H2

H 0 2 + 0 3 — ► HO + 2 0 2 (2)

h o 2 + H2 — H20 2 + H (17)
and both of these reactions must be considered.

The hydrogen-bearing radicals, H, HO, and HO2, are 
regenerated in chain steps from each other and lead to the 
chain decomposition of O3. In order to terminate the 
chain, one or more of these radicals must be destroyed in 
radical-radical reactions. Experimentally it is easy to de­
cide which radicals are involved, because the chain-carry­
ing step is with a different reactant gas for each radical.
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Thus, the chain-propagating step for H is reaction with 
O2; for HO, reaction with H2; and for HO2, reaction with 
O3 (reaction of HO2 with H2 does not lead to O3 destruc­
tion). Consequently, the fact that increasing the 0 2 or H2 
pressures does not increase - $ ¡ 03! means that neither H 
nor HO can be involved in chain-terminating reactions. 
The only chain-terminating step is

2 H 0 2 — * H20 2 + 0 2 (18)
The complete reaction scheme needed to explain the re­

sults consists of reactions 2, 5-7, 10, and 14-18. This 
mechanism leads to the very simple rate law

- $ ( 0 3| -  1 = k2[ 0 3] l ( klsIJ 112
Plots of -<t>|03i -  1 vs. [OsJ/fa1' 2 are shown at each tem­
perature in Figure 1. The plots are linear and pass 
through the origin. The fact that the plots pass through 
the origin is experimental verification that the HO radi­
cals produced in reaction 14 do not react with O3 to any 
appreciable extent, for if they did, the intercept would be 
positive.

The slopes of the plots in Figure 1 give fe2/feis1/2 and 
they are listed in Table II. The value at 298°K of 6.4 X 
10” 10 cm3/2/sec1 2 agrees well with the approximate value 
of 9 X  10” 10 cm3/2/sec1/2 found by De More.14 The Ar­
rhenius plot for &2/&i81/2 is shown in Figure 2. The plot is 
linear and yields an Arrhenius expression &2/fti81/2 = 1.9 
x 10” 8 exp(—2000/RT) cm3/2/sec1/2. We estimate the un­
certainty in this expression to be about 25% in the preex­
ponential factor and 10% in the activation energy.

The rate coefficient for reaction 18 has been measured 
at 298°K to be 3.0 x 10” 12, 3.6 x 10“ 12, and 1.0 x 10” 11 
cm3/sec respectively by Foner and Hudson,29 Paukert and 
Johnston,30 and Hochanadel, et al.31 If we accept the 
value of 3.0 X  10” 12 cm3/sec, then fc2 becomes 1.1 X

10” 15 cm3/sec at 298°K. Since reaction 18 is a radical- 
radical reaction, it must have little or no activation ener­
gy. If kis is 3.0 x 10” 12 em3/sec, independent of tempera­
ture, then fe2 = 3.3 X 10 14 exp( — 2000/.RT) cm3/sec, with 
R = 1.987 cal/mol °K. This low preexponential factor is 
expected since two bonds are broken simultaneously in 
reaction 2.
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Photochemistry of Cyclohexanone. II. Second and Third Singlet Excited States1

Robert G. Shortridge, Jr.,2 and Edward K. C. Lee*

Department of Chemistry. University of California. Irvine. California 92664 (Received January 15. 1972)

The results of the vacuum ultraviolet photolyses (174.5 and 193.1 nm) of cyclohexanone involving the 
*(<rCC* n) and 1(rrco* n) transitions are reported. Substantial product yields of C2H4, C3H6, and 
C-C3H6 produced at low pressures are indicative of new photodecomposition channels which become 
available at high energies, because these C2 and C3 products had r.ot been observed previously (or in in­
significant amounts if observed) in photolyses at Xex =ï253.7 nm where the '(V* <— n) transition is in­
volved. For the mixture of 1.0 Torr of cyclohexanone and 1.8 Torr of 0 2, the observed C2, C3, and C5 hy- 
drocaroon product ratios are 1.0:0.3:1.0 at Xex 174.5 nm whereas they are 0.4:0.1:1.0 at Xex 193.1 nm. 
A mechanism involving trimethylene and acyltrimethylene biradicals as well as acylpentamethylene 
biradicals (via «-cleavage) is invoked in order to explain the observed product distribution from the short 
wavelength photodecomposition. Furthermore, in the photolysis of cyclohexanone-2-t an excessive 
amount of C2H.j is produced indicating possible importance of the /J-cleavage process by which the tri­
tium-labeled biradical CH2CH2-C (= 0 )-C H T  or CH2-C H T -C (= 0 )-C H 2 (presumably “ singlet” species) 
competes for ring closure and pressure stabilization vs. its unimolecular decomposition. The primary dis-
sociating precursors are postulated to be the 
temal conversion of the S3 and S2 states.

Introduction
The gas-phase photochemistry of cyclohexanone excited 

in its 7r* * n absorption region has been studied by nu­
merous research groups in the past 40 years,3 8 and it has 
been reviewed extensively,9 Two main photoproducts 
formed in the (nir*) state photochemistry of cyclohexa­
none are (1) decarbonylation to give 1-pentene or cyclo- 
pentane plus CO and (2) photoisomerization to 5-hexenal 
involving an intramolecular H atom migration

CH(S,-) —  or +  C0 d)

CH(Si') —► —► 5-hexenal (2)
For cyclohexanone, three other high-energy absorption 

bands corresponding to the 000* n, acc* n, and ** 
-> w electronic transitions are known.10 A study of photol­
ysis in its fourth excited singlet state (it* ■*— ir), involving 
short vacuum uv excitation Xex < 147.0 nm, has been re­
ported recently.11 While the above study was in progress, 
we initiated a study of the photochemical kinetics of 
cyclohexanone excited to its second and third excited 
states, aco* " n at Xex 195 nm and ace* n at Xex 175 
nm. The present paper deals with this long vacuum uv 
photolysis of cyclohexanone in the gas phase, with the 
hope of determining the primary photoproduct distribu­
tions and the changes in the primary physical processes 
effected by the high photoexcitation energy. In analogy 
with the long vacuum uv photolysis studies12 13 of cyclo- 
butanone, we expected to observe higher decomposition/ 
stabilization (D/S) ratios and to observe new photode­
composition channels.

Experimental Section
Chemicals. Cyclohexanone (Baker and Adamson) was 

used after drying with Drierite (CaSC>4) under vacuum, 
and gas chromatographic analysis showed no detectable 
impurity. Approximately 1 ml of this cyclohexanone was

vibrationally hot S0* and Si* states produced via rapid in-

tritium labeled at the a position, as described else­
where.14 The specific activity of this sample was deter­
mined to be ~ 2  Ci/mol. The propylene and one of the 
samples of propane used in this study were of Phillips Pe­
troleum’s Research Grade. The second sample of propane 
was of Instrumental Grade from Matheson (99% + pu­
rity). Dry oxygen of 99.5% purity (USP Grade) from the 
National Compressed Gas Co. and Air Products was used. 
Dry, oil-free helium, Hi-Pure nitrogen (99.96% + by vol­
ume) from Liquid Carbonic, and ultrahigh (99.97%) pu­
rity methane (Matheson) were also used in this study.

Vacuum and Photochemical Apparatus. Most of the 
samples were handled on the grease-free and mercury-free 
combination glass and metal vacuum line which was de­
scribed previously.15 Additionally, a new vacuum line was 
used to fill samples requiring very low pressures of ketone 
and radical scavengers. It employed 4-mm in-line glass 
Teflon valves (Fisher and Porter) in order to minimize the 
absorption of the ketones. Pressures could be accurately 
measured using a capacitance manometer (MKS Baratron 
Type 77 electronic pressure meter with 77H-30 pressure 
head). A 82.9-ml cell with two Supracil quartz windows (2 
in. o.d.) and a Teflon needle valve (4 mm, Fischer and 
Porter), and a 479-ml cell with two Suprasil windows and 
a Teflon valve were used.

The absorption spectra of the Mono* n) and Race* 
n) electronic transitions of cyclohexanone, which were 

obtained by Udvarhazi and El-Sayed,10a indicate that the 
carbon resonance line (193.1 nm) should efficiently cause 
excitation to the 1(aco* n) state, while the nitrogen
resonance lines (174.5 and 174.3 nm) should effect excita­
tion to the 1(ffcc* * n) state. Accordingly carbon and ni­
trogen resonance flow lamps were constructed similar to 
those described by Davis and Braun.16 The desired radia­
tion was produced by allowing the mixtures of either 1% 
CH4 or 1% N2 in helium to flow continuously through a 
lamp that was positioned in the waveguide of a Raytheon 
microwave power generator (Model PGM-10, 85 W of con-
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tinuous wave power output at 2450 MHz with a UG 
435A/U waveguide flange accessory).

A 0.3-m McPherson vacuum ultraviolet monochromator 
was used to check the spectral purity of the carbon and 
nitrogen atom resonance lamps at the 200-nm region. The 
spectral purity of the longer wavelength region was also 
checked, and revealed some impurity radiation in the 
220-300-nm region with both lamps.

The intensities of both lamps are rated in the 1015 
photon/sec region.16 In the operation of the carbon reso­
nance lamp, the photolysis cell was typically placed about 
7 cm from the Suprasil window of the lamp with a convex 
silica lens of 100-mm focal length placed in the light path 
immediately in front of the cell window. This arrange­
ment effectively filtered out the 165.7-nm resonance line 
and passed only the 193.1-nm line. However, no such 
spacing was maintained during the operation of the nitro­
gen resonance lamp, inasmuch as the 174.5-nm resonance 
line is the only radiation produced between the Suprasil 
cutoff (~  165 nm) and the X <200-nm region, and the oxy­
gen in the atmosphere absorbs quite strongly in the 175- 
nm region. Therefore, the photolysis cell was always 
placed flush against the window of the nitrogen resonance 
lamp. All photolysis runs were made at 23°.

A carbonaceous deposit was found to build up on the 
window of the carbon resonance lamp during operation. 
This progressively reduced the transmitted intensity of 
the resonance radiation and imposed the requirement that 
the lamp be cleaned after each run, or after each 20 to 30 
min of operation during a prolonged irradiation. The re­
moval of the carbonaceous deposit was accomplished by 
flowing oxygen through the lamp while subjecting it to a 
microwave discharge. No such deposits were encountered 
in the operation of the nitrogen resonance lamp.

Product Analysis. The majority of the analyses of the 
volatile hydrocarbon products were made with a conven­
tional radio gas chromatographic setup.17 The radiochem­
ical yields were monitored by an internal /3 proportional 
counting apparatus, coupled to a Dyna-Print (EFCO Sys­
tems, Inc.). Macroscopic product yields were monitored 
by a thermistor detector (Microdetector Systems, Model 
1000, Carle Instruments) connected to a 1-mV Honeywell 
potentiometer recorder, equipped with a disk chart inte­
grator.

In order to greatly increase the sensitivity and accuracy 
of the macroscopic product yield data as well as the spe­
cific activity data, a hydrogen flame ionization detector 
(Perkin-Elmer Model F -ll) was employed at times. The 
actual product separations were accomplished by either of 
two dimethylsulfolane columns described previously.8 In 
addition, a 15-ft Silica Gel column was used to analyze for 
HT in a few runs.

Samples were handled in a manner similar to that de­
scribed elsewhere18 for product analysis.

Quantum Yield. It was not possible to measure the 
product quantum yields under the present experimental 
circumstances. But we believe that the sum of the quan­
tum yields of primary processes 'or parent disappearance) 
could easily be unity at low pressures employed here, 
since the product quantum yield of cyclohexanone-2-f at 
low pressures and 253.7 nm, which is at the lower energy 
than 193.1 or 174 nm, was found to be unity.

Results
In the present study, cyclohexanone was irradiated at 

both 193.1 and 174.5 nm in the presence of O2 as the long-

Figure 1. Tritium-labeled product distribution from the 193.1-nm 
photolysis et cyclohexanone-2-f vs. total pressure.

TABLE I: Ratio of Tritium-Labeled Products in the 
Propylene-Scavenged Photolysis of CHT at 193.1 nma

Total
activ­
ity ,6

Run
no.

C3H6,
Torr

103
dpm

c 2* /
C5*

C3* /
C5*

C P /
C p

C P */
PE*

531 0 185 0.081 0 .043 1.90 2.04
537 2 141 0.056 0.031 1.78 1.91
532 7 81 0.028 0.022 1.27 1.79
533 18 99 0.024 0.017 1.44 1.73
534 28 117 0.021 0 .014 1.50 1.69
535 48 129 0.018 0 .012 1.49 1.71
536 98 132 0.012 0.009 1.34 1.68
579 198 126 0.008 0 .007 1.19 1.65
578 398 102 0.007 0.008 0.91 1.64

° All runs contained 1.0 Torr of CHT and 1.0 Torr of C3H6 In a 82.9-ml 
photolysis cell. They were irradiated for 5.0 min, and the distance be­
tween the lamp and the cell windows was 3.0 cm. 6 Observed hydrocarbon 
products up to C5.

lived free-radical scavenger. It was also irradiated in the 
presence of propylene as the radical scavenger at 193.1 
nm.

The use of the high specific activity cyclohexanone-2-1 
(CHT) led to a complication in product analysis. During 
storage, /3-radiation from the tritium decay (Emax = 18.6 
keV) of this sample caused sufficient self-radiation dam­
age to result in the formation of products found similarly 
in the photolysis. Subjecting the labeled samples to sever­
al freeze-pump-thaw cycles at Dry Ice or warmer temper­
atures removed the majority of the radiation damaged 
products prior to photolysis, thus preventing them from 
interfering in the analysis of the photoproducts. This puri­
fication procedure was repeated every few days during a 
series of runs.

Propylene- and 02-Scavenged Photolysis of CHT at
193.1 nm. The results of the pressure variation series in 
which each sample contained 1.0 Torr of cyclohexanone-
2-t (CHT) and 1.0 Torr of propyelene and varying pres­
sures of propane pressurizing gas (up to 398 Torr) are 
shown in Figure 1. Similarly, the results of the 02-scav-
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TABLE II: Ratio of Tritium Labeled Products in the 02-Scavenged Photolysis of CHT at 193.1 nm“

Total activ-
Run C3H6, Torr CHT, Torr 0 2, Torr ity,* 103 dpm C2*/C 5* C3* /C 5* c2*/c3* C P */P E *

605 0 0.05 0.05 9 0.34 0.15 2.3 4.36
604 0 0.10 0.10 14 0.33 0.19 1.7 3.55
606 0 0.25 0.25 42 0.24 0.18 1.4 3.11
593 0 0.25 0.25 17 0.16 0.12 1.4 3.22
592 0 0.50 0.50 34 0.09 0.07 1.3 2.78
584 0 1.0 1.8 64 0.05 0.04 1.1 2.30
588 2.2 1.0 1.8 67 0.03 0.03 1.1 2.00
585 7.2 1.0 1.8 77 0.02 0.02 1.0 1.83
586 17.2 1.0 1.8 71 0.02 0.02 1.2 1.73
587 27.2 1.0 1.8 67 0.02 0.02 0.9 1.69
590 47 .2 1.0 1.8 62 0.01 0.01 0.9 1.65
591 97 .2 1.0 1.8 90 0.01 0.01 1.1 1.57

a All runs but no. 605, 604, and 606 (in 479-ml cell) were made with a 82.9-ml cell. All runs were Irradiated for 5 min, and the distance between the lamp 
and cell windows was 7.0 cm. A 10-cm focal length silica lens was used for collimation. * Observed hydrocarbon products up to C5.

TABLE III: Molar Product Yields (Units of 10 9 mol)“ in the 
Photolysis of Cyclohexanone at 193.1 and 174.5 nm

Run no. 662L* 664* 660* 663* 661* 665*
Pen. Torr 0.1 0.25 1.0 1.0 1.0 1.0
Po2, Torr 0.1 0.25 1.8 14 160 1.8

Xo

3.4? 2 .2 7 3 .2 6 1.9o 0.58 13.8?
c 3h 6 0.46 0.30 0.41 0.21 0 .0 6 e 1.6s
c -C 3H6 0.26 0.20 0.45 0.35 0.26 2 .0 6
1-C 5H ,o 0.46 0.42 2 .2 3 2 .9 4 2 .9 6 3 . I 5
C-C5H 10 1 .54 1 .40 5 .4 3 5 .7 , 6 .5 6 10 .08
(C 2/C 5 ) 1.73 1.24 0.42 0.22 0.06 1.05
(C 3/C 5)
(c-C 5H 10/

0.36 0.28 0.11 0.06 0.03 0.28

1-C 5H ,o) 3.33 3.36 2 .4 3 1.95 2.22 3.20
(C 2/C 3) 4.84 4.49 3 .80 3.40 1.81 3.70

* Accuracy was probably in 1the ±10 mol region. * Photolysis (5
min) at 193.1 nm in the 82.9-ml cell, ~ 7 -c m  spacing including a quartz
10-cm focal length silica lens between the lamp and photolysis cell. Run 
662L was made with a 479-ml cell. * Photolysis (2 min) at 174.5-nm in 
the 82.9-ml cell, photolysis cell placed flush against lamp window.

enged photolysis series containing 1.0 Torr of CHT, 1.8 
Torr of O2, and varying pressures of propane, as high as 98 
Torr, are shown in Figure 1. It is obvious here that labeled 
ethylene, propylene, and cyclopropane, which were pro­
duced only in trace amounts in the (rr* ■*— n) region,8 ac­
count for a significant fraction of the observed hydrocar­
bon products. However, increasing pressure quenches the 
majority of the C2 and C3 product yields.

Inasmuch as small amounts of the tritium-labeled 1- 
butene, isopentane, n-pentane, and 1,4-pentadiene, 
amounting to less than a total of ~6%, were produced 
only in the propylene-scavenged series, and not in the cor­
responding 02-scavenged series, it was concluded that 
they arise from free-radical recombination reactions at low 
pressures. Consequently, labeled cyclopentane, 1-pentene, 
cyclopropane, propylene, and ethylene were identified as 
primary photochemical products.

The total labeled product yields observed up to C5 hy­
drocarbons are tabulated in Tables I and II, together with 
the labeled product ratios C2H3T/SC5H9T (C2VC5*), 
ZCsHsT/ZCsHgT (C3*/C 5*), C2H3T/2C3H5T (C2*/C3*), 
and C-C5H9T/I-C5H9T (CP*/PE*). Because of the carbo­

naceous deposits on the window of the photolysis cell dur­
ing irradiation, it is difficult to accurately assess the rela­
tive quantum yields of the total labeled products, but 
they are nearly independent of C3H6 pressure (up to —4'DO 
Torr) as shown in Table I and in the lower half of the runs 
listed in Table II. The attenuation of 193.1-nm radiation 
due to the absorption by CHT is nearly proportional to 
the pressure of CHT as indicated by the total labeled 
product yield shown in a set of run no. 605, 604, and 606 
(or 593, 592, and 583) in Table II. The C2 and C3 product 
yields as well as cyclopentane/1-pentene ratio are decreas­
ing with the increasing pressure as expected, because C2, 
C3, and CP are produced from the vibrationally hot pre­
cursors which can be collisionally quenched or deactivated 
at high pressures.

Photolysis of Unlabeled Cyclohexanone at 193.1 nm. 
The flame ionization detector was used to analyze the 
products of a parallel 02-scavenged series in which unla­
beled cyclohexanone (CH) was photolyzed. In this series 
O2 rather than propane was used as the pressurizing gas, 
inasmuch as the propane mass peaks would have inter- 
ferred with the analysis of the mass peaks of the C2 and 
C3 photolytic products.19 The results are shown in Table 
III in the form of molar product yields, together with the 
corresponding product ratios which appeared in Tables I 
and II. In Table IV the normalized specific activities of 
the five primary products are tabulated. Duplicate runs 
were necessary to generate this data, one in which CHT 
was photolyzed and subsequently analyzed by radio gas 
chromatography, and the other in which unlabeled CH 
was photolyzed and then analyzed with the flame ioniza­
tion detector. It should be noted that the macroscopic 
ethylene yield is much larger than expected on the basis 
of a conventional a-cleavage mechanism. This interesting 
result will be considered at length in the Discussion sec­
tion.

O2-Scavenged Photolysis of Cyclohexanone-2-t at 174.5 
nm. The nitrogen resonance lamp was utilized to deter­
mine the effect on the product distribution of pumping an 
additional ~20 keal/mol of photoexcitation energy into 
the CHT and CH. As expected, somewhat higher yields of 
C2 and C3 products were observed at 174.5 nm than at
193.1 nm at each corresponding total pressure. The tri­
tium-labeled product yields and the decomposition to sta­
bilization ratios for the labeled products are of interest.
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TABLE IV: Specific Activities" of the Photoproducts from Cyclohexanone-2-f (Units of 1011 dpm mol)

Run no. (R )0 
(M )c 

Af.j(, n m 
Pc h . Torr 
Po2, T o rr" 

Pc3 H8 . T o rr"

604
662
193.1

0.1
0.1

593
664
193.1

0.25
0.25

584
660
193.1

1.0
1.8

585
663
193.1

1.0
14

7

591
661
193.1

1.0
~ 1 6 0

- 9 7

606
665
174.5

1.0
1.8

Ethylene 7.8 ±  0.3 5.4 ±  0.2 4.9 ±  0.3 4.8 ±  0.3 9.7 ±  0.6 6.9 ±  0.4
Propylene 24.2 ±  1.2 19.2 ±  0.9 18.0 ±  0.9 11.3 ±  0.9 9.0 ±  3.2 18.7 ±  0.7
Cyclopropane 18.8 ±  1.8 15.2 ±  1.3 1 6 . 1  ±  o . e 16.0 ±  0.9 16.9 ±  1.2 15.1 ±  0.2
1-Pentene 39.2 ±  1.8 43.6 ±  2.3 44.2 ±  0.7 44.6 ±  0.4 44.6 ±  1.0 42.5 ±  0.8
Cyclopentane" (41.9 ±  1.8) (41.9 ±  0.8) (41.9 ±  0.6) (41.9 ±  0.4) (41.9 ±  0.5) (41.9 ±  0.4)

“ The variation in light intensity between the duplicate runs had to be accounted for. The value of the specific activity of cyclopentane was chosen to be 
419 X 1010 dpm mol which is approximately tne value obtained in a single radio gas chromatographic analysis n which the macroscopic data (thermistor 
detector) and radiochemical data were simultaneously obtained. 6 Radiochemical data from the photolysis of CHT. c FID data from the photolysis of CH. 
"  Higher pressures of oxygen were required to achieve an approximately equivalent amount of pressure quenciing, due to the greater collision efficiency 
of C3H8 (see ref 15).

TABLE V: Tritium-Labeled Product Yields (Units of 102 dpm) in 
the 0 2 -Scavenged Photolysis of Cyclohexanone-2-f at 174.5 nm"

Run no. 
Pc HT. Torr 
Po2, Torr 

PC3H8< Torr

611
0.25
0.25
0

608
1.0
1.8
0

609
1.0
1.8
7.2

610
1.0
1.8

97.2

C2H3T 112.8 174.7 99.1 62.9
c 3h 5t 38.4 57.5 28.9 4.4
C-C3H5T 28.9 56.4 42.5 26.4
1-C5H9T(PE*) 49.7 243.1 428.3 515.6
c -C 5H9T (C P *) 192.1 767.5 1072.5 998.3
Total activity 422 1300 1671 1607
(C2*/C 5*) 0.467 0.173 0.066 0.042
(C3*/C 5*) 0.278 0 .1 13 0.04s 0.020
(C2*/C 3*) 1.68 1.53 1.39 2.04
(CP*/PE*) 3.87 3.16 2.50 1.94

“ All samples were photolyzed for 2 min In a 82.9-ml photolysis cell, 
flush against lamp window.

They are shown in Table V. It should also be noted that 
the last pair of parallel runs in Table IV were also photo­
lyzed at 174.5 nm.

The secondary photolysis of the olefinic primary prod­
ucts at 174.5 nm was undoubtedly occurring in these sam­
ples. A small yield of HT was observed when a Silica Gel 
column was employed for the analysis of one of the 174.5- 
nm runs, and was presumably a secondary photolysis 
product. Accordingly, the percentage conversion was kept 
as low as possible to minimize this complication, and it 
was kept typically much less than a few per cent. No HT 
was found in 193.1-nm photolysis.

Discussion
Pressure Effect and Energy Photopartitioning. The ob­

served increasing importance of the C2 and C3 decomposi­
tion product formation at the higher photoexcitation ener­
gy (150 kcal/mol) corresponding to the opo* n electron­
ic transition is well illustrated in Figure 2, which consists 
of a Stern Volmer type plot of two (D/S) ratios obtained 
in both the propylene- and 0 2-scavenged photolysis of 
CHT at 193.1 nm. Specifically, the labeled product yield 
ratios, (C2*/C5*) and (C3*/C S*J, plotted against the in­
verse total pressure, definitely exnibit curvature. Camp­
bell and Schlag12 have attributed such curvature to ener­

Figure 2. Stern-Volmer plot for the 193.1-nm photolysis of 
cyclohexanone-2-f. (D/S) ratios, vs. reciprocal pressure.

gy photopartitioning phenomena, in which the available 
photoexcitation energy is partitioned between the two 
fragments of a primary photolytic reaction, with each 
fragment receiving a rather wide internal energy distribu­
tion. Accordingly, the observed curvature suggests the 
probable involvement of a vibrationally hot C5H9T* inter­
mediate species (formed along with CO in a primary 
photochemical process) which is capable of either decom­
position to the C2 and C3 products or stabilization to yield 
the C5 products. The curvature could be suggestive of a 
direct pathway for the production of the C2 and C3 prod­
ucts from ring-opened CHT diradical intermediates, in 
addition to their production from the unimolecular de­
composition of the C5H9T species.

Figure 3 shows the corresponding Stern-Volmer type 
plot of the results of the 174.5-nm (^-scavenged photolysis 
of CHT. As expected, the (D/S) ratios at the same total 
pressures are higher at 174.5 nm than at 193.1 nm by a 
factor of 2-3.

Similarly, the macroscopic data obtained from the pho­
tolysis of unlabeled cyclohexanone (CH) was employed to 
construct the Stern-Volmer plot which appears in Figure 
4. The most striking feature of this plot is the extremely 
large value of the (C2/C5) ratio, particularly in the low- 
pressure region. This anomalously high macroscopic ethyl­
ene yield suggests that there exists a photodecomposition 
pathway by which ethylene is produced without the con­
comitant production of propylene or cyclopropane.
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Figure 3. Stern-Volmer plot for the 174.5-nm photolysis of 
cyclohexanone-2-f, (D/S) ratios, vs. reciprocal pressure.

Figure 4. Stern-Volmer plot for the 193.1-nm photolysis of unla­
beled cyclohexanone, (D/S) ratios, vs. reciprocal pressure.

The cyclopentane to 1-pentene (CP/PE) ratio increases 
from 1.5 to 4, with decreasing pressure as well as with in­
creasing photoexcitation energy. Similar trends were also 
observed in the 1(7r* <— n) region, where the ratio itself 
ranged from 0.3 to 0.88 Assuming that both of these C5 
products arise from the proposed pentamethylene biradi­
cal intermediate, this behavior may be rationalized at 
least qualitatively on the basis of the activation energies 
for the product-forming reactions.

Benson20 has estimated the activation energy for the 
ring-closure reaction of the C5 biradical to be ~8.3 kcal/ 
mol from the observed overall activation energy of the 
reaction

zf -  O
and further justified this value by estimating that 4-5 kcal/ 
mol were required to overcome the potential barrier for 
the free rotation of ethyl groups in linear alkanes, plus an 
additional ~3.5 kcal/mol required to overcome the steric 
strain imposed by the cis-cis conformation of the biradical 
required for the cyclization process.21 Similar reasoning 
may be employed to estimate the activation energy for 
the 1,4 hydrogen migration necessary for 1-pentene 
formation. In this case, the same potential barrier to 
rotation must be overcome. However, consideration of the 
five-membered transition state presumably involved in

the 1-pentene formation indicates that the biradical will 
have a less strained cis-gauche conformation. Hence, -.he 
activation energy should be correspondingly lower, ~ 7  
kcal/mol.

Specific Activity Distribution of the Products of \ex 
193.1-nm Photolysis. Inasmuch as the conventional a- 
cleavage mechanism cannot account for the excessive pro­
duction of the unlabeled C2H4, the uncommon ¿¡-cleavage 
process could possibly explain the observed specific activi­
ty distribution shown in Table IV. Scheme I illustrates

Scheme I

o . < J + CO (3)
(1-0) (1.0)
c=c + A Aor + CO (4)
(0.5) (05) (0.5)

O O 0
C = C 

(0) + ’A " l ,5)

(1.0) (1.0) (1.0)

c=c + c==c=o (6)
(0.5) (0.5)

4 (So*)

( 1.0 )

c=c
(0.5)

+ c=c=o
(0.5)

(7)

the relative specific activity distribution of the tritium- 
labeled products (shown in parentheses) expected of a-(or 
a'-) and /3-(or /3'-) cleavage processes, if the secondary ki­
netic isotope effect of tritium labeling is assumed to be of 
negligible importance. Decomposition mode 3 is impor­
tant in the 1(tt* ■*— n) photochemistry of cyclohexanone,3' 11 
and decomposition mode 7 is well known from the ther­
mal unimolecular decomposition study22 and the photoac­
tivation study.23 The other decomposition modes are less 
conventional and require further proof. The most signifi­
cant feature of this mechanistic scheme is that the ethyl­
ene initially produced by the fly'- (or (i'y-) cleavage via 
decomposition process 5 is expected to be unlabeled. Only 
through the secondary decomposition of the labeled birad­
ical -CH2-C (= 0 )-CHT-CH2- could ethylene be pro­
duced with a relative specific activity value of 0.5 as 
shown in decomposition process 6. Of course, a “ concert­
ed” mechanism rather than the biradical mechanism 
could explain satisfactorily the experimental results.

It is obvious that a mechanism involving the combina­
tion of the a- and /¡-cleavage processes is consistent with 
the observed “ low” specific activity of ethylene compared 
to the average specific activity of the two isomeric C5 
products. The relative specific activity of ethylene has a 
minimum value of 0.11 at a total pressure of 22 Torr (run 
no. 585 and 661) in Table IV, where presumably /3-cleav­
age process 5 is most significant. At the lower pressures, 
the secondary decomposition process 6, involving the vi- 
brationally hot C4 biradical 2, which counteracts the 
trend of decreasing specific activity set by /3-cleavage pro-

The Journal of Physical Chemistry, Vol. 77, No. 16, 1973



Photochemistry of Cyclohexanone 1941

cess 5, becomes important, and at the higher pressures 0- 
cleavage process 5 seems to be quenched more effectively 
than a-cleavage process 4. Therefore, the a-cleavage pre­
cursor appears to be shorter lived than the /3-cleavage pre­
cursor. It is also possible that the vibrationally hot pen- 
tamethylene intermediate 3 directly produced from a-

/ /  — » C = C  + A  (8)
A —' J (0.5) (0.5)

3
cleavage of an excited cyclohexanone (Si* ) 8 may give rise 
to ethylene and cyclopropane as shown in decomposition 
process 8 . This process could, if not quenched effectively 
at low pressure, then also account for the increasing spe­
cific activity of ethylene at low pressure.

a-Cleavage Vs. 0-Cleavage Mechanisms. Assuming de­
composition processes 4 and possibly 3 involves the inter­
mediacy of pentamethylene 3 as in reaction 8 , we can de­
termine what fraction of the photoexcited cyclohexanone 
molecules decompose via /3-cleavage relative to that frac­
tion undergoing a-cleavage, 0/a. This is shown in Figure 5 
plotted from the data given in Table III. The ratio of the 
quantity (C2 -  C3 ), representing the “extra” ethylene 
arising from /3-cleavage, to the quantity (C3 + C5 ), repre­
senting the total a-cleavage yield, is plotted vs. the total 
pressure. The ratio is approximately 1.0 in the low-pres­
sure region, but is rather efficiently pressure quenched. 
This value of unity does not agree very favorably with a 
value of ~4  which was estimated for the 0/a cleavage 
ratio obtained by de Mayo and Verdun in a recent pyroly­
sis study of cyclohexanone and two of its deuterated iso­
mers, 2 ,2 ,6 ,6 -cyclohexanone-d4 and 4-cyclohexanone-di.24 

Hence, there is no compelling reason to postulate that the 
vibrationally hot ground state of cyclohexanone (So*) is 
an important precursor in the short-wavelength photolysis 
system. However, it is probably the precursor of a minor 
fraction of the observed products, particularly at low pres­
sure, since the primary process leading to the /3-cleavage 
process is equally probable at Xex 193.1 nm at low pres­
sure as the a-cleavage process. At a total pressure of 1 
Torr, nearly 50% of the /3-cleavage product is quenched, 
indicating that the precursor lifetime of (So*) is ~ 0 .1  /¿sec. 
The preferred /3-cleavage of the highly vibrationally excit­
ed So* species raises an intriguing structure/reactivity 
question.

A much more likely precursor of the ring opened C6 
biradicals formed by the a-cleavage is the vibrationally 
hot (Si*) state, consistent with the 1 (7r* •*— n) photochem­
istry.8 It is probable that the /3-cleavage process may be 
due to the rapid internal conversion of S2 So; the
“local” symmetry of the 1 (<rco* ■*-“ n) state10 is Bi in the 
C2U group25 whereas Ai is the ground state of cyclohexa­
none in the “local” C2v group, hence the radiationless 
transition of S2 So is not strictly allowed on electron­
ic symmetry grounds alone, but may take place due to vi­
brationally induced or promoted radiationless transitions.

The y-cleavage process, if it occurs, may also account 
for a minor fraction of the C2 and C3 products

0  C Ä  +  c-C 3H6 +  CO (9)

Inasmuch as the products of process 9 are identical with

P Total (Torr)

Figure 5. Ratio of /3-cleavage products to a-cleavage products, 
(C2 — C3 /C 3 +  C5 ), vs. total pressure.

those of a-cleavage reaction 4, and process 10 produces 
the same final product as /3-cleavage reaction 5 Scheme I, 
the evidence for or the necessity to postulate the y-cleav- 
age process is lacking at this moment.

a-Cleavage Process. A mechanism involving the inter­
mediacy of the (Si*) species (excess vibrational energy of 
over 60 kcal/mol) with a unimolecular decomposition rate 
constant kE > 1010 sec- 1  at 193.1 nm is consistent with 
previous investigations of cyclic ketones in the 1(ir* •*— n) 
region; 8 the fluorescence lifetime of the Si state is expect­
ed to decrease with increasing photoexcitation energy. 26 

and the actual decarbonylation step may take place di­
rectly from the Si* manifold.

The results of Hoffmann’s recent study of extended 
Htickel theory calculations27 predict that the concerted 
cycloaddition-cycloreversion reaction 11  will be allowed in

A  + c=c (in
the ground state. This was explained by the fact that at 
the equilibrium CCC bond angle of 125° for the trimethy­
lene species, the more stable of the two molecular orbitals 
responsible for the 1,3 interaction in the trimethylene, is 
the one derived from the antisymmetric combination of 
the terminal 2 pz orbitals, rather than the symmetric 
one.27 From the appropriate correlation diagram, it was 
found that this antisymmetric trimethylene molecular or­
bital correlates with a low-lying filled antisymmetric mo­
lecular orbital of cyclopentane. Therefore, it is possible 
that a fraction of the observed C2 and C3 products, which 
appeared to arise from the decomposition of a C5 precur­
sor, were produced via the concerted cycloreversion of cy­
clopentane.27 -29

1-Pentene Yield. The increase in the relative yield of 
the C2 and C3 products is observed in Tables I and El to 
be accompanied by a much larger decrease in the relative 
yield of 1 -pentene-i than in the relative yield of cyclopen- 
tane-f. However, this should not necessarily be construed 
as evidence against the occurrence of the concerted de­
composition of cyclopentane, inasmuch as the further 
complication of the decomposition of vibrationally hot 1 - 
pentene-t to yield labeled ethyl plus allyl radicals appears 
to have occurred in the low-pressure runs, based on the 
results of the propylene- as well as the 0 2 -scavenged se­
ries. These radicals were scavenged in the presence of oxy­
gen, but reacted further to produce labeled C5, C6 , and 
more complex products via radical-radical recombination 
reactions in the propylene scavenged runs. This behavior 
is reminiscent of the low-pressure decomposition of vibra-
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F igu re  6. Stern-Volmer plot for the 193.1-nm photolysis of 4- 
methylcyclohexanone, (D/S) ratios, vs. reciprocal pressure.

tionally hot propylene-f in the short wavelength photolysis 
of cyclobutanone-2-t. 13 Furthermore, readers should be 
reminded that 1-pentene is 13.5 kcal/mol less stable than 
cyclopentane on the basis of the known thermochemistry 
and of the pressure dependence kinetic data.8

If the vibrationally hot Si* species “predissociates” on 
the Si manifold to a singlet biradical, the role of a triplet 
intermediate in the decomposition mechanism at 193.1 
nm must be negligible.

/3-Cleavage Process. The /¡-cleavage process in Moco* 
n) photolysis of CHT is important, particularly at low 
pressures, although it is considered unimportant in the 
1(7r* ■*-- 7r) photolysis of cyclohexanone at Aex 147.0 nm. 11 It 
is puzzling that the specific activity of ethylene is uni­
formly lower throughout the pressure ranges studied than 
that expected for the (3/a cleavage ratio of 1.0 (see Table 
IV). This may mean that the (3/a cleavage ratio is greater 
than 1 .0  or that the secondary tritium isotope effect is 
such that a'-cleavage is much more favored than «-cleav­
age (see Scheme I) or that the production rate of C2H3T 
via C5H9T decomposition is slower than that of C2H4 via 
C5H10 decomposition. /3/a cleavage ratio is certainly very 
low in high-pressure runs, above total pressure of 2 0  torr 
as shown in Figure 1, much more lower than the ratio 
found in Figure 5. It would be desirable to obtain the 
yields of methyl vinyl ketone and cyclobutanone in the fu­
ture. Further detailed work would be necessary to find the 
reason for this apparent self-inconsistency. However, the 
preliminary photolysis work of 4-methylcyclohexanone at
193.1 nm shows the importance of the /3-cleavage mecha­
nism. 30 A Stern-Volmer plot for the product distribution 
(D/S) is shown in Figure 6 , indicating that at low pres­
sure the ¡3/a cleavage ratio, C3 /(C 4 + Ce), is over 0.2 
where C3 is C3 H6, and C4 is the sum of methylcyclopen- 
tane and 3-methyl-l-pentene.

Energetics and Rate Parameters. The endothermicities 
of the overall decarbonylation reactions which produce cy­
clopentane, 1 -pentene, and ethylene plus propylene from 
cyclohexanone (So) have previously been calculated from 
standard enthalpies of formation at 298°K as 8.2, 21.7, 
and 44.1 kcal/mol, respectively.8 Similarly using the prin­
ciples of group additivity, 31 it was estimated that the a- 
cleavage step required an activation energy of 75 kcal/ 
mol.8

In a similar manner, it may be calculated that /3-cleav­
age of cyclohexanone requires the expenditure of ~78 
kcal/mol, practically identical with that required for a'- 
cleavage, and that the endothermicities of the following

two overall reactions which proceed via an initial /3-cleav­
age step are

CH — C2H, +  CH3COCHCH2 AH  =  36 kcal/mol

CH *■ 2 C2H4 +  CH2CO A 77 = 65 kcal/mol
As mentioned earlier, the observed lack of significant 

pressure quenching of the total C5 product yield at pres­
sures as high as 400 Torr of C3H6 indicates that the rate 
of a-ring cleavage of cyclohexanone in its (Si*) state must 
be appreciably higher than the collision frequency at that 
pressure (109 -8 sec L). Hence, the fairly efficient observed 
pressure quenching of the C2 and C3 products (see Figure
1) indicates that an additional precursor of the C2 and C3 
products whose lifetime is in the range of 1 0 ' 7 sec must 
exist.

In Table VI, the pertinent rate parameters have been 
calculated for the various unimolecular decomposition 
reactions of the cyclohexanone system at a photoexcita­
tion energy corresponding to 193.1-nm photolysis. Includ­
ed in this table are the entropy and the enthalpy of acti­
vation (AS* and Ea) required for the formation of each 
transition state from the appropriate ring-opened cyclo­
hexanone species, and the corresponding logarithm of the 
preexponential factor (log A) of each reaction which is re­
lated to the entropy of activation by the following formula 
of the transition state theory

A  =  (ekT/h) exp(AS*)/R sec-1

TABLE V I: C a lcu la ted  Rate Param ete rs  fo r  Som e o f the  
U n im o le cu la r D ecom pos ition  Reactions o f the  C yc lohexanone  
System s“

Reaction
Ez, kca l/ 

mol
Ea,c kca l/ 

mol
E,b kca l/  

mol
Log kE. 
s e c '1

a 94 9 76 10.42
b 94 22.5 76 8.75
c 94 23 73 8.56
d 94 24.5 73 8.49

0 For all reactions AS* =  —8 G /m ol and A =  lO 11-48 s e c '1. s £ is ex­
cess vibrational energy possessed by the species about to undergo uni­
molecular decomposition. £ =  Eh„ +  <£th> — £rx, where Eh„ is the photo­
excitation energy, (Eth) is the average thermal energy at 298°K, and £ rx 
is the endothermicity of the primary reaction which produces the inter­
mediate which would undergo the specified unimolecular decomposition. 
c Calculated by Benson's method.

(a)

(b)

(c)

II

o -

0
II

a -

0iic-

r 0  —1*

■LO - U  *

r  0  -1*  0
ii iilo -c
o -]+ 0

CO
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The specific rate constant is

kK =  A[(E -  £ a +  EZ)/(E +  £ z) r ‘

where Ez is the zero-point vibrational energy, s is the 
number of oscillators (s = 46), E is the excess internal 
energy possessed by the species about to undergo each 
unimolecular decomposition reaction, and kE is the energy 
dependent unimolecular rate constant for each reaction as 
calculated by the approximate formulation of the RRKM 
theory due to Rabinovitch, et al.32

As expected, the specific rate constant for the formation 
of the C5 products is much greater than the typical colli­
sion frequency, owing to its low activation energy of 9 
kcal/mol. Hence it is not surprising that this reaction is 
unquenchable in the pressure range investigated. On the 
other hand, the specific rate constant for the formation of 
the (C2 + C3) products via «-cleavage as well as those for 
both /3-cleavage reactions are estimated to be in the <109 
sec-1 ranges owing to activation energies ranging from 
22-25 kcal/mol and are in fact quenched by a few torr of 
pressure.

Wavelength Effect. Scala and Ballan11 excited cyclo­
hexanone to the fourth or higher excited singlet state. In 
view of the different excited states involved and the dif­
ference in the amount of excited energy pumped into the 
molecule, as compared to our study, It should not be too 
surprising if the reactive precursors and the decomposi­
tion mechanism operative in the fourth excited singlet 
state are much different from those involved in the lower 
excited states. At the present time, a thorough compari­
son of them would be premature, though desirable, in the 
absence of more spectroscopic information and more de­
tailed kinetic information.

Conclusion
It was found in the present study that new decomposi­

tion channels become accessible to cyclohexanone as the 
photoexcitation energy is increased to the point at which 
the second and third excited singlet states are populated. 
Ethylene and cyclopropane are produced via this new de­
composition channel.

The one significant finding of this short wavelength in­
vestigation, however, was the apparent involvement of a 
/3-cleavage process to produce unlabeled ethylene plus a 
C4 biradical species, -CHijC ^ C O C H ^, which decompos­
es to ethylene and ketene unless it is collisionally stabi­
lized. Its occurrence was diagnosed from the product spe­
cific activity data obtained from the photolysis of cyclo- 
hexanone-2-f, i.e., from the very low specific activity of 
ethylene compared with that of the C5 products. However, 
the specific activity data cannot be explained satisfactori­
ly in quantitative terms, and the exact evaluation of the 
/3-cleavage yield requires further studies.

Inasmuch as the low pressure limiting value of the (C2 
-  C3/C3 + C5) ratio, which measures the ratio of f}/a 
cleavage, is close to unity, which is much lower than the 
ratio of —4/1 observed in the pyrolysis study,24 it is pro­
posed that the (So*) state is the likely principal precursor 
of the /3-cleavage products, whereas the (Si*) state is the 
precursor of the «-cleavage products.

A higher activation energy required for the formation of 
the /3-cleavage products from their diradicai precursor 
than that required for the C5 products produced via a- 
cleavage is apparently responsible for the observed prefer­
ential pressure quenching cf the /3-cleavage products.
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An esr study of the free radicals produced in glycine- and alanine-containing peptides by ultraviolet irra­
diation in the presence of transition metal ions has been carried out at low temperature. Two processes 
are distinguished: (a) the cleavage of the carbon-carbon bond at the carboxyl end of the peptide with the 
subsequent generation of the appropriate peptide free-radical entity, and (b) the abstraction of an “ acti­
vated” hydrogen atom from the peptide molecule. In the latter reaction a preference for the glycine resi­
dues is observed. The predominance of either process depends on the nature of the “ sensitizing” salt, the 
pH of the solution, and the carboxyl and protecting group.

Introduction
It has been previously reported that aliphatic a-amino 

acids undergo facile decarboxylation upon irradiation in 
the presence of transition metal salts to give free radicals 
which could be detected at room and low temperatures.1 
The loss of carbon dioxide in the photosensitized irradia­
tion of the monocarboxylic acids led to the formation of 
free radicals of the type +NHsCRiR2 according to the fol­
lowing reaction

NH,CR,R,COO“  +  Mn+

NHjCRjR., +  C02 +
When the amino acid contained two carboxylic groups,
e.g.. aspartic acid, decarboxylation took place at the posi­
tion further removed from the amino group.

The present study aims at the investigation of new 
photosensitized reactions of peptides for synthetic purposes 
as well as the identification of the reactive species con­
cerned, in view of the possible subsequent reactions of 
such transients with other cellular components, e.g., nu­
cleic acids. We have, therefore, extended our previous 
studies on the photochemical reactions of amino acids in 
the presence of metal ions to peptides. In this work an esr 
study of the light-induced reaction of a number of glycine 
and alanine peptides with transition metal salts has been 
performed to further elucidate the possible reactive sites 
generated in these systems. In the course of this investiga­
tion it was found that several types of reactions occurred 
in the peptide through the electronic excitation of the 
salt, and the free-radical intermediates in these reactions 
could be characterized by esr.

Experimental Section
The protected amino acids and peptides used in this 

work were prepared by standard procedures, and were 
chromatographically pure. The electron spin resonance 
spectra were recorded with a Varian E12 esr spectrometer. 
The temperature dependence was studied using a Varian 
E257 variable temperature unit. The temperature was 
monitored by placing a thermocouple in the vicinity of the

sample during measurements. The ultraviolet irradiations 
were accomplished with an Osram 200-W high-pressure 
mercury lamp housed in a Wild reflector. A cut-off Cor­
ning filter 7380 (2 mm) placed in front of the lamp effi­
ciently removed any light of wavelength shorter than 350 
nm. The experimental procedure consisted of the ultravio­
let irradiation of an aqueous solution of the amino acid 
(ca. 0.1 M) and the inorganic salt (0.01 Ai) contained in a
3-mm diameter quartz tube at -180° in the cavity of the 
spectrometer.

K 3Fe(CN)6 and Ce(ClC>4)4 were used as “ sensitizers.” 
K3Fe(CN)6 was of analytical grade. Ce(C104)4, 0.5 M, was 
prepared from analytical CefSCUh and Ba(C104)2 as a so­
lution in HCIO4.

Although obtained in amorphous frozen lattice, the esr 
spectra were symmetrical and the hyperfine coupling con­
stants could be measured to an accuracy of ±1 G. For cer­
tain radicals, computer-simulated spectra were plotted 
on the assumption that they were composed of broad Lo- 
rentzian lines.

Results and Discussion
The photosensitized cleavage of amino acid derivatives 

by transition metal salts was investigated to extend the 
scope of the similar reactions with isolated amino acids to 
models more closely related to biopolymers. Glycine and 
alanine derivatives of the form R'NH-CH(R)-COOR" and 
synthetic peptides of these two aliphatic amino acids were 
principally investigated in this study. The different side 
chain groups of the amino acids facilitate the identification 
of the resulting paramagnetic species. The results of the re­
actions studied are summarized in Table I.

At —180°, the reaction of amino acids studied with pho- 
toexcited K3Fe(CN)6 follows two main reaction pathways:
(1) loss of the carboxyl group and (2) hydrogen atom ab­
straction. In the neutral or slightly acid media (pH > 3 1, 
the esr spectra obtained are associated with the radical 
produced in the reaction

R'NH— CH— COOR" — ► R'NH— CH-
I I

R R
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TABLE I

Photosensitizer

K3Fe(CN)6 Ce(CI04)4

No. of No. of
Radical hyperfine hfs, hyperfine hfs,

Peptide generated pHc components G components G

Acetylglycine CH3CONHCH2 Neutral Triplet 19 Triplet“ 19
CH3CONHCHCOOH Acid Doublet 18

Glycylgiyclne +NH3CH2CONHCH2 Neutral Triplet 19 Triplet 19
+n h 3c h 2c o n h c h c o o h Acid Doublet 18

Alanylglyclne +n h 3c h c o n h c h 2
CHo

Neutral Triplet 19 Triplet 19

+NH3ÇHCONHCHCOOH Acid Doublet 18
c h 3

Acetylalanine CH3CONHCHCH3 Neutral Quintet 22 Quintet“ 22
CH3CONHÓCOOH

c h 3
+n h 3c h 2c o n h c h c h 3

Acid Quartet 20

Glycylalanlne Neutral Quintet 22 Quintet 22
+NH3CH2CONH(j:COOH Acid Quartet 20

c h 3
Alanylalanlne +NH3ÇHCONHCHCH3

c h 3
+NH3ÇHCONHÇCOOH

Neutral Quintet 22 Quintet 22

Acid Quartet 20
CH3 OH3

AcGlyOEt CH3CONHCH2 Neutral Triplet“ Triplet 18
c h 3c o n h c h c o o c 2h5 Acid Doublet 17

AcGlyGlyOMe c h 3c o n h c h 2c o n h c h 2 Neutral Triplet 18 Triplet 18
-NHCHCO- Acid Doublet 18

AcGlyGlyNH2 -NHCHCO- Neutral Doublet 18 Doublet 18
or acid

AcAlaOMe CH3CONHCHCH3 Neutral Quintet 22
Acid Unresolved spectrum

AcGlyAlaOMe CH3CONHCH2CONHCHCH3 Neutral Quintet 22
CH3CONHCHCONHÇHCOOCH3

CH3
ÇH3

Acid Doublet6 19

AcAlaGlyOMe CH3CONHCHCONHCH2 Neutral Triplet 19
c h 3c o n h ^ h c o n h c h c o o c h 3 Acid Doublet 17

c h 3
AcGlyAlaNHj c h 3c o n h c h c o n h c h c o n h 2 Neutral Doublet6 19 Doublet 19

c h 3 or acid
AcGlyAlaAlaOMe CH3CONHCHCO(NH<pHCOO)2OCH3 Neutral Doublet + 20 Doublet 20

c h 3 quartet
+-NHÇCO-

c h 3
Acid Unresolved spectrum

(Ala)3 -NH-ÓH-CH3 Neutral Quintet 22
-NH-Ç-CO-

c h 3
-NH-CH-CH3

Acid Quartet 20

(Alali Neutral Quintet 22
Acid Unresolved spectrum

Polyglycine -NH-CH-CO- Neutral Doublet 18
or acid

Polyalanine IOO
 

« 
I 

X
0-0I
Xz

I Neutral Quartet 20

a Contains a minor additional structure due to an unidentified radical. bTraces of a quartet due to the radical generated by hydrogen atom abstraction
from alanine could be distinguished. c The pH values are related only to K3Fe(CN)6 induced reactions. Those induced by Ce(CI04)4 were carried out ex-
clusively in acid media.

Irradiation of CH3CONHCH2COOH under these condi- and carbon-carbon bond cleavage, CH2-COOH and
tions gave a triplet which indicates the localization of the 
paramagnetic center at a -CH2- group. Three possible 
radicals derived from acetylglycine may exhibit such a hy- 
perfine splitting; two of these resu.t from carbon-nitrogen

CH3CONHCH2, respectively. The third possible interme­
diate might be generated by abstraction of a hydrogen 
atom, CH2CONHCH2COOH. The cleavage of the carbon- 
nitrogen bond or abstraction of a hydrogen from the ter-
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Figure 1. Esr spectra of paramagnetic species produced by 
reaction of glycylglycine with photoexcited K3Fe(CN)6 (a) in 
neutral medium and (b) in acid medium.

Figure 2. Esr spectra of paramagnetic species produced by 
reaction of alanylalanine with photoexcitec K3Fe(CN)6 (a) in 
neutral medium and (b) in acid medium.

minal methyl group, however, would produce a spectrum 
inconsistent with the data found in this work. Thus, for 
the radical CH2-COOH generated in solution by hydrogen 
atom abstraction from acetic acid by hydroxyl radical, 
Dixon, et al.,2 reported a hyperfine splitting constant of
21.8 G. Similarly, the coupling constant of the radical 
CH2CONH2 which has a similar environment to the hypo­
thetical CH2CONHCH2COOH was found to be 21.3 G.3-4 
Since the value measured in this work is only 19 G, both 
structures can be excluded. Furthermore, in view of the 
previous study with isolated amino acids,1 as well as from 
the five-line spectrum of acetylalanine, it seems reason­
able that the radical was formed as a result of decarboxyl­
ation, i.e., CH3CONHCH2. The same radical, obtained 
from N-methylacetamide by ultraviolet irradiation in the 
presence of H2O24 or by irradiation with high-energy elec­
trons5 in fluid solutions, exhibited the following coupling 
constants: qh(CH2) = 18.89-19.0 G, aN = 2.07-2.20 G, 
aH(CH3) = 3.85-4.07 G. No splitting corresponding to 
aH(NH) was observed in either case.

The decarboxylation reaction occurs even when the car­
boxyl end is protected by a methyl ester group. However, 
it is completely suppressed when the protective group is 
an amide. Figures la and 2a exemplify the radicals gener­
ated by this kind of cleavage from glycylglycine and 
glycylalanine, respectively. Thus, photolysis of glycylgly­
cine in the presence of K3Fe(CN)6 in neutral media yield­
ed a three-line spectrum with a mean splitting of 19 G at­
tributed to the radical +NH3CH2CONHCH2. Under simi­
lar conditions, a five-line spectrum with an almost binom­
inal distribution of the intensities of the components 
(1:4 :6 :4 :1) was recorded for glycylalanine. This hyper­
fine structure clearly emerges from an unpaired electron 
localized at the methine group at the alanine moiety 
(aH(CH )= aH(CH3) -  22 G).

In acid media, pH 1, the free peptides as well as those 
protected by ester group yield a different type of para­

magnetic species whose esr spectra could consistently be 
interpreted in terms of abstraction of an “ activated” hy­
drogen atom according to the reaction

R'NH— CH— COOR" — ► R'NH— C—COOR"
I I
R R

Thus, for example, photolysis at -180° of glycylglycine in 
an aqueous solution of K3Fe(CN)6 acidified with HCIO4 
gave a two-line spectrum (Figure lb), evidently due to the 
presence of one vicinal proton. Consequently the structure 
of this radical is assumed to be +NH3CH2CONHCHCOOH. 
Under the same irradiation conditions, glycylalanine dis­
played a four-line spectrum attributed to +NH3CH2CO- 
NHC(CH3)COOH (Figure 2b).

The amide protected peptides yield only the radical 
generated by hydrogen atom abstraction regardless of the 
pH, i.e., in neutral or acid media.

When hydrogen atom abstraction occurs from “ homoge­
nous” (i.e., glycylglycine and alanylalanine) unprotected 
dipeptides, the radical is localized at the C terminal acid. 
This is shown by the absence of additional splitting from 
terminal amino protons. The hyperfine splitting constants 
measured in this work for these types of radicals compare 
very well with those reported in literature. Thus a-acetyl- 
glycine radical, CH3CONHCHCOOH, generated in solu­
tion at room temperature or in single crystal, exhibited 
hyperfine coupling constants aH = 17.33 G5-6 and 18 G,7 
respectively; a-glycylglycine radical +NH3CH2CONHCH- 
COOH, aH(CH) = 16.28 and 18.3 G;7 a-acetylalanine radi­
cal CH3CONHC(CH3)COOH in single crystal aH(CH3) = 
19 G.7 Nevertheless, when a hydrogen atom is abstracted 
from an alanine residue, the present data cannot distin­
guish between isomeric radicals -NH-C(CH3)-CO~ and 
-NH-CH(-CH2)-CO-, yet the increased stability of the 
tertiary radical as compared to the primary one strongly 
favors its generation. The structural assignment for the rest 
of radicals studied has been made according to similar con­
siderations. When polyglycine and polyalanine served as
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the substrate, the hydrogen atom abstraction process was 
found to occur predominantly even in a neutral medium; 
this could be due to statistical reasons rather than electronic 
or conformational ones.

It is noteworthy that the generation of the radical by 
hydrogen atom abstraction is slower than the decarboxyl­
ation process. This was shown by comparison of the rela­
tive spin concentration of the two types of radicals derived 
from the same peptide in two parallel experiments under 
identical conditions of concentrations and ultraviolet-light 
flux. At intermediate pH, i.e., 2-3, both types of radicals 
were generated concomitantly. Thus, when glycylglycine 
was irradiated at pH 5.8-7 in the presence of K3Fe(CN)6 
only a triplet signal was recorded. At pH values 2-3 a 
doublet overlapping the triplet could be discerned where­
by at lower pH the doublet signal was predominant. Fi­
nally, at pH <1 the only detectable signal was a doublet. 
On warming the mixture of the two radicals to -90°, the 
one generated by the loss of the carboxyl group disap­
peared, affording facile identification of the second radical 
produced by hydrogen atom abstraction. The higher sta­
bility of the latter radical could be expected due to the 
degree of substitution at the carbon atom where the odd 
electron is localized (secondary vs. primary), as well as 
due to the extra stabilization induced by the presence of 
the vicinal carboxyl group. However, the possibility that 
the radicals are selectively quenched by reaction with 
Fe(CN)62~ or Fe(CN>63_ cannot be excluded. The as­
sumption that RCHCOOH radical is generated by an 
RCH2 type radical through hydrogen atom abstraction ac­
cording to the equation

RCH, +  RCH2COOH — -  RCH:i +  RCHCOOH

can be eliminated since, when RCH2 radical disappears, 
the intensity of the RCHCOOH signal does not increase. 
Furthermore, at pH 7 when only R-CH2 type radical is 
generated, on warming, the signal disappears without gen­
eration of any secondary radical.

The present metal ion initiated photochemical reaction 
of amino acids involves the absorption of light by 
K3Fe(CN)6, mainly due to the absorption band at 405 
nm. Checks were made with solution of peptides in the 
absence of K3Fe(CN)6 to ensure that direct photolysis of 
the substrate was insignificant. The intense absorption of 
Fe(CN)63" at 405 nm has been assigned as ligand to 
metal charge transfer transition (CTTM).9 Charge trans­
fer excited states of this type tend to give redox decompo­
sition in which the metal is reduced and a neighboring 
species is oxidized. Consequently, a possible mechanism 
for the decarboxylation reactions of the unprotected acids 
in neutral media involves as a primary process an inter­
mediate step in which electron transfer from the disso­
ciated carboxyl group of the amino acid to excited 
Fe(CN)63~ ion occurs with the subsequent loss of carbon 
dioxide.

Fe(CN)63“  +  RCOCT
Fe( CN )62~ +  RCOO' —  Fe(CN)62~ +  R +  C02

Alternatively, this reaction can occur during, or immedi­
ately after, the transition of FelCN)63_ ion back to the 
ground state. The nascent ground-state molecule will be 
highly vibrationally excited and may thus in some degree 
resemble the transition state of a thermal reaction path. 
The fact that carboxylic acids undergo a thermally in­

duced facile oxidative decarboxylation in the presence of 
inorganic ions as PbIV 10 or CeIV 11 supports such an as­
sumption. In a strongly acidic media the ionization of the 
carboxyl group is repressed, and the solvent may replace 
the amino acid as the oxidized counterpart in the photo­
chemical redox decomposition of Fe(CN)63+. This reac­
tion may take place inside the aquated ion 
Fe(CN)s(H20 )2~ ,9 generated photochemically as a pri­
mary product from photoexcited Fe(CN)63_. In such a 
case, a hydroxyl radical OH can be formed by electron 
transfer from the water ligand to excited Fe3+ ion.12 Ab­
straction of a hydrogen atom by the hydroxyl radical thus 
formed can explain the formation of radicals observed at 
low pH values.

OH +  R-CHoCOOH — » HO +  RCHCOOH
However, esters also behave differently in neutral or 

acid solution and obviously the decarboxylation of esters 
is inexplicable by an electron transfer mechanism as sug­
gested for free acids. Consequently, it is tempting to spec­
ulate that a common mechanism for all compounds stud­
ied involves an intermolecular energy transfer step, which 
is pH dependent, from tlae excited Fe(CN)63- to the pep­
tide. A similar photochemical decarboxylation of aliphatic 
acids free or protected, competitive to a hydrogen atom 
abstraction process in the presence of U 022+, was recently 
reported.13

A final comment concerns the selectivity of the process 
of hydrogen atom abstraction to glycine residues. While in 
unprotected mixed dipeptides, alanylglycine and glycy- 
lalanine, the hydrogen atom abstraction occurs from the C 
terminal amino acid, in protected mixed dipeptides, the 
abstraction of hydrogen occurs predominantly from gly­
cine independent of its position. The preferential reactivi­
ty of glycine toward hydrogen atom abstraction is contrary 
to the expectation that tertiary free radicals would be 
formed in preference to secondary ones, i.e., that alanine 
free-radical centers would be preferred to those of glycine. 
Although no explanation for this effect can be presented, 
it is interesting to note that a similar observation has 
been made in acetone-photoinitiated generation of amino 
acid free radicals.14

Several compounds were also photolyzed in the pres­
ence of Ce(C104)4 instead of KsFe(CN)6 as sensitizer. 
With Ce(ClC>4)4, in spite of the strong acidic medium, the 
major process is loss of carboxyl group; however, hydrogen 
atom abstraction occurred when the carboxyl group was 
protected as an amide. Such a difference in behavior be­
tween transition metal salts as sensitizers in photochemi­
cal processes has also been observed by Greatorex, et al.. 
forU(VI) and Ce(IV).13

This work provides further indication that K3Fe(CN)6- 
photoinduced reactions lead to the formation of free radi­
cals in amino acids and peptides, although the reaction 
may take a different pathway when applied to peptides as 
compared to isolated amino acids. It is noteworthy that 
the hydrogen atom abstraction process predominates in 
the reactions of peptides, thus making them of potential 
use for synthetic purposes; also, it seems plausible that 
this process will be the predominant one in metal ion pho- 
toinduced reactions of proteins and enzymes, when the 
metal is specifically bound to the protein.
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Reactions of Hydroxyl Radicals with Some Hydrogen Halides
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The reactions of OH with HC1 and HI have been studied in a fast flow system. Hydroxyl radicals were 
generated by NO2 titration of atomic hydrogen, and concentrations of OH, Cl, and I were determined at 
various reaction times from their epr spectra. At 295 K, rate constants obtained for reactions 1 and 2 were 
(6.4 ±  1.5) X  10- 1 3  and (1.3 ±  0.5) X  10- 1 1 *cm3 molecule 1 sec-1, respectively: OH + HC1 -* H2O + Cl
(1 ); and OH + HI -*■ H20  + I (2). Using these values, and others obtained from the literature, a comparison 
was made of the rate constants and activation energies of the reactions of OH with HC1, HBr and HI.

Introduction
Hydrogen halides are known to inhibit hydrogen1 and 

hydrocarbon combustion.2 The efficiency of these com­
pounds in preventing flame propagation decreases in the 
order HI > HBr > HC1. 1 The inhibitor acts primarily by 
reacting with atomic hydrogen, and thus it prevents the 
chain branching reaction, H + O2 —*• HO + O, from gen­
erating radicals. However, reaction also occurs between 
OH and the hydrogen halide, and this leads to a reduction 
in inhibitor concentration. Rates for these reactions of OH 
have not been well established.

Only one previous measurement of the rate of reaction 1 
has been made. Wilson, et al.,2 report a rate constant of
1.28 X  10“ 11 cm3 molecule“ 1 sec- 1  at 1920-1940 K from a 
study of the structure of CH4-O 2 flames inhibited with 
HC1. However, this value may be low because no account 
was taken of HC1 formed in the reaction of Cl with CH4 . 
No measurement of reaction 2  has been reported.

OH + HC1 — ► H20 + Cl (1)

OH + HI — > H20  + I (2)

In this study we have measured the rates of reactions 1 
and 2 directly in a fast discharge flow apparatus. The rate 
of removal of OH and the rate of formation of halogen 
atoms have been followed using epr.

Experimental Section
The discharge flow system and the epr spectrometer 

have been described in detail previously.3 -4 The 20-mm
i.d. flow tube was operated at pressures of 0.5 to 1.5 Torr, 
and linear flow speeds were maintained in the range 
1300-1900 cm/sec.

Atomic hydrogen was produced by microwave discharge 
of a dilute mixture of H2 in Ar, and OH was generated 
from it by reaction with NO2 .3 A moveable inlet system 
consisting of two concentric tubes, with the inner tube of 
3 mm o.d. extending 2.25 cm beyond the end of the 6 -mm
o.d. outer tube, allowed the halide to be added 2.25 cm 
downstream from the point of production of OH.

Flow rates of HI and HC1 were determined from the 
rate of pressure drop from bulbs of known volumes. HC1 
(Matheson 99.0%) was used directly from the lecture bot­
tle. HI (Matheson 98%) was stored at Dry Ice temperature 
and was outgassed at liquid nitrogen temperature prior to 
each experiment. A small amount of Dow Corning oil 
(Type 704) was placed above the mercury in the manome­
ter in order to protect it from the reaction with HI.

The reactions were followed by monitoring the epr spec­
tra of OH, Cl(2 P3 /2) and I(2P3 /2). Absolute concentrations 
of these radicals were measured by double integration of 
their spectra.3 Epr transition probabilities for all of these 
species have been reported by Westenberg.5

Results

Preliminary experiments showed that the fluorinated 
halocarbon wall coating4 -6 used in this study prevented 
measurable wall recombination of I and Cl. I(2P3 /2) was 
generated by titrating atomic hydrogen with excess HI. 
No measurable decrease in its concentration was observed 
out to a reaction time of 15 msec, and the ratio of I(2P3 /2) 
formed to H(2S3 /2) removed was measured as 0.97 ±  C7. 
Atomic chlorine was produced by titrating H w-ith excess 
Cl2, and no measurable wall reaction was observed at 
reaction times shorter than 15 msec.
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TABLE I: Experimental Conditions and Results for the Reaction of OH with HCI

(Ar). 1014 
molecules

cm “ 3

( H) o, 10’ 4 
molecules

cm -3

(N 02)o. 10”  
molecules

cm -3

(HCI)0.° 10 '4 
molecules 

cm ~ 3

(C l)i.ft 1014 
molecules 

cm -3

(OH) ¡, » 1014 
molecules

cm ~3

(HCI)!,* 1014 
molecules 

cm -3

10- 13 cm3 m olecule-1 sec-1

From 
r igure 1

From
computation

240 10.1 9.22 9.28 0.78 0.21 8.50 6.4 6.6
244 6.79 7.90 6.56 0.71 0.34 5.85 7.4 5.5
250 5.35 4.96 4.70 0.55 0.24 4.15 8.4 6.4
236 5.98 6.52 7.13 0.79 o : i  7 6.34 7.9 7.6
241 3.92 3.62 9.52 0.65 0.09 8.87 6.2 6.7
217 4.89 5.13 8.35 0.71 0.20 7.64 6.9 6.5
230 3.21 3.74 8.17 0.60 0.17 7.57 6.2 5.6

Av value of k, = 6.4 ±  0.7 X 10 - ’ 3 
cm3 molecule -  ’ sec ~1

a HCI added 2.25 cm downstream from N 0 2 inlet. b At initial OH measuring point (approximately 3 cm downstream of HCI inlet).

The reaction of OH with hydrogen halide was studied 
by adding sufficient excess halide to the flow tube to en­
sure that the major portion of OH was removed by reac­
tion with the halide, and less than 10% removed by reac­
tions 3-5.

OH + OH — *- H20  + O (3)

OH + 0  — H + 0 2 (4)

OH — »- wall (5)
An initial approximate estimate of ki (or £2) was ob­

tained from the experimental data by ignoring the OH re­
moved in reactions 3-5. The concentration of halide was 
assumed to be constant throughout the measured reaction 
zone, and the rate constant was estimated from the first- 
order integrated rate expression

2.3 log (OH)0/(OH) = /z(HX)t TIME (m sec)

where (OH)o is the OH concentration measured at some 
arbitrary point chosen to represent t = 0.

This rate constant was used as an initial trial value in a 
computer program that takes account of the entire reac­
tion sequence 1 through 5. The program, which has been 
described in detail previously,7 compared the concentra­
tion of OH measured at various reaction times with that 
estimated by integrating the rate equation pertaining to 
reactions 1-5. Values of ki (or kz) that gave the best fit 
between the measured and calculated OH concentrations 
were computed. In this analysis, £3 and k5 were taken as
1.60 X  10 12 cm3 molecule-1 sec-1 and 60 sec-1 , respec­
tively.4

The rate constant, ki, for the reaction of OH with HCI 
was estimated as (6.4 ±  0.7) X  ID-13 cm3 molecule-1 
sec-1 . Individual values of ki determined from computer 
analysis of each experiment are listed in Table I. This 
table also identifies the initial reactant concentrations 
used in each experiment, values of (OH), (HCI), and (Cl) 
determined at the initial measuring position (3.3 cm 
downstream of the HCI inlet), and values of ki obtained 
from plots of log (OH) against reaction time. All measure­
ments were made using mixtures containing a large excess 
of HCI. The concentration of OH was generally monitored 
over a reaction time of 13 msec, and during this time, it 
decreased to 1A4-1/65 of its original value. A typical experi­
mental OH decay curve is shown in Figure 1.

The reaction of OH with HI was studied only with some 
difficulty. Initial experiments shewed the reaction to be

Figure 1. Plot of log (OH) vs. time for reaction of OH with HCI: 
O. (HCI) =  8.50 X 1014 molecule/cm 3 in reaction zone; X, 
(HCI) =  5.85 X 1014 m olecule/cm 3 In reaction zone; flow 
speed =  1340 cm /sec; total pressure = 0.81 Torr.

very fast. Therefore, in order to obtain adequate spacial 
resolution along the flow tube, the reaction rate was re­
duced by lowering reactant concentrations. Unfortunately, 
this resulted in epr signals having a smaller S/N  ratio, 
and thus a compromise had to be reached between ade­
quate spacial resolution and measurable epr spectra.

The reactant concentrations finally chosen are shown in 
Table II. Using these, the reaction could be studied over a 
reaction time of ~ 4  msec, and during this time the OH 
concentration decreased by an order of magnitude to a 
final measurable concentration of 2-5 x 1011 molecules/ 
cm3. Sample plots of (OH) vs. reaction time are shown in 
Figure 2. The rate constant k2 was estimated by computer 
analysis of the OH decay as (1.3 ±  0.5) X 10 11 cm3 mol­
ecule-1 sec-1 .

Several measurements were made of the ratio of atomic 
halogen formed to OH removed, in order to check for 
competing or side reactions of OH that could complicate 
the interpretation of the kinetic data. The stoichiometry 
of the reaction of OH with HCI was studied by comparing 
it with that of the reaction, H + HCI —*■ H2 + Cl, which 
could be followed by turning off the NO2 flow. The ratio 
of C 1(2P3/2) formed from OH to that formed by an equal 
amount of atomic hydrogen was measured as 1.1 ±  0.1.
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T A B L E  I I :  E x p e r im e n ta l  C o n d it io n s  a n d  R e s u lts  fo r  th e  R e a c t io n  o f OH w ith  HI

Aj. 10 cm 3 
molecule -1 sec -1

(Ar). 1014 
molecules 

cm ~3

(H )0. 1014 
molecules

cm _3

(N 02)o, 1014 
molecules 

cm _3

(H l)0,a 1014 
molecules 

cm -3

1014 
molecules 

cm “ 3

(O H H .M O 14 
molecules 

cm -3

(HI) itb 1014 
molecules 

cm ~3
From 

Figure 2
From

computation

212 4.39 4.73 1.73 1.02 0.054 0.71 1.6 1.3

233 4.70 4.05 2.32 1.30 0.032 1.02 1.3 1.3

232 4.70 4.06 1.77 1.29 0.039 0.48 2.5 2.4

226 2.70 3.26 2.13 0.95 0.022 1.18 1.2 1.1

226 2.70 3.28 1.70 0.97 0.035 0.73 1.2 1.2

284 3.14 5.05 2.98 0.93 0.039 2.05 0.7 0.5

Av value of k2 — 1.3 ±  0.5 X 10 11 
cm 3 molecule-1 sec -1

“ HI added 2.25 cm downstream from N 0 2 Inlet. h At initial OH measuring position ( ~ 3  cm downstream from HI inlet).

The reaction with HI was studied as follows. Excess HI 
was added to atomic hydrogen, and the resulting iodine 
atom concentration was measured 7.5 cm (5 msec) down­
stream of the HI inlet. Then, NO2 was admitted to the 
flow stream through a separate probe located at the HI 
inlet, and [I] was remeasured. Results for several experi­
ments are shown in Table III. Two conclusions are imme­
diately apparent: (i) both NO and NO2 react rapidly with 
atomic iodine; (ii) when account is taken of the amount of 
atomic iodine removed in the well known reaction8 

I ±  I ±  NO — ► I2 ±  NO
it is seen that the amount of iodine formed by reaction 2 
is identical with that formed by the reaction, H + HI —* 
H2 + l.

All of the kinetic measurements reported in this paper 
were performed at 295 K in the presence of a small excess 
of atomic hydrogen. Unfortunately, this prevented us from 
estimating the rate constants for reactions 1 and 2 from 
halogen atom growth measurements, because both HC1 
and HI react with atomic hydrogen to yield additional 
halogen atoms. However, the alternative procedure, 
namely, over-titrating H with N 02, was avoided because 
it is known that N 0 2 reacts with OH,9 and because the 
results in Table III show that it also reacts quite rapidly 
with atomic iodine.

Discussion
The rate constants computed for reactions 1 and 2 are 

approximately 10% lower than those that were obtained 
from Figures 1 and 2 by ignoring the effects of reactions
3-5. Thus the values obtained are not significantly af­
fected by the factor of 3 uncertainty in our present knowl­
edge of feg.3-10'11 This fact can be confirmed using data 
shown in Tables I and II. In the presence of HC1, wall re­
combination of OH (with k5 = 60 sec-1 ) occurs at a rate 
that is, on the average, 12% of that of reaction 1. Reaction 
3 is much less important. In fact, even at the initial mea­
suring point, where [OH] is highest and the contribution 
from reaction 3 greatest, the rate of reaction 3 is only
3-14% of that of reaction 1, and during the course of the 
reaction this contribution decreases by over an order of 
magnitude. In the presence of HI, wall recombination ac­
counts for only 4% of the OH decay, and the rate of reac­
tion 3 is never more than 1.5% of that of reaction 2.

The rate constant for the reaction of OH with HC1 was 
measured as 6.4 x 10-13 cm3 molecule-1 sec-1 , with a

Figure 2. Plot of log (OH) vs. time for reaction of OH with HI: 
X, (HI) =  1.18 X 1014 molecule/cm3 in reaction zone; O, (HI) 
=  0.73 X 1014 molecule/cm 3 In reaction zone; flow speec = 
1365 cm /sec.

standard deviation of ±11%. However, the probable error 
is likely to be greater than this because of uncertainties in 
our knowledge of k5, and because of the oversimplified 
treatment of the gas flow pattern.12 For the reaction of 
OH with HI, the rate constant was measured as 1.3 ±  0.5 
X 10-11 cm3 molecule-1 sec-1 . The larger standard de­
viation in this value is mainly the result of the uncertain­
ty introduced by our measurement of the HI concentra­
tion in the reaction zone. This uncertainty arises because 
a considerable fraction of the initial HI was removed in 
the mixing zone prior to the first measuring point, by 
rapid reaction with OH and untitrated atomic hydrogen. 
The amount remaining was estimated as (HI)o -  (I), and 
the absolute value of the atomic iodine concentration 
could be measured only to ± 10% using epr.

The rate of reaction 1 has been measured previously at 
1920-1940 K by Wilson, et al.2 Combining that value with 
ours, k-i can be expressed in Arrhenius form as 2.1 x 
IO-11 exp( —2060/R71 cm3 molecule-1 sec-1 . Unfortu­
nately, the high-temperature value, which was estimated 
from the growth of HC1, may be somewhat low due to the 
neglect of the reaction, Cl ±  CH4 -*■ HC1 ±  CH3. If this is 
so, then the activation energy estimated above is also low. 
It is difficult to estimate the error in the high-temperature 
rate constant, but doubling it increases the activation 
energy to 2.6 kcal/mol.

Reactions of OH with several hydrogen halides are com­
pared in Table IV. As can be seen, the preexponential fac-
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TABLE III: Stoichiometry of Reaction 2“

(H]o [H I ]o [N 0 2]o
(1) with NO?/ 

(1) without N 02

Fraction of Hò 
reacting 
with N 0 2

[NO] formed 
from N 02

Fraction I 
removed 
by NOc

7.0 X 1 0 14 11.1 X  1014 2 .3  X 1014 0.97 0.15 1.05 X 1 0 14 0 .03
7.0 X  1 0 14 10.0 X 1 0 14 3 .3  X 10 14 0.96 0.22 1.54 X  1 0 14 0.05
7.0 X 1 0 14 13.8 X  1 0 14 7.0 X 1 0 14 0.92 0.44 3.08 X  1 0 14 0.10
7.0 X  1 0 14 12.5 X  1 0 14 33 .5 X 1 0 14 0.40 0.82 5 .74  X 1 0 14 0.18

“  All concentrations in molecule cm ~3. b Est mated using data from L. F. Phillips and H. I. Schiff, J. Chem. Phys., 37. 1233 (1962), for the rate of reac­
tion H +  NO? —»OH +  NO, and a rate constant of 2.1 X 10 cm 3 molecule sec "  for the reaction H +  HI —»■ H2 +  I. The latter value was measured 
in this laboratory. c Calculated using the rate constant for, I +  I +  NO —► l2 +  NO, from ref 8, assuming all the NO to be formed within 1 msec.

TABLE IV: Rates of Reaction 6f OH with HCI, HBr and H I“

Halogen /c(295 K)

Measured acti­
vation energy, 

kcal/m ol

Potential 
energies of 
activation 

from BEBO 
method, 
kca l/m ol

Preexponential
factor Collision no.c

Heat of 
reaction ,d 
kca l/m ol

Cl 6 .4 X  10 ~ 13 2.06 0.3 2.2 X  10 ” 2.75 X  1 0 “ 10 -1 6 .1
Br 5.1 X 1 0 ~ 12 6 1 .1 5 6 0.4 3 .7  X 1 0 - "  6 2.79 X  10 _1° - 3 1 .7
I 1 , 3 X 1 0 - " < 1 ,9 e 0.7 > 1 . 3 X 1 0 - " 3.08 X  1 0 - 10 - 4 7 .9

° All rate constants measured in units of cm 3 molecule sec b Measured in ref 4. c Calculated from transport properties. d For reaction OH +  HX —► 
H20  +  X(2P3/2). ‘'Calculated assuming unit s te ic  factor.

tors for the reaction with HC1 and with HBr are similar. If 
this pattern holds, the activation energy for the reaction 
with HI can be calculated as 0.6 kcal/mol. It is interesting 
to note that the activation energies appear to decrease in 
a systematic manner and, to a first approximation, to be 
inversely proportional to the heats of reaction. However, 
care should be taken in drawing such conclusions, since 
recent work13 has shown that curved Arrhenius plots may 
be encountered when studying reactions over a wide tem­
perature range.

Table IV includes the results of several BEBO calcula­
tions reported by Johnston.14 The activation energies esti­
mated using the BEBO method are much lower than the 
values measured, and the variation from halide to halide 
is different from that observed. This discrepancy between 
BEBO prediction and experiment is similar to that pre­
viously found15-16 for the series Cl + HX —» HC1 + X and 
0  + HX -  OH + X (X = Cl, Br, and I).

In both of these series, the triplet repulsion between the 
incoming and outgoing group is quite small, and this re­
sults in: (i) predicted transition states that lie very early 
in the entrance valleys of the potential energy surfaces 
and (ii) low activation energies. Our calculations suggest 
that the series OH + HX -*• H2O + X fits this pattern 
very well. Here again, the triplet repulsion is small, the 
transition states are located in the entrance valleys of the 
potential energy surfaces with values of bond order n\ 
greater than 0.94. and the predicted activation energies 
are very low.

In these experiments, no determination was made of the 
initial yield of (2Pi /2) halogen atoms although reactions 1 
and 2 are exothermic enough to praduce Cl(2Pi 2) and 
I(2P i/2) , respectively. Unfortunately. C1(2P 12) is
quenched on every collision with atomic hydrogen.17 and 
I(2P1/2) is efficiently quenched at the walls.18 Thus, in our

apparatus, any electronically excited atoms would be 
quenched prior to detection. An unsuccessful search for 
the epr spectra of C1(2Pi /2), which has been observed pre­
viously by Carrington, et al..19 following microwave dis­
charge of CF3CI, tends to support this conclusion.
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Infrared spectroscopy has been used to observe intermediates formed in the interaction of NO and CO on 
the surface of a Pt/Al203 catalyst. The general procedure was to dose a clean surface at elevated temper­
ature with the desired gas or gas mixture, cool to room temperature, and observe the infrared spectrum 
of the adsorbed species in the 4000- 1200-cm - 1 region. When mixtures of CO and NO containing excess or 
stoichiometric amounts of CO were used, the infrared spectrum contained strong bands at 2267 and 2148 
cm- 1 which were not observed when the sample was treated similarly with known reactants or products 
or when treated with the reactant mixture below 200°. Labeling experiments and consideration of other 
factors lead to the assignment of the 2267-cm_1 band to a Pt-NCO species and the 2148-cm_1 band to 
an (NCO)~ anion. The discovery of these intermediates provides a new mechanistic pathway and possi­
ble alternative to previous explanations of NH3 formation in the catalytic treatment of automobile ex­
haust.

Introduction
Control of automobile exhaust pollution is proving to be 

a technical as well as a political challenge. The technical 
problem can be separated into two categories: the oxida­
tive removal of carbon monoxide and hydrocarbons and 
the reductive removal of nitrogen oxides (NO + N 02). 
The motivation for the present study comes from a desire 
to better understand the mechanisms and problems in­
volved in catalytic removal of nitrogen oxides. It has long 
been recognized1 that reduction of NO* with the CO also 
present in auto exhaust could provide an efficient means 
of removal providing the proper catalyst could be found. 
The catalyst requirements are stringent since it must op­
erate satisfactorily under a large variety of conditions in 
actual use where extremes of temperature and exhaust 
composition are commonplace. In addition to removing 
the undesired components, the catalyst must not produce 
any undesirable side products such as HCN or NH3. For 
example, it is known that automobiles equipped with cat­
alytic converters operating under the fuel-rich conditions 
necessary for NO* removal often produce easily detectable 
amounts of ammonia.2-4 This ammonia is generally con­
sidered to be the result of a reaction between NO and hy­
drogen which is either already present or has been gener­
ated in situ by a water-gas shift mechanism5 or from 
cracking of hydrocarbons. Shelef and Gandhi6 have con­
cluded that hydrogen generated from the water-gas shift 
is much more effective in the reduction of NO than mo­
lecular hydrogen already present or derived from hydro­
carbons in the exhaust. The findings to be presented here 
offer yet another possibility.

Thus, the present study is an attempt to further under­
stand the mechanism of the reaction NO + CO over a 
typical auto exhaust catalyst, Pt/Al203, by use of infrared 
spectroscopy where one has the possibility of studying the 
adsorption7 8 (physical and chemical) of the reactants, 
products, and intermediates on the catalyst surface.

Experimental Section
A quartz cell similar to that described by Peri9 was con­

structed and used in conjunction with a conventional vac­

uum and gas handling system capable of evacuation to 
10-6 Torr. The samples were deposited on a 25 X 4-mm 
CaF2 disk which could be moved from a heated section 
into the infrared beam at will without opening the cell. 
Baymal10 (E. I. du Pont de Nemours & Co., Inc.), an alu­
mina powder consisting of boehmite fibrils which sweil in 
water to form a colloidal solution, was used for these stud­
ies to form the completely inorganic, clear-to-translucent 
films on a smooth surface by casting from an aqueous dis­
persion. Minimal flaking and crazing of the film occurred 
when air dried and calcined under vacuum to the 350-600° 
necessary to dehydrate the boehmite fibrils to high surface 
area 7 -alumina. The small size of the fibrils (<50 A in di­
ameter) minimizes ir scattering losses which are often a 
problem when working with solid samples.

The sample was prepared by using 13 ml of solution 
containing 0.0105 g of platinum from H2PtCl6-2H20  to 
disperse 0.30 g of Baymal powder 'calculated to give 
~0.21 g of 7 -ALO3 after calcination). Five drops of the 
dispersion was spread on a 25 X  4-mm CaF2 disk and air 
dried to a coherent film. Another film was cast on the 
other side and the whole process repeated so that a total 
of 20 drops (containing 10-15 mg of solid) were used in 
preparing the sample. The sample was then placed in the 
cell and heated under vacuum to 400° for 4-5 hr to con­
vert the Baymal to 7 -Al203. The sample, at 400°, was 
treated with 100 Torr of 0 2 for 1.5 hr, evacuated for 15-20 
min, treated with 100 Torr of H2 for 1 hr. and cooled 
under vacuum. The resulting sample showed 67% trans­
mission at 2500 cm-1 and contained ~5% Pt/Al20 3.

In order to provide a reproducible starting point for 
each of the experiments, the practice of “ cleaning”  the 
surface immediately before each experiment was adopted. 
The following procedure was used: (a) evacuate while 
sample is heated to 400°; (b) treat with 100 Torr of oxygen 
for 30 min at 400°; (c) evacuate at 400° for 15 min; (d) 
treat with 100 Torr of hydrogen for 30 min at 400°; ana (e) 
evacuate for 15 min at 400°. With the temperature adjust­
ed to the desired value, the sample cell was filled to 100 
Torr with the gas or gas mixture. All gases were of lecture 
bottle quality (except for the use of prepurified N2), from
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Figure 1. 5% P t/A l20 3 dosed at 400° with 100 Torr of the reac­
tants and possible products Involved In the NO +  CO reaction. 
Also shown is the spectrum  observed after dosing the sample 
with a 10% CO, 5% NO. and 85% N2 blend under the same 
conditions. The sample was cleaned at 400° before each run.

Matheson Co., and were used without further purification.
The infrared spectra were recorded on a Perkin-Elmer 

Model 337 infrared spectrophotometer equipped with or­
dinate scale expansion and a Perkin-Elmer Model 165 re­
corder. The instrument was calibrated against a. 0.05-mm 
polystyrene film or a mixture of NO and CO gas using the 
normal slit program which was used for all runs discussed 
in this paper. On very sharp peaks the accuracy is judged 
better than ±2 cm-1 but on the very broad and some­
times weak peaks observed with the Pt/A^Oa sample the 
accuracy is estimated as ±5 cm “ 1.

In order to establish reference points for this particular 
sample, the individual spectra of the reactants and proba­
ble products of the NO + CO reaction were obtained. In 
each case the sample was cleaned as described earlier, 
dosed with 100 Torr of the gas or gas mixture at 400° for 
30 min, and cooled to <50° under 100 Torr pressure. After 
cooling, the gas pressure was reduced to ~1  Torr to elimi­
nate gas-phase contribution to the spectrum.

Results
The spectra for the cleaned sample and adsorbed N2O, 

CO2, NO2, or NO are shown in Figure 1 along with the 
spectrum obtained when the sample was treated with a 
gas mixture of 10% CO, 5% NO, and 85% N2 under the 
same conditions. Because the adsorbed species of interest 
in this work show strong ir absorptions in the region be­
tween 2100 and 2300 cm“ 1, it is worth emphasizing that 
neither CO2 nor N20  which have strong gas phase adsorp­
tions in this region (2349.3 and 2221.5 cm -1, respective­
ly11) show a strong band when adsorbed onto the Pt sur-

Figure 2. Spectra observed at room tem perature and 1 Torr 
pressure after dosing the 5% P t/A I203 sample with 100 Torr of 
a 10% CO, 5% NO. and 85% N2 blend at various temperatures. 
The sample was cleaned at 400° before each run.

face under the conditions of these experiments. The fact 
that none of the reference spectra gives a clue to the iden­
tity of the strong bands observed at 2267 and 2148 cm-1 
when the reaction mixture is adsorbed onto the hot Pt 
surface is an indication that we may be observing reaction 
intermediates.

Even with the aid of the reference spectra the assign­
ment of only one of the bands observed in Figure 1G is 
clear. The shoulder at 2088 cm-1 is due to a linearly ad­
sorbed CO species. This band is observed to move to lower 
frequency and finally disappear as the sample is evacu­
ated, in agreement with earlier observations by Eischens, 
Francis, and Pliskin.12 The cause of this effect has been 
attributed to either interaction effects between adsorbed 
molecules12 or adsorption on distinct surface sites of dif­
ferent coordination thereby causing changes in the 
strength of the carbon-platinum bond which in turn 
changes the C -0  stretching frequency.13 Other experi­
ments on a well calcined AI2O3 sample using the reaction 
mixture and conditions of Figure 1G produced only very 
weak bands similar to the spectrum labeled “ blank” in 
Figure 1. This indicates that the important chemisorption 
and reaction sites were on the Pt and not the A120 3 sur­
face.

Temperature Experiments. To gain more information 
about the nature of the bands observed in Figure 1G, a 
series of temperature experiments were carried out on 
Pt/Al20 3 using a 10% CO, 5% NO, 85% N2 gas blend. 
After cleaning the sample at 400° as described earlier, the 
temperature was adjusted to various values between room 
temperature and 500° before dosing, cooling, and record­
ing the spectra in the manner used previously. The re­
corded spectra are displayed in Figure 2.

The more intense bands do not appear until the sample 
temperature is in the vicinity of 200° at which point a 
broad band system in the vicinity of 1580 cm -1 is ob-
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Figure 3. Spectra observed at room temperature and 1 Torr 
pressure after dosing the 5% P t/A l203 sample at 400° with 100 
Torr of (A) 10% CO, 15% NO, and 75% N2; (B) 10% CO, 10% 
NO. and 80% N2; and (C) 10% CO, 5% NO, and 85% N2 gas 
blends. The sample was cleaned at 400° immediately before 
each run.

served. This band is quite similar to that observed in Fig­
ure IF, the reference spectra for NO adsorbed on this 
sample.

The strong band at 2267 cm-1 and the features at 1634 
and 1469 cm-1 do not appear until the sample tempera­
ture is raised to 300°. The fact that the 2148-cm'1 band 
mentioned earlier does not appear at the same tempera­
ture as the strong band at 2267 cm-1 is an indication that 
these bands arise from either entirely different species or, 
possibly, from similar species adsorbed on quite different 
surface sites.

At 400° the medium intensity band at ~2148 c m '1 First 
appears. There is also evidence of a weak unresolved band 
at — 2197 cm-1 which was not apparent in earlier spectra 
at 400° (see Figure 1G). It is possible that these higher 
temperature bands are due to reaction of some of the 
other surface species. For example, there appears to be a 
significant decrease in the intensity of the 1634-, 1580-, 
and 1469-cm'1 bands in the 500° spectrum as opposed to 
400° and lower scans.

In summary, the temperature experiments on the Pt/ 
AI2O3 sample show that the bands in Figure 1G at 2267 
and 2148 cm-1 are not due to the same adsorbed species 
and that there is a third unresolved band intermediate 
between them which is quite dependent on temperature. 
From the temperature at which these bands appear and 
since they are probably not due to adsorbed reactants or 
products, it appears possible that they arise from interme­
diates in the reduction of NO with CO over the Pt/Al203 
catalyst.

Reaction Mixture Variations. Blends were prepared 
with 10% CO and 15%, 10%, and 5% NO in nitrogen and 
these were dosed onto the clean Pt/Al20 3 sample at 400° 
in the usual manner. The results are shown in Figure 3. 
Examination of spectrum A in Figure 3 shows that when 
NO is in excess over the CO the prominent bands at 2267, 
2148, 1633, and 1469 cm-1 do not appear. When stoichio­
metric amounts of NO and CO are used in the reaction 
mixture, bands appear at 2267 and 2141 cm -1, although 
they are much weaker than when CO is in excess. Bands 
at 1620 cm-1 and 1482 c m '1 are also now in evidence. 
From Figure 3B, the band shape of the unresolved doublet

TABLE I: Isotope Shift Studies“ for Pt/Al20 3 Sample

10% 10%
10% CO, 13CO, CO, 5%
5% NO, 5% NO, 13C -12C, 15NO, 15N -MN, 
c m '1 c m '1 c m '1 c m '1 c m -1 Comments

2261 2199 -6 2 2249 - 1 2 -NCO
2130 2074 -5 6 2112 -1 8 [NCO] '  or -CN ?
2083 2034 -4 9 2084 +  1 CO
1633 1621 - 1 2 1622 -11 V 0 II H 1 •O

1564 1522 -4 2 1588 - 6 CO32 '  +  NO3 -  ?
1472 1474 +  2 1472 0 7 CO32“  (very week)

a Clean sample dosed at 400° with 100 Torr of mixture, cooled to <50° 
and evacuated to 1 Torr. From an estimate of the experimental reproduci­
bility on measuring broad bands, a shift of 5-6 cm _1 is on the borderline
of being significant.

at 1568 c m '1 is quite similar to that observed in the NO 
reference spectra of Figure IF.

The main conclusion from this set of experiments is 
that the species giving rise to the bands at 2267 and 2148 
c m 1 require excess CO before they are formed. If NO is 
in excess it will either react with these species or other­
wise prevent their formation in appreciable concentra­
tions.

13C and 15N Labeling. For these experiments a fresh 
catalyst sample was prepared as described earlier. Also, 
the instrument was calibrated with gaseous CO and NO 
since the producibility was found to be much improved 
over using polystyrene film with its much broader bands. 
The calibration of the instrument was checked daily dur­
ing the labeling experiments to detect any instrument 
changes. Probably as a result of using a different sample, 
the observed frequencies reported in Table I do not agree 
exactly with those discussed above, but the qualitative 
appearance of the spectra from the present sample is 
nearly identical to spectrum G in Figure 1.

The gas mixture compositions were all 10% CO, 5% NO, 
and 85% N2 as before. The unsubstituted mixture was run 
twice, once before and once after the labeling experi­
ments, to make sure that the sample had not changed and 
to check reproducibility. The frequencies of the bands in 
the before and after runs agreed to within 2 cm-1 . No 
analysis of the gas composition in the cell was made ex­
cept for the qualitative observation of NO, CO, C 02, and 
N20  after reaction. The large volume of gas, the small 
amount of catalyst, and the limited reaction time com­
bined to prevent complete conversion of the NO and CO

From Table I it is evident that the species giving rise to 
the intense bands at 2261 and 2130 cm-1 contain both 
carbon and nitrogen atoms. The species absorbing at 2083, 
1564, and 1472 c m 1 appear to contain only carbon atoms 
and are assigned to CO and two different CO32'  species, 
respectively. It is interesting that the CO32'  band at 1564 
c m '1 did not appear in either the CO or C0 2 reference 
spectra of Figure 1. The 60-cm '1 shift on 15N substitution 
and the appearance of some of the spectra such as the 
200° run in Figure 2 and run B in Figure 3 lead to the be­
lief that the band at 1564 cm-1 is not due purely to 
CO32'  but also contains contributions from nitrogen con­
taining species possibly nitrate ions. Since the band at 
1633 c m '1 is reasonably sharp, it is probable that it is due 
to a single species which, the labeling experiments show, 
must contain both carbon and nitrogen. The most proba­
ble assignment of the 1633 c m '1 band is to a species such 
as an imine or substituted imine which contains a carbon-
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nitrogen double bond. Such structures are known14 to ab­
sorb in the 1633-1640-cm 1 region.

In line with consideration of reactions 6-9 (to be dis­
cussed later) an experiment was conducted in which the 
2261- and 2130-cm"1 bands were formed on the Pt/Al203 
sample as usual. Then, at room temperature, 5 Torr of 
H2O vapor was admitted to the sample cell, allowed to 
stand for 30 min, evacuated to <0.01 Torr, and a spec­
trum was obtained. It was found that the 2130-cm"1 band 
had been completely removed and the 2261-cm“ 1 band 
was sharply decreased in intensity whereas prolonged 
pumping without H2O treatment produced no intensity 
changes. To determine the sensitivity of the 2261- and 
2130-cm"1 bands to molecular H2, a series of experiments 
was conducted in which H2 was contacted at various tem­
peratures with the sample which had previously been 
treated to produce these bands. The sample was dosed 
with 100 Torr of H2, heated to the desired temperature, 
cooled back to <50°, and the spectrum was recorded. The 
sample spectrum was also observed after heating to 400° 
under vacuum and cooling to <50°. The intensity of the 
2261-cm"1 band remained unchanged at 150° but de­
creased on treatment at 265 and 350°; evacuation at 400° 
caused still more loss of intensity.

Discussion
With regard to the reference spectra of Figure 1, it is in­

teresting to note the similarity of the CO2 and CO spectra 
after adsorption onto the Pt/Al2Oa surface at 400°. Both 
show a strong peak at about 2075 cm" 1 which is due to a 
linear chemisorbed CO species.12'15 In the case of C 02, 
the CO species must come from the dissociation of C 02 to 
CO and a CO32" species. The latter probably gives rise to 
one or both of the bands observed at 1638 and 1449 cm" 1 
in Figure 1C.

The main question to be resolved is the identity of the 
species giving rise to the very intense band at 2261-2267 
cm" 1 and its medium intensity partner at 2130-2148 
cm "1. Because of the prominence of these bands and their 
temperature dependence, it was felt that a correct assign­
ment would lead to mechanistic insights into the CO + 
NO reaction over a Pt/Al203 catalyst.

Disregarding for the moment the important point that 
the species contains both carbon and nitrogen, there are 
several possibilities for species absorbing in this region. 
For example, Millen and Watson16 report a frequency of 
2238 cm" 1 for the nitrosonium ion in NO+A1CU". How­
ever, it would be difficult to reconcile the dependence of 
the observed bands at 2261 and 2130 cm" 1 upon having 
excess CO in the reaction mixture with their assignment 
to an NO+ species. Further, the NO and N 0 2 reference 
spectra in Figure 1 gave no hint of bands above 1700 
cm "1.

One might consider the possibility that the bands are 
due to adsorbed CO, but this is quite unlikely as 2261 
cm" 1 is higher than known carbonyl absorptions and the 
appearance of a carbonyl only at high temperatures in the 
presence of NO would be difficult to rationalize. The 
2i30-cm"1 band is certainly in the carbonyl region since 
the band for gaseous CO is centered at 2143 cm" 1 but 
again the dependence of the species on the presence of NO 
would be hard to understand.

In general, 2200-2500 cm" 1 is sparsely populated in 
terms of the number of groups absorbing infrared radia­
tion in this region. A brief check of standard structure

correlation tables shows that alkynes, nitriles, isocyanides, 
and isocyanates generally have infrared absorptions in this 
frequency range. Taking into account the labeling experi­
ments which show that the species contains both carbon 
and nitrogen atoms, we believe the most plausible of these 
possibilities is the -NCO or isocyanate structure. The in­
frared spectrum and structure of the HNCO molecule is 
known17 and the strongest band is assigned to the asym­
metric stretch at 2274 cm "1 for the vapor phase and 2246 
cm“ 1 in the solid. Daviscn18 has measured this band in 
eight organic isocyanates and found that all give an ex­
tremely intense characteristic absorption at 2269 ±  6 
cm-1 . Also, Beck and Smedal19 find that wz(NCO) = 
2236 cm-1 in the infrared spectrum of the anion 
[W(CO)sNCO]" in acetone and Beck and Fehlhammer20 
report va(NCO) = 2234 cm "1 in [(C6H5)3P]2PT(NCO)2. 
From the above, a frequency of 2261 cm "1 is reasonable 
for an isocyanate species attached to the surface of a Pt/ 
AI2O3 catalyst.

The other possibility, nitriles, are known to have C ^N  
stretching frequencies which would coincide more closely 
with the medium intensity band at 2130 cm-1 . For exam­
ple, HCN, C1CN, BrCN, and ICN have C =N  stretching 
frequencies of 2089, 2201, 2187, and 2158 cm "1, respec­
tively.21 The assignment of the 2130-cm"1 band to a ni­
trile would be compatible with a mechanism whereby a 
CO molecule might attack a surface M-NCO group to 
give C 02 and an isonitrile intermediate which would rear­
range to an M-CN species or, more probably, to the sur­
face combination of carbon and nitrogen atoms. However, 
the isotope shift data shown in Table I argues against the 
M-CN species since KAu(CN)222 and Hg(CN)223 both 
show 15N shifts of 31 cm" 1 in the 1/3 absorption whereas 
Maki and Desius24 report an 15N shift of 17 cm “ 1 for the 
1/3 absorption of a cyanate ion in a KI host lattice. How­
ever, in KAu(CN)2 a 13C shift of 47 cm r1 is observed.22 In 
view of the above, the band at 2261 cm-1 is assigned to a 
covalently bonded isocyanate group and the 2130-cm"1 
band is assigned to a cyanate ion although a —C =N  
species cannot be completely ruled out for the latter.

The assignment of the 2261-cm"1 band to an isocyanate 
reaction intermediate has interesting mechanistic impli­
cations for the reaction of NO and CO over Pt on AI2O3 at 
elevated temperatures. For example, one might speculate 
on the following possible reaction pathway.

NO Pt/A1A > Nads +  Oads (1)
T > 300L

Nads +  CO — > -NCOads(2261 cm-1) (2)
Oads +  CO — *■ CO, (3)

-NCOads +  NO — ► N2 +  CO, (4)

2NO +  2CO —  ̂ N, +  2CO, (5)

In addition to the above reactions, the following would
also seem possible.

-NCOads +  H20  — -  -OHads +  HNCO (6) 

HNCO +  H,0 — *■ H,NCOOH —  NH3 +  CO, (7) 
(carbamic acid)

Or, as surface reactions
-NCOods +  H20  —  -NH,ads +  CO, (8)

-NH,ads +  H20  — » "OHads +  NH3 (9)
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The net result of reactions 6-9 would be to provide a 
pathway to NH3 in a NO-CO-H20-containing mixture 
which would not go through the water-gas shift reaction 
usually proposed5 for copper-containing catalyst systems. 
Weaver, et al.,25 have shown that precious metal catalysts 
will also promote the water-gas shift reaction in auto ex­
haust gases; however, in experiments conducted in our 
laboratory, conditions of catalyst composition, feed com­
position, and temperature have been noted in which ap­
preciable NH3 formation occurs with reaction mixtures 
containing NO, CO, and H20, but little or no reaction of 
the carbon monoxide was observed with NO absent under 
otherwise identical conditions. Thus, there is no indica­
tion of water-gas shift reaction occurring at those condi­
tions. Previously, our rationalization of this observation 
had been that the NO was somehow catalyzing the water- 
gas shift reaction to produce hydrogen molecules or atoms 
which reacted with the NO to form NH3. It would now 
seem that reactions 6-9 offer a possible pathway to NH3 
which does not require intermediate formation of hydro­
gen.

Because the intensity of the -NCO band is decreased 
drastically by H20  at room temperature whereas elevated 
temperatures are required with molecular H2, one may 
conclude that the rate of reaction of surface isocyanate 
with H20  is much faster than the reaction with H2. Of 
course, in the NO + CO + H2 system, once C 02 is formed 
the water-gas shift reaction can produce H20  over a good 
shift catalyst such as Ru/A 1203. Thus, the observation 
that -NCO is relatively inactive toward H2 does not rule 
out the possibility that -NCO may play a role in the NO 
+ CO + H2 system discussed by Shelef.6

Summary
A variety of experiments dealing with the infrared spec­

tra of species adsorbed on a Pt/Al203 surface during the 
reduction of NO with CO at elevated temperatures have 
led to the assignment of the most intense band as an 
isocyanate species. The possible importance of such a sur­
face species should not be overlooked since it could be in­
volved in the formation of NH3 in automotive catalytic 
converters containing noble metals. At this point, the im­
portance of an isocyanate intermediate route to NH3 can­
not be assessed since the experimental conditions used in

the present study are far removed from the real world of 
auto exhaust.
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Rate studies of butene isomerization over zinc oxide indicate that self-poisoning occurs during the course 
of the reaction but that initial rates on freshly activated catalysts yield reproducible data. The initial 
rate of 1-butene iscmerization is zero order and the initial cis/trans selectivity is 13, whereas the equilib­
rium ratio is 0.26. High (relative to equilibrium) selectivity is also observed for cis-butene as the reactant 
but not for trans-butene. Over chromia, the kinetic cis/trans selectivity (2-3) shows only a relatively 
small deviation from the equilibrium ratio when degassed at 450°, but severe (750°) degassing increases 
the ratio to values as high as 50. Attempts to connect the selectivity change with dehydroxylation of ac­
tive sites and increased stability for adsorbed 7r-allyls were unsuccessful. Ir studies on zinc oxide show 
that the surface reaction is rate controlling and probably occurs via adsorbed 7r-allyls. Unexpected stabil­
ity patterns were found with the adsorbed precursors of cis-butene as the most stable species. Interpreta­
tion of these effects suggests that the 7r-complexes resemble those of d10 metals such as silver, whereas 
7r-allyls resemble allyl anions in solution more than ligands of transition metals. A mechanism is pro­
posed which involves syn and anti 7r-allyls as intermediates and their interconversion via a dynamic o-ir 
equilibrium. The mechanism, coupled with kinetic and ir data, yields a rather detailed, if speculative, 
picture of the free energy surface that defines the course of the reaction.

Introduction
Double-bond isomerization of olefins (at or below room 

temperature) over metals1 and metal complexes2 probably 
occurs via the formation of an alkyl by addition of a hy­
drogen atom followed by alkyl reversal with removal of a 
different hydrogen atom to yield isomerized olefin. Over 
metal oxide hydrogenation catalysts,3-5 however, this 
alkyl reversal does not occur readily; hence, an alternative 
mechanism must be operative. Burwell and coworkers3 
have suggested that the isomeriza'icn over chromia may 
occur via removal of a hydrogen atom from the olefin to 
form an allylic species followed by readdition of the hy­
drogen atom to a different carbon atom to form isomer­
ized olefin. For some time, the evidence for adsorbed al­
lylic species was entirely mechanistic. Recent infrared 
studies with zinc oxide, however, suggest allylic species 
form readily. Studies with propylene,6 the simplest olefin 
that can form an adsorbed allyl, reveal two kinds of ad­
sorbed species, one weakly bound and one strongly bound. 
The weakly bound species results from nondissociative ad­
sorption to form a surface ir  complex; this species is the 
reactive species in hydrogenation7 and is characterized (in 
part) by a double-bond stretching frequency shifted down 
by about 30 cm-1 . A similar species has been observed for 
ethylene.8 The strongly bound species results from disso­
ciative adsorption to form a hydrogen bound to an oxide 
ion and an allylic species bound to a zinc ion, similar to 
the 7r-allyl ligand in transition metal complexes;6 this 
allyl species is the intermediate in “ isomerization” of la­
beled propylenes and is characterized (in part) by a dou­
ble-bond frequency shifted down by about 100 c m 1. 
Thus, for propylene, at least, the evidence is clear cut 
that a 7r-allyl is the intermediate in isomerization.

Results for butene isomerization would be expected to 
be more complex. Propylene forms only two surface 
species, the ir complex and the Tr-allyl. Butenes would be 
expected to form five surface species: 7r-complexes of 1-

butene, cis-butene and trans-butene, and syn and anti 
allyls. The 7r-allyls would have the following structures

H
I

H
I

H ,a  C K
| and

I I
' X

H H CH, H
syn anti

wherein the carbon skeleton and the nonmethyl hydrogens 
are in the same plane. frans-Butene can form only the syn 
isomer; cis-butene can form only the anti isomer; but 1- 
butene could form either isomer. A brief study of butene 
iomerization over zinc oxide9 provided some evidence for 
these species, but characterization of the species and the 
surface sequences was incomplete. It is the purpose of this 
paper to supply a more detailed picture of these surface 
sequences by a combination of ir and kinetic studies on 
zinc oxide. We also include, for comparison, a few obser­
vations on butene isomerization over chromia catalysts.

Experimental Section
Zinc oxide used in these studies was Kadox-25 supplied 

by the New Jersey Zinc Co. Chromia was prepared fol­
lowing the procedure of Burwell, et al..10 i.e., urea-chro­
mic nitrate precipitation followed by activation in flowing 
nitrogen at 450°. Tank hydrogen and deuterium were pu­
rified by passage through degassed charcoal, and the bu­
tenes (CP) were purified by chromatography prior to use.

Kinetic butene isomerization runs were made in a 228- 
cm3 circulating system at room temperature. Samples 
were withdrawn periodically for chromatographic analysis 
over a 12-ft dimethylsulfo.ane column immersed in an ice 
bath. For the kinetic runs the zinc oxide (0.5 g) was acti­
vated by the following sequence; evacuation while heating 
to 480°, 1-hr treatment in circulating hydrogen. 1-hr evac-
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TIME (Sec) x I0 '3

Figure 1. C onve rs ion  vs. tim e  fo r bu tene-1 a t va rio u s  p ressu res.

uation, and 1-hr treatment in circulating oxygen. Circu­
lating hydrogen and oxygen were continuously dried by a 
liquid nitrogen trap in the circulation loop. Following this, 
the catalyst was cooled to room temperature in circulating 
oxygen and briefly evacuated. Between runs the catalyst 
was degassed at 480° for 6 hr. This yielded a catalyst with 
an area of 8.3 m2/g. Details of sample preparation and in­
frared observations (all at room temperature) are given 
elsewhere.6 After activation of the chromia in nitrogen, 
the catalyst was evacuated and used for several isomeriza­
tion runs. For runs over microcrystalline a-chromia, the 
catalyst was heated under vacuum for 2 hr at 750°.11 The 
surface area decreased from 137 to 22 m2/g  as a result of 
the high-temperature treatment. Between runs the cata­
lyst was degassed for 4 hr at 400°.

Results
Conversion of Butenes on Zinc Oxide. In their studies of 

butene isomerization, Hightower and Hall12 found that 
the conversion could be represented by plots first order in 
the distance from equilibrium for reactants. The equation, 
although approximate, held up to relatively high conver­
sions and served as a useful synopsis for examination of 
poisoning and related effects. In our studies with zinc 
oxide we found that this equation did not fit the data over 
a wide range. Furthermore, in runs where the reaction was 
carried to equilibrium, the rate became exceedingly slow. 
These and other features of the conversion vs. time 
strongly suggested that poisoning occurred as exposure 
time to reactants increased. Purification of reactants by 
chromatographic fractionation and variations in pretreat­
ment did not eliminate this poisoning; hence, it was con­
cluded that the poisoning stemmed from the reactants 
themselves. Because of this self-poisoning (which we 
found to be unavoidable) we limited our study to initial 
reaction rates on freshly activated samples.

Figure 1 shows a plot of the initial conversion of 1-bu­
tene (in molecules/cm2) vs. time for initial pressures 
ranging from 25 to 460 mm. The data are best represented 
by a single line slightly curved with an initial slope corre­
sponding to 2 x 1011 molecules/cm2 sec. Since this rate is 
independent of pressure, the reaction is zero order in the 
initial stages. Fragmentary results for isomerization rates 
of cis and trans-butenes suggest that the rates are zero 
order for these isomers, too.

Figure 2 shows the cis/trans ratio as a function of the 
per cent conversion of 1-butene at a pressure of 100 mm

% C 0 N V

Figure 2. S e le c tiv ity  vs. co n ve rs ion  fo r bu tene -1 . D iffe re n t s y m ­
bo ls  a re  fo r c h e c k  runs.

TABLE I: Selectivity for Butene Isomerization

Reactant Selectivity
Experi­
mental

Equi­
librium

Prej­
udice0

1-B u te ne c is / t r a n s - bu tene 10.5 0.26 40 .5
c/'s-B utene 1 -B u te n e /tra n s 0.95 0.04 2 3 .7
ira n s -B u te n e 1 -B u te n e /c is 0.10 0.15 0 .7

“ Prejudice is the ratio of the experimental selectivity to that for the 
equilibrium m ixture.13

for several runs. The initial extrapolated ratio is about 13. 
Since at 25° the cis/trans ratio at equilibrium is 0.26,13 
the high initial ratio must be determined by kinetic fac­
tors. The initial selectivity, like the initial rates, was in­
dependent of pressure.

As the catalyst aged with successive activations, there 
were gradual, progressive changes in both selectivity and 
activity. Table I lists the initial selectivities for an aged 
catalyst in a series in which the reactant was cycled 
among the three n-butenes several times. These initial 
selectivities were determined by extrapolations similar to 
that indicated in Figure 2 and are reproducible to about 
10%. The selectivity for butene-1 conversion for the aged 
catalyst was slightly lower than that from Figure 1 for the 
fresh catalyst, whereas the selectivity values for cis-bu- 
tene isomerization are in good agreement with those re­
ported earlier.8 In Table I we have also listed the equilib­
rium ratios of the isomers that define the various selectiv­
ities together with a defined term, prejudice, which pro­
vides a measure of the deviation of the kinetic selectivities 
from the equilibrium values. It is noteworthy that the 
prejudice is quite large for both cis- and 1-butene as reac­
tants but rather small for trans-butene as the reactant. 
Rate data for isomers other than butene-1 were not deter­
mined with any great precision, but they did indicate that 
these rates, while slower, were within a factor of 2 of tiiose 
for 1-butene.14 Given the equilibrium ratios (1-butene 3%, 
cis-butene 20%, and trans-butene 77%) and the measured 
selectivities, it is clear that we cannot combine such for­
ward and reverse rates to yield the equilibrium constant. 
This does not mean the kinetic data are invalid. These 
data apply to initial rates for which the kinetics are zero 
order; under these conditions, as we shall see in the dis­
cussion section, the relative initial rates give no informa­
tion on equilibrium constants.

The Journal of Physical Chemistry, Vol. 77, No. 16, 1973



Butene Isomerization over Zinc Oxide and Chromia 1959

TABLE II: Double-Bond Stretching Frequencies for Butenes

^--complex cm
Gas phase, cm ' ----------------------------------------------

Molecule Assigned“  Predicted6 Found

7r-allyl cm 1

Predicted6 Found

fra n s -B u te n e  1 6 7 6 ° (o ) 1641 (w )
c /s -B u te n e  1660 (m ) 1625 (m )
1 -B u tene  1645 (s) 1610 (s)

“ Raman active only. “ See text. r'syn. d anti

Earlier studies on zinc oxide suggested that the active 
sites consisted of a limited number of zinc-oxygen pair 
sites on the surface capable of heterolytic cleavage of suf­
ficiently acidic carbon-hydrogen bonds. 4 -15 In this picture 
the allylic species, which is bounc to the zinc half of the 
active site, should have considerable carbanionic charac­
ter. Thus, isomerization of butenes over zinc oxide would 
be expected to resemble base-catalyzed reactions (allyl 
carbanion mechanism) more than acid-catalyzed reactions 
(carbonium ion mechanism) or the metal catalyzed reac­
tions (alkyl reversal mechanism). The cis/trans ratio from 
1 -butene provides a clue to polar character of the interme­
diate. For base-catalyzed reactions1 6 -17  the cis/trans ratio 
is usually 1 0  or greater; for acid- 12 or metal-catalyzed 
reactions1 8  the ratio is usually of the order of unity. Thus, 
the high cis/trans ratio1 0 -1 3  over zinc oxide supports the 
view that active sites consist of zinc-oxide pair sites that 
behave as an acid-base pair.

In the acid-base picture of the active sites on zinc 
oxide6 - 15 water adsorption (a poison for hydrogenation 
reactions) is pictured as

OH H
I I

Zn~ 0  +  HO — *• Zn—0
Such a process could generate Br^nsted acidity and, in this 
case, a different mechanism for 1 -butene isomerization 
might prevail that would lead to lower cis/trans ratios. 
Accordingly, we made a cursory study of the effect of ad­
sorbed water on butene isomerization. Water is a deadly 
poison at room temperature; in its presence, no isomeriza­
tion of butene is observed. As water is removed by degass­
ing at successively higher temperatures, the activity is 
completely restored but, even for the partially reactivated 
catalyst, the cis/trans ratio is much greater than unity; 
hence, our efforts to change the catalysis of isomerization 
from a basic to a (less efficient) acidic mechanism by ad­
sorption of water on the active sites was unsuccessful.

K in etic  S tu d ies  on Chrom ia. It has been noted that zinc 
oxide and other metal oxide hydrogenation catalysts have 
many features in common. 4 There is, however, one rather 
striking difference. Over zinc oxide addition of deuterium 
to ethylene leads to 98-100% dideuterio addition, but ad­
dition of deuterium to propylene leads to only 55% dideu­
terio addition.6 The difference in the behavior of the two 
olefins was ascribed to formation of a stable zr-allyl by 
propylene followed by exchange of the dissociated species. 
Over chromia, with the usual activation (450°). however, 
both ethylene and propylene add deuterium to with 98- 
100% dideuterio addition. 3 Recent studies by Cross and 
Leach11 reveal that chromia activated at 450° gave rather 
low initial cis/trans ratios (about 2 ) in 1 -butene isomer­
ization. Accordingly, it would appear that if the zr-allyl 
formed on chromia, it had rather different reactivity char­
acteristics.

1 6 4 0 (m ) 15 84 “ (w ) 1582“ (m )
1625 (s) 1 5 6 8 ° (m ) 1572rt (m )
1610 (s) (1 5 8 4 “ (w ) 1572 (m )

11568d (m )

Ir. our studies we also found cis/trans ratios of 2  for 1 - 
butene isomerization over chromia activated at 450°. In 
further agreement with Cross and Leach11 the higher tem­
perature (750°) activation led to a substantial increase in 
rate and cis/trans selectivity. In a sequence of runs over a 
chromia sample activated at the higher temperature, we 
found the initial cis/trans ratio progressively changed 
with aging from 8  to values of the order of 50. On the 
basis of the criteria described earlier, this suggests a 
change in mechanism to one dominated by an allylic 
species with considerable carbanion character. According­
ly, we supposed that addition of deuterium to propylene 
over the high-temperature form of chromia would lead to 
more extensive scrambling in the product propanes as we 
found for zinc oxide. Experiments designed to test this 
con ecture were carried out, but scrambling in the pro­
pane product was no more evident in the chromia showing 
high cis/trans selectivity than in chromia showing low cis/ 
trans selectivity. Thus, although the high-temperature 
chromia is more similar to zinc oxide than the low-tem­
perature form, qualitative (as well as quantitative) differ­
ences in these catalysts are still evident.

Infrared Stu d ies  o f B u ten es on Z in c O xide. The most 
characteristic region of tne ir for the predicted 7r and tt- 
allvl species (five for butenes) is the double-bond region. 
Earlier ir studies with ethylene and propylene4 plus the 
known fundamental frequencies for gaseous butenes19 per­
mit us to make reasonable predictions on the location of 
these bands for adsorbed butenes. In 7r-bonded species the 
double-bond frequency is shifted down from that for the 
gaseous species by an amount related to the heat of bind­
ing. 4 Thus, we find a smaller shift (23 cm 4) for the less 
strongly adsorbed, 7r-bonded ethylene than that (30 cm-1) 
for the more strongly adsorbed, 7r-bonded propylenes. For 
butenes, 7r-bonded species are even more tightly held; 
hence, we assume the shift in double-bond frequency will 
be about 35 cm-1 . Table II lists the assigned positions for 
gaseous double-bond frequencies and the predicted 
frequencies for the corresponding adsorbed 7r-complexes. 
Alongside each frequency in parentheses, we list relative 
intensities. Intensity predictions for adsorbed species are 
based on the assumption (roughly true for ethylene and 
propylene) that the relative intensities for w complexes 
parallel those for gaseous species. If the 7r-allyls have 
carbanion character, one would expect the stability of 
that formed from propylene, with the negative charge on 
the two primary carbon atoms, to be more strongly held 
than those from butenes, with the negative charge on pri­
mary and secondary carbons. Experimental observations 
support this view: strongly held butenes are slightly more 
readily removed by evacuation than propylenes. If we as­
sume that the double bond shift is related to the heat of 
binding, the shift for r-allyls of propylene (107 cm- 1 ) 
should be greater than that for x-allvls ol butene. For the
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Figure 3. Spectrum of zinc oxide after admission of a dose of 
frans-butene.

sake of specificity we shall assume that this shift for bu­
tenes is 92 cm -1, i.e., about 15% less than that for propyl­
ene. These predicted values are also listed in Table II. 
The “ predicted” relative intensities for these 7r-allyls are, 
once again, based on the relative gas-phase intensities for 
the butenes most closely related to these allyls, i.e., cis for 
anti and trans for syn. Such intensity “ predictions” for 
7r-allyls are clearly less believable than for the it com­
plexes since 7r-allvl formation involves dissociation. The 
predicted positions of these five frequencies are sufficient­
ly different so that they should be readily distinguishable; 
hence, if the picture is correct, we can expect to see bands 
for all five adsorbed species from these butenes.

Repeated sequential scans were made of the 1550-1700- 
c m '1 region of the spectrum following admission of a dose 
(0.25 cm3) of cis-butene to a zinc oxide sample. Under 
these conditions all of the butene is adsorbed; the 3r-allyl 
sites should be saturated and the remaining butene should 
be in 7r-complex form. The observed spectrum then con­
tains no contributions from gaseous butenes. Immediately 
after cis-butene is admitted to the zinc oxide, a band ap­
pears in the OH region; in the double-bond region, a 
sharp band is seen at 1625 c m '1 and this is accompanied 
by a broad band centered at 1572 cm-1 . The band at 1625 
c m '1 decays slightly with time and weak bands appear at 
1610 and 1640 c m '1. The three bands at 1640, 1625, and 
1610 cm-1 correspond to the 7r-bonded trans-, cis-, and 
1-butene, and the sequence of change corresponds to 
isomerization of the ir complexes. The equilibrium con­
centrations of butenes in the gas phase are in the order: 
trans-butene (77%), cis-butene (20%), and 1-butene (3%). 
The relative intensities of the surface bands after no fur­
ther change occurs is 1625 »  1640 = 1610 cm -1. Thus, 
the equilibrium intensities do not follow the sequence for 
gas-phase equilibrium, and we must conclude that the ex­
tinction coefficients differ as suggested in Table II and/or 
the surface complex equilibrium is drastically different 
from that for the gas phase. The band that appears ini­
tially at 1572 cm -1 is assigned to the anti-7r-allyl, which is 
the only 7r-allyl that can be formed from cis-butene. The 
position agrees well with the “ predicted” value (1568 
cm -1). As equilibrium is approached, one might expect a 
band corresponding to the syn zr-allyl at about 1584 cm -1 
to form and increase in intensity and this increase should 
be accompanied by a decrease in intensity of the anti w- 
allyl band. In our observations, however, we see no de­
crease in the 1572-cm-1 band intensity and no band for­
mation assignable to a syn 7r-allyl.

Frequency (cm ')

Figure 4. Spectrum of zinc oxide after admission of a dose of 
butene-1.

Figure 3 shows repeated scans when trans-butene (0.25 
cm3) is admitted to zinc oxide. In the first scan a sharp 
band at 1640 cm "1, corresponding to ir-bonded trans-bu­
tene, is evident and a broad band at about 1570 to 1580 
cm-1 has started to form. In the second scan the sharp 
band at 1640 cm -1 has decreased and a band is evident at 
1625 c m '1 (corresponding to formation of 7r-bonded cis- 
butene) along with a weak band at 1610 cm -1 (corre­
sponding to 7r-bonded 1-butene); hence, isomerization of 
the surface complex is evident. Once again, as equilibrium 
is approached, the intensities of the 7r-bonded species are 
1625 »  1640 ~ 1610 cm -1 as found with cis-butene. By 
the time the second scan is made, the broad band shows a 
definite peak at 1582 cm -1. This band is assigned to the 
syn rr-allyl which is the only zr-allyl that can be formed 
directly from irans-butene. As equilibrium is approached, 
this peak decreases and a new peak develops at 1572 
c m '1, the anti 7r-allvl band. Finally, at equilibrium we 
see no evidence for the syn 7r-allvl band; only the anti ir- 
allyl band is evident.

Figure 4 shows repeated scans when a dose of 1-butene 
is admitted. The sequence for 7r-complexed butenes agrees 
with expectations, but the 7r-allvl region reveals some 
unexpected features. Initially, 1-butene would be expected 
to form both syn and anti 7r-allyls; furthermore, there is 
no obvious kinetic or steric reason why one of these tt- al­
lyls should be formed preferentially. Nevertheless, the 
spectrum clearly shows that, whereas a strong band as­
signable to the anti ;r-allyl (1572 cm -1) is evident 
throughout, there is no evidence of a band assignable to 
the syn 7r-allyl. Accordingly, given the relative intensity of 
the 7r-allyl bands suggested by the frans-butene data, we 
are forced to the conclusion that 1-butene exhibits a 
strong preference for the formation of the anti zr-allyl 
rather than the syn 7r-allyl.

Figure 5 shows the results of a detailed observation of 
the band intensities in the deformation region when 0.25 
cm3 of 1-butene is added to zinc oxide. Clearly, we are 
following the surface isomerization rate. We cannot 
equate relative intensities for different species to relative 
amounts because the extinction coefficients differ, but for 
any one species, intensities are proportional to amounts. 
It is particularly noteworthy that, throughout the course 
of the surface reaction, the 7r-allyl intensity remains es­
sentially constant, whereas the intensity of the n com­
plexes change dramatically. We can obtain an estimate of
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the rate of the surface isomerization process from these 
intensities.20 It is clear that the dose of 0.25 cm3 of 1-bu- 
tene would be completely converted _n about 400 sec if the 
initial rate persisted. From the amount of catalyst and its 
area, we can compute the rate per unit area. Thus, the ir 
data suggest that the surface process, which appears to be 
zero order in rr-complex, proceeds with a rate of 2 X  1011 
(molecules/cm2)/sec. The catalytic rate and order quoted 
earlier was the same within experimental error.

If doses of butene are added at low enough tempera­
tures, only the spectrum of the r complex is observed. 
When the sample is allowed to warm up, an OH band ap­
pears along with the appropriate ir-allyl band at 1572 or 
1582 cm-1 . Isomerization occurs only after the ir-allyl 
band forms; this, together with the Kinetic data in Figure 
5, suggests the 7r-allyl is an intermediate in the surface 
isomerization sequence.

Discussion
Before we attempt to formulate a detailed kinetic 

scheme for butene isomerization, it is useful to itemize 
those more primitive conclusions that are independent of 
the analysis.

(1) Adsorption-Desorption Is Fast Compared to the 
Surface Reactions, Which Are Rate Controlling. The sim­
plest sequence that describes isomerization involves ad­
sorption of reactants, surface reaction, and desorption of 
products, viz.

A +  * A • * :<=t B • * B +  *
where A and B are gaseous reactants and products and * 
represents the site. If adsorption or desorption were the 
rate-determining step, we would expect the rate of the 
surface process (A-* B-*) to be faster than the cata­
lytic process. Actually, the rate of the surface process (as 
gauged by the ir data in Figure 5) is the same as that of 
the overall, zero-order, catalytic process; hence, the sur­
face process is rate controlling and adsorption-desorption 
is a relatively fast step.

(2) The Surface w-Allyl Behaves as an Intermediate. In 
the surface process for 1-butene isomerization (Figure 5) 
the 7r-allyl is formed immediately and remains constant 
during the course of the reaction. This, plus the low-tem­
perature data, suggests that the active sites are saturated 
with 7r-allyls and these are intermediates. The observed 
zero-order kinetics for the overall catalysis and the surface 
reaction would be expected for such a picture. Observa­
tions for cis and trams-butene isomerization at and below 
room temperature also support this view.

(3) The Relative Stability of tt-Complexed Butenes at 
Equilibrium Is Different from That for the Gaseous 
Species. When a small dose of one of the n-butenes is ad­
mitted to zinc oxide, the initial scan shows predominantly 
the band characteristic of that 7r-complexed butene. The 
size of the dose and this initial band intensity provide a 
rough measurement of the extinction coefficient for each 
ir-complexed species.21 From these extinction coefficients 
and the band intensities, we can estimate the relative 
amounts of ir-complexed butenes at any time.20 When 
surface equilibrium is achieved, the relative amounts are 
trans:cis: 1-butene = 30:100:10. This is different from 
the gas phase equilibrium, trans mis: 1-butene = 
100:26:4.

(4) The anti ir-allyl Is More Stcbie Thermodynamically 
Than the svn ir-Allyl. The anti and the syn ir-allyl form

O 200 4 0 0  600 800

Time (sec )

Figure 5. In te n s itie s  o f su rfa ce  sp e c ie s  fo rm e d  fro m  butene-1 
vs. tim e .

first from cis-butene and trans-butene, respectively. Since 
the initial intensity of the syn zr-allyl band from a dose of 
trans-butene is not much different from the initial inten­
sity of the anti ir-allyl band from a dose of cis-butene, the 
extinction coefficients must be comparable; hence, uncor­
rected band intensities provide a rough gauge of the rela­
tive amounts of these two complexes. As surface equilibri­
um is approached starting with any of the n-butenes, the 
anti ir-allyl band becomes or remains strong, whereas the 
syn 7r-allyl band becomes or remains undetectable; hence, 
we conclude that the anti 7r-allyl is much more stable 
thermodynamically than the syn 7r-allyl. Estimates 
suggest the anti form is favored by a factor of at least 5; in 
later analysis we shall assume (for specificity) that the 
factor is 5.

(5) Butene-1 Forms the anti i--Allyl Preferentially. Ab­
straction of an allylic hydrogen from 1 -butene can lead to 
either the syn or anti ir-allyl, and there is no obvious rea­
son why one of these should be favored. Nevertheless, only 
the anti ir-allyl band is observed when a dose of 1 -butene 
is added to the catalyst; hence, the ir data reveal that 1 - 
butene forms primarily (the more stable) anti 7r-allyl.

(6) Direct Interconversion of syn and anti --Allyls Oc­
curs. Given the fast adsorption-desorption step, the reac­
tion sequence is determined by the surface processes. If 
only ir complexes and 7r-allyls were involved, the surface 
sequence for cis-trans isomerization would be

7r-ds :<=*■ anti 7r-butene-l -<=fc syn ir-trans

Thus, butene-1 would bs the sole initial product in the 
isomerization of cis- (or trans-) butene. It is found, how­
ever, that cis-butene forms both 1 -butene and frans-bu- 
tene initially and trans-butene forms both 1 -butene and 
cis-butene initially; hence, the above sequence is, at best, 
incomplete. We can, however, retain the attractive fea­
tures of this sequence if we postulate that there is an ad­
ditional step, not yet specified, for direct anti-syn inter­
conversion, viz.

7r-butene-l

t í  \  _
Tr-cis 5=? ant' :¿= ±  syn  4 =^ tt-trans

Then butene-1 need not be the initial product in cis-trans 
isomerization even when adsorption-desorption of ir com­
plexes is the fast step.

(7) Interconversion of syn and anti ir-Allyls Is a Rela­
tively Slow Process. The data in Figure 3 show that trans­
butene forms initially the syn zr-allyl and that, in the
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course of the isomerization, syn to anti conversion takes 
place slowly. Since cis-butene is quite evident before the 
anti 7r-allyl band is developed, it seems clear that the rate 
constant for interconversion is small relative to that for 
conversion of anti 7r-allyl to the cis 7r-complex. Similarly, 
since frans-butene is formed from cz's-butene under condi­
tions such that the syn ?r-allyl is not observed, the rate 
constant for anti to syn conversion must be small relative 
to that for conversion of the syn ?r-allyl to the trans ir- 
complex. Since the syn to anti conversion, which is actu­
ally shown to be slow, is in the direction favored by stabil­
ity, the reverse process, anti to syn, will be even slower.

The principal features of butene isomerization can be
accommodated by the following kinetic sequence.

7t-cis C4H8 +  * X^anti zr-ally 1) (1)

7t-trans C4H8 +  * X2(syn 7r-allyl) (2) 

7t-C4H8-1 + * Xi (3)

7r-C4Hrl  + * *=* X2 (4)

Xj «=* X, (5)

This scheme is an oversimplification insofar as X4 and X 2 
represent the 7r-allyl and the detached hydrogen and step 
5, the interconversion, may involve a multistep process. 
Despite these oversimplifications, we shall use these equa­
tions as the basis for our analysis simply because they are 
tractable and do represent the principal features of the 
supposed mechanism. There are ten rate constants associ­
ated with the above system of equations: k 4 and k - 4 for 
the first forward and reverse step. etc. Not all of these are 
independent. For example, application of the principle of 
microscopic reversibility results in the relationship

W - 4  = k - 3k ^ k 4 (6)

ly, replaces that for 1-butene. With such equations there 
are two limiting forms for the rate expression: zero order 
or first order in reactant. As might be expected, when it is 
zero order the surface coverage with X i plus X 2 adds up 
to 1 and the sites are saturated. If one equates the rate ex­
pressions for 1-butene to ds-butene and vice versa at 
equilibrium, one, of course, defines the equilibrium con­
centrations of cis- and 1-butene. If one equates the initial 
rate of conversion of 1-butene to ds-butene and vice 
versa, one defines the equilibrium concentrations if and 
only if the reaction is in the first order limit.22 Thus, the 
fact that our relative initial rate data for the various iso­
mers bear little relation to their thermodynamic equilibri­
um is expected for the observed zero-order role depen­
dence.

Equations for the initial selectivity are

cis = fe-i.p 3(fe-2 + k -i)  + k-s(k3 + k4) ~\ 
trans + Al3) + ks[k3 +  k4) _

trans = ________ k -i h _________
1-butene k :i(k .2 +  &_4) +  + k ^ k b

1-butene _ k.^k-y +  k.3) +  kbk-A +  k.-0k.3 
ds-butene k^k-b

These equations hold regardless of the overall order of the 
reaction; hence, we expect the initial selectivity to be in­
dependent of the initial pressure, as found. The product of 
these three ratios with rearrangements becomes

kjk3k-4
3

+  k-4 +  +  £
h ' *- ■+ * * . + kt )

{ * - , +  k-3 +  h  + \¡ * - + *-<+ *-•+

Other such restrictions which relate equilibrium concen­
trations of 7r complexes or 7r-allyls can also be derived. 
The overall catalysis includes steps for the adsorption and 
desorption of 7r complexes. If these steps are sufficiently 
fast, however, the initial formation of gaseous products is 
equal to the rate of formation of it complex. Since this is 
the case for 1 -butene isomerization and greatly simplifies 
the analysis, we shall assume that it holds true for all ini­
tial rates.

Application of the steady-state approximation to X 4 

and X 2 results in relatively complex equations, but, if we 
restrict ourselves to initial rates, some simplification oc­
curs. For example, the initial rate of formation of cis- and 
trams-butene from butene- 1  is given by £ - 1 X 1 and k - 2X 2 
where X \  and X 2 are the steady state concentrations in 
the limit where the concentrations of cis- and trans-bu­
tene are both zero. The forms of these steady-state con­
centrations are

v  =  ______ Aib' x  =  Bib)
- ! C +  (A +  B)(b)’ - C +  (A +  B)(b) (,)

where A, B, and C are combinations of rate constants and
(b) is the concentration of 7r-complexed 1-butene. Equa­
tions of parallel form are derivable for the initial stages 
when cis or frams-butene are reactants; of course, different 
combinations of rate constants are used and the concen­
tration of the cis or trans-butene 7r-complexes, respective­

( 11)

If we use the interrelationship specified by eq 6, we find 
this product reduces to

/ cis I ( trans ) f 1-butene 
(trans) ( 1-butene) ( cis

It should be emphasized that this relation is independent 
of the order of the initial rate; since it holds even under 
conditions when the initial rates do not define the equilib­
rium (e .g ., in the zero-order limit), this product rule is a 
quite general relation.23 When we construct this product 
from the data in Table I, we obtain 1.1; hence, the rela­
tion applies to our data within the assumed experimental 
error.

Further analysis requires that we make some estimates 
of the relative values of the rate constants. The ir data 
suggests the following are appropriate: (a) the rate con­
stants k 4 and k - 4, which provide for the interconversion 
of 1-butene and the syn 7r-allyl are negligible compared 
with all other rate constants; (b) the rate constant k - 5, 
which determines the rate of direct conversion of syn to 
anti 7r-allyl, is small compared to fc„2, which determines 
the rate of conversion from syn 7r-allyl to the trans ir com­
plex. Application of these approximations (sequentially) 
to eq 8-10 yields

cis  ̂ k-i k3(k -2 + k .s ) ^  

trans k_2 k-0k3 k5  ̂ ^
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trans k5

1-butene k-3(k-2 +  k--s ) k -3

1-butene k -sk~3 _ k -3 
cis-butene k^ '  '

The relative values of the rate constants that are defined 
by selectivities determine the relative free energies of the 
corresponding transition states, and the relative equilibri­
um concentrations estimated by ir determine the relative 
free energies for surface species. Such levels for surface, 
gas-phase, and transition states are indicated in Figure 6 
and the positions of these levels would be the same for 
any consistent standard states for gaseous and adsorbed 
states, respectively. Dotted lines between gaseous and ad­
sorbed species represent large unspecified shifts in origin; 
for traditional, ideal standard states the shift for adsorbed 
species would be negative by about 10 kcal. Relative lev­
els for 7r and 7r-allyl species were not established quantita­
tively by our data; accordingly, a break in the solid lines 
is used to denote quantitative uncertainty, but the rela­
tive magnitudes are believed to be qualitatively correct. 
Numbers above maxima indicate the relevant kinetic 
steps.

The free energy diagram provides a concise summary of 
the isomerization process. For 1-butene isomerization the 
anti Tr-allyl is formed rapidly and preferentially via the 
lower free energy barrier 3 until the sites for 7r-allyls are 
saturated. The anti 7r-allyl forms cis-butene via 1 much 
more readily than it can convert directly to the relatively 
unstable syn 7r-allyl (via 5) and further react (via 2) to 
form trans-butene; hence, the high prejudice for cis rela­
tive to trans (41) stems from the difficulty of direct anti 
to syn conversion. In the conversion of trans-butene to its 
isomers, syn formation is relatively rapid and conversion 
to the anti form is the hard step. Once the anti is formed, 
it readily forms cis (via 1); formation of 1-butene (via 3) is 
more difficult. It is interesting to note, however, that the 
partitioning of anti into cis and 1-butene occurs with little 
prejudice (0.7), which suggests the transition states (1 and
3) reflect the relative stabilities of the product isomers. 
Finally, in isomerization of cis-butene we again rapidly 
cover the surface sites with the anti 7r-allyl. Conversion to
1-butene (via 3) is straightforward, but conversion to 
trans-butene requires (via 5) the difficult, direct 7r-allyl 
conversion; hence, once again, the prejudice is high (24) 
because the direct interconversion step does not reflect 
the relative stability of the product isomer.

The evidence is strong that direct syn-anti conversion 
occurs, but neither experiments nor analysis indicates the 
mechanism by which this is achieved. The behavior of Tr- 
allyl ligands in complexes, which we believe bear some 
similarities to the surface, complex, does suggest a mecha­
nism by which such interconversion can be achieved. It is 
often found24 that these -Tr-allyl complexes are dynamic; 
that is, the allyl ligand undergoes syn-anti interconversion 
without detachment of the ligand from the metal. The 
most reasonable pathway for interconversion involves for­
mation of a a-allyl from the 7r-allyl.4 Usually (but not al­
ways25) the concentration of a-allyl is so small that ir 
measurements do not reveal its presence, and its existence 
is deduced from the details of the averaged nmr spectrum. 
If the same character holds for the adsorbed 7r-allyls, a 
suitable pathway for the required syn-anti interconversion 
is provided, but the a-allyl on the surface would be at

4

such a low concentration that it would be difficult to ob­
serve by ir studies.

The reversal of the stability for the 7r complexes of cis 
and trans-butene compared to that of the gaseous isomers 
is, at first glance, surprising. Nevertheless, this is the be­
havior one finds for 7r complexes of d10 metals, such as sil­
ver. Quinn and Glew26 have determined the thermody­
namic functions for the formation of a variety of olefin
(ol) complexes of the type AgBF4(ol)2. The equilibrium 
constant for the formation of the cis-butene complex is 
about 25 times that for the formation of the trans-butene 
complex. Infrared studies show that the shift in double­
bond frequency relative to that for the gaseous isomers is 
comparable for the two complexes (just as we find for ad­
sorbed butenes). Since the correlation of AH to Av con­
tinues to hold, the AH values are also comparable; hence, 
the stability difference stems mainly from differences in 
entropies of complex formation. The dominant role of the 
entropy suggests that the stability difference stems from 
configurational factors. Hartley27 has also invoked steric 
factors to explain the relative stability of similar com­
plexes of transition metals. He takes the view that, in cis- 
olefin complexes, the plane of the double bond may tilt 
slightly to reduce steric interference between the bulky 
groups of the olefin and the other ligands attached to the 
metal. Such a tilt for irans-olefin complexes relieves no 
strain, and the resulting constraint can lead to a lesser 
stability for the complex of the trans-olefin. We believe 
such steric factors are likely to play a major role in ad­
sorbed species, and they lead naturally to the enhanced 
relative stability of the adsorbed cis Tr-complex.

The stability pattern for 7r-allyls on zinc oxide is not 
similar to that usually found for ligands of metal com­
plexes; in fact, for cobalt complexes28 the reverse stability 
order, syn greater than anti, prevails. Thus, the bonding 
of the surface complex may be significantly different from 
that in complexes. We have already noted that the ad­
sorbed species appear to have a large amount of anionic 
character; hence, in the limit, we might expect these tt-  

allyls to approach the behavior of allylic anions in solu­
tion, which probably exist as ion pairs. In solution, the cis 
anion is known to be much more stable than the trans 
anion. Thus, the greater stability of the adsorbed anti Tr- 

allyl supports the view that it resembles a surface-stabi­
lized cis anion. Explanations for the relative stability of 
the anions have been suggested,29 but we feel these expla­
nations are ad hoc and may not prevail. Accordingly, the 
main point we wish to make is that the stability pattern 
for adsorbed Tr-allyls resembles that of the allyl anions in
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solution; regardless of the reason for the stability pat­
tern.30 this similarity suggests adsorbed 7r-allyls have con­
siderably more carbanion character than one usually finds 
for ligands attached to transition metals.

Finally, we should note that our simple attempts to elu­
cidate the effect of degassing on the nature of the sites of 
oxides failed completely. These experiments were carried 
out with the prejudice that dehydroxylation of the active 
sites (water removal) stabilized the 7r-allyl on chromia 
and zinc oxide. (A similar interpretation could be applied 
to the effect of degassing on aluminas.31) Concomitant 
studies of butene isomerization and deuteration of propyl­
ene on chromia as a function of severity of degassing 
failed to support this view. Furthermore, poisoning of zinc 
oxide sites by water failed to reduce the high cis/trans 
ratio. Thus, the high cis/trans ratio does not stem simply 
from complete dehydroxylation of active sites nor does it 
appear to stem from stabilization of ir-allyls by some 
unspecified mechanism. In short, there was no good expla­
nation for these effects and our studies did not improve 
the situation.
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The kinetics of the reactions of several coupling agents with a SiOH-BOH surface have been compared 
with the reactions on a pure silica surface. The following was noted. (1) The presence of the boron on the 
surface enhances the reactivity of the surface silanol groups. (2) The B-OH group is more reactive than 
the Si-OH group. ( 3 )  For the coupling agents studied the surface bond formed is fairly stable to 400° in 
vacuo. (4) The surface bonds formed with the silanol groups are partially hydrolyzable with water vapor 
at 400°, and the bonds formed with the B-OH groups are completely hydrolyzable. (5) The B-OH groups 
on the surface are present in both single and geminai configurations. (6) The presence of the boron on 
the boria-silica surface causes a larger decrease in the extinction of the silanol band with increasing tem­
perature than occurs on silica. The extinctions of the various hydroxyls show different temperature ef­
fects although the changes in integrated intensity are similar.

Introduction
As a result of adsorption, infrared, and kinetic studies 

of the bonding reactions of various reagents with the sur­
face of silica, the surface chemical properties of high sur­
face area silica are now fairly well understood and reactiv­
ity can mainly be attributed to surface silanol groups. Of 
more immediate practical interest to the catalytic chemist 
and materials scientist, however, are the surface chemical 
properties of aluminosilicates and borosilicates and the 
effect of small quantities of impurities on the reactivity. 
In order to generate some understanding of the borosili­
cates in particular, well-defined silica surfaces have been 
treated with boron halides and water so that they contain 
boranol as well as silanol groups. An infrared spectro­
scopic-kinetic study was then undertaken of the reactions 
of a variety of surface bonding agents and the kinetic data 
compared and contrasted to data obtained previously for 
the same reactions on a pure silica surface.1' 3

Since the chemical properties will be compared to those 
of a pure silica surface, the important chemical properties 
of silica surfaces will be summarized here. These are the 
following.

(1) The chemical bonding sites on the silica surface are 
principally the freely vibrating hydroxyl groups (identified 
by a sharp ir absorption at 3747 cm -1). With the silica 
used here about 40% of these groups have been identified 
as being in a single configuration and 60% in a geminal 
configuration2 (i.e., 60% of the OH groups are sufficiently 
close together to concurrently react bifunctionally with
SiCl4).

(2) The freely vibrating hydroxyl groups are monoener- 
getic, i.e., the reactivity of all the OH groups is the same. 
No particular preference is shown in the reactivity of the 
single or geminal groups, the presence of these groups 
being defined by the stoichiometry of the reactions rather 
than by any difference in reactivity.

(3) Since these free OH groups are monoenergetic, 
physical adsorption results in the same fraction of OH 
groups being covered, for a given temperature and pres­
sure, whether there are many or few OH groups on the 
surface.

Because of the above properties, a straightforward inte­
grated rate equation can be applied to the reaction curve 
obtained from any of the reactions of the bonding reagents 
with the hydroxyl groups, and a linear plot obtained. In 
the case of the monofunctional bonding agents a first- 
order rate equation is used; with di-, tri-, and tetrafunc- 
tional bonding agents a 1.6-order rate equation is used. 
(As discussed previously, this 1.6-order comes about be­
cause 60% of the OH groups are in a geminal configura­
tion.)2

This report, therefore, describes and discusses the reac­
tions of a number of bonding agents on a surface contain­
ing silanol and boranol groups and compares the proper­
ties of this surface with that of pure silica.

Experimental Section
The apparatus and experimental procedures used were 

as previously described.3
To prepare the boron-containing surface, a pressed sili­

ca disk was heated to 800° in order to obtain a surface 
containing only “ free” hydroxyl groups (evidenced by the 
band at 3747 cm-1 ). The silica disk was then mounted in 
the reaction cell and treated with BCI3 until the silanol 
groups had all reacted (1 or 2 min at room temperature). 
After pumping, the sample was then treated with water 
vapor in order to hydrolyze the B-Cl present on the sur­
face. This reaction is well documented in the literature.4'5 
Upon hydrolysis, a small band due to the B-OH group ap­
pears (3703 cm -1) and the silanol band reappears in part. 
This procedure was repeated several times until the inten­
sities of the silanol and boranol bands were about equal. 
The sample was then heated to 400° and ready for use. 
Spectra taken at various stages of this procedure are 
shown in Figure 1. It should be pointed out that, on occa­
sion, boric acid condensed out on the cell windows after 
this procedure.

After preparing the sample, the surface was treated 
with monochlorotrimethylsilane, trimethylmethoxysilane, 
dimethyldichlorosilane, or hexamethyldisilazane. The sur­
face reaction was carried out by admitting the reagent gas 
to the furnace containing the sample and allowing it to
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FREQUENCY (cm '1)

Figure 1. Spectra of (A) Si-OH band prior to reaction; (B) after 
reaction with BCI3; (C) after heating to 400° following three 
BCI3/hydrolysis treatments.

1 (sec)

Figure 2. First-order kinetic plots for the reaction of 150 Torr of 
monochiorotrimethylsilane at 100° with the B-OH (O) and 
3i-OH ( • )  groups on the boria-silica surface.

react for a short period of time. After evacuation, a spec­
trum was taken and the procedure repeated. The intensi­
ties of the silanol and boranol bands were measured dur­
ing the course of the reaction and the data subjected to 
kinetic analysis.

In reactions with chlorosilanes, HC1 is one of the reac­
tion products. Thus, it is important to know if HC1 reacts 
with the surface. Hydrogen chloride was added to the 
SiOH-BOH sample at several temperatures. In no case 
was any change observed in the intensities of the Si-OH 
or B-OH bands and it is concluded that no detectable 
amount of reaction takes place between HC1 and the OH 
groups on the surface under these reaction conditions.

For measuring the extinction values and integrated 
areas of the hydroxyl bands up to 400°, the sample was 
first heated to 400° in vacuo and then returned to room 
temperature. Spectra were recorded at 30, 150, 200, 300, 
400, 350, 250, 100, and 30°. No significant differences were 
observed between the first and last spectra recorded at 
30°. Narrow slits, very slow scan speeds, and 10x abscissa 
expansion were used when recording these spectra.

Results and Discussion
Reaction curves were obtained for the various coupling 

agents studied. From these reaction curves various order-

Figure 3. Kinetic plots for the reaction of 10 Torr of trimethyl- 
methoxysilane at 80° with the B-OH and Si-OH groups on the 
boria-silica surface. The left-hand ordinate, for B-OH groups 
(O), is a 1.6-order rate expression; the right-hand ordinate, for 
Si-OH groups ( • ) ,  is a first-order rate expression.

Figure 4. Kinetic plots for the reaction of 90 Torr of dimethyldi- 
chlorosilane at 100° with the B-OH and Si-OH groups on the 
boria-silica surface. The left-hand ordinate, for B-OH groups 
(O), is a 1.6-order rate expression; the right-hand ordinate, for 
Si-OH groups ( • ) ,  is a first-order rate express on.

integrated rate equations were used until a linear plot was 
obtained. These calculations have been described pre­
viously.1-3 As before, the order of the reaction is interpret­
ed as the number of hydroxyl groups removed on average 
from the system when one adsorbed molecule reacts.

Table I gives the data for the orders of reaction ob­
served when each of the four coupling agents was allowed 
to react with the Si-OH and the B-OH groups on the 
boria-silica surface. For comparison the reaction orders 
observed on a pure silica surface are also given, as well as 
the temperatures or pressures of reagent required to ob­
tain approximately the same reaction rate. Some repre­
sentative kinetic plots are given in Figures 2-5.

The first-order plots obtained when monochlorotrimeth- 
ylsilane reacts with the silanol and boranol groups are lin­
ear to greater than 75% reaction (Figure 1). This is impor-
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TABLE I

Silica surface Eoria-silica surface

Temp or pressure for Temp or pressure for Reaction order
convenient reaction Reaction order equivalent reaction rate --------------------------------------------

Coupling agent rate of SiOH on Si02 fo rS i-O H  of SiOH on boria-silica fo rS i-O H  fo rB -O H

T rimethyichlorosilane
(Figure 2) 300° 1.0 100° 1.0 1.0

Trimethylmethoxysilane
(Figure 3) 150 1.6 80 1.0 1.6

Dimethyldichlorosilane
(Figure 4) 350 ~  1.6 100-150 1.0 1.6

Hexamethyldisilazane 
(Figure 5)

10 Torr 
at 31° 2.0

0.2 Torr 
at 31° 1.0 1.0

tant as it implies that the silanol groups on the surface 
are still monoenergetic and that the boranol groups are 
also monoenergetic.

Three other facts are also immediately apparent from the 
plots and the data in Table I: (1) the boranol groups are 
considerably more reactive than the silanol groups; (2) the 
silanol groups on the boria-silica surface are much more 
reactive than on a pure silica surface; and (3) the reaction 
order of the silanol groups on the boria-silica surface is 
lower than on a silica surface, for the polyfunctional cou­
pling agents.

In all the experiments carried out with dimethyldichlo- 
rosilane the initial part (first 10%) of the B-OH reaction 
was very slow, but the reason for this is not clear. When 
this reaction was carried out at 400°, the Si-OH group 
reacted slightly faster than the B-OH group. This effect 
would be expected if the activation energy for the reaction 
with the Si-OH group were higher tnan that for the B-OH 
group.

On a pure silica surface hexametnyldisilazane (HMDS) 
follows a second-order kinetic law. As discussed previous­
ly,2 this is probably due to the formation of a reactive 
product, all of which reacts rapidly with the surface, so 
that when one HMDS molecule reacts with the surface, 
two OH groups are removed.

Me,Si— N— SiMe3 

H

followed by

Me:1Si— N/
\

-F H
I

►  SiMe3 +
I

MejSi— N

0
1

0
I

Sis Si,

H SiMe3
H

+ 0
I

— - O + nh3
H I

Sis
I
Sis

/
\

H

H

With the silanol-boranol surface, however, both the sila­
nol and the boranol groups follow a first-order rate law. 
This immediately suggests that under these conditions the 
product of the first reaction leaves the system and does 
not react further with the surface.

Two important chemical properties for surface bonding 
reagents are thermal stability anc stability against hy­
drolysis. To determine these properties, each treated sam­
ple was heated to 400° in vacuo and a spectrum taken at 
room temperature. The sample was then heated to 400° 
and water vapor was added to the system. After evacua­
tion and cooling to room temperature another spectrum

Figure 5. First-order kinetic plots for the reaction of 0.2 Torr of 
hexamethyldisilazane at 31° with the B-OH (O) and Si-OH ( • )  
groups on the boria-silica surface.

was taken. (The spectra were all taken at the same tem­
perature, since there is a large temperature coefficient for 
the band extinction values. This will be discussed below.) 
The bonded methoxy- and chlorosilane products showed 
some decrease in the intensity of the C-H stretching 
bands after the thermal treatment, showing that these do 
decompose slightly. The HMDS product was completely 
stable to the thermal treatment. In no case did any hy­
droxyl groups reappear. All the reagents, however, are re­
active to water vapor at high temperature. The spectra 
taken after the hydrolysis showed that the C-H stretching 
band intensities were greatly reduced, part of the silanol 
bands reappeared, and virtually all the B-OH reappeared. 
Boric acid was found deposited on the cell windows after 
the high-temperature hydrolysis, indicating that this is 
one of the reaction products from the hydrolysis. Since 
the B-OH intensity was about the same as initially, this 
boron was probably present on the surface in addition to 
the boron which gives rise to the B-OH groups.

Spectral Features of SiOH-BOH Surfaces. Figure 6 
shows plots of the extinction values and of the integrated 
areas under the Si-OH and B-OH bands at various tem­
peratures up to 400°. Also given are the extinctions and 
integrated areas of the 3i-OH band on pure silica, silica 
with a small amount of B-OH, and porous glass. It is seen 
that the integrated areas decrease about 15-20% over the 
range 30-400°. This 15-20% decrease over this tempera­
ture range has been reported in the literature for other 
types of surfaces containing OH groups.6-8 The interesting 
point, however, is the wide variation in extinctions over 
this temperature range for the different surfaces. The sila-
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100 200 300  40C
TCC)

Figure 6. (Top) Variation of the OH band extinction at various 
temperatures (/T) with respect to the band extinction at 30° 
(/30°). (Bottom) Variation of the integrated area of the OH band 
at various temperatures (arear) with respect to the integrated 
area at 30° (area3o°): •>  SiOH on Silica; O, SiOH on silica with 
small amount BOH;® , SiOH on porous glass; Q , SiOH on 
silica—boria surface; V , BOH on silica-boria surface; + , SiOH 
on Aerocat Triple A silica-alumina catalyst.

noi bands on the porous glass and the silica containing a 
trace of BOH decreased only about 22%, whereas on pure 
silica the silanol band decreased about 35%. On the 
SiOH-BOH surface the silanol band decreased 45% and 
the BOH band decreased 53%.

The question of changes in intensity of the fundamental 
OH vibration bands has been addressed by Fripiat and 
coworkers6 who postulate that the increased band widths 
and decreased extinctions can be attributed to a proton 
delocalization process. Cant and Hall7 extended this data 
to surface hydroxyl groups of biotite, muscovite, silica gel, 
alumina, silica-alumina gel, and decationated Y zeolite. 
They also noted changes in extinction as a function of hy­
droxyl type though they were more concerned with the ob­
servation that the bands all behave similarly as far as 
changes in integrated intensity were concerned.

The absorbance of a fundamental band is a function of 
the Einstein coefficient of absorption (proportional to the 
square of the transition moment) and the fraction of the 
OH oscillators in the initial and final levels. For any two 
freely vibrating hydrcxyl groups it is not unreasonable to 
expect that the change of integrated intensity with tem­
perature will be very similar. The extinction at any wave­
length, however, will be strongly dependent on the elec­
tron distribution in the band. Thus, more acidic OH 
groups will show a greater lowering in intensity with tem­
perature (i.e., a broadening of the band) than will more 
basic groups. This is borne out by the present experi­
ments. Kinetically it was observed that large amounts of 
boron enhanced the reactivity of the silanol groups, and 
the chemical activities of the B-OH, Si-OH on boria-sili- 
ca, and SiOH groups follow the changes in extinction.

Why trace amounts of boron should cause a lesser de­
crease in the extinction of the band with increasing tem­
perature is not clear. It is of interest to note, however, the 
correspondence between the sample with only a small 
amount of boron on the surface and the porous glass 
which is known to contain only about 3% B20 3 as total 
impurity. Low and Ramasubramanian9 have suggested 
that in porous glass the boron oxide is present in “ islands” 
on the surface, and presumably this does not affect the

“ silica” too much. Perhaps in our high-boron samples the 
boron is in close proximity to the silanol groups in a man­
ner similar to that suggested for silica-alumina cracking 
catalysts.10-11 If this speculation is correct, it is of interest 
to examine the change in extinction of the terminal hy­
droxyl groups (Si-OH) on such catalysts. The data ob­
tained at 30 and 400° on a commercial silica-alum.na 
cracking catalyst (Aerocat Triple A) is shown in Figure 6. 
At 400° the extinction of the OH group has decreased by 
about 57%. This is presumably the most active hydroxyl 
group and gives the largest change in extinction of the 
samples measured.

The kinetic and spectroscopic data presented in this 
paper demonstrate the large effect that relatively small 
quantities of impurity can have on the surface properties 
of silica. It is well established in the literature9-12-13 that 
boron impurities introduced into silica create additional 
surface sites of the “ Lewis acid type” which are capable of 
chemisorbing ammonia and other electron-donating mole­
cules. The present work shows that such impurities also 
change the kinetic order and chemical reactivity of the si­
lanol groups on the surface. These groups are unchanged 
in frequency and have usually been assumed to be the 
same as those occurring on a pure silica surface. In the 
reaction of silane coupling agents with silica surfaces (for 
chromatography, enzyme coupling, dyeing, etc.) the 
change in kinetic order caused by such impurities could 
cause complications in the end use of the final product. 
For instance, when using a bifunctional silane, a change 
in reaction order from, say, 1.6 to 1.0 would leave a sur­
face containing many more unreacted functional groups, 
which could then take part in further adsorption pro­
cesses.

Note
A reviewer has commented that “ in spite of previous 

publications, I am still waiting for an unambiguous proof 
that there is really an OH group bound to boron.” He 
points out that a group such as

OH
/

Si
/  \

0 o

0
/

B
/  \

0 0

would give the SiOH group a high activity, a high mobili­
ty, and therefore a high temperature coefficient. It is diffi­
cult to provide unambiguous proof that the band at 3733 
cm -1 is indeed a BOH group rather than an SiOH group 
of lower frequency. However, the following arguments may 
be applied.

(1) The infrared method used in this paper clearly 
shows that there is a group at 3747 cm -1 which changes in 
reactivity and reaction order when boron is added to the 
surface. It shows no change in frequency from the pure 
silica surface and, therefore, it must be concluded that 
the effect of boron near to a silanol group is to change the 
reactivity of that group without changing its frequency. 
(N.B. The intensity may change). There is no evidence 
that suggests that the boron should also interact in such a 
way as to cause a unique 40-cm_1 frequency shift. Thus it 
seems reasonable (although not proven) to assign the 
3703-cm-1 band to a BOH group, the shift to lower fre­
quency being reasonable in view of the lower electronega­
tivity of the boron atom, and in agreement with previous 
workers.
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(2) In the analagous silica-alumina systems, where the 
gross change in catalytic properties associated with the in­
troduction of alumina into the silica network is well 
known and a similar positioning of trivalent ions around 
the SiOH group has been postulated, only one OH group 
is in general observed, and that appears at essentially the 
same frequency as :t does in the original silica surface.14
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The experimental techniques developed by Lando and Slutsky are used to obtain high coverage adsorp­
tion isotherms (5 to 31 molecular layers) for benzene, carbon tetrachloride, cyclohexane, and octane 
physically adsorbed on a flat gold surface. The potential energy of interaction of the molecule and a gold 
surface is calculated using the Frenkel-Halsey-Hill equation. In all cases the interaction energy is found 
to vary with the inverse square of the molecule to metal distance.

Introduction
There has been considerable inrerest for many years in 

the nature of gas-metal interactions.2-7 Experimental 
support for the proposed theories, however, has been lim­
ited by experimental difficulties. Recently, Lando and 
Slutsky8 9 utilized new experimental techniques to mea­
sure the high coverage portion of several physical adsorp­
tion isotherms. They studied the interaction between a 
gold surface and several different nonpolar, organic mole­
cules and found the potential energy of interaction to be a 
function of the inverse square of the molecule to metal 
distance. Those results did not agree with any of the pre­
viously proposed theories. The work presented here is an 
independent confirmation of the inverse square relation­
ship. In addition, interaction constants for substances not 
studied by Lando and Slutsky are presented.

Physical adsorption isotherms were gravimetrically de­
termined for the adsorption of benzene, carbon tetrachlor­
ide, cyclohexane, and octane on gold. The vapor pressure 
of an adsorbed film is related to the molecular interaction 
energy through the Frenkel10-Halsey11-Hill12 14 equation

U(Z) -  U'(Z) P 
kT ln Pn (1)

where U(Z) is the potential energy of interaction of an ad­

sorbate molecule at distance Z from the adsorbent sur­
face, U'(Z) is the interaction energy of an adsorbate mole­
cule at distance Z from its bulk liquid, k is Boltzmann’s 
constant, T is the absolute temperature, P is the vapor 
pressure of the adsorbed film, and Po is the vapor pressure 
of the bulk liquid. In the development of eq 1 it is neces­
sary to assume that the entropy of an adsorbed molecule 
is equal to the entropy of a molecule in the bulk liquid. 
This is a valid assumption at very high coverages where 
the properties of the adsorbed film approach those of the 
bulk liquid.

Experimental Section
The gold electrodes on a resonating quartz crystal serve 

as the adsorbent surfaces. Sauerbrey15 showed that for a 
crystal resonating in the thickness-shear mode the fre­
quency change due to mass added to the antinodal surfac­
es is given by

—A f l f  — Am/m (2)
where A/  is the change in frequency, f  is the initial fre­
quency, Am is the mass added to the surface of the crys­
tal, and m is the mass of the crystal. In order for this 
equation to be valid, the added mass must be uniformly 
distributed on the crystal surface.
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F igu re  1. - I n  In (P o /P )  vs. In ( — A t)  fo r benzene (▼ ), ca rbon  
te tra c h lo rid e  ( • ) ,  cyc lo h e xa n e  ( X ) ,  and o c ta n e  (▲)

The quartz crystal microbalance consists of a crystal 
mounted in an adsorption cell, an oscillator to drive the 
crystal, a frequency counter, a digital to analog converter, 
and a strip chart recorder.

The AT-cut crystals used in this work are cut to reso­
nate at 5 MHz in the fundamental thickness-shear mode. 
The precise angle of cut within the AT-cut range is chosen 
to give a zero temperature coefficient of frequency at 25°. 
The crystals are in the form of circular plates 1.498 cm in 
diameter and 0.0334 cm thick. The major surfaces of the 
crystals are polished to within a half wavelength of sodi­
um light. The gold electrodes on the crystal, which serve 
as the adsorbent surfaces, were vacuum deposited to a 
thickness of about 30(0 A.

The adsorption and reference cells are formed by con­
necting a glass-wincowed viewing port to an electrical 
feedthrough. The quartz crystal is mounted in the adsorp­
tion cell on a pair of the feedthrough conductors. When in 
operation, a copper block is mounted over the cells in 
order to minimize thermal gradients between the cells.

A differential capacitance manometer is used to mea­
sure the adsorbate pressure in the adsorption cell relative 
to its saturation vapor pressure in the reference cell. Pres­
sure differences can be measured from 0.0001 to 100 mm. 
For all but the lowest pressure measurements, three sig­
nificant figures can be read.

The adsorption cell is pumped at high temperature to a 
pressure of less than 10-8 mm in order to thoroughly re­
move sorbed material from the gold surfaces. In order to 
avoid contamination from backstreaming pump oil. the 
vacuum system employs sorption pumps for roughing and 
an ion pump for high vacuum pumping.

During the adsorption run the adsorption and reference 
cells are immersed in a water bath where the temperature 
is controlled to within ±0.002°.

Results and Discussion
At high coverages where the thickness of the adsorbed 

film is proportional to the number of molecular layers, the 
Halsey11 isotherm may be written as

In < P /P „) =  C/Zn (3)
where C and n are constants. The thickness of the sorbed 
layer Z can then be related to the measured frequency 
changes through eq 2.

TABLE 1: Interaction Constants

Substance Coverage. À n
kTC X 

1028, erg 
cm2

e x t : ' ,
e rg /cm

B enzene" 3 5 .3 -5 5 .8 2.26 0.695 0 .0 6 73
C arbon te tra ch lo -

r id e ft 7 1 .6 -1 3 3 .0 2.12 1.11 0 .106
C yc lohe xane " 5 1 .5 -1 7 6 .2 1.94 1.25 0 .112
O cta ne " 3 1 .0 -8 6 .2 2.22 1.93 0 .123

a At 25.0°. h At 21.8°.

A f  Am ps2A aZ 2p.,kZ
f  m PqAqtq Pq/tq

where pa is the density of the adsorbate. Aa is the area 
available for adsorption on one of the gold electrodes, pq 
= 2.65 g/cm 3 is the density of quartz, Aq is the geometric 
area of the gold electrode, tq = 0.0334 cm is the thickness 
of the quartz crystal, and k = A a/Aq is the roughness fac­
tor of the gold film. Substitution of eq 4 into eq 3 gives

In (P /P 0) =  C ' C / ( —A f )” (5)

where C' = (2pakf/pqtq)n = constant. Taking the loga­
rithm of both sides of eq 5 gives

In In (P o /P ) =  In ( ~ C 'C )  -  n In ( - A f )  (6) 
A plot of —In In (Po/P) vs. In (— Af) is shown in Figure 1. 
Straight lines are fitted to the data points by the method 
of least squares, and the slopes of these lines which ac­
cording to eq 6 correspond to the power n are listed in 
Table I.

When the values of n in Table I are compared with 
their corresponding ranges of coverage, it is apparent that 
the two materials for which the widest ranges of coverage 
are given yield values of n closest to 2. It is also seen that 
the data obtained for these materials are at higher covera­
ges than the other data. It is felt, therefore, that n = 2 ac­
curately describes long-range interactions with metals.

The deviations from n = 2 can be explained by the de­
gree of cleanliness of the gold surface. Some measure­
ments were made in which the crystal was not sufficiently 
baked, and n was found to range between 1.36 and 2.86. 
The ranges of n shown in Table I are obtained with a 
more thorough baking procedure. The deviations from n = 
2 are therefore attributed to interactions with at least a 
partial layer of foreign material adsorbed on the gold sur­
face.

With n = 2 eq 5 becomes
In ( P /P 0) =  C 'C H -A f?

with C’ = (2pakf/pQtQ)2. The value of C'C can be calcu­
lated from the slope of a plot of l/(Af>2 vs. In P/Po- In 
Figure 2 these plots are presented for the substances stud­
ied. Straight lines are fitted to the data by the least- 
squares method.

The constant C' can be calculated if the roughness fac­
tor k is known. Lando and Slutsky8 experimentally found 
the roughness factor of an evaporated gold electrode to be 
equal to 1 within experimental error. The value of k for 
these calculations is assumed to be 1.

The values of C are calculated by dividing C'C by C . 
These constants used with eq 3 and 1 give the potential 
energy difference between an adsorbed molecule and a
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molecule in the bulk liquid
U(Z) -  U'(Z) =  kTC/Z2 (7)

Wade and Slutsky16 used a similar approach to determine 
the interaction energy between heptane and quartz. They 
obtained an inverse cube relationship with distance; this 
is expected for a nonmetallic adsorbent. Comparing the 
results for metallic and nonmetallic adsorbents leads to 
the conclusion that the interaction with the bulk liquid U' 
is an inverse cube function and that at high coverages it is 
small compared with the inverse square interaction with 
the metal. Therefore, at high coverages eq 7 becomes

U (Z ) =  kTC/Z2 (8)
The values of kTC for the substances studied are listed in 
Table I. In order to obtain a general interaction equation, 
the polarizabilities of the molecules are considered. Since 
the interaction energy is expected to vary directly with 
the molecular polarizability,4 -6 eq 8 may be written as

U(Z) =  Ba / Z‘l
where B = kTC/a and a is the molecular polarizability 
the gas molecule. The values obtained for B are listed in 
Table I.

Using the average value of B from Table I, the general 
interaction equation is

U(Z) =  0.102 X 10~4a / Z 2 erg /cm
This compares favorably with the results of Lando and 
Slutsky8 who obtained a constant of 0.174 X  10~4 erg/cm.

It is concluded that the long-range potential energy of 
interaction between nonpolar molecules and a metal sur­
face is a function of the inverse square of the molecule to 
metal distance. This relationship which was first observed 
by Lando and Slutsky8-9 has now been independently con­
firmed. These results do not agree with the various 
theories which have been proposed to describe molecule- 
metal interactions. The proposed theories predict an in­
verse cube relationship.

1971

Figure 2. I/ ( A f ) 2 vs. —In ( P / P o) fo r benzene (▼ ), ca rbon  te tra ­
ch lo r id e  ( # ) ,  cyc lo h e xa n e  ( X ) ,  and o c ta n e  (▼ ).
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Spectra and Structure of Phosphorus-Boron Compounds. I l i . 1a 
Vibrational Studies of Trimethylphosphine-Borane and 
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The infrared (33-4000 cm "1) and Raman (0-3000 cm "1) spectra of (CH3)3PBH3 and (CH3)3PBD3 have 
been recorded for the solid state at low temperatures. The spectra have been interpreted in detail on the 
basis of C3v molecular symmetry and PA/nrnm space group symmetry. The valence force field model has 
been utilized in calculating the frequencies and potential energy distribution. The calculated potential 
constants for the adduct are compared to those previously reported for the Lewis base moiety and the 
differences are shown to be consistent with the structural changes found upon adduct formation. The 
P-B stretch was found to be extensively mixed with the P-C stretch. The P-B force constant was found 
to have a value of 2.37 mdyn/Â which seems consistent with the adduct stability.

Introduction
Trimethylphosphine-borane is an addition compound 

which was first prepared by Burg and Wagner23 by mixing 
diborane(6) and trimethylphosphine at low temperatures. 
The adduct is a crystalline solid which melts at 103° and 
is stable toward dissociation. There is no evidence for dis­
sociation at room temperature and the adduct can be 
heated to 200° before appreciable decomposition occurs. 
Bryan and Kuczkowski2b recently published the micro- 
wave spectrum and determined the P-B bond distance for 
this adduct to be 1.901 ±  0.007 Á. This distance is consid­
erably longer than the corresponding one (rP. B = 1.836 ±
0.012 A) obtained3 for F3PBH3, yet the latter molecule is 
extensively dissociated at 0°. Recently Durig, et al.,* mea­
sured the microwave spectrum and determined the P-B 
bond distance in H3PBH3, which is completely dissociat­
ed at 0°, to be 1.937 ±  0.005 Á. These facts, along with 
earlier studies,2b indicate that the usual correlations be­
tween bond strength and bond length are not applicable 
for these compounds.

Little vibrational data are available for boron-phospho­
rus adducts. The present investigation was undertaken to 
determine if there is a correlation between the P-B bond 
length and the frequency of the P-B stretch, along with 
the corresponding force constant. The complete normal 
coordinates were calculated to gain additional information 
about the properties of the P-B bond and the extent of 
the mixing of the fundamental modes.

Experimental Section
All preparative work was carried out in a conventional 

high-vacuum system employing greaseless stopcocks.5 Tri­
methylphosphine was obtained from Strem Chemicals, 
Inc., and was purified on a variable-temperature vacuum 
fractionation column6 (vapor pressure 158 mm at 0°; lit. 
158).5 Isotopically normal diborane(6) was prepared by 
the addition of KBH4 to hot polyphosphoric acid and 
deuteriodiborane(6) was prepared in a similar reaction 
using NaBDé. Both diborane(6) species were purified by 
passage through a -160° bath (i-C5H12 slush) into a trap 
held at -196° (liquid nitrogen). Purity was checked by

vapor pressure measurement,5 infrared,7 and mass spec­
tra.8 The trimethylphosphine-borane and -borane-d3 were 
prepared by the reaction of (CH3)3P and the appropriate 
diborane(6) species.23 The (CH3)3PBH3 and (CH3)3PBD3 
were purified by vacuum fractionation using a —45° bath 
(chlorobenzene slush) and a —196° bath. The trimethyl­
phosphine-borane species were retained in the —45° bath 
and any unreacted trimethylphosphine and diborane(6) 
were retained in the —196° trap.

The far-infrared spectra of (CH3)3PBH3 and 
(CH3)3PBD3 were recorded between 33 and 350 cm-1 with 
a Beckman IR-11 double-beam grating spectrophotometer 
which was purged with dry nitrogen. The instrument was 
calibrated with water vapor frequencies.9 The low-tem­
perature cell used has been described elsewhere.10 The 
sample was allowed to sublime slowly onto a silicon sub­
strate which was in thermal contact with a brass heat sink 
cooled by a Dry Ice-2-propanol slush.

The mid-infrared spectra were recorded from 4000 to 
250 c m 1 with a Perkin-Elmer 621 grating spectropho­
tometer which was purged with dry nitrogen gas and cali­
brated in the usual manner.9’11 The spectra were recorded 
with the sample held at -78° in a cell with Csl windows.

A Cary Model 82 Raman spectrophotometer equipped 
with a Coherent Radiation Model 52-A argon ion laser was 
used to record the Raman spectra from 0 to 4000 cm-1 . 
The compounds were condensed in glass capillaries and 
sealed with a torch. The capillaries and a thermocouple 
were placed in a cold cell similar to the one described by 
Miller and Harney12 which was cooled by a stream of ni­
trogen gas. Spectra were also recorded at room tempera­
ture but no differences were observed between these data 
and those obtained at ca. -140°.

Results and Discussion
The infrared and Raman spectra of (CH3)3PBH3 and 

(CH3)3PBD3 are shown in Figures 1-3. A molecular sym­
metry of C3v, with the C3 axis coincident with the P-B 
bond, and “ local” C3 symmetry for the methyl tops was 
assumed for trimethylphosphine-borane. From group 
theory, one predicts the molecule to have 10Ai, 5A2, and
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Figure 1. Raman spectra of (CH3)3PBrl3 (A) and (CH3)3PBD3 (B) 
recorded with a sample temperature of —140°.

15E modes. The five “ silent” A2 vibrations were not ob­
served even in the solid state.

The crystal structure at room temperature has been re­
ported13 to be PA/nmm =  Din1 with two molecules per 
primitive cell, which means it is disordered. This cell has 
sites of Did or C\u for the accommodation of two mole­
cules but neither symmetry is a subgroup of the C3V mo­
lecular symmetry. Therefore, no effects due to the site 
symmetry are expected and the splitting due to the factor 
group should be quite small. Thus, the intramolecular vi­
brations can be interpreted on the basis of the molecular 
symmetry.

CH3 Modes. The two antisymmetric CH3 stretching 
modes observed in trimethylphcsphine collapsed into a 
single, intense, sharp, Raman band at 2982 cm' 1 for the 
adduct (Figure 1). The corresponding infrared band is 
very weak which is in marked contrast to the strong in­
frared absorption observed in trimethylphosphine14 for the 
corresponding fundamental. As with the antisymmetric 
CH3 stretches, the symmetric CH3 stretches, V2 and i^g, 
are accidentally degenerate at 2913 cm- 1 and are totally 
insensitive to deuteration of the BH3 group.

As was observed in trimethylphosphine by Park and 
Hendra,14 the three methyl antisymmetric deformations 
are not degenerate; however, the separation between the 
bands is less in the adduct than for those in the parent 
Lewis base. A decrease in the separation of 1*22 (E) and ps 
(Ai) in the adduct is also observed for the symmetric 
methyl deformations. The intensities of the antisymmetric 
and the symmetric deformations in the infrared spectrum 
are observed to be reversed with the symmetric deforma­
tions becoming more intense in the adduct.

The methyl rocks are the only methyl modes to show 
any sensitivity to deuteration of the borane group. In the 
“ light” compound, the vy (Ai) and 1/24 (E) modes form a 
broad, strong band centered at 980 cm-1 . Upon deutera­
tion of the borane group, the frequency of the Ai mode in­
creases to 989 cm-1 and the frequency of the E decreases 
to 960 cm -1. The second E mode, 1-25, at 946 cm 1 is un­
affected by the deuteration.

C-P Skeletal Modes. The symmetric C-P stretch (Ai) 
is strongly mixed with the P-B stretch. This stretch, 
which is observed at 708 (n B) and 713 cm- 1 (10B) in the 
“ light” compound, shifts to 692 cm- 1 upon deuteration of 
the BH3. The symmetric C-P stretch in trimethylphos­
phine was found at 653 cm -1. The antisymmetric stretch, 
which, of course, does not couple with the P-B stretch, is

| I A i,
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Figure 2. Mid-infrared spectra of (CH3)3PBH3 (A) and 
(CH3)3PBb3 (B) (solid phase) recorded at —78°.
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Figure 3. Far-infrared spectra of (CH3)3PBH3 (A) and 
(CH3)3PBD3 (B) (solid phase) recorded at —78°.

observed at 756 cm' 1 in both isotopic species. The 
frequencies of both the symmetric and antisymmetric C-P 
stretches are found to be 50 cm' 1 higher in the adduct 
than in the parent Lewis base.

In trimethylphosphine, the C-P bond is formed using a 
sp3 orbital of the carbon with orbitals of the phosphorus 
which are presumably intermediate in hybridization be­
tween sp3 and p3. When the adduct is formed, the phos­
phorus undergoes a rehybridization to a value closer to 
sp3. The C-P bond length decreases from 1.841 ±  0.003 
A15a in the parent Lewis base to 1.819 ±  0.010 A2b in the 
adduct. The C-P-C angle opens from 99.1 ±  0.2°15a in tri­
methylphosphine to 105.0 ±  0.4° in (CH3)3PBH3. The in­
crease in the two C-P stretching frequencies is attributed
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TABLE I: Observed and Calculated V ibrational Frequencies for (CH 3 )3PBH 3 a

(CH3)3PBH3 (CHshP6
<CH3hPBH3 

calcd, 
cm“ 1

Infrared
v, cm- 1

Raman 
Ai>, cm- 1

Infrared 
v. cm 1

Raman 
Ap, cm- 1 Assignment and approximate description

2983
2983 vw 2986 vw 2978 2969 2982 v-\ (A d . iU6 (E), ¡<17 (E) CH3 antisymmetric stretch (100%)

2954 2983
2913 w 2916 vs 2900 2894 2913 V2 (A1), j/18 (E) CH3 symmetric stretch (100%)

2913
2362 s 2367 s 2355 ¡/19 (E) BH3 antisymmetric stretch (100%)
2335 s 
2266 wm

2335 vs 2332 V3 (Ad BH3 symmetric stretch (100%)

2254 225^ w
1429 wm 1432 m 1441 1420 V20 (E)
1421 wm 1426 m 1430 1421 1419 i/2, (E) CH3 antisymmetric deformations (100%)
1412 w 1418 m 1416 1420 V* (A-i)
1304 wm 13U  w 1306 V22  (E) CH3 symmetric deformations (100%)
1293 m 1283 1293 1294 vs (Ad
1133m 1137 m 

1122 s
1136 i/23 (E) BH3 antisymmetric deformation (100%)

1081 m 1087 i/6 (A,) 10BH3 symmetric deformation (95%)

1069 s 1069 w
1078 i<6 (Ad 11BH3 symmetric deformation (82%)

973 985 vj (Ad CH3 rock (100%)
980 vs 972 v2 4 (E) CH3 rock (82%)
946 s 946 w 940 948 944 j/25 (E) CH3 rock (95%)
888 m 889 w 887 V28 (E) BH3 rock (90%)
756 m 758 ms 709 708 756 i/27 (E) C3P antisymmetric stretch (100%)

713 m 715 (Ad C3P symmetric stretch (70%) and P -10B stretch (30%)
708 s 708 vs 653 712 v8 (Ad C3P symmetric stretch (75%) and P -11B stretch (25%)
583 w 583 m 579 v9 (Ad P -10B stretch (60%) and P-C (40%)
571 m 571 s 564 v9 (Ad P -11B stretch (65%) and P-C (35%)
286 w 288 ms 298 305 285 i/io (Ad C3P symmetric deformation (90%)
258 m 262 m 255 263 257 i*28 (E) C3P antisymmetric deformation (100%)
211 s 211 m 209 v30 (E) BPC3 bend (95%)

95 w
43 w

lattice mode (libration, Eu?) 
lattice mode (translation?)

“  Abbreviations used: m, medium; s, strong; w, weak; v, very. n Data taken from ref 15b and 18. Infrared data are for the vapor and the Raman frequen­
cies are for the liquid state.

to the decrease in the P-C bond length. Since the methyl 
groups are farther apart in the adduct than in the free 
base, the CH3 stretching modes do not couple among the 
methyl tops and, similarly, the coupling of the other 
methyl modes is smaller. Durig, et a/.,15b assigned the 
bands at 298 and 255 cm-1 to the symmetric, Aj, and 
antisymmetric, E, C3-P deformations of (CHsDP, respec­
tively. In the adduct, these modes are observed at 286, 1*10 
(Ai), and 258, i/28 (E), respectively. Even though the fre­
quency of the symmetric mode decreases the CPC force 
constant is found to increase.

BH3 Modes. In the “ light” compound the symmetric, 
1*3, and the antisymmetric, r19, BH3 stretching modes 
form a broad strong band with two distinct maxima. On 
deuteration, the antisymmetric mode shifts from 2362 to 
1772 cm“ 1. The symmetric stretch, which is observed at 
2335 cm-1 in the “ light” compound and at 1668 cm-1 in 
the deuterated molecule, shows a larger isotopic shift. 
Bands in the “ light” compound at 1133 and 1069 cm 1 are 
observed to shift to 831 and 849 cm-1 , respectively, on 
deuteration. The bands at 1133 and 831 cm 1 are assigned 
to the antisymmetric BH3 and BD3 deformation, respec­
tively, and the bands at 1069 and 849 cm 1 are assigned 
to the corresponding symmetric motion. The BH3 rocking 
mode is observed to shift from 888 to 692 cm“ 1 with deut­
eration. The isotopic shift factors for these three bending

modes are 1.37, 1.26, and 1.28 for the antisymmetric and 
symmetric BH3 deformations and the BH3 rock, respec­
tively.

P-B Stretch and CPB Bend. The P-B stretch is ob­
served as a doublet. One band is centered at 571 cm 1 
and shifts to 526 cm-1 on deuteration and a second one, 
one-fourth as intense as the first, is centered at 583 cm 1 
and shifts to 533 cm-1 upon deuteration. The measured 
isotopic shifts are less than theoretical as would be ex­
pected, since the P-B stretch is strongly mixed with the 
C-P symmetric stretching motion. The CPB bending 
mode observed at 211 cm“ 1 in the light compound shifts 
to 190 cm“ 1 with deuteration.

The methyl torsion of E symmetry and none of the five 
vibrations with A2 symmetry were observed. For the 
Lewis base the two methyl torsions were observed at 268 
(E) and 223 cm-1 (A2) in the Raman spectrum of the 
solid. The degenerate methyl torsion could easily be ob­
scured by the degenerate skeletal deformation in the ad­
duct, whereas both the A2 methyl and borane torsional 
modes could lie under the strong CPB bending motion at 
211 and 190 cm“ 1 in the “ light” and “ heavy” molecules, 
respectively. The band is skewed to the high-frequency 
side, but it was not possible to resolve a shoulder.

The BH3 torsion was found to have a frequency of 197 ±  
5 cm“ 1 in the F3PBH3 molecule from which a barrier of
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TABLE II: Observed and Calculated Vibrational Frequencies for (CH3)3PBD3a

(CH3)3PBD3 (CH3;sP'1 (CH3)3- 
pbd3 

calcd, 
cm- 1 Assignment and approximate description

Infraredv, cm- 1
Ramanv, cm- 1

Infrared v, cm- 1
Ramanv, cm- 1

2988 2983
2982 vw 2982 vs 2978 2969 2982 v 1 (A ,), t<16 (E), vu  (E) CH3 antisvmmetric stretch (100%)

2968 2983
2915

2913 w 2912 vs 2900 2894 2913 v2 (AO, i>T2 (E) CH3 symmetric stretch (100%)
2890 2913

1789 s 1793 m 1792 C19 (E) 10BD3 antisymmetric stretch (100%)
1772 vs 1777 s 1771 v , 3 (E) 11BD3 antisymmetric stretch (100%)
1717 s 1721 s
1677 w 1681 w
1665 m 1668 m 1669 v3 (A,) BD3 symmetric stretch (100%)

1629 m
1428 m 1441 1420 V20 (E)
1419 s 1430 1421 1419 v2t (E) CH3 antisymmetric deformations (100%)
1412 m 1416 1420 v4 (A,)
1301 m 1312 w 1312 1312 1306

1297 V22 (E) CH3 symmetric deformations (100%)vs (A,)
1283 1293 1294

989 vs 973 988 v7 (A,) CH3 rock (95%)
960 m 952 w 953 969 j>24 (E) CH3 rock (95%)
944 vs 940 941 V2S (E) CH3 rock (100%)

935
872 vs
865 s 869 vs (A ri 10BD3 symmetric deformation (80%) and P-B stretch (20%)
849 vs 845 w 850 vs (Ari 11BD symmetric deformation (80%) and P-B stretch (20%)

831 w 821 V(23)-(E) BD3 antisymmetric deformation (100%)
716

756 s 759 s 709 708 760 v27 (E) C3P antisymmetric stretch (92%)
706

692 s 693 s 653 689 vs (Ai) C3P symmetric stretch (90%)
678 V2s (E) BD3 rock (90%) and C3P antisymmetric stretch (10%)

632 w ?
533 m 533 m 540 v3 (A i) P -10B stretch (70%) and C3P symmetric stretch (30%)
526 vs 526 vs 530 v9 (Ari P -11B stretch (70%) and C3P stretch (30%)
283 w 236 s 305* 283 i»10 (A3) C3P symmetric deformation (90%)
256 m 251 s 287* 257 V2B (E) C3P antisymmetric deformation (100%)
190 vs 188 ms 192 v30 (E) BPC3 bend (95%)
95 w lattice mode

43 m lattice mode

a-b See corresponding footnotes to Table I.

3.24 ±  0.15 kcal/mol was calculated.3 In a recent investi­
gation of H3PBH3 the barrier to internal torsion was 
found to be 2.47 ±  0.05 kcal/mo. with a corresponding 
frequency of 225 cm-1 . We had hoped to compare the bar­
rier to internal rotation of the BH3 group for the 
(CH3)3PBH3 molecule to those previously reported by ob­
serving the BD3 torsion, but the site symmetry in the 
crystal apparently was not sufficient to activate this A2 
mode. Product rule calculations were used to test the as­
signments of both the Ai and E symmetry species.

Normal Coordinate Calculations
The calculation of the normal coordinates was under­

taken as an aid in describing the fundamental vibrations. 
The analysis was made using the Wilson GF-matrix meth­
od16 and programs written by Schachtschneider.17 The G 
matrix was calculated using structural parameters deter­
mined by Bryan and Kuczkowski.2b The frequencies were 
weighted by (1/A) in the least-squares routine. Initial

force constants for the CPC angle and C-P stretch were 
taken from the published values of Rosenbaum, et a i 18 
The initial force constants for the P-B stretch and BH3 
motions were taken from the work of Berschied and Pur­
cell.19 Typical values for the methyl group force constants 
were selected from the work of Duncan.20 An initial force 
field of 24 force constants was employed to fit 54 frequen­
cies. Since the J’ WJ matrix is important to the calcula­
tion of least-squares fit, the determinant of the matrix 
was tested for singularity after each iteration and the 
magnitude compared to the trace of the matrix as de­
scribed by Schachtschneider.17 The calculated frequencies 
for (CH3)3PBH3 and (CH3)3PBD3 are listed in Tables I 
and II with average errors of 0.3 and 0.4%, respectively. In 
the calculation of the final force field, only the 22 force 
constants (Table III) with magnitudes greater than 0.02 
mdyn/A were used. The following interaction force con­
stants were included in some of the initial calculations, but 
were found not to appreciably improve the fit: Fq, Fg, F&,
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T A B L E  I I I :  In te r n a i  F o r c e  C o n s ta n ts  fo r  ( C H 3) 3P B H 3 a n d  
( C H 3) 3P B D 3

Force
constant Group rndyn/Â2

Kr P-B stretch 2.37 db 0.02

Kq P-C stretch 3.65 ±  0.02

Kr B -H  stretch 2.986 ±  0.006

«  Q C -H  stretch 4.782 ±  0.004
Ha <CPC bend 0.92 ±  0.01
h 3 <CPB bend 0.55 ±  0.01
H- <H BH  bend 0.375 ±  0.002
Hi, <PBH bend 0.622 ±  0.003
Hr, <HCH bend 0.499 ±  0.002
H0 <PCH bend 0.595 ±  0.002

fq C -H  s tre tch /C -H  stretch 0.054 ±  0.002
F r B-H  s tre tc h /B -H  stretch 0.088 ±  0.003
F Hu P-B s tre tch /P -C  stretch 0.04 ±  0.01
F r3 P-B s tre tch /< C P B  bend 0.33 ±  0.04
Ffít) P-B s tre tch /< P B H  bend 0.244 ±  0.06

</> P-C s tre tch /< P C H  bend 0.608 ±  0.005
F„ <CPC bend/C C PC  bend 0.085 ±  0.09
Fry,, P-C stretch/C P C  bend -0 .2 8  ±  0.02
Fqj P-C stretch/C P B bend -0 .0 5  ±  0.03
F QÔ P-C stre tch /H B P  bend 0.16 ±  0.02
Fdó CPB bend/H BP bend 0.15 ±  0.02

Fjo CPB bend/HC P bend 0.07 ±  0.01

F<6, Fai>, Fy¡, and F,,¡¡. The ten principle force constants 
during the latter stages of refinement were invariant to 
changes in the interaction force constants.

The methyl force constants associated with the CH3 
stretch and <HCH are comparable to those calculated for 
the hydrocarbons. The increase in the C-P stretching 
force constant from 2.7818 to 3.65 mdyn/A in the adduct 
is partially attributed to the decrease in the P-C bond 
length associated with the opening of the CPC angle. The 
P-B force constant of 2.37 mdyn/A is significantly larger 
than the 2.04 mdyn/A reported19 for this constant in the 
H3PBH3 molecule. In our calculation we used both the 
10B and n B data, whereas the calculation on the H3PBH3 
molecule was done without isotopic data and a HOVFF 
was used. The P-B force constant (valence force field) in 
F3PBH3 was found21 to be 2.46 mdyn/A. It is unfortunate 
that the P-B force constant for the H3PBH3 molecule has 
not been calculated from the same force field as the other 
two molecules, but if it is assumed that it would not be 
significantly different for a simple valence force field one 
can compare the force constants and bond lengths for 
these molecules. The P-B bond length4 of 1.937 A in 
H3PBH3 is the longest of the three compounds and the 
force constant is the smallest. Phosphine-borane is com­
pletely dissociated at ambient temperature and it is con­
siderably less stable than trimethvlphosphine-borane2b 
which has a P-B bond distance of 1.90 A. Thus, the P-B 
force constants for these two molecules reflect both the 
bond lengths and adduct stabilities. However, when one 
compares the P-B force constant of 2.46 mdyn/A for 
F3PBH3 with the extremely short P-B bond length3 of 
1.836 A the value seems quite low. This bond length is 
similar to P-C bond lengths and one would expect compa­
rable force constant values. Since trifluorophosphine-bo- 
rane is extensively dissociated at 0°, this low force con­
stant value may reflect the stability of this adduct. Thus, 
with this limited amount of data, it appears that there 
may be a correlation of the P-B force constant with the 
adduct stabilities.

The PED indicated that the only significant vibrational 
coupling was between the P-C and P-B stretching modes 
for the “ light” molecule. However, for the (CH3)3PED3 
molecule, there was some coupling among the BD3 bend­
ing modes with the CH3 rock and the P-B stretch.

Discussion
It appears that the fundamental vibrations for these ad­

ducts can be reasonably well predicted from the normal 
vibrations of the individual Lewis base along with the 
“ group frequencies” of the BH3 moiety. The major change 
resulted from the shortening of the P-C bond with coordi­
nation which was also accompanied by an opening of the 
CPC angle.

On the basis of the PA/nmm =  D4h7 crystal symmetry 
with the two molecules occupying D2d sites, the optical 
and acoustical translations span the Big + Eg = OT and 
Eu + A211 = AT, respectively. Thus, only one translational 
lattice mode should be observed in either spectrum and it is 
the Eg mode which should be Raman active. A weak, rela­
tively sharp Raman line was observed at 43 cm-1 which is 
tentatively assigned to this translational mode. The six 
librations have A2g + B iu + Eg + Eu symmetry with the 
Eu and Eg being active in the infrared and Raman spectra, 
respectively. The infrared band at 95 cm-1 is tentatively 
assigned to the Eu librational mode which is consistent with 
the general observation that the librational modes are at a 
higher frequency than the translational modes.

Thomas13 reported a phase change at —22° but no evi­
dence could be found for a spectral change in either the 
Raman intermolecular or intramolecular modes. The ex­
planation for the failure to observe any spectral changes 
with phase transition is not readily apparent.

Trimethylphosphine-borane satisfies Timmermans’ 
criteria22 of globular structure which frequently leads to the 
formation of a plastic crystal. It is quite possible that the 
high-temperature disorder phase is plastic in nature. Fur­
ther physical studies on this crystal would be interesting.
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Far-infrared spectra of CH3CH2SH and CH3CH2SD have been examined in the vapor phase. SH torsional 
frequencies corresponding to different rotamers are observed. Doublets are observed for the torsional fun­
damental vibrations of the light and for the hot bands (i.e., 1 — 2 transition) of the heavy molecule in 
the gauche conformation. The barrier to internal rotation has been calculated using one-dimensional 
theory and a potential expanded in a Fourier cosine series. Good agreement between the calculated and 
observed frequencies is obtained with a potential of the form V(a) = —[43 (+22)/2](l — cos a )  -  [137 
(±7 )/2 ](l — cos 2a) + [474 (±2 )/2 ](l — cos 3a) — [13 (±1)/2](1 -  cos 6 a ) .  Methyl torsional frequencies 
are observed at 247.5, 233.5, and 220.5 cm-1 in the light molecule. The barrier to internal rotation 
around the C-C bond is calculated to be 1359 (±16) cm -1.

Introduction
In recent years, internal rotation around single bonds 

has attracted a great deal of attention and research efforts 
because of its importance in elucidating the nature of 
nonbonded forces. Such studies should lead to a better 
understanding of chemical reactivity and conformations 
found in macromolecules. However, most of the work till 
now has been on molecules with symmetric rotors, main­
ly, CH3, CX3 (X  = F, Cl). The real challenge remains in 
understanding internal rotation and potential energy 
shapes in molecules containing asymmetric rotors. Re­
cently a number of microwave studies have reported some 
results on molecules with asymmetric rotors. A complete 
compilation of these studies can be found in a recent re­
view article by Wilson.2 However, it is apparent that the 
potential function has been fully characterized in only a 
limited number of cases. Frequently, these measurements 
are accompanied by large uncertainties in the calculated 
barrier parameters. The large errors arise because the mi­
crowave measurements rely heavily on calculations of tor­
sional levels from intensities of rotational lines, whereas 
vibrational transitions observed in the infrared and

Raman spectra provide a direct and more accurate mea­
sure of these energy leve.s.

To better characterize the shape of the potential func­
tion for asymmetric top molecules, the observation of hot 
bands is required. These hot bands allow the precise de­
scription of the energy levels approaching very closely to 
the maximum in the barrier thereby allowing a very accu­
rate characterization o: the torsional potential. Such has 
been the case for ethyl chloride and a limited number of 
other molecules. For this reason, ethanethiol serves as an 
excellent choice for the barrier description about the C-S 
bond since its rich far-infrared spectrum provides suffi­
cient data to allow the accurate determination of the po­
tential hindering internal rotation. Furthermore, the ob­
servation of methyl torsional frequencies provides an ac­
curate value of the barrier to internal rotation around the 
C-C bond in ethanethiol.

Method of Calculation
The torsional vibrational mode can be simply separated 

from the other intramolecular modes where intramolecu­
lar mixing is not present. (In the case of ethanethiol, Shi-
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manouchi and workers have shown that the -SH and -SD 
torsional frequency is virtually uncoupled from any other 
intramolecular mode.3 Note this may not be true for the 
CH3 torsion which is discussed later in this paper.) A one­
dimensional approximation of the torsional Hamiltonian 
can be written as

H  =  p aF(a )pa +  Via) (1)

where a = torsional angle, p„ = momentum conjugate to 
a and is equal to -  ih(d/da), and F(a) = one-half the ef­
fective inverse moment of inertia.

For the special case of a molecule possessing a plane of 
symmetry at a = 0, we can expand F(a) and V{a) in the 
following cosine series

Fia) =  Fn +  Ft cos a +  F 2 cos 2a +  F t cos 3a +  •••
(2)

Via) =  -?r (1 -  cos a) +  - y  (1 -  cos 2a) +

V,
(1 — cos 3a) +  ••• (3)

Vi represent the Fourier coefficients of the series and de­
scribe the shape of the barrier to internal rotation. Most 
potential functions are adequately described by the first 
three terms, i.e., V'j, V2, and V3 of eq 3 and an additional 
higher order term may be evaluated when the spectrum is 
rich in hot bands. However, in cases where there is a sym­
metric CX3 rotor, and V\, V2, V4, Vs are zero, one often 
needs only V3 and possibly the next symmetry-allowed Vq 
term.4

Fia) is determined from the geometry of the molecule. 
Only in special cases of the symmetric top where the cen­
ter of gravity of the top is found on the rotor axis will Fia) 
be independent of the angle a. Such is the case for rota­
tion around C-C bond.

The quantum mechanical form for the first term, 
p„F(a)pn, in eq 1 is

2 [p..2F (a ) +  F ia )p J ] +  fia)

Here fia) represents the pseudo potential which is indis­
tinguishable from the actual potential V(a). The magni­
tude of f(a) is very small compared to the other terms in 
eq 1 and, therefore, is neglected in the torsional equation.

The potential parameters, Vi, are determined by solving 
the torsional equation numerically using free rotor basis. 
These basis functions can be further reduced to sine and 
cosine terms. To expediate the solution it is desirable to 
choose the initial set of parameter values close to the real 
solution. These parameters, chosen a priori, are then iter­
ated to fit the observed frequencies. Convergence of calcu­
lated vs. the observed torsional frequencies is achieved 
very rapidly from this program.

Experimental Section
Ethanethiol was obtained from the Aldrich Chemical 

Co. The compound was dried by passing through Linde 
3 -A molecular sieves in a vacuum line. CH3CH2SD was 
prepared from CH3CH2SH by the procedure described in 
ref 5. The deuterated compound was finally dried by let­
ting it stand over preheated molecular sieves overnight.

The far-infrared spectra of CH3CH2SH and CH3CH2SD 
were recorded on a Digilab FTS-14 Fourier transform 
spectrometer operating in the double beam mode. A 6-¡i

Wavenumbers (cm - 1 )

Figure 1. Far-infrared spectrum of CH3CH2SH (pressure, 180 
Torr; path length, 10 cm).

Mylar beam splitter was used to cover the range 300-100 
cm-1 . A piece of black polyethylene was used to filter out 
the unwanted higher frequency output of the mercury 
lamp. A 10-cm gas cell equipped with polyethylene win­
dows was used for the vapor studies. The resolution of the 
instrument was better than 0.5 cm-1 throughout the re­
gion and thfe frequencies are accurate to ±0.2 cm-1 . A tri­
angular apodization function was used in transforming the 
interferograms.

The far-infrared spectrum of CH3CH2SH is shown in 
Figure 1. The band at 192 cm-1 of the light molecule 
shows rotational fine structure. Further, the Q branch of 
this band was found to be split by 1.2 cm-1 . Another dis­
tinct band appears at 158 cm-1 . The bands on the higher 
frequency side are in the expected region for methyl tor­
sion but could not be confirmed in the spectrum of the 
deuterated compound. This appears to be a common fea­
ture in other compounds such as ethylamine, isopropyla­
mine, ferf-butylamine, and 2-propanethiol which have 
also been investigated in this laboratory and will be re­
ported in another publication. Three sharp bands were 
observed in the -SD torsional region of the heavy mole­
cule and the band at 134 cm-1 was also found to be split 
by 1.1 cm-1 as shown in Figure 2.

Interpretation
Internal Rotation around C-S Bond. Ethanethiol may 

be expected to appear in three stable conformations, a 
trans and two equivalent gauche forms as shown

Smith, Devlin, and Scott6 recorded the mid-infrared 
spectrum of the compound in the gas phase and noted 
that it was remarkably similar to that of CH3CH2C1 with 
the exception of those bands involving the -SH group. 
They examined the spectra in glass, liquid, and crystal­
line states in search of evidence indicating the presence of 
a second rotamer. The spectrum of the crystalline form 
differed slightly from those of the glass and liquid by only 
one weak band at 783 cm-1 . This band appeared in the 
glass and liquid spectra but disappeared on crystalliza­
tion; hence it was concluded by these investigators that ;t 
could not be due to a combination band as it appeared in
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Wavenumbers ( c n ”  I

F ig u re  2 . Far-infrared spectrum of CH3CH2SD (pressure. 180 
Torr; path length, 10 cm).

glass even at liquid nitrogen temperatures. Smith, et al.,6 
chose to assign the absorption at 783 cm-1 to the -CH2 
rocking mode of the less stable form while the same vibra­
tional mode for the more stable isomer was assigned to a 
lower frequency at 737 c m 1. They attributed the lower 
frequency of the latter to interaction with the C-S H 
bending mode and used arguments regarding the mixing 
of modes to distinguish the more stable form of C1 sym­
metry (gauche) from the less stable form with Cs symme­
try (trans). The energy difference between the two forms 
by heat capacity measurements was estimated to be 100 
cm-1 .

In addition, Scott and Crowder7 recorded the far-in­
frared spectrum and observed only one band at 191 cm* 1 
belonging to -SH torsion. From the calculated band enve­
lopes and calorimetric data of Smith, et al.,6 Shiman- 
ouchi and coworkers3 assigned the bands at 190 and 158 
cm-1 as due to the gauche and trans forms, respectively. 
Our observation at higher resolution capability which 
found the splitting of the 192-cm*1 band due to tunnell­
ing between the two equivalent gauche conformations, 
confirms their assignment for this band. The 158-cm*1 
band, which is too high in frequency to be a hot band of 
the gauche form but demonstrates shift upon deuteration, 
is assigned to the fundamental of the trans rotamer. The 
maximum of the P branch of the gauche fundamental in 
the heavy molecule appears at 142.5 cm*1 (see Figure 2). 
The sharp band at 134 cm-1 , which is also found to be 
split, is assigned to the hot bands of the gauche form. The 
magnitude of the splitting of this band agrees with that 
predicted by Shimanouchi and coworkers.3 We note that 
this cannot be the R branch envelope of the hot band, 1 
— 2, representing the gauche rotamer, for by comparison 
the P-R structure of the gauche fundamental, we can ex­
pect these shoulders to be weak.

Using the same value of F(a) as reported by Shiman­
ouchi and coworkers3 and the procedure previously dis­
cussed, a potential function was determined to fit the ex­
perimentally observed frequencies of the heavy molecule. 
A small V6 term was necessary to explain the anharmoni- 
city of the gauche well. The iteration was achieved in 
three cycles starting from initial guestimates of Ui = 10.0, 
Vi = 10.0, and V3 = 500.0 cm-1 . The final set of iterated 
values for the potential terms are Vi = -4 3  (±22), V2 = 
-137 (±7), V3 = 474 (±2), and U6 = -1 3  (±1) cm *1. To 
check these potential terms, the same potential function 
was then used to calculate the torsional frequencies for 
the light molecule. The observed and calculated values 
agree very well and are given in Table I along with their 
assignments. The gauche frequencies are reproduced very

T A B L E  I: T o rs io n a l F r e q u e n c ie s  (in  c m  ’ ) o f E th a n e th io ls . 

O b s e rv e d  vs. C a lc u la te d  a n d  A s s ig n m e n ts

Transition Obsd Calcd

c h 3c h 2s h

9 0 + — 1 - 193.0 193.0
9 0_ —  1 + 191.8 191.8
t 0 — 1 158.0 160.5

c h 3c h 2s d

9 0 ± — 1 ± 148.5 148.5
9 1 + - ^ 2 - 135.1 135.1
9 1 - — 2 + 134.0 134.0
t 0 —  1 125.0 125.0

well and the discrepancy of 2.5 cm *1 in the trans funda­
mental of the light molecule can be attributed mainly to 
the approximate structure used in the calculation of F.

The appearance of the methyl torsion in only the light 
molecules suggests a coupling of this vibration with an­
other intramolecular mode. The fact that the methyl tor­
sion does not appear in the CH3CH2SD, where the -SD 
torsion moves to a lower frequency and farther away from 
the -CH3 torsional frequency, indicates that the thiol tor­
sion is the source of this intensity enhancement for the 
methyl torsion. In the normal coordinate analysis by Shi­
manouchi, et al.,3 such a coupling could not be ruled out 
from consideration. However, the excellent fit between the 
observed -SH torsional frequencies and those calculated 
utilizing the potential constants determined from the -SD 
torsional frequencies (Table I) strongly suggest that these 
cross terms between the -SH and the -CH3 torsion are 
small and unimportant. (Preliminary investigation by 
Tsuboi (University of Tokyo) and in our laboratories 
suggest that cross terms will be very important in inter­
pretating the torsional frequencies in CH3CH2NH2 and 
deuterated derivatives.) Thus, the problem of internal 
rotation can be treated adequately as two separate one­
dimensional torsions. It should be noted that the potential 
terms evaluated by this treatment may have small effec­
tive contributions resulting from neglecting these cross 
terms. It is hoped in future investigation, e.g., 
CH3CH2NH2 and the deuterated derivative, that there 
will be adequate data to describe the coupling in rotors. 
Unfortunately, the limited data found here do not allow 
such an evaluation of cross terms.

The calculated potential energy curves and the torsional 
energy levels are shown in Figure 3. From the potential 
curve the energy difference between the gauche and trans 
forms is found to be 123.0 cm* 1 and the gauch form has a 
dihedral angle of 117°.

Internal Rotation around C-C Bond. Three weak ab­
sorption bands appear at 247.5, 233.5, and 220.5 cm*1 in 
the light molecule. The absorption maximum at 247.5 
cm-1 is assigned to the methyl torsional fundamental. 
This series of torsional frequencies are very similar to the 
torsional frequency observed for ethyl chloride4 at 250.5, 
237, and 215 cm-1 . The spacings between the obsen’ed 
transitions suggest that 233.5- and 220.5-cm* 1 bands 
belong to the upper-stage transitions, i.e., hot bands, of 
the fundamental frequency at 247.5 cm *1. The observa­
tion of only one series of torsional frequencies may be due 
to (i) an overlap of the methyl torsional frequencies of the 
two rotamers or (ii) that the methyl torsion is just not ob­
served for the second rotamer. Previous studies on rc-pro-
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Torsional Angle —

Figure 3. C a lcu la ted  oo ten tia l ene rgy fu n c tio n  and to rs iona l 
energy leve ls  of CH3 CH2 SH and CH3 CH2 SD.

TABLE II: Methyl Torsional Frequencies (in cm ’ ) of Ethanethiol. 
Observed vs. Calculated and Assignments“

Transition ^obsd ^calcd

0 — 1 247.5 247.0
1 — 2 233.5 234.5
2 — 3 220.5  220.0

a F = 5.8579 cm t/3 =  1359 (± 1 6 ) c m H : V6 = -2 4  (± 8 ) cm -

pyl halides8-9 indicate that the methyl torsional barriers 
for the two rotamers are very similar. Therefore the orien­
tation of the -CH2X group demonstrates little effect on 
the barriers and this is observed in our studies on ethane­
thiol. Also F shows very little dependence on the rotamer 
form as shown by the following values: FBauche = 5.8579; 
i ’trans = 5.9233 cm-1 . A potential with V3 and Ve terms 
was determined to fit the observed frequencies (see Table
II).

A few model calculations were carried out to study the 
effect of variation of F on the potential terms. The calcu­
lations were made by varying the value of F in steps of 0.2 
cm 1 and then iterating V3 and V& to obtain the best fit 
with the experimental frequencies. The results are shown 
in Table III. The calculations clearly demonstrate that the 
potential terms are heavily dependent upon the value of F 
used in the calculations and one should be quite cautious 
in interpreting the potential terms obtained from poorly 
determined molecular structure. Fortunately, the value of 
F is insensitive to minor uncertainties in the structural 
parameters of the framework for a methyl top and the 
previously determined value of V3 is relatively unchanged 
by further refinements in the geometrical parameters of 
the framework.

Higher Order Terms. In the case of rotors with threefold 
symmetry, only the V3 term of the potential function can 
be evaluated when we are limited to observing the funda­
mental torsional frequency. However, in cases where a 
spectrum rich in hot bands is observed, one sometimes 
finds different values of V3 calculated from these different 
transitions.4 Of course, there must be only one value of V3. These differences in the values of V3 cannot be ac­
counted for by changes in the geometry, i.e., adjustments

TABLE III: Potential Terms for Different Assumed 
Values of F (cm -1 )

F V6 A “

6.2 1315.6 - 3 1 .2 1.8

6.0 1340.8 - 2 6 .9 1.6

5 .8 5 7 9 * 1359.1 - 2 3 .5 1.5

5.8 1366.8 - 2 2 .1 1.4

5.6 1393.7 - 1 6 .8 1.2

5.4 1421.4 - 1 0 .8 1.1

a =  D /(i//ral<'d -  v¡°bsd)2 b Calculated from structure in the 
gauche form.

of F alone. Inclusion of the higher order term, V6, is found 
to be very effective in bringing the values of V3 in closer 
agreement. Small values of V§, which represent a distor­
tion of the potential well from parabolic shape have been 
reported in the literature.10 The exact physical signifi­
cance of these reported values is not clear because many 
factors can give a V6 term, such as: (1) inaccuracy in the 
value of F used, resulting from a poorly determined mo­
lecular geometry which could be more serious in asym­
metric rotors as discussed above; (2) variation of F for the 
different torsional levels, which actually has been found to 
be quite small in a few cases studied extensively; (3) non- 
rigid effects, e g., an opening of the HCH angle in the 
CH3 group;11 (4) inaccuracies in the exact location of the 
Q branch centers; the potential parameters are found to 
be very sensitive to the exact values of the torsional 
frequencies; and (5) neglect of the interactions or coupling 
with other vibrations.

Considering the factors which can lead to the higher 
order term even in the simple case of a symmetric rotor, it 
is very difficult to give an exact physical meaning to the 
Vjj terms obtained in ethanethiol except that experimen­
tal evidence shows that there is such a term present in the 
potential energy surface.

Discussion
The barrier to internal rotation around the C-C bone in 

ethanethiol (V3 = 1359 c m '* 1) is greater than that in eth­
ane12 * (1028 c m 1) and is very close to that determined for 
ethyl chloride4 (1290 c m '1).

The threefold term for barriers around the C-S bond in 
ethanethiol (V3 = 474 c m '1) is found to be similar to the 
value of 444 cm' 1 reported13-16 for methanethiol. It is the 
most predominant term in the potential corresponding to 
trans and gauche conformations. Negative values of both 
Vi and V2 reflect a stabilization of the gauche conforma­
tion more than trans.
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A formulation considering most simply the size of low molecular weight ions in polyelectrolyte systems 
was given and was compared with the results of titration experiments of polyacrylic acid. It was shown 
that this new equation yields better agreement with experiment than the Poisson-Boltzmann equation 
does.

Though the size effect of ions, especially of quaternary 
ammonium ions, in polyelectrolytes is known experimen­
tally,1 only little theoretical treatment has been reported. 
The difficulty lies in the complexity of the equation which 
describes the system. I wish to report here the effect of 
the ionic size considered on the basis of the two-body dis­
tribution function of low molecular weight ions.

Let us consider the system of volume V in which a poly­
ion occupies a fixed place and there are N  small ions of 
different species. The number of the ath species is NCI. 
The total potential energy is then written as the sum of 
the interaction potential va between the polyion and the 
nth ion species. The interaction potentials ual and v,, are 
low molecular weight ion species

U =  +  '^J^ual(xa‘, x 1J) (1)
a j a ") i ‘

where x j  is the coordinate of the ;th ion particle of the 
ath ion species. The interaction potentials u a y and v a are 
expressed by

i j x ) =  J dx'Zupp(x')/(t\: :  -  x'\) +  ty(x)  

ua-,{x,x') =  Z aZy/(t\x — x ’| ) +  ult-.‘ (x.x')
where zu is the charge of the ath ion species. pp is the 
charge distribution in the polyion. the asterisk denotes the 
non-Coulombic part, and e is the dielectric constant of the 
solvent. The number density nu of the ath species is ex­
pressed by the integral

na(x) — {N uQ x)fd\N — 1 exp(— j3U)\x ._<■
( 2 )

Qs =  /d {N\ exp- 0 U )
where (5 is equal to 1/kT and d|N -  lj denotes the phase 
integral except for Xq1, which is equal to x. The mean

force potential of the ath species Wu(x) is defined by
na(x) =  N„Q k 1 exp[—/3VTu(x)] (2')

Similarly, the density of the ath species at x and the yth 
species at x' is

n„-,(x,x') =  N aNyQx \l d\N — 2) exp(—/3U)\xj =x

Substituting the mean force potential into (2) and taking 
the gradient yields

ò  ò  -s— /-, n,,-,(x.x') à
X— W j x )  =  r~~u„(x) +  Y  dx'------------ —  Uu-.(X .X  )
ÒX àx V  n„(.v) dx

(3)
The size of the ions is expressed in terms of the hard- 

sphere potential. The radial distribution function of the 
hard-sphere gas or liquid is described by YBG, HNC. or 
PY equations and the radial distribution is shown in Fig­
ure l .2 In our problem, however, the electrostatic interac­
tion and the charge asymmetry of small ions due to the 
existence of macroions make the problem much more 
complicated. In order to estimate the effect of the ionic- 
size simply, let us assume that the pair distribution func­
tion for low molecular weight ions is a step function, in 
the first approximation. The part of the curve in Figure 1 
where the pair distribution function is greater than unity 
should be lowered by the existence of Coulomb repulsion. 
Therefore this assumption will be valid, at least to the 
first order of estimation. Thus we have

n,Mx,x') — n, (x)n-,(x')8(\x — x'\ —ral) (4) 
where ft is the step function defined by

Q(z) =  0 for z <  0
=  1 for z > 0
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Figure 1. R adia l d is tr ib u tio n  fu n c tio n . H a rd -co re  ra d ius  is d e no t­
ed by r0. B roke n  line  is rad ia l d is tr ib u tio n  o f ha rd -sp h e re  gas, 
and fu ll line re p re se n ts  p resen t a p p rox im a tion .

and ruy is the sum of the hard-core radii of the species a 
and 7 . Taking the divergence of eq 3, we obtain

V2W „U ) =

---- ~  j 4̂7rpp(x) +  J^ZyJ'dx'
ny(x')ò(\x

(T

where the second term of the right-hand side is the sur­
face integral. If the integration region has spherical sym­
metry. by transforming the variables, we obtain

2irjd<pny(x')\r, riii ( 6)

where if denotes the angle against the axis connecting the 
small ion of the nth species at x  and the macroion. If the 
point x is distant from the polymer, the integral tends to 
4?rr i y ( x )  and eq 5 is reduced to the Poisson-Boltzmann 
equation.

The equilibrium condition for the dissociation of weak 
polyelectrolytes is given by3

pH =  pK„ -  log [ a / (  1 -  a ) ]  +  0.4343 0 W H

where the change in free energy per ionized acid group 
which is usually denoted by AF has been replaced in this 
equation by VFH, the mean force potential for H+ in the 
neighborhood of the residue. The potential is calcu­
lated by solving the simultaneous equations of the type 
such as (5) with respect to all the ion species existing in 
the system.

In order to know the result of these equations briefly, 
numerical calculation was performed for the salt-free con­
dition by using the rod model of polyelectrolytes due to 
Fuoss, Lifson, and Katchalsky.4 Of course, even if a low 
molecular weight salt exists in the system, we can solve 
the equations with only increased computation time need­
ed by the computer. The boundary condition is given by

\V„(R) =  0 ; - ^ W a(R) =  0 dr
where R is the radius of the model system employed. This 
boundary condition is similar to that for the Poisson- 
Boltzmann equation because the former condition gives 
the zero point of the potential and the latter implies the 
electroneutrality of the system for both cases.

In order to simplify the surface integral in the right- 
hand side of eq 5, the polymer was regarded to be an array 
of spheres, whose radius was the same as that of the poly­
mer rod. only for calculating this surface integral. Thus 
the integral was replaced by (6). This assumption implies 
some reduction of the geometrical restriction near the 
polymer.

Figure 2. H e n d e rso n -H a sse lb a ch  p lo t. Fu ll lines  exp re ss  the  re ­
su lt due  to  the  new  equa tion , and b roken  lines  show  P o lsso n - 
B o ltzm ann re su lt: A, io n ic  rad ius  o f c o u n te r io n s  is 6 .0  À, w h ich  
co rre sp o n d s  to  B u4N + ; B, 3 .5  Â, co rre sp o n d s  to  Et4N + ; C, 2 .25 
Â, M e4N + .

TABLE I: Comparison of Parameters in 
Henderson-Hasselbach Plot

Radius,
À

Experimental value0 Theoretical value

Potential 
at a  — 0.5 Slope

Potential 
at a  — 0.5 Slope

K + 1.33 2.54 2.26 2.64 1.95
M e4N 4 2.25 2.50 2.72 2.71 2.11
Ef4N + 3.50 2.70 2.93 2.79 2.33
B u4N + 6.00 2.99 3.62 2.93 2.64

a See ref 1.

Calculation Procedure
As the first approximation, n7(r) is replaced by the 

Poisson-Boltzmann distribution, and eq 5 is solved. This 
zero-order VF„(r) is substituted in eq T  to get n„(r), and 
this is iterated till self-consistency is obtained. The vari­
able r is limited within rv + ra < r < R for the equation 
with respect to the nth ion species, where rp is the poly­
mer radius and r„ is the hard-core radius of the nth ion 
species.

For each given value of ncl(R), we thus obtain N„ and 
Wa(x). Then the degree of dissociation is evaluated, if the 
polymer concentration and chain length of monomer unit 
are given. The numerical values of parameters used are 
dielectric constant, t = 78.5; chain length of monomer 
unit, 2.55 À; polymer radius rp, 4.0 À; polymer concentra­
tion, 0.0128 N. These values are taken to correspond to 
polyacrylic acid.1

The results are shown in Figure 2 and Table I. In order 
to show the effect of the new equation, the result using 
the Poisson-Boltzmann equation instead of the new equa­
tion in solving for the potential VFH is also shown in Table
I.5 If the size of the counterions and the degree of disso­
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ciation a are both large, the difference between the two 
equations is appreciable.

In comparing the result with the experiment, the follow­
ing points are to be noted: (1) the value of the potential of 
mean force WH at half-neutralizaticn (i.e., log a/{ 1 -  «) 
is equal to zero) is in good agreement with experiment; (2) 
the linearity, which is observed in the experiment is broken; 
and (3) the slope of the linear part of the curve calculated is 
smaller than that obtained from the experiment. It is also 
to be noted that the difference of the slope is smaller when 
the counterions are small.

Though polyacrylic acid cannot be supposed to be rod­
like at this polymer concentration ar.d in this range of the 
degree of dissociation, it is a fact that an improvement was 
accomplished by employing the new equation. This im­
provement suggests that the introduction of the simple pair 
distribution function is valid even in the frame of the Lif-

son-Katchalskv model. If we do not simplify the surface in­
tegral of eq 5 into eq 6, then the effect of the geometrical 
factor is larger and the calculated value is expected to be 
closer to the experimental value.
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The use of “ bond functions” (Gaussian-type functions placed in the mclecular bonding region) is exam­
ined for the nitrogen and oxygen molecules. On the basis of the total, ground-state energy and certain 
one-electron properties it is found that three optimized bond functions perform about as well as six opti­
mized 3d functions. The incorporation of these bond functions reduces the computational time by a fac­
tor of 2 for the nitrogen molecule, when compared to the calculation using 3d functions. The use of 3d 
functions in conjunction with bond functions is also investigated and it is not found to be very encourag­
ing.

Introduction
Recent advances in the capabilities of high-speed digital 

computers have made it possible to perform ab initio cal­
culations on species of chemical interest. However, since 
the required computer time goes up rapidly as the number 
of atomic orbitals increases, picking the correct basis set 
is still a problem. For atoms, Slater--ype orbitals seem to 
be the correct choice due to the infinite potential at the 
nuclus. However, multiple-center, two-electron integrals 
are difficult to evaluate if Slater orbitals are used so that 
Gaussian-type orbitals are becoming more popular for 
nonlinear polyatomic molecules. It is, nevertheless, recog­
nized that Slater-type orbitals are the superior choice so 
that Gaussian orbitals are usually used in such a way as 
to imitate the Slater calculations. For example, only nu­
clear centers are employed or Slater-type orbitals are ex­
panded in sets of Gaussians. In the bonding regions of a 
molecule the electrons no longer experience an infinite po­
tential thus in these regions Slater-type orbitals are no 
longer clearly superior. For this reason, it has been sug­

gested1 that Gaussian orbitals should not necessarily be 
placed on nuclear centers. Many authors2 have adopted 
this idea to their own particular point of view. However, a 
systematic study of the best exponents and positions to be 
used has only recently begun,3 and this study makes no 
mention of the savings of computer time involved. In 
order to give this trend some impetus, we have studied 
the use of Gaussian orbitals placed at the center of the ni­
trogen and oxygen molecules and contrasted this study 
with a similar one reported by Dunning4 using 3d polar­
ization functions.

Upon the formation of a molecule from the individual 
atoms, we expect atomic orbitals to become distorted by 
the molecular fields. In order to describe this distortion, 
polarization-type functions are included in the calcula­
tion. A more elementary concept of a covalent bond is the 
piling up of negative charge between two positive nuclei 
so as to hold the molecule together by the classical elec­
trostatic forces in agreement with the Hellman-Feyman 
theorem.5 In accordance with this idea, it seems reason-
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able to include functions which have their maximum 
values in the bonding region. For simplicity we shall refer 
to these functions as “ bond functions” in order to indicate 
their molecular character and to differentiate them from 
free-floating Gaussian orbitals which are not necessarily 
placed in a bonding region. Since the potential in this re­
gion is finite, Gaussian orbitals could be better than Sla- 
ter-tvpe orbitals for this purpose. Also, this approach in­
troduces new centers and, therefore, more multi-center 
two-electron integrals must be evaluated. Since this type 
of integral can be evaluated more quickly using Gaussian 
functions, it would seem that Gaussian-type orbitals 
should be a better choice for bond functions than Slater 
orbitals.

Computational Details
All LCAO-MO-SCF calculations performed in this work 

were conducted using POLYATOM.6 a Gaussian system 
of computer programs kindly supplied by Professor Mos- 
kowitz. For the purposes of comparison with the work of 
Dunning,4 we employed the (9s5p) atomic basis as sug­
gested by Huzinaga7 for both the oxygen and the nitrogen 
molecules. The functions were contracted to a (4s3p) ac­
cording to Dunning’s rules.8 The experimental equilibri­
um distances of 2.0689 au for nitrogen and 2.28089 au for 
oxygen were employed throughout these calculations. The 
2 axis being the internuclear axis. Auxiliary functions 
were introduced midway between the two nuclei. We indi­
cate this additional center by using a semicolon as fol­
lows: (4s3p;ls). The exponents of these functions were 
varied in order to minimize the total ground-state energy. 
Usually only one exponent was varied. The minimum was 
obtained by passing a fourth-degree polynomial through 
points in the vicinity of the suspected minimum and then 
finding the minimum for the polynomial using analytical 
techniques. In the case of nitrogen, two exponents were 
varied simultaneously. This minimum was found by pass­
ing a second-degree polynomial, including the cross term, 
through the points around the suspected minimum. The 
reported minimum was then found for this polynomial in 
the usual manner.

Results and Discussions
We began our calculations by placing a Is Gaussian 

function midway between the two nitrogens and opti­
mized the exponent. fos. A minimum in the total ground- 
state energy was obtained for f ls = 1.11. Then a px an a 
pv function with exponent fop were added and the two ex­
ponents were optimized simultaneously. Values of foH = 
1.13 and fop = 0.68 were obtained. The results of these 
calculations are summarized in Table I and compared 
with the results of Dunning4 using no polarization func­
tions and one set of Gaussian 3d function on each center. 
The important conclusion that can be made from Table I 
is that three-bond functions do almost as well as six 3d 
polarization functions. The energy is lowered by 0.0767 au 
by the addition of rhree-bond functions while Dunning4 
achieves a lowing of 0.0789 with the 3d Gaussians. The 
quadrupole moment decreases by 31% in Dunnings work4 
and 30% for our calculation. The force on the nitrogen nu­
clei decreases by 76% for the 3d functions and 72% for the 
bond functions. This comparison is not quite fair since we 
optimized the fos and fop separately while Dunning4 em­
ployed one exponent for his 3d functions. However, Dun­
ning4 did test the asymmetrically optimized exponents for

T A B L E  I: C o m p a r is o n  o f th e  U s e  o f P o la r iz a t io n  F u n c t io n s  a n d  

B o n d  F u n c t io n s  fo r  th e  N it r o g e n  M o le c u le “

Primitive basis

Gaussian
exponents

(9s5p)6 O sS pId )6 (9s5p: 1 s) 
Contracted basis

(9s5p: 1 s i p)

[4s3p] [4s3p 1 d ] [4s3p;1 s] [4s3p: 1 s ip ]

f i s m i 1.13

f r p 0.68

fod 0.98

£ h f -1 0 8 .8 8 7 7 -1 0 8 .9 6 6 6 -1 0 8 .9 1 4 6 -1 0 8 .9 6 4 4

- V / T 1.9998 2.0012 2.0006 2.0016

f(1  og) -1 5 .7 0 7 2 -1 5 .6 8 0 3 -1 5 .7 0 1 1 -1 5 .6 8 4 6

f(2 o g ) -1 .5 2 5 2 -1 .4 7 5 6 -1 .5 1 5 6 - 1.4779
f(3 o g ) -0 .6 2 6 7 -0 .6 3 1 1 -0 .6 3 4 8 -0 .6 2 9 7

e(1 au) -1 5 .7 0 3 6 -1 5 .6 7 6 6 - '5 . 6 9 7 5 -1 5 .6 3 1 0
f(2 o u ) -0 .7 7 2 3 -0 .7 7 4 4 -0 .7 7 4 1 -0 .7 7 3 9
e(17ai) - 0 .6 2 3 7 -0 .6 1 3 1 -0 .6 1 5 3 -0 .6 1 4 6
<x2}(cm ) c 7.5704 7.5730 7.5903 7.6146
<y2>(cm)c 24 .3304 23.7861 24 .2535 23 .8372

Q z A  cm )c-d - 1 .7 9 1 8 -1 .2 4 5 0 -1 .6 9 5 0 -1 .2 5 4 5
( l / r . v ) e 21 .6367 21.6590 21 .6398 21 .6539
E z( N , ) f - 0 .2 1 3 8 -0 .0 5 1 1 -0 .1 3 6 5 -0 .0 5 9 1
Q z z ( N  i )« 1.2480 1.3364 1.2295 1.3034
{b (r  -  N ) ) fl 195.4258 195.3038 195.4084 195.3436

a All quantities in atomic units. For definitions of the properties see, 
for example, M. Krauss, N a t.  B u r .  S td .  ( U .S . ) ,  T e c h  N o te .  N o. 438 , 
(1967). In addition see D. B. Neumann and J. W. Moskowitz, J. C h e m .  
P h y s ..  4 9 , 2056 (1968); 5 0 .  2216 (1969). b Taken from ref 4. c cm denotes 
the center of mass which for nitrogen is at (0.0. 0.0. 1.034). d Quadrupole 
moment. 1 au =  1.34492 X  1 0 ~ 26 esu /cm 2. eThis property only has an 
electronic contribution. ''E lectric field. 1 au =  1.71524 X 107 e su /cm 2. 
* Electric field gradients. 1 au =  3.24140 X  1015 esu /cm 3. h Density at 
the nuclei.

the two-term contraction of a Slater 3d function and this 
was found to give results for most properties with 1-2% of 
those obtained with a symmetrically optimized set.

We also optimized a set of bond orbital exponents for 
the oxygen molecule. Values of fos = 0.94 and fop = 0.77 
were obtained. It was encouraging to find that the values 
were approximately the same as those obtained for the ni­
trogen molecule. A pz orbital was also tried for 0 2 but the 
effect on the energy of this type of function was found to 
be small, about 0.001 au.

The reduction of the number and type of functions used 
results in significant savings in computer time. With POLY­
ATOM the integrals using the three bond functions could 
be calculated 2.3 times faster than if the six 3d functions 
were employed. This is because fewer integrals have to 
be calculated and because integrals involving 3d func­
tions take the most time. The SCF iteration time is about 
twice as fast using the bond functions. However, our ver­
sion of POLYATOM will not allow the contraction of 
functions of different symmetry. Thus integrals involv­
ing dz2 could not be stored on tape but had to be assem­
bled using (2z2 — x2 — y2) at each iteration. This results 
in somewhat longer running times since integrals over ten 
3d functions rather than six have to be processed. We, 
therefore, estimate that comparable results can be ob­
tained using about half the time if bond functions are 
used rather than 3d polarization functions.

An unsatisfactory aspect of the use of bond functions is 
that it is not immediately obvious how to improve the re­
sult by adding more functions. This contrasts with the use 
of polarization functions where it seems reasonable4 to
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TABLE II: Comparison of the Use of Bond Functions in 
Conjunction with 3d Polarization Functiors to a Calculation 
Performed Using Two Gaussian Functions to Represent One 
Slater 3d Function for the Nitrogen Molecule0

Primitive basis

Gaussian
exponents

(9s5p1d;1s1p) (9s5p1d;1 s ip ) 
Contracted basis

(9s5p2d) b

[4s3p1d ;1s1p] [4s3p1d;1s1p] [4s3p1d]

Ti s 1.13 1.13

& P 0,68 0.68

fod 0.98 1.75 0.56, 1.88
£ h f -1 0 8 .9 6 7 2 -1 0 8 .9 6 8 8 -1 0 8 .9 7 1 6
-V/T 2.0016 2.0014 2.0014
f(1<rg) -1 5 .6 8 3 3 -1 5 .6 8 2 0 -1 5 .6 7 9 3
f(2 o g ) -1 .4 7 6 8 -1 .4 7 6 5 -1 .4 7 2 6
t(3 o g ) -0 .6 3 1 4 -0 .3 3 1 9 -0 .6 3 2 1
f(1  ou) -1 5 .6 7 9 7 -1 5 .3 7 8 3 -1 5 .6 7 5 7
e(2ou) -0 .7 7 4 6 -0 .7 7 4 7 -0 .7 7 4 8
f(1  7TU ) -0 .6 1 3 2 -0 .3 1 3 1 -0 .6 1 2 0
(x 2)(c m ) 7.6210 7.9191 7.6029
(z 2)(c m ) 23 .7786 23 .7805 23 .6067
Q zz(cm ) -1 .1 8 9 4 -1 .1 9 3 2 -1 .0 3 5 6
<1/r,v> 21 .6552 21 .6570 21 .6596
E A N ,) - 0 .0 5 2 8 -0 .0 4 2 0 -0 .0 3 2 4

Qzz(N  1 ) 1 .3389 1.3809 1.3320
<S(r ~ N )) 195.3204 195.3244 195.2895

a All quantities in atomic units. For an exp anation of the properties, see 
footnotes a and c-h  of Table I. ^Taken from ref 4.

add Gaussian polarization functions so as to approximate 
a Slater polarization function. One way to improve our 
calculation was to include both bond functions and 3d- 
type polarization functions. This seemed reasonable since 
it would provide enough flexibility for both the polariza­
tion and the bonding effect. For these calculations we first 
employed Dunning’s4 optimum value of fod = 0.98. This 
exponent was then varied. It was found that it increased 
until a value of 1.75 was found to correspond to the mini­
mum energy. Since the 3d functions were no longer need­
ed to describe the wavefunction in the bonding region, 
they were free to shrink and describe the polarization ef­
fects in the vicinity of the nuclei. The results of these cal­
culations are summarized in Table II.

A glance at Table II reveals that the optimized 3d func­
tions in conjunction with the bond functions do not per­

form as well as two Gaussian 3d functions contracted to 
represent one Slater 3d function. The two-term Slater 3d 
function decreases the energy by an additional 0.0050 au 
and further decreases of 17% in the quadrupole moment 
and 37% in the force on the nitrogen nucleus are ob­
served.4 The addition of a set of 3d functions with f 3d = 
0.98 (1.75) reduces the energy by 0.0028 au (0.0044 au), 
decreases the quadropole moment by 5% (5%), and de­
creases the force on the nitrogen nucleus by 11% (29%). 
The use of a mixed basis of 3d functions and bond func­
tions does not seem to be a very good idea and defeats the 
original goal of this work which was to increase the speed 
of the calculation. An alternative way to improve the cal­
culation would be to add more, carefully optimized, bond 
functions. However, getting near Hartree-Fock solutions 
may not be the most promising use for bond functions. 
We feel that once bond functions have been optimized for 
different types of chemical bonds, they could be most effi­
ciently employed in ab initio calculations on first-row 
polyatomic molecules when the addition of 3d functions is 
too costly but it still desired to obtain results which are 
better than can be obtained with an sp basis.
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The unperturbed mean-square molecular radius, s02 (determined from intrinsic-viscosity measurements), 
of ethyl-branched atactic polymers are reported for several degrees of branching. These are compared 
with polymethylene (zero branches) and atactic poly (1-butene) (250 ethyl branches per 1000 carbon 
atoms). Relations are presented which describe the observed temperature and structure dependence 
these data display. The relations also fit the observed values of s02 for the following diverse atactic poly­
mers: polypropylene, polyisobutylene, poly(l-pentene), and polystyrene.

Introduction
If one attempts to discover the effects of various sub­

stituents in polymers of substituted ethylenes on the .un­
perturbed chain dimensions, he is immediately confronted 
with the problem of the seemingly haphazard relation of 
the temperature dependence of the mean-square radius, 
s02, with polymer molecular structure. Reported values of 
3 In so2/dT (T is the temperature) for polymers of ethyl­
ene and its hydrocarbon-substituted derivatives vary from 
negative to positive values with no obvious structural rela­
tionship even for polymers having the same kind of tactic- 
ity. We have examined a series of model atactic polymers 
having various amounts of ethyl branches with the hope of 
establishing the trend in s02/M (M  is polymer molecular 
weight) and 3 In s02/dT in going from linear polyethylene 
(with zero branches) to atactic poly(l-butene) (with 250 
ethyl branches per 1000 carbon atoms). We report our 
measurements and findings here.

Experimental Section
The polymers reported on here are hydrogenated poly­

butadienes. The syntheses of the several polybutadienes 
were accomplished by published routes1 which produce 
polymers with narrow molecular-weight distribution at 
controlled levels of molecular weight and 1,2 addition; the 
latter results, on hydrogenation, in controlled amounts of 
ethyl branches. The hydrogenation was carried to comple­
tion by the techniques of Moberly.2 The parent polybuta­
dienes were analyzed for microstructure by standard in­
frared techniques.3 The measurements for vinyl content 
were interpreted as ethyl content in the hydrogenated 
polymer; the values found are 69, 130, and 183 branches 
per 1000 carbon atoms for the three series reported here.

Weight-average molecular weights were determined by 
scattered light photometry, using 1-chloronaphthalene as 
solvent.4 The necessary specific refractive increments 
were measured on samples from each series. Number-av­
erage molecular weights were determined by osmotic pres­
sure measurements.5 Intrinsic viscosity determinations 
were made for all samples in a number of solvents6 to per­
mit the determination of so2/M  by the technique de­
scribed previously.7

Results
Molecular weights of the several polymers studied are 

given in Table l ;8 weight-average molecular weights, M w, 
appear in column 3 and number-average, M n, in column 
4. The value for Me1/2 needed in the Stockmayer-Fixman 
relation7’9

M  = K M „W2 +  J M W, K  =  $ ( ^ ) 3'2 (1)

was taken as

M / /2 EE (M 1/2)w =  (M nM j f a

a relation valid for a logarithmic-normal distribution of 
molecular weights. In relation 1, the parameter J  provides 
a measure of the perturbation of the polymer molecule by 
the solvent, <f> is considered a universal constant, and [77] 
is the intrinsic viscosity of the polymer solution. Values 
determined for [r?] for each polymer in three solvents at 
each of two temperatures are listed in Table II.8 The data 
in Tables I and II are plotted in Figure 1 (for one temper­
ature only, 130°) according to the procedure given in ref 7. 
The lines drawn in the figure are least-squares fits to the 
data constrained to give a common intercept after demon­
strating that intercepts from fitting without constraint 
were indeed measures of the same quantity (90% confi­
dence limits). The parameters K  and J  determined by 
this fitting are given in Table IH; columns 3 and 4 give 
the values of K  and its standard deviation, respectively, 
and columns 5 and 6 give the value of J  with its standard 
deviation.

From the meaning of K  given in (1) and taking 2.5 X 
1021 for the value of 4>, we calculate s02/M for each poly­
mer structure and list the results in Table IV. Also in­
cluded are results for the polymer having 20 ethyl branch­
es per 1000 C atoms, taken from ref 7. Columns 2 and 3 
give the values of s02/M at the two temperatures mea­
sured.

Figure 2 displays the values of s02/M appearing in 
Table IV and includes values for both linear polyethylene6-10 
and atactic poly(l-butene)11 adjusted to the same two 
temperatures. It is at once apparent that the behavior of
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(mjm; ' 2) * io-2
Figure 1. Stockmayer-Fixman plot for ethyl-branched macro­
paraffins at 130°: (I) 69 branches/1C00 C atoms: (II) 130 
branches/1000 C atoms; (III) 183 oranches/1000 C atoms: 
O, biphenyl; A , 1-dodecanol; V , 1-chloronaphthalene.

TABLE III: Stockmayer-Fixman Parameters for 
Hydrogenated Polybutadienes

Et branches/
1000 C Solvent“  K X 103 ak X 103 J X 1 0 6 <tj X 106

A t 35°
69 4 2.88 0.23

5 2 .64  0.08 4.7E 0.24
6 8.07 0.27

130 4 3.07 0.32

5 1.88 0.11 4.02 0.32

6 6.63 0.35

183 4 1.92 0.42

5 1.71 0.15 2.52 0.42

6
A t 130°

4.22 0.42

69 1 1.16 0.20
2 2.05 0.08 2.33 0.20

3 4.75 0.21

130 1 1.71 0.10
2 1.27 0.04 1.92 0.10
3 4.34 0.11

183 1 1.00 0.24

2 1.17 0.09 0.74 0.24

3 2.23 0.25

“ (1) 1-Dodecanol, (2) biphenyl, (3) 1-chloronaphthalene, 
dimethylpentane, (5) heptane, (6) cyclohexane.

(4) 2,4-

In (so2/M ) with number of branches depends on the tem­
perature. The logarithm of sg2/M at 35° is almost linear 
with ethyl branch content; it does not display this behav­
ior at 130°.

Discussion
The difference in behavior of so2/M  with side chain 

content at the two temperatures, 35 and 130°, suggests 
that there may be a temperature for which In (s02/M ) is 
linear with that polymer content not in the main chain of 
atactic polymers. Our first step in exploring this possibili­
ty is to examine the temperature coefficient, 5 In s02/dT, 
and its dependence on polymer composition.

Figure 3 displays our values of d In so2/3T  for hydroge­
nated polybutadienes as well as literature values for poly-
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Figure 2. Dependence of unperturbed chain dimensions on 
ethyl branch content for macroparaffins: O, 130°; A, 35°.
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Figure 3. Dependence of temperature coefficient of unperturbed 
mean-square radius on mass fraction of polymer as substituents 
for hydrocarbon polymers.

TABLE IV: Unperturbed Chain Dimensions for 
Hydrogenated Polybutadienes

S q 2 / M X 10 '7

Et Branches/1000 C 35° 130°

20 1 .8 0 “ 1 .7 8 *

69 1.73 1.46

130 1.38 1.06

183 1.30 1.00

“  At125°. "A t 140°.

methylene and atactic poly(l-butene). Also included in 
the figure are values for other atactic polymers for which 
the branch differs from an ethyl group: polypropylene, 
polyisobutylene, poly(l-pentene), and polystyrene. In 
order to put these different structures on the same basis, 
we use Xi the fraction (by mass) of polymer that is not in 
the main chain. Values of the quantities required for Fig­
ure 3. together with references, are given in Table V.12-17 
We find that the empirical relation

dT 1 +  (x — c)2(l +  tanh ß\)
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Figure 4. Dependence of unperturbed chain dimensions (at 42°) 
on mass fraction of polymer as substituents for hydrocarbon 
polymers.

TABLE V: Temperature Coefficients of Unperturbed 
Chain Dimensions

Polymer X
(3 In s02/ 37) X 103 

(deg " ') Ref

Polymethylene 0 -1 .0  (±0 .1 ) 12
20 E t/1000 C 0.039 -0 .8  (±1 .6 ) 7
69 E t/1000 C 0.143 -1 .7 7  (±0 .3 ) This work
130 E t/1000 C 0.269 -2 .7 7  (±0 .4 ) This work
Polypropylene“ 0.357 -2 .5 5 13

-3 .51 14
183 E t/1000 C 0.379 -2 .71  (±0 .3 ) This work
Poly(l-butene)“ 0.518 -1 .2  (±0 .2 ) 11
Polyisobutylene 0.536 -0 .2 8 15
Poly(l-pentene)“ 0.614 -0 .3 3  (±0 .2 ) 16
Polystyrene“ 0.740 0.37 17

0.44 17

“  A tactic polymers.

with a =  1.53 X 10~3, b =  4.45 X 10~3, /3 = 2.83, and c = 
0.316 fits the data well within the experimental error with 
the possible single exception of the value reported for poly- 
isobutylene. The curve drawn in Figure 3 is the least- 
squares fit of (2) to those data of Table V which appear as 
filled circles in the figure; values of the four parameters 
given above result from this fit. Those data not used in 
thq fitting were omitted because of the large uncertainty 
of their values.

According to relation 2, and as seen in the figure, both 
positive and negative values for S In So2/dT exist; the 
most negative value occurs for the structure having about 
one-third of its mass as substituent on the main chain. On 
the other hand, so2 becomes temperature independent for 
that structure with two-thirds of the mass as substituents. 
Values of x greater than % result in positive values of the 
temperature coefficient approaching a maximum value of 
+0.66 x 10~3 at x = 1- In the main, we list in Table V 
only those values from intrinsic viscosity measurements, 
for consistency with the experimental determination of 
s02/M.

TABLE VI: Summary of Unperturbed Chain Dimensions

Polymer X
(So 2/ M )
x  io 17 7, °C Ref

(s02/M) 
X 10'7 
At 42°

Polymethylene 0 1.93 138 6, 10 2.11
0 1.96 142 10, 18 2.15

20 E t/1000 C 0.039 1.80 125 7 1.97
0.039 1.78 140 7 1.98

69 E t/1000 C 0.143 1.73 35 This work 1.71
0.143 1.46 130 This work 1.71

130 E t/1000 C 0.269 1.38 35 This work 1.35
0.269 1.06 130 This work 1.86

Polypropylene“ 0.357 1.28 34 13 1.25
0.357 1.23 58 13 1.29

183 Et/1000 C 0.379 1.30 35 This work 1.27
0.379 1.00 130 This work 1.27

Poly(l-bu tene)“ 0.518 1.10 -4 6 11 0.98
0.518 0.98 23 11 0.96
0.518 0.94 61 11 0.96
0.518 0.95 83 11 1.00

Polyisobutylene 0.536 0.95 24 19 0.93
0.536 0.85 100 19 0.90

Poly(l-pentene)“ 0.614 0.91 33 16 0.90
0.614 0.89 64 16 0.90
0.614 0.90 85 16 0.91
0.614 0.87 149 16 0.90

Polystyrene“ 0.740 0.77 32.8 21 0.77
0.740 0.81 34.8 18, 20, 21 0.81
0.740 0.76 35.9 20 0.76

° A tactic polymer.

The determination of the last named quantity for sever­
al different polymers has shown that In (s02/M ) is linear 
with temperature over a rather broad temperature range 
(more than 100°). We therefore test the relation

S,,2 d In Sy-
n M  =  ln P ~  QX +  dT "  T) <3)

to determine if there is a temperature, T = r, for which ln 
(s02/M ) would be linear with x for a more diverse group of 
atactic polymers. For this test we use all the polymers 
listed in Table V covering a temperature range from -46  
to +149°, a total of 25 observations. These observations 
are listed in Table VI together with references.18 21 Rela­
tion 3 is fitted to the data of Table VI using (2) for the de­
pendence of 3 ln so2/ST on x- The fitting procedure deter­
mines r  =  42 ±  6°, p = 2.09 ±  0.03 X 10-17, q =  1.38 ±  
0.03. Figure 4 displays the values of sc2/M at 42° together 
with the least-squares line. In adjusting the determined 
values (in Table VI) to 42° from the temperature of mea­
surement, we used temperature coefficients calculated 
from (2); values for so2/M so adjusted to 42° appear in the 
last column of Table VI. We note that the temperature 
coefficient listed for polyisobutylene in Table V is not 
consistent with the two values of so2/M for that polymer 
listed in Table VI; a more negative value is required. Fi­
nally, it appears from Figure 4 that the values of ln [s02/ 
M) do determine a linear relationship with x at 42° 
whether the substituents be methyl, ethyl, propyl, or phe­
nyl groups. It would be interesting to learn if the quanti­
tative trend predicted here is in fact followed by more 
massive substituents on other atactic polymers.

Characteristic Ratio. Since the characteristic ratio, 
so2/nl2, is related to so2/M by

T h e  J o u r n a l  o f  P h y s i c a l  C h e m is t r y .  V o i . 77, N o .  76, 7973
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s02jnl1 =  (s02/M )
and since

£ II O X

we have
o 2 c 2! *0 t ò0In —  =  In —
In- M +

In C — 2 In l — In (1 — x) X 1 (4)
where n is the number of C-C bonds in the main chain, l 
is the mean length of those bonds, M 0 is the mean molec­
ular weight of a main chain atom considering the substit­
uent as part of its mass so that M  = nMo, and C is the 
mean molecular weight of a main chain carbon atom with 
its attached hydrogen. The value of C is nearly constant; 
it varies from 12 (for a polymer of tetrasubstituted ethyl­
ene) to 14 (for polymethylene). Relation 4 together with
(2) and (3) give a satisfactory account of the temperature 
and structure dependence of the unperturbed dimensions 
for the atactic hydrocarbon chain polymers examined 
here.
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Electronic Conductivity in Molten Lithium Chloride-Potassium Chloride Eutectic1
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Polarization measurements, similar to those used in the solid state, have been employed to measure a 
small electronic component of conductivity in molten LiCl-KCl eutectic in the presence of a larger ionic 
component of conductivity. Convection in the melt has been eliminated. Current-potential curves have 
been obtained on the cell Ta!LiCl-KCl(/)eut|LiCl-KCl(l). PbCl2 (5% wt)jPb to obtain the electron con­
ductivity and on the cell C|LiCl-KCl(/)eutjC-Cl2 to obtain the electron hole conductivity. Applications 
of the results to problems of molten salt electrochemistry are given.

Introduction
If sodium metal is added to molten NaCl the total elec­

trical conductivity of the melt increases continuously with 
addition of the metal. The increased conductivity has 
been analyzed as electronic conductivity and the phenom­
ena is common to many metal-molten salt systems. Re­
views of the techniques and results for many systems have 
been given by Bredig,23 Corbett,2b and Grantham and

Yosim.3 The theory has been examined by Raleigh,4 
Rice,5 as well as others.

The same phenomena occur in ionic solids but here a 
variety of very sensitive techniques have been developed 
to measure the electronic component of conductivity in 
the presence of a much larger component of ionic conduc­
tivity. Wagner6 has described several suitable techniques 
and derived appropriate equations from the transport
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theory of solids. It has been found that the electronic con­
ductivity depends markedly upon the chemical potential 
of the component elements of the ionic compound, for ex­
ample, the electronic conductivity of AgBr depends 
strongly upon the chemical potential or partial pressure of 
Br2 gas above the sample.

It was thought advantageous to study molten salts using 
experimental techniques previously used with solids. By 
eliminating convection in the melt the same transport 
equations used for solids should be valid in the melt. The 
polarization technique6 18 in particular has been helpful 
to study electronic conductivity in solids that are predom­
inantly ionic, so that it was used in this work. In this 
method dc current flowing through a cell is measured at 
various applied voltages, which are below the decomposi­
tion potential of the sample to ensure that the measured 
current is only electronic current. The pertinent equations 
are given below. Derivations and discussions are available 
in the literature.619 The system LiCl-KCl eutectic was 
studied since it has been a popular solvent in studies of 
molten salt electrochemistry.

The cell used to measure the electron conductivity may 
be represented as

Ta I LiCl-KCK 1 )eu 11PbCl2(5%wt)
LiCl-KCKPeut

|Pb ( I )

where the inert tantalum electrode is negative. A voltage 
E measured in volts is applied and the electronic current 
i, in amperes, is given by

' =  W ,  f  *ref [exp(ff)_1] +
ffhref [ l  -  ex p (— (1)

where G is the cell constant, a-eref is the electron conduc­
tivity of the salt equilibrated with the Ph-PbCl2 reference 
electrode, and (xbref is the electron hole conductivity of 
the salt equilibrated with the reference electrode.

When E »  RT/F, eq 1 reduces to

The value of fferef is thus obtained from current-potential 
curves using eq 2. Values of <re are calculated at various 
other activities of Li in the melt by

a ,  =  <7ere f( a L i / a , , i re f )  (3)

where ai,iref is the activity of Li in a melt equilibrated 
with the Pb PbCl2 reference electrode. This activity can 
be calculated by considering the following equations

Pb + 2LiCl(KCl) = PbCl2(L iC l-K C l) + 2Li

AG° -  AG fpbci2 2AGfLicl -

—RT In [(au ref)2aPbCi2/a Lici2]

where AGfPbCi2 and AGfLici are the free energies of forma­
tion of PbCl2 and LiCl so that

« Llrcf =  exp (-A G 7 2R T )[a Lici/apbc,21/2] (4)
where the activity values for aLiCi in LiCl-KCl are taken 
from Aukurst, et al..20 and the values of apb(;i2 in 5% wt 
LiCl-KCl are taken from Yang and Hudson.21

The activity of lithium at the tantalum electrode is a 
function of the applied voltage and is given by the expres­
sion

au =  aLiref exp(EF / RT)

Thus the electronic conductivity is obtained as a func­
tion of Li activity in the melt instead of mole per cent 
lithium which is the usual form of reporting results for 
molten salts.

In the study of electron hole conductivity a chlorine gas 
reference electrode was used similar to the use of Br2 gas 
to study electron hole conductivity in solid AgBr as re­
ported by Raleigh.10 The cell used was

CI LiC l-K Cl(l)eut I C—Cl2 (II)
with the left-hand electrode negative.

In this case eq 1 is also applicable but oeref and <rbrer 
are the electron and electron hole conductivities of the 
salt in equilibrium with chlorine gas at 1 atm pressure. In 
this case aerei «  <rbref (see Figure 4) so that eq 1 takes 
the form

RT
FG  <Jh- [ l - e x p  ( - ^ ) ] (5)

when E < ~  1.5 V.
The current-potential curve shows a plateau in this 

case in contrast to the exponential form in the case of cell
I. On the plateau

i = (R T /F G )ohrcf (6)
Values of <xb at other values of chlorine partial pressure 
can be obtained from the equation

i refn 1/2’ h P c  1, ( 7 )
The chlorine partial pressure and the lithium activity of 

the melt are interrelated by the equation

ai-iPci21/2 =  (ai.ici) exp(AG'Lic i /RT)
where ai,iC| is the activity of LiCl in the melt taken from 
values of Aukurst20 and AGfuci is the free energy of for­
mation of LiCl.

The assumptions underlying the validity of eq 1 and 2 
are discussed by Wagner.6 Briefly they imply a cell of 
constant cross section, a constant mobility of electrons 
and electron holes, small deviations from ideal metal to 
nonmetal ratio, and electron concentrations dilute enough 
so that classical statistics can be applied.

Experimental Section
The experimental arrangement of cell I is shown in Fig­

ure 1. A quartz tube of constant cross section approxi­
mately 10 cm long and in the form of a spiral to conserve 
space is filled with finely powdered inert alumina (120 
mesh, Aluminum Co. of America). The LiCl-KCl eutectic 
fills the void spaces in this powder and with careful tem­
perature control convection is eliminated. A tantalum rod 
acts as cathode. The reference compartment of the cell is 
contained in a large quartz tube and the level of salt in 
the spiral and reference compartment are the same so 
that no flow will occur. A coarse frit of quartz holds the 
alumina powder in the spiral. The entire cell as shown is 
contained in a larger vycor tubing (not shown) which con­
tains an inert atmosphere of purified argon gas.

The experimental arrangement of cell II is shown in 
Figure 2 and is similar to the design of cell I except for 
the electrode materials. The chlorine gas at 1 atm pres­
sure flows over a graphite electrode in the center compart­
ment. The cathode is a large glassy carbon cup. The spiral 
arrangement is the same as in cell I.
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TANTALUM
ELECTRODE

Figure 1. Experimental arrangement of cell I.

Figure 2. Experimental arrangement of cell II.

The LiCl-KCl salt was carefully treated with pure HC1 
and CI2 gases before use to remove traces of water.

The cell constants were obtained by measuring the ac 
resistance of the cell at 1000 Hz. This yields the ionic re­
sistance Rion and using the known values223 for the ionic 
conductivity (<Ti 0 n ) ,  the cell constant is given by

G Rion̂ ion

Figure 3. Current-potential curves measured using cell I.

Results
Current-potential curves measured on cell I are shown 

in Figure 3 at four different temperatures, 600, 650, 700, 
and 785°. The cell was slow to come to steady-state values 
and sometimes several hours were needed to reach a con­
stant current after the voltage was changed, but the ex­
perimental arrangement allowed one to operate the cell 
for several weeks. It can be seen that the results conform 
to the exponential form of eq 2.

The voltage range studied was between approximately 
0.85 and 1.15 V. Lower voltages were not used since here 
the current was quite low and interference from small im­
purities in the melt could be expected. Higher potentials 
could not be used since here the lithium activity at the 
tantalum electrode would become high enough that the 
lithium would react with the quartz container. At 700° for 
E = 1.15 V, the lithium activity at the tantalum is 10-5 .

Values of the current measured on the plateau of the 
current-potential curve from cell II are given at three 
temperatures in Table I. Difficulty was encountered in the 
measurements of cell II from an ionic current brought 
about by release of CI2 gas at the cathode. Raleigh en­
countered the same trouble in his studies of solid AgBr 
but it was more pronounced with the molten salt since the 
ionic conductivity here is considerably higher. The current 
was constant between 0.8 and approximately 1.2 V and 
these values of the current were used to calculate crllref.

From the results of Figure 3 and Table I using eq 2-4, 6 
and 7, one can construct the diagram shown in Figure 4 
for 700°. Here the electron and electron hole conductivi­
ties are shown in relation to the ionic conductivity as a 
function of lithium activity in the melt.

Temperature coefficients of <reref and ohref have been 
used to extrapolate results to 450°, and the diagram in 
Figure 5 is based on these values.

Previous measurements on electronic conductivity have 
been carried out in the region of high lithium activity 
which was inaccessible in these studies due to the use of 
quartz as a container. Nevertheless the results can be of 
use for the study of certain aspects of molten salt electro­
chemistry as is shown below. Further measurements are
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Figure 4. Electron, electron-hole, and ionic conductivity of LiCI— 
KCI eutectic at 700°,

TABLE I: Results from Cell II with G  =  261 cm 1

T,° C i, ¿¿A
<7hre f,

ohm -1 cm -1 Log Ohref

680 6.5 0.020 - 1 .6 8
730 17 0.0513 - 1 .2 9
785 50 0.143 - 0 .8 4 4

underway to examine the region of higher metal activities. 
This requires a new experimental arrangement as well as 
possible alteration of the equations due to the necessity of 
using Fermi statistics for higher electron concentrations.

Applications
LiCl-KCl eutectic is often employed as an electrolyte in 

concentration cells used for measuring activities of metals 
in liquid alloys.22b From the results of the present work 
one can calculate which metals may be examined with 
such cells without interference from electronic conductivi­
ty.

Consider the following cell23 at 800°K.
U(s) I LiC l-K Cl +  3% UC13 1 U -B i(l) (III) 

Wagner24 has derived equations which describe the emf of 
galvanic cells with partial electronic conductivity. For cell 
III without electronic conductivity the emf is given by the 
general equation

E = -  (RT/3F) In a v "
where av "  is the activity of uranium at the right-hand 
electrode. Using Wagner’s equations, the emf of cell IH 
with electronic conductivity is given by

E ~  ~  3~p In av y r  fe°[l — (a^')113̂  (8)

where te° is the transference number of electrons in the 
electrolyte at the left-hand electrode, i.e., equilibrated 
with U metal. Here

fe = o J (a e + a ion)
In order to use the data from the present investigation 

one has to calculate the Li activity at the left-hand elec­
trode, then with the aid of the diagram shown in Figure 5 
one obtains te°. By considering the reaction

U + 3LiCl(KCl) = UCl3(LiCl-K Cl) + 3 Li (9) 
one obtains

a u ~ e x p ( -  A G°l3RT)[aLiCilaVci3113]

-  log

Figure 5. Electron, electron-hole, and ionic conductivity of LiCl- 
KCl eutectic at 450°.

E (VOLTS)
Figure 6. Polarogram of a 1.8 mM  PbCI2 solution in LiCl-KCl 
eutectic at a drop time of 4 sec.

where AG° is the free-energy change of reaction 9 with 
reactants in their standard state. The value of aucu is es­
timated as 1.8 X  10-3 so that aLi = 10-7 with AGfL¡c i = 
-81,481 cal,25 AGfuci3 = -162,000 cal.26 aLiCi = 0.40.20 
and duel, = 1.8 X  10-3 . Using Figure 5 for the values of 
tre (<re varies very little with temperature) and the litera­
ture value of u io n , one obtains t e =  0.0032 so that the sec­
ond term in eq 8 is less than 1 mV. Electronic conductivi­
ty therefore does not interfere with measurements using U 
metal. As one increases the temperature to 900°K, how­
ever, the correction term is approximately 1.2 mV; there­
fore temperature coefficients used to obtain the entropy of 
mixing would be unreliable for cell III.

In contrast to the U cell if one considers the following 
cell at 800°K

M g(s) I L iC l-K C l + 10% MgCl2 ! M g-P b(l) ( IV )  

at an alloy composition where aMg «  1, one obtains a cor­
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rection term as high as 25 mV, therefore LiCI-KCI should 
not be used as an electrolyte with Mg cells.

The results of this study can also be applied to molten 
salt polarography. Figure 6 shows a polarogram taken on a
1.8 mM  solution of PbCL in LiCI-KCI at 450°.27 The cur­
rent increases very rapidly at about 0.8 V greater than the 
half-wave potential of PbCl2. This has been ascribed by 
the authors to the reduction of the solvent, but it is now 
believed to be due to electronic conductivity. The cell

Bi I LiCI-KCI + PbCl2 I reference electrode (V) 
is the same as cell I except spherical diffusion occurs at 
the dropping electrode and linear diffusion takes place in 
cell I. The diffusion at a dropping electrode is governed by 
the Ilkovic equation for dropping bismuth

i = 880D ll2C m 2'3t 116 (10)
where i is the diffusion current in microamperes measured 
at the maximum current of each drop, t the drop time in 
seconds, m the mass of the flowing bismuth in mg/sec, D 
the diffusion coefficient in cm2/sec, and C the concentra­
tion in millimoles/liter.

One can now apply this equation to the current of the 
quasielectrons and it reads

i e = 880D ell2C ' lef m 2l3t m  (11)
where De is the diffusion coefficient of quasielectrons, and 
Ceref is their concentration in LiCI-KCI in equilibrium 
with the reference electrode. From the well-known equa­
tion

<re =  uen<.e (12)
where ue is the mobility of electrons, ne is their concen­
tration in electrons/cc, and e is the charge on the electron 
one obtains

Ceref '= o ele,l06lueeNA (13)
after changing units to comply with eq 11 where Na is 
Avagadro’s number. From the Nernst-Einstein relation

Dt =  ue{RT ¡ F )  (14)
and the relation Ce = Ceref exp(EF/RT) one obtains

Since m2/3f1/6 = 2.30 for the polarogram shown in Figure 
6 one obtains

,  <Tere f /EF\ ,1cx
ie =  5.24 X 103 exp ( 7 a )  (16)

One can estimate from the half-wave potential of PbCL 
that the Li activity at the reference electrode of cell V is 
3.16 X 10-16 so that from Figure 5 a ere f = 3.16 X 10_ n . 
From eq 16 and the polarogram, the mobility at 450° is ue 
= 1.25 x 10"4 cm/sec.

Other applications of a qualitative nature are apparent 
from this study. In the production of metals by electroly­
sis of molten salts where there is a possibility of electronic 
conduction it is advantageous to minimize convection in 
the melt. In measurements of double layer capacitance in 
molten salts where an ideal polarized electrode is desired, 
one is limited to a narrcw potential region; otherwise, a 
small but measurable current due to electrons or electron 
holes will interfere with the capacitance measurements. 
Also in the purification of molten salts by electrolysis of 
reducible impurities, the current will decrease upon re­
duction of impurities but will probably not go to zero due 
to electronic conductivity.
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Association of Protons with Oxygen-Containing Molecules 
in Aqueous Solutions. IV. Esters

C. F. Wells
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The equilibrium constant Kc for the penetration of (H20 )4Haq+ by esters has been determined in dilute 
solution in aqueous HC1 using spectrophotometric measurements on p-nitroaniline. The influence of 
electron-releasing groups on K c is not as clear as for alcohols, ketones, and carboxylic acids due to steric 
hindrance involving the alkyl groups, but it is concluded that protonation via hydrogen-bonded attach­
ment occurs predominately on the carbonyl oxygen atom.

Previous investigations1 in this series have included 
measurements on the replacement of water molecules in 
the aquo proton (H20 )4Haq+ by alcohols, glycols, ketones, 
and carboxylic acids. Distribution of the proton affinity 
among the bonds in the protonated complex containing 
water and the oxygen-containing organic molecule, proba­
bly accompanied by rearrangement of the molecules with­
in the complex, results in effective protonation of the or­
ganic molecule at an 0  atom. The concentration quotient 
Kc = [R0H2aq + ]/[R0H][(H20 )4Haq + ] has been deter­
mined in aqueous HC1 using p-nitroaniline (B). It has 
been shown that eq 1 is obeyed,1'2 where Co, Cr , and c are
[B] without added HC1 or ROH, with added HC1 and 
ROH, and with added HC1 only, respectively, and w and a 
are the concentrations of unprotonated water and the 
total added concentration of ROH.

ecK K ,F 2w 
Cr -  c ~  K,F,a

KiFi and K 2F2 are the concentration quotients for reac­
tions 2 and 3, respectively, with F2 = / b/(ROH2+ )/ 
/(BH^I/roh and F1 = / B/p//(BH +)/(H 20) (ROH2+ = 
R0H(H20 )3Haq+ and P = (H20 )4Haq+).

B +  (H ,0 ),R K|+ ^  BHaq+ +  water (2)
B +  R0H(H20 ):!Haq+ —  BHliq+ +  ROHa„ (3)

Experimentally, plots of cc r / ( ck  -  c) vs. cH/(co -  Cr ) are 
linear with an intercept = cQw/KyFya using K\F\/w de­
termined in the absence of substrate, showing that the 
ratio Fi is independent of a. From the symmetrical nature 
of Fi it would be expected that Fy ~  1, and the agree­
ment of the intercepts with the calculated values suggest 
that any deviation of Fy from unity due to differential sol­
vation effects must be small. In particular, the sugges­
tion3 that solvation effects make variations in / B predomi­
nate over variations in / P, /(BH) + , and /(H 20) is not in 
accord with these observations on the intercepts. Al­
though / H decreases with increasing a,3 e.g., for methanol 
fa = 0.85 in 5% v/v and fK = 0.17 in 40% v/v, and for 2- 
propanol fB = 0.83 in 5% v/v and fa = 0.054 in 40% v/v, 
any variation in F-i of a similar magnitude to that in / B 
would show clearly in changes in the intercept.2 It is also 
of interest in this connection that the linearity of the plots 
of ( - d [ 0 2]/df) 1 us. [substrate]"1 observed in the oxida­
tion of secondary alcohols and an ether by the photoexcit- 
ed anthraquinone-2-sulfonate ion in acidic conditions re­

quires the symmetrical term / r o h / p / / (  ROH2+ )/(H20) to 
remain ~1 with varying a. Values for Kc are derived in 
two ways: (i) directly from the slopes of the plots of ccR/  
(Cr -  c) vs. cR/ ( c0 -  cR) or (ii) indirectly, by determin­
ing K 2F2 from the ratio slope/intercept of the latter plots, 
from which [R0H(H20)3Haq+] is derived and then K c. K c 
from ii is independent of [HC1] at any particular value of 
a and the close agreement with K c from i supports the 
above conclusion that F\ is independent of a and •— 1.0; 
the relationship between these two methods for calculat­
ing Kc has been critically examined.2-s These values1 for 
K c also agree well with Kc determined from conductivity, 
ionic transport, calorimetry, and the kinetics of acid-cata­
lyzed reactions in dilute aqueous solutions of mineral 
acids.1-2'4'5

From the earliest consideration of these equilibria aris­
ing from observations of the photosensitized autoxidation 
of alcohols,6 it has been assumed that they occur between 
solvated protons containing the organic molecule and 
other solvated protons without ROH. In highly aqueous 
media, ROH from the bulk solvent replaces an H20  mole­
cule in (H20 )4Haq+ followed probably by a rearrangement 
of the molecules and hydrogen bonds, and in media of low 
water content, e.g., H2S04, ROH replaces either an H20  
or a solvent molecule in a solvated proton quite different 
from (H20 )4Haq+.1 Nevertheless, in both cases, a proton- 
ated, solvated ROH is involved, the difference in the equi­
librium constants1 arising from the difference in the na­
ture of the solvation.

Kc is independent of a when a < 10% v/v and is usually 
determined at a = 2 or 5% v/v1 where fa —*■ 1.0 and is 
>0.85.3 Such values for Kc have been determined over a 
range of temperatures,1’6 and R0H(H20)3Haq+ is oxida­
tively inert compared with ROHaq.1’6 This method in­
volving the spectrophotometric estimation of cR and c has 
now been applied to esters.

Experimental Section
Materials. All the esters used were purified by fraction­

al distillation. All other materials were as used and pre­
pared previously.1

Procedure. This was as used previously with c0 = 1.45 
x 10" 4 M, except that, to avoid any acid-catalyzed Hy­
drolysis of the esters, the HC1 solution was added to "he 
aqueous mixture containing NaCl, p-nitroaniline, and 
ester just before sampling for the spectrophotometric

CoCr
+

Call'
Co — cR KiFia ( 1 )
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measurement. Negligible hydrolysis occurred during the 
time required to measure the optical density.7

Results and Discussion
Figure 1 shows plots of ccR/(cR -  c) vs. cR/(c0 -  cR) for 

methyl acetate, ethyl acetate, rc-propyl acetate, isopropyl 
acetate, and methyl rc-propionate all in aqueous HC1 at 
25 .0 ° with ionic strength adjusted to n =  1.00  by the addi­
tion of sodium chloride. The concentrations of methyl ac­
etate and ethyl acetate were 5% v/v, but for all the other 
esters the maximum concentration obtainable was 2% 
v/v. The plots for methyl and ethyl acetates, where the 
higher concentrations of 5% v/v could be used, show good 
straight lines with little scatter of the points and the in­
tercepts agreeing well with those calculated from KiF-y/w. 
The linearity of these plots and the agreement between 
the observed and calculated intercepts is as good as found 
previously for the other substrates.1 Although the plots for 
the other esters in Figure 1 are not as good, with a greater 
scatter of the points due to the necessity for using the 
lower concentration of 2% v/v, the agreement found for 
the other substrates between the calculated and the ob­
served intercepts,1 now extended here to methyl and ethyl 
acetates, allows the use of the calculated intercepts as an 
additional point with these esters. The deviation of the 
point with the lowest [HC1], tie., the highest cR/(co — cR), 
for rc-propyl acetate probably arises from incomplete solu­
bility of the ester at low [HC1] in n = 1 .0 0 . Values for K c 
determined by method i are given in Table I together with 
values for K2F2 determined by method ii. Values for K c 
determined via K 2F2 as in (ii) are given in Table II, and 
these are in good agreement with K c from method i, as 
found with all other substrates.'*’2'6 Unfortunately, the 
solubility of other suitable esters is too low in these solu­
tions of electrolytes for a complete set of observations over 
the range of [HC1] indicated in Table II, but in two cases, 
methyl rc-butyrate and methyl isooutyrate, cR is deter­
minable at the high end of the [HC1] range, and estimates 
of Kc can therefore be made for these esters using these 
observations and the intercept calculated from K yFi/w  
with a = 0 . These approximate values for Kc are included 
in Table I.

When the substrate is an alcohol (= ROH), Kc in­
creases with the increasing electron-releasing inductive 
effect of R, but branching in R produces steric hindrance 
to the penetration of (H20)4Haq+ by ROH and, similarly, 
for ketones R1R2CO and carboxylic acids R3COOH, Kc in­
creases with the increasing electron-releasing inductive 
effect of Ri, R2, and R3 with a corresponding reduction for 
branching. Table I shows that for esters R4COOR5 there is 
no similar straightforward explanation for the variation of 
Kc with unbranched R4 and R5. With R5 = CH3, Kc de­
creases when R4 changes from CHj to CH3CH2 and then 
increases when R4 becomes CH3CH2CH2, but, neverthe­
less, excluding R4 = CH3, Kc increases with change in R4 
in the order CH3CH2 < CH3CH2CH2 < 
CH3CH2<CH3)CH. Likewise, with R4 = CH3, K ,  first in­
creases when R5 changes from CH3 to CH3CH2 but then 
decreases again in changing R5 from CH3CH2 to 
CH3CH2CH2. However, contrary to the effect of branch­
ing in R for alcohols, in Ri and R2 for ketones, and in R3 
for carboxylic acids, change of R5 from CH3CH2CH2 to 
(CH3)2CH with R4 remaining as CH3 increases Kc, and a 
similar effect is also suggested by the increase in Kc in 
going from R4 - CH3CH2CH2 to R4 =

3 .0 -

cR/(c0 Cr)
Figure 1. Plots of c c R/ ( c R -  c) vs. c R/ ( c 0 — c R) at 25° and 
f i  =  1 .00: O, 5%  v /v  m e thy l ace ta te . A =  1.0: □ ,  5%  v /v  ethyl 
ace ta te , A =  1.0; A , 2%  v /v  n -p rop y l a ce ta te . A =  0 .10: x ,  2% 
v /v  isop ropy l ace ta te , A =  0 .10: 9 . 2%  v /v  m e thy l n -p rop iona te . 
A =  0.20.

TABLE I: K c  Calculated by Method i for 25° and m =  1.00

Ester

Hindrance relative 
to CH3COOCH3 at

K2F2 KC,M-' >C= 0  acylO

CHSC
OCH3

25 0.64

s °
CHjC

X OCH,CHj
20 0.78 S m all None

s °
CHjC

PCH.CH.CH,
33 0.48 Large Sm all

CH:iC
OCH(CH3)2

27 0.58 Large None

CHjCH2Cx

OCH;
29 0.55 S m all S m all

CH,CH,CH;CX
X OCH

- 0 . 6 7 S m all Large

eg, y 3
CH — C
/  X OCH, 

CHjCH.

- 1 . 5 S m all Large

(CH3)(CH3CH2)CH with R5 = CH3. The interpretation of 
the variation of K c for esters with the structure of R4 and 
R5 is complicated by the existence of two possible sites for 
the protonation. This ambiguity also exists in the inter­
pretation of the mechanistic data on the acid-catalyzed 
hydrolysis of esters.8 Ingold and coworkers9-10 prefer pro-
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H H

H

0

/  \  
/  \  /

+  R,C(X)R-,

H H

H

0
/  \

H H

C)

/
'c/0\

r4
Figure 2. Possible penetration of trigonal pyramidal (H20 ) 4Haq + 
by an ester R4COOR5 Involving protonation of both the carbonyl 
and acyl 0  atoms.

TABLE II: Values of K c  Calculated by Method ii for 25° and 
n  =  1.00

[HCI],
M

5% v /v  
methyl 
acetate

5% v /v  
ethyl 

acetate

2% v /v  
n-propyl 
acetate

2% v /v  
isopropyl 
acetate

2% v /v  
methyl n- 

propionate

0.10 0.67 0.84 0.62 0.59
0.16 0.67 0.82 0.60 0.58
0.20 0.66 0.78 0.50 0.60 0.56
0.28 0.48
0.40 0.64 0.79 0.47 0.58 0.55
0.60 0.47
0.80 0.61 0.73 0.43 0.56 0.53
1.00 0.44
Av 0.65 0.79 0.47 0.59 0.56

tonation on the acyl 0  atom, whereas Bender prefers pro­
tonation on the carbonyl O atom.11 Bender uses the argu­
ment developed by Stewart and Yates12 from a compari­
son of values for pKa for the corresponding conjugate 
acids of substituted acetophenones and substituted benzo­
ic acids. There is a close correlation between pK”a for the 
acetophenones and their carbonyl stretching frequencies 
p c = o in the infrared, and although there is only a rough 
correlation between pKa and vc-o for the benzoic acids, 
pKa for the benzoic acids correlate linearly with pKa for 
the acetophenones. This latter evidence is convincing for 
carbonyl protonation in 44-96% H2SO4 where, however, 
the structure of water is largely collapsed and the solvated 
proton (H20 )nHsolv+ has n < 4.13 In these conditions, the 
apparent acid dissociation constant of protonated water is 
considerably less than that of the trigonal pyramidal com­
plex (H20)4Haq+ in aqueous solution,1’2 and Stewart and 
Yates’ results are not necessarily comparable with those in 
aqueous solution. Indeed, on the picture of penetration of 
(H20 )4Haq+ by the substrate,1-2 both the carbonyl and 
the acyl O atoms could share in the proton affinity by hy­
drogen bonding, as in Figure 2, whereas this is less likely

with (H20)2Hsolv+ and (H30 +)soiv in concentrated sulfu­
ric acid.

It is instructive, therefore, to consider how the struc­
tures of R4 and R5 might inhibit the penetration into 
(H20)4Haq+, and to this end Catalin models were con­
structed of all the esters in Table I. Assuming free rota­
tion round all single bonds insofar as this is allowed by 
neighboring groups, the hindrance to access at the carbcn- 
yl and acyl 0  atoms by R4 and R5 has been assessed vi­
sually relative to that in methyl acetate. To allow for the 
crudity of the assessment, a three-point scale is adopted,
i.e., none, small, and large, and these are recorded in 
Table I. The following points emerge from consideration 
of these scales of hindrance in relation to the values for 
K c.

(a) A large hindrance at the carbonyl 0  atom reduces 
K c and a large hindrance at the acyl 0  atom has only a 
small effect on K c, so that the effect on Kc of hindrance 
at the carbonyl 0  atom predominates over hindrance at 
the acyl 0  atom, (b) In general, an increasing electron-re­
leasing effect in R4 increases Kc, but an electron-releas­
ing effect in R5 produces only a small increase in K c.

The small change in K c arising from an increase in the 
electron-releasing effect in R5 may be a distant effect on 
the carbonyl O atom, and although it is not possible to 
say that protonation occurs exclusively at that O atom, 
the conclusion from a and b is that protonation occurs 
predominately at the carbonyl O atom.
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Kinetic equations derived for acid-catalyzed reactions show that the test for a preequilibrium involving a 
proton solvated by both water and substrate molecules, a protonated, water-solvated substrate, is the 
presence of an intercept in plots of (rate constant)-1 against (antilog Ho)-1 in conditions where the ac­
tivity of water aw ~  1 and the solvated aquo proton is (H20)4Haq + . Application of tjiis test to a range of 
substrates in aqueous hydrochloric acid or aqueous perchloric acid shows that the protonated. water-sol­
vated substrate is involved in six, and probably seven, cases; in the other cases, the intercept is indistin­
guishable from the origin. Good agreement is found between values for the formation equilibrium con­
stant X  of the protonated substrate derived from the kinetics and values derived from a static, spectro- 
photometric method using p-nitroaniline, where the latter data are available. Assuming the protonation 
preequilibrium to be generally involved, values for the equilibrium constants are in line with structural 
variations found in other substrates using the static method. Deviations from these values at high [acid] 
where aw < 1 are discussed. Values for the rate constant X K  and for the rate constant at 25° are calcu­
lated.

The kinetics of various reactions of organic molecules 
containing oxygen atoms which are catalyzed by acids 
have been investgated over wide ranges of acid concen­
trations,12 e.g., the hydrolysis of esters, acetals, and lac­
tones and the iodination of ketones, and although there is 
general agreement about a preequilibrium involving pro­
tonation of the substrate, it is generally assumed that the 
protonation equilibrium constant is very small. However, 
a static method3 for determining the protonation equilib­
rium constant Kc = [protonated substrate]/[unprotonated 
substrate][solvated aquo protons] using the spectrophoto- 
metric estimation of p-nitroaniline suggests that, at con­
centrations of acid low enough for the solvated proton to 
be (H20)4Haq+, K c ~  0.1-1.5 M _1 for many organic sub­
strates containing a basic oxyger. atom, and it should 
therefore be possible to determine Kc from the kinetics of 
acid-catalyzed reactions. There is a dispute1’2 about 
whether many of these reactions involve water molecules 
in the rate-determining step or in subsequent steps, and 
these two possibilities will be considered in turn.

Derivation of Kinetic Equations
No Water Involved in the Rate-Determining Step. This 

situation is described by eq 1 anc 2, where A = organic 
substrate, Hs+ = (H20)4Haq+, AHS+ = A(H20)3Haq+, S 
= solvent water, and C* is the transition state. K  and K\* 
are thermodynamic equilibrium constants and are given 
by

K =  ([AHs+ W C A I H + IX /aW / a/V )
and

K *  -  ([Ci*]/[AHs+]i( /'c //ah*)

where aw is the activity of water and f  represents the ac­
tivity coefficient for the species indicated by the sub­
script. The rate of reaction is given by eq 3, using the

A +  Hs+ =5=^ AES+ +  S (1)

AHS+ Ci* ——► products (2)

rate «¡[C ,*] =  KCi*] =  ¿X*K[A][Hs+] ( / A/ „ - / / fa J  (3)

above expressions for K  and K\*. However, the total con­
centration of substrate [A]T = [AHS+] + [A], which is 
given by

[A]t = [A]j(l +  tf[Hs+]/a w) ( /A/ H7/AH-)| (4)
which, when substituted into eq 3, gives 
rate =  A>A_1*K[AMHs+]i/'A/'H*//caw)/

|1 +  (X'[Hs+] /a w)(/A /H+//AH*)i (5)
If the acidity function is now introduced by substituting 
for the activity ah of the solvated proton (H20)4Haq + 
from eq 6, where ho is

ah = Ao/ bh-’V /b = [Hs+] / h+ (6)
the antilog of the Hammett acidity function -H o  and 
/ bh+ and / b are the activity coefficients for the protonated 
and unprotonated indicator molecule used in determining 
/ic ,4 and eq 5 is compared with the experimental rate 
equation at constant acidity

rate =  Ai[A ]t (7)
the pseudo-first-order rate constant Ai is given by eq 8. 
Plots of Ai-1 vs. ho 1 should be linear with an intercept = 
/ c(AKi */ah+ E 1 and a sloPe = aw/B/c(AKi*K/BH-/.A)-:1. 
provided aw, / b/ c/ / bh+/a> and fc/fAH+ remain unchanged; 
this latter condition is expected to be fulfilled from the 
symmetrical nature of the activity coefficient terms, and 
ay, ~  1.0 if [acid] does not become too high.5-7

1   Q*____ f  a/*c___ I f c____
A, ~  kKx*Kho ) W / a kK ifah*

The ratio intercept/slope of such plots should be given 
by eq 9. The activity coefficient term in eq 9 is symmetri­
cal and ~1.0, so that eq 9 can be modified to (10), where
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the concentration quotient K c = [AHs+]/[A][Hs+] is the 
same quantity as that derived from the static method of 
measuring basicity with p-nitroaniline.3 As / AH+ ~  fu ■, 
Kaw 1 ~  K,l\ 1, and provided nw ~  1 and f\ ~  1, inter- 
cept/slope = K c.

intercept/slope = (^ /a  W)(/BH+/ A//B/ AH+) (9)
intercept/slope ~  K/aw = K t(JAH+ (10)

Water Involved in the Rate-Determining Step. The sit­
uation is now described by eq 11 and 12 and the rate is 
given by eq 13, where K 2* = ([C2*]/[AHs+]aw)(/c7 /AH + ). 
Proceeding as before, eq 14 is obtained for the relationship 
between hi and ho- Again linear plots for k i “ 1 vs. h0_1 
should be obtained provided the conditions stated before 
hold, but now the intercept = fQ'(k'K2*fah+Ow)“ 1 and the 
slope = / b/ c,(^/A 2*K/bh+/a)_1, which are of different 
forms from that obtained above. However, the ratio inter­
cept/slope is given by eq 15, which is identical with eq 9 
obtained above for the condition where water is not in­
volved in the rate-determining step. As above, provided 
aw ~  1, intercept/slope = Kc.

A +  R +  AH5+ +  S (11)

AHS+ +  S C2* products (12) 

rate =  h'[C2*] = k'K2*[AHs+]avlf Mi- fc (13)

1 _  1 / b/ 7  f c

A. k’K f K h o  f m + f A +  A ^ / ah-Ow
(14)

intercept/slope = (A /aw)(/BH+/ A//B/ AH+) (15)

Correction to ho

The acidity functions available for the media in which 
such reactions are carried out give a measure of the acidi­
ty of the solvated proton (H20)4Haq + , but when [A]T is 
approximately equal to the concentration of the added 
acid, [H+ ]t > [Hs+] by an extent depending on the mag­
nitude of K and Kc. If the latter are low enough for [Hs+] 
= [H+]t , then ho derived from [H+]t may be used, but if 
K and Kc are high enough for [Hs+] < [H + ]t then ho de­
rived from [H+]t does not represent the acidity of 
(H20 )4HaC|+ due to appreciable formation of a solvated 
proton containing the substrate molecule, A(H20)3Haq + . 
It is necessary, therefore, to calculate [Hs+] before ho can 
be taken from the appropriate calibration curve of Ho vs. 
acid]. [H + ]t and [Hs+] are related as follows
[H + ] t  = [Hs + ] + [AHS+] = [Hs+]|l +

(A[A]/aw)(/A/ H+//AH,)j = [Hs+](1 + K c[ A ]) 
and if [A] ~ [A]T then

[Hs+] = [H+]t /(1 + X c[A]t ) (16)
As the difference between [Hs+] and [H+]T is not likely to 
be large, a plot of lei-1 vs. ho“ 1 with the latter derived 
from [H+] r should be approximately linear also if a plot 
of h i“ 1 vs. her1 with the latter derived from [Hs+] is lin­
ear. This is shown to be the case. From such a plot using 
[H+]t a value for Kc can be derived from the ratio inter­
cept/slope, and then corrected by calculating [Hs+] from 
eq 16 with h i-1 replotted vs. ho“ 1 using [Hs+] on the H0 
-  [acid] calibration curves. It was found that a second 
correction made little, if any change in ho- As it is neces­
sary to use the concentration of (H20 )4Haq+ (i.e., without

substrate in the solvation shell) present at equilibrium 
with the substrate added, it is not possible to determine 
experimentally the Ho (or ho) derived from this entity 
when [Hs+] < [H+]T by measurements on the acidic solu­
tions containing the substrate as this represents the total 
acidity of the solution including all species of solvated 
proton.

Application of Eq 8 and 14 to Experimental Data
If plots of h i-1 vs. ho_1 are to be used to compute 

values for K, the data used must be restricted to compar­
atively low values of [H + ] t  so that the deviation of aw 
from unity may be neglected. The available data5 7 for :zw 
in aqueous HC1 and HCIO4 show that aw has decreased by 
~4% at 1 M  acid, by ~10% at 2 M  acid, and by ~40% in 
7 M  acid. The examination of the experimental data is 
therefore restricted to data obtained in the acid range 
0.1-1.0 M  with some use of results at [H+]r up to 2.0 M. 
Unfortunately, most of the kinetic data available1 -2 8 have 
been obtained at [H+]T ~  1-7 or 8 M. with only a limited 
number of substrates studied at [H+]T ~  0.1- 1.0 M. The 
values of Ho used to compute ho are either those quoted 
with the kinetic data or calculated from calibration curves 
constructed from the data of Hammett and coworkers,4 9 
Bell, Dowding, and Noble,10 and Satchell.11 These latter 
calibration curves were used in making the correction to 
ho discussed above. Only kinetic data at 25° are used to 
compare with Ho at 25°.

Ketones
Kinetic data are available on the iodination of acetone 

in the range [H + ]t  ~  0.1-1.0 M  from Dawson and Powis12 
and from Satchell11 using acetone = 0.273 M  at 25° in 
aqueous HC1. Under these conditions, the rate is zero 
order in iodine and the rate of the acid-catalyzed enoliza- 
tion is measured. Figure 1 shows that plots of h i“ 1 vs. 
her1 for both sets of data coincide, and K = 0.43 from the 
ratio intercept/slope. When the correction is applied to 
ho, the new value for K  from the linear plot of h i-1 vs. 
ho“ 1 (corrected) is 0.49. Figure 1 shows that a second cor­
rection to ho using K  = 0.49 produces no significant 
change in ho.

Using the data of Zucker and Hammett13 determined 
under similar conditions for the rate of enolization of ace­
tophenone from iodination experiments in aqueous 
HCIO4, Figure 1 shows a linear plot for h i“ 1 vs. ho“ 1, and 
K = 0.27. As [acetophenone] ~  0.01 M, the correction for 
[CH3PhCOHaq-+ ] does not change ho.

Esters
Figure 2 shows the linear plot of hi 1 vs. h o 1 using the 

data of Dubroux and de Sousa for the acid-catalyzed hy­
drolysis of methyl acetate in 0.1 M  solution with [HC1] ~  
0.1-1.5 M .14 From the ratio intercept/slope. K = 0.51 ar.d 
the linear plot with ho(corrected) (Figure 2) gives K = 
0.57; a second correction to ho using K = 0.57 produces 
little change with K  = 0.60.

A similar treatment is given in Figure 2 for the data of 
Harned and Pfanstiel15 for the acid-catalyzed hydrolysis 
of ethyl acetate in 0.470 M  solution with HC1 ~  0.05-1 4 
M;15 the data of Bell, et al.,10 in the range [HC1] = 0.45- 
10.2 M  agree well with that in Figure 2 in the small area 
of overlap. The linear plot in Figure 2 gives K = 0.72 and 
the first and second corrections give K = 0.62 and 0.69. 
respectively.
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Figure 1. Plots of k , ^ 1 vs. h0~ 1 for acetone (A  =  1.00 X 10“ 4 
(min), B =  0.20: data of Dawson and Powis O, first correction 
□ ; data of Satchell A , first correction X, second correction V) 
and acetophenone (4 = 1.00 X 10~5 (sec), B =  1.00, data of 
Zucker and Hammett • ) .

Figure 2. Plots of k,~'i vs. ho~1 for methyl acetate (A =  2.00 X 
10~3, B =  0.50: data of Dubroux and de Sousa, • ;  first correc­
tion, ■  ; second correction, X ) and ethyl acetate. (A =  1.00 X 
1 0 -3, 6  =  0.10: data of Harned and Pfanstiehl, G; first correc­
tion, 0 ; second correction. A ).

Salomaa’s results16 for acid-catalyzed hydrolysis of iso­
propyl acetate and ferf-butyl acetate in 2% v/v solution 
using HC1 are also plotted in Figure 3; the lowest [HC1] = 
0.31 M  for isopropyl acetate and 0.25 M  for fert-butyl ace­
tate. With isopropyl acetate the linear plot is similar to 
those for methyl and ethyl acetates with an intercept on 
the ordinate, but the linear plot for fert-butyl acetate ap­
parently passes through the origin. The initial value of K  
for isopropyl acetate = 0.14, and as K = 0.13 after the 
first correction (Figure 3), no further correction was made. 
The negligible intercept with tert-butyl acetate shows 
that K  is very small for this ester with an upper limit of 
0.03; similar plots (Figure 3) are found for ethyl, isopro­
pyl, and fert-butyl formates17 witn K  < 0.06, 0.06, and 
0.1, respectively.

Bhn ' '
Figure 3. Plots of k , - 1 vs. ho~1 using Salomaa’s data for Isopropyl 
acetate (A =  1.00 X 10^“ , B =  1.00, G; first correction, 0 ) , 
ferf-butyl acetate (A =  1.00 X 10^4, B =  1.00, A ), ethyl for­
mate (A =  1.00 X 10^3, B =  0.40, • ) ,  isopropyl formate (A = 
1.00 X 10- 3 , B =  0.40, ■ ), and ferf-butyl formate (4 =  1.00 X 
10 3, B =  0.40, X).

9 \

Figure 4. Plots of k i _1 vs. n0_1 using Salomaa’s data for methyl­
ene diacetate (A =  1.00 X 10~4, Q ), ethylidene diacetate (A = 
1.00 X 10~4, 0 ) ,  methoxymethyl formate (4 =  4.00 X 10 3, 
■  ) methoxymethyl acetate (4 =  4.00 X 1 0 "4, A), and ethoxy- 
methyl acetate (4 =  4.00 X 10“ 3, • ) .

The hydrolysis of ethylidene diacetate has been investi­
gated by Salomaa18 with [HC1] = 0.1-8.0 M  and by Bell 
and Lukianenko19 with HC1] = 0.33-8.9 M. The two sets 
of rate constants are in good agreement where they over­
lap, and the linear plot for Salomaa’s data with [HC1] = 
0.1-2.0 M  is shown in Figure 4. The linear plot of Salo­
maa’s data18 for the hydrolysis of methylene diacetate 
with [HC1] = 0.1-2.0 M  is also shown in Figure 4. From 
the ratio of intercept/slope, K  = 0.31 for ethylene diace­
tate and K = 0.34 for methylene diacetate. As the concen­
tration of these diacetates is ~0.05 M  the correction to ho
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S V
Figure 5. Plots of k i " 1 vs. ho“ 1 for methylal (A =  1.00 X 1 0 "3, 
B =  0.50: data of McIntyre and Long, B; data Of Skrabal and 
Schiffrer, X ), ethylal (A =  4.00 X 1 0 "3, B =  0.50: data of 
Skrabal, et a l . ,  O; data of Leiniger and Kilpatrick, • ) ,  and 
dipropylformal [A =  1.00 X 1 0 "4, B =  0.10: data of Olson and 
Tong, A).

for the protonated diacetate is negligible. Salomaa has 
also investigated20 the kinetics of the hydrolysis of alkoxy- 
alkyl esters catalyzed by hydrochloric acid to concentra­
tions of 0.1 M. Linear plots passing through the origin are 
obtained for this data (Figure 4), with K  < 0.07 for 
methoxymethyl acetate and K  < 0.05 for both ethoxym- 
ethyl acetate and methoxymethyl formate.

Acetals
Suitable data for methylal has been obtained from the 

work of Leiniger and Kilpatrick21 and of Skrabal and 
Schiffrer22 in aqueous HC1, and Figure 5 shows a linear 
plot for fci-1 vs. ho-1 passing through the origin. Similar 
plots are also obtained for ethylal (Figure 5) using the 
data of McIntyre and Long23 and of Skrabal, et al.,22-24 
and for di-n-propylformal using the data of Olson and 
Tong25 all in aqueous HC1. For methylal K  < 0.03, for 
ethylal K  < 0.05, and for di-n-propylformal K  < 0.06.

Ring Compounds
Under this heading we include the acid-catalyzed depo­

lymerization of paraldehyde and trioxane, the acid-cata­
lyzed hydrolysis of /3-isovalerolactone, and the acid-cata­
lyzed inversion of sucrose, although the latter differs from 
the others in that the carbohydrate rings are not broken. 
The data for paraldehyde26 and trioxane27 in aqueous hy­
drochloric acid with [HC1] < 1.4 M  give linear plots of 
ki 1 vs. ho-1 (Figure 6) which pass through the origin: K  
< 0.07 for paraldehyde and K < 0.1 for trioxane. The hy­
drolysis of /3-isovalerolactone28 in aqueous perchloric acid 
gives a linear plot passing through the origin (Figure 7) for 
fci-1 vs. ho-1 with [HCIO4] ~  0.1-2.0 M  and K  < 0.08. 
The data of Dubroux, et al.,29 for the hydrolysis of sucrose 
in aqueous hyorochloric acid gives a similar linear plot 
(Figure 7) with [HC1] ~  0.1-2.0 M  and K  <0.1.

Comparison of K  and Kc
The values for K  calculated from the above treatment 

of the kinetics of acid-catalyzed reactions are collected in 
Table I, which also includes values for K c where they are

V
Figure 6. Plots of k i ~ 1 vs. h0~ 1 for trioxane (A =  1.00 X 1 0 "8, 
data of Bell, Bascombe, and McCoubry, O ) and paraldehyde 
(A =  4.00 X 1 0 "5, data of Bell and Brown,

Figure 7. Plots of k-i-1 vs. ho " 1 for (3-isovalerolactone (A =  1.00 
X 10“ 3 (sec), data of Liang and Bartlett, O) and sucrose (A = 
1.00 X 1 0 "2 (min), data of Dubroux and Rochat, Q).

available from the spectrophotometric measurements 
using p-nitroaniline.3

Table I shows that there is good agreement between K  
and Kc for acetone, methyl acetate, and ethyl acetate 
suggesting that eq 10 applies with / a h + / / h + ~  1.0  and 
~  1.0 under the conditions [acid] < 1 M. The agreement 
between K  and K c is not good for isopropyl acetate, but 
the kinetic data has only three points below 1.4 M  HC1 
and none below 0.31 M  HC1 whereas all the other data 
(except fert-butyl acetate) extends to 0.1  M  HC1; hence 
the data for isopropyl acetate are not suitable as a good 
test of the relationships. However, the low value of K  for 
isopropyl acetate supports the existence3 of steric hin­
drance to the protonation of the carbonyl O atom where 
the iPr group has considerable effect compared with that 
at the acyl 0  atoms as shown by a Catalin model. Simi­
larly, Catalin models for terf-butvl acetate and for the 
alkoxymethyl acetates show that the t-Bu and alkoxy 
groups have large steric hindrance to approach by 
(^ O h H gq4 at the carbonyl O atom compared with only 
a small effect at the acyl O atom. Thus, the low values for 
K  for these substrates support the view3 deduced from the 
variation of Kc with structure using Catalin models that 
protonation of esters occurs predominantly on the carbon­
yl O atom rather than the acyl O atom. The low values of 
K  found for all the formates are in line with the low value 
of Kc for formic acid compared with that for other carbox-

The Journal of Physical Chemistry, Vol. 77, No. 16, 1973



Protonation Equilibrium of Oxygen-Containing Molecules 2001
TABLE I: Values of K  and K c { M  ' )  and of Rate Constants (sec-1 ) at 25°

Substrate K Kc k "  K k "

A ce tone 0.49 0.46 1.01 X  1 0 -5 2.2 X 1 0 -5
A ce top hen one 0.27 1.42 X  1 0 -5 5 .3  X  10- 5
M ethyl a ce ta te 0.59 0.64 1.15 X  10 ~ " 2 .0  X 10 4
Ethyl a ce ta te 0.71 0.78 1.65 X  10 4 2 .3  X 10 4
Isop ropy l a ce ta te 0.14 0.58 6.3 X 1 0 -5 4 .5  X 1 0 -4
fe rf-B u ty l a ce ta te < 0 .0 3 1.47 X 1 0 -4 > 5  X  10 3
M e thoxym ethy l a ce ta te < 0 .0 7 2.86 X 1 0 -3 > 0 .0 4
E thoxym ethy l a ce ta te < 0 .0 5 1.07 X  1 0 -2 > 0 .2
Ethyl fo rm a te < 0 .0 6 3.2 X  1 0 -3 > 0 .0 5
Isop ropy l fo rm a te < 0 .0 6 2.86 X  1 0 -3 > 0 .0 5
fe r f-B u ty l fo rm a te < 0 .1 6.5 X  10- 3 > 0 .0 6
M e thoxym e thy l fo rm a te < 0 .0 5 1.03 X  1 0 -2 > 0 .2
M e thy lene  d ia ce ta te 0.34 1.55 X  10 4 4 .6  X 1 0 -4
E thy lidene d ia ce ta te 0.31 1.28 X  10 4 4.1 X  10 4
M ethy la l < 0 .0 3 2.84 X  10- 5 > 1  X 10 3
Ethylal < 0 .0 5 1.75 X  10 -4 > 4  X 10 3
D i-r? -propylfo rm a l < 0 .0 6 5.3 X  10 6 > 9  X 10 4
P ara ldehyde < 0 .0 7 1.34 X  10- 4 > 2  X  1 0 - 3
T rioxane < 0 .1 3.6 X  10 8 > 4 X 1 0  7
,d - lso va le ro la c to n e < 0 .0 8 1 64 X  1 0 -3 > 2  X 1 0 -2
S ucrose < 0 .1 3 .7  X 1 0 -4 > 4  X  10 3

ylic acids, and they are presumably due to the absence of 
the electron-releasing inductive effect in R4 of R4COOR5.3 
It seems likely that the low values for K  found for methy­
lene and ethylidene diacetates, metnylal, ethylal, and di- 
n-propvlformal arise from the considerable effect of the 
electron-attracting alkoxy and acetate groups at the basic 
site which will cause a greater decrease in basicity than 
that observed when the electron-attracting group is on a 
more distant C atom.3 Presumably, this latter effect is re­
sponsible for the low values for K in all the ring com­
pounds. The low value of K  for acetophenone compared 
with that for acetone may be due to a combination of the 
electron-attracting inductive effect of the phenyl group 
and steric hindrance to penetration of the (H20 )4Haq + 
complex by the large phenyl group.

It is of interest to enquire what happens to the plots of 
k\ 1 vs. ho-1 at high acidities. Archer and Bell30 have in­
vestigated the variation of the rate of bromination of ace­
tone with Ho in the acidity range [KC1] = 1.0-8.0 M. The 
plot of /?! 1 vs. ho-1 is approximately linear but with pro­
nounced deviations at [HC1] i  6.0 M, and from the ratio 
intercept/slope Kaw-1 = 0.064. For ethyl acetate with 
[HC1] — 1.0- 6.0 M .10 Kaw-1 = 0.10, and for methylene18 
and ethylidene1819 diacetates with [HC1] ~  1.0-8.0 M  
Kaw ~'1 = 0.090 and 0.071, respectively. All these values 
are lower than the corresponding values for K in Table I 
when [HC1] *- 0.1-1.0 M  by a factor of between 4 and 8. If 
the change was due to the numerical decrease in aw at 
high [HC1], the ratio intercept/slope should increase with 
increasing [HC1], and thus the actual decrease in Kaw-1 
is somewhat greater than this apparent decrease. The ex­
planation for this probably lies in a change in the solvated 
species of the proton, i.e., a change in the acid species re­
sponsible for the protonation. At low [HC1] in highly 
aqueous media, the solvated proton is the trigonal pyram­
idal (H20 )4Haq + and the organic substrate is protonated 
by replacement of an H2O molecule in the complex3 with 
sharing of the proton affinity among all the
H ---0 ---H  bonds in the complex. Thus, the com­
plexes (H20 )nH with n = 3. 2. or 1 which exist at increas­
ing [HC1] as H20  molecules in the solvent mixture are

gradually replaced by HC1 molecules have lower acid dis­
sociation constants than the complex with n = 4. due to 
differences in the internal hydrogen bonding.3 This results 
in a lower value for K (or Kc) at high [HC1], similar to 
those found in high concentrations of H2S 0 4.3

Rate Constant for the Hydrolysis
From eq 8 the reciprocal of the slope of the plots of -1 

vs. ho-1 is kKi*K  when aw = 1.0. and similarly if eq 14 
applies the reciprocal of the slope is k'K 2*K. depending 
on which mechanism operates. However, irrespective of 
whether or not the mechanism involves a water molecule 
in the transition state. kK\* and k'K2* represent the rate 
constant k "  for the hydrolytic step, and consequently, 
using the data for K in Table I values for k "  or lower lim­
its for k"  can be obtained for 25°. These values are also 
collected in Table I.

Although there are dangers in comparing rate constants 
at one temperature only when there is an energy of activa­
tion, three apparent conclusions might be drawn from the 
values for k": (a) for the simple esters R4COORs, k "  in­
creases with increasing alkylation in R5; (b) substituting 
Rs = CH3 with an alkoxy group greatly increases k"\ (c) 
methylation on the carbon atoms in the trioxane ring in­
creases k "  considerably. Although various attempts1-2 
have been made to differentiate between mechanisms 
with and without an H20  molecule in the transition state 
(called A2 and Al. respectively31), these assignments are 
not definite. However, on mechanisms such as eq 1 and 2 
or 11 and 12 where the substrate penetrates (H20 )4Haq4, 
a range of transition states between Al and A2 would be 
expected with H20  molecules surrounding the substrate 
molecule in A(H20 )3Haq" having a variable influence de­
pending on the substrate. Most assignments1-2 as Al have 
been made in high [acid] where n < 4 in (H2OlnHSO|v+ 
and Al might be preferred due to the deficiency of water, 
and changes to A2 have been found2 as n —1► 4 in lower 
[acid] and the availability of water increases. The use of 
180  to distinguish2-32 between acyl oxygen ( A a c ) and 
alkyl oxygen ( A a i .) fission shows that the hydrolysis of
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methyl, ethyl, and isopropyl acetates and methylene and 
ethylidene diacetates (k"  ~  2-5 X  10-4 sec-1 ) are Aac2 
in high [acid], whereas the hydrolysis of ier£-butyl acetate 
and the alkoxymethyl esters which are Aa l1 in high [acid] 
have much higher values for k " . Although the latter may 
be AAi,2 at the low [acid] where k "  is determined, the 
large increase in k”  mentioned in (a) above between isopro­
pyl and ferf-butyl acetates and those in (b) above may arise 
from stabilization of the carbonium ion in the Aal mecha­
nism by the inductive effect of the CH3 groups in feri- 
butyl acetate and the lone pairs on the alkoxy 0  atom, (c) 
must arise from the assistance given to fission of the C -0  
bond by the inductive electron-release effect of the methyl 
groups.

Conclusion
Given the evidence3 for the existence of protons solvat­

ed by both water molecules and oxygen-containing organic 
molecules, constituting protonation of the organic mole­
cule, it would seem likely that acid-catalyzed reactions in 
aqueous media will proceed within these solvated com­
plexes containing a proton, a substrate molecule, and 
water molecules. The equations developed in this paper 
show that it is necessary for the linear plots of (rate con­
stant)-1 vs. ho-1 to have an intercept to demonstrate the 
participation of this intermediate solvated complex in the 
reaction. All the kinetic data presently available to the 
author in the acid region where aw ~  1 have been exam­
ined in this way, and of the twenty-one substrates, seven 
show a positive intercept on the fei-1 axis (Table I). Of 
these seven, six unambiguously have a positive intercept 
as they have an adequate number of points at the low 
values of ho-1 to show that the linear plot cannot pass 
through the origin. Moreover, these points at low ho-1 en­
sure a reasonably accurate value for the equilibrium con­
stant K taken from the intercept/slope. The substrate 
displaying an intercept with less certainty is isopropyl ac­
etate, which only has a few values for ki in the region of 
ho where aw ~  1. Of the six with unambiguous intercepts, 
K is high enough for three, acetone, methyl acetate, and 
ethyl acetate, to require a correction to ho to allow for the 
protons present as A(H20)3Haq + , but the intercept is 
present both before and after the correction. Moreover, for 
three of these six, the value for the equilibrium constant 
has also been obtained using the static, spectrophotomet- 
ric method,3 and the agreement between the static and 
the kinetic values is very good in two cases and good in 
the other case. We can be reasonably sure, therefore, that 
in six cases, and probably seven, acid hydrolysis in condi­
tions where aw ~  1 proceeds by a mechanism involving 
the intermediate proton complex containing the substrate,
i.e.. the protonated water-solvated substrate.

In the other fourteen cases, although plots of &1-1 vs. 
ho-1 are linear, the intercepts are indistinguishable from 
the origin, and they do not constitute a test of the mecha­
nism involving the protonated intermediate. Nevertheless, 
if one assumes that the mechanism established for the six 
(or seven) substrates above is the general case, the low 
values for the equilibrium constants indicated by the low 
intercepts are consistent with what is expected for these 
substrates on the basis of steric and structural variations 
found from the static experiments3 on other organic mole­
cules. If the mechanism with the intermediate complex is 
general, only limiting values for the equilibrium constant 
and rate constant are obtainable for these substrates, but

an accurate value for the product of the rate constant and 
the equilibrium constant can be calculated (Table I).

The postulation that protons in highly aqueous media 
are solvated by organic oxygen-containing molecules when 
the latter are added in low concentration, originally sug­
gested to explain spectrophotometric measurements on 
added indicators,3 conductivity measurements,33 and the 
kinetics of oxidation,3 34 now receives support from mea­
surements on the kinetics of hydrolysis. Further, studies 
of free energies of transfer of ions from water into aqueous 
mixtures containing these organic molecules suggest that 
the latter in dilute solution also solvate other cations35-36 
or enhance the basicity of solvating H20 molecules.37 All 
these phenomena support the view that, in general, these 
organic oxygen-containing molecules in dilute aqueous so­
lutions are more basic than water; however, in dilute solu­
tions of water in these organic solvents, the contrary 
holds, i.e., H20  molecules are more basic than the organic 
solvent.38 Constants analogous to K 2F2 for the proton ex­
change equilibrium between the indicator and solvent3 
also show an extremum in their variation with solvent 
composition.39 Presumably the reason for this variation 
with solvent composition lies in the difference in the sol­
vent structures at the opposite ends of the composition 
scale.3-34

It was emphasized in the earlier papers on the spectro­
photometric measurements with indicators,3 that these 
latter observations are not dependent on possible varia­
tions40 in individual activity coefficients, but only on the 
constancy of “ symmetrical” ratios of activity coefficients. 
This assumption of the constancy of these latter ratios 
was originally supported3 by the agreement found between 
observed and calculated intercepts of experimental plots3 
using two methods for calculating Kc and the absence of 
any influence of glycerol which has a very low basicity,3 
and it is further justified by the close agreement3 between 
the spectrophotometric, conductivity, and kinetic values 
for Kc. Moreover, Kc is independent of ionic strength.3

These conclusions are not in conflict with the observa­
tion that acid dissociation constants and rate constants in 
mixed hydroxylic solvents41 depend on both the organic 
acid and the specific medium effects produced by the 
hydroxylic organic component of the solvent. These latter 
free-energy changes, expressed as degenerate activity coef­
ficients, have been discussed3 in relation to the interpre­
tation of basicity proposed in this and earlier papers.3 In 
the analysis of our spectrophotometric data,3 a molecular 
interpretation of these free-energy changes is discussed. 
The basicity effects of the organic solvent are separated 
into that involving the solvated proton and that involving 
the solvated indicator acid, as expressed by the concentra­
tion quotients K c and K2F2, respectively.3 When the con­
centration of organic solvent ¿10% v/v, Kc is insensitive 
to this concentration and both Kc and K2F2 vary with the 
molecular structure of the organic component in the man­
ner expected from the changes in electronic effects on the 
basicity at the 0  atom.3 However, at concentrations of or­
ganic solvent ¿10% v/v, both Kc and K2F2 vary with sol­
vent composition, Kc increasing and K 2F2 decreasing with 
increasing concentration of the organic component.3 This 
variation of Kc with solvent composition is expected from 
the observation, mentioned above, that, in dilute solu­
tions of water in the organic component, the latter is less 
basic than H20 .38 Kc therefore passes through a maxi­
mum in the region of solvent composition where the sol­
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vent structure changes from predominantly that of water 
to that of the organic component; the aquo proton in 
water is (H20)4Haq+ and in nearly pure organic solvent is 
H30soiv+ - As quoted above, constants analogous to K2F2 
for similar acids have an extremum in their variation with 
solvent composition.39

Although these observations on the solvation of pro­
tons334 and other cations34-37 constitute a basicity effect of 
alcohols, ethers, ketones, and esters in dilute aqueous solu­
tion greater than that of water, the molecular picture of 
the aquo-organo-solvate complex presented in these pa­
pers may be oversimplified; any elaboration must await a 
more precise formulation of the molecular interactions in 
such aqueous mixtures. Certainly, an interpretation of 
phenomena in conditions near a 50% mixture water-or­
ganic solvent must await a more detailed knowledge of the 
solvent structure in this region. Nevertheless, within these 
limitations, this present interpretation of the aquo- 
organo-solvate complex allows an adequate discussion of 
these effects in dilute aqueous solution at the molecular 
level.
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The determination of negative thermal diffusion (Soret) coefficients by observation of the onset of ther­
mohaline convection is practicable. Measurements made with this method show that thermal diffusion 
in 0.5 N  NaCl solutions changes direction, relative to the heat flux, at about 10°, being reversed at the 
lower temperatures.

Introduction
The Soret effect (also called thermal diffusion) was first 

seen by Ludwig1 and more carefully observed by Soret.2 
In a fluid mixture of several different gases or of solute 
and solvent a mass flux is caused by a thermal gradient. 
For example, in a solution initially uniform the imposition 
of a thermal gradient causes the solute to migrate in a di­
rection either parallel or antiparallel to the thermal gradi­
ent. This transport continues until enough solute has 
moved to set up a concentration gradient. Down-gradient 
diffusion will then oppose the Soret diffusion, and in a 
closed container an equilibrium between fluxes may be 
reached so that the solute distribution no longer changes 
with time. The reciprocal effect, a thermal gradient 
caused by a concentration gradient, is called the DuFour 
effect. It is very small in liquids.

One formulation of these ideas is3

Jq = - k VT -  p T C ^ D 'V C

j r = — pDve -  pDStCü  -  o v r
Here J q  is the heat flux, Jc the solute flux, k the thermal 
conductivity, p the density, T the absolute temperature, C 
the solute concentration (mass fraction), p the chemical 
potential of the solute, D the diffusivity, St the Soret 
coefficient, and D' the DuFour coefficient. In liquids one 
can neglect the second term in Jq, the DuFour heat trans­
port, as can be seen from the Onsager reciprocal relations. 
The second term in Jc > the Soret transport, may be quite 
important, however.

When the Soret coefficient of a solution is negative, 
thermal diffusion carries it from cooler parts of the solu­
tion to warmer parts. Thus if the fluid was gravitationally 
stable under the influence of the temperature field only 
(and the thermal expansion is positive), the Soret flux 
will have a destabilizing influence and may cause convec­
tive mixing which in turn obscures the thermal diffusive 
effect. For this reason measurement of negative Soret 
coefficients by the common methods is subject to error.4

The conductivity cell5 works well for determining posi­
tive coefficients and can be adapted by the “ initial slope” 
method to the measurement of slightly negative coeffi­
cients. In this method, a heat flux is suddenly imposed 
from above on a horizontal layer of solution. The ratio of 
the mean concentration in the top half of the solution to 
that in the lower half is monitored as a function of time

and the coefficient calculated, assuming no convection. 
When the Soret coefficient is positive, solute moves down 
the gradient of temperature, in the same direction as the 
heat flux, to the lower part of the solution, so the solution 
is stabilized by both the temperature and concentration 
fields, and convection causes no difficulties. When the 
Soret coefficient is negative the solute flows to the upper 
part of the solution and convection is caused. Snowden 
and Turner5 measured the initial rate of solute move­
ment, before it has altered the density profile enough to 
cause convection. This method only works, of course, for 
solutions for which the electrical conductivity can be used 
to trace solute movement, and is still subject to convec­
tion error. Also it works only for solutions sufficiently di­
lute that the alteration of the density distribution by the 
Soret flux is not too great.

One can, however, take advantage of the effect of salt 
displacement on convective instability. Just as the ther­
mal expansion of a fluid can be determined by observing 
the temperature gradient above which convection takes 
place,6 the temperature gradient necessary to overcome 
stabilization by salt flux can be used to determine Soret 
coefficients in solutions sufficiently concentrated for the 
thermal-diffusive salt flux to have an appreciable effect on 
the density distribution. This idea appears in a paper by 
Legros, van Hook, and Thomaes.7

For aqueous salt solutions of concentration similar to 
sea water, we found this method to work quite well. The 
method and apparatus will be described in detail and re­
sults will be reported for 0.5 N  NaCl.

Method
Consider a layer of fluid confined between horizontal 

plates. The temperature of the top plate is controlled, and 
the lower plate is heated, so the bottom of the fluid is 
warmer than the top. If the solution has a positive ther­
mal expansion coefficient, it will be unstable but will not 
convect until a certain dimensionless group, the Rayleigh 
number, reaches a “ critical value.” The Rayleigh number 
is defined as gftATd3/vx, where g is the acceleration of 
gravity, d the thermal expansion coefficient, AT the tem­
perature difference across the fluid layer, d the depth of 
the fluid layer, v the kinematic viscosity, and x the ther­
mal diffusivity. On a plot of the temperature difference 
between the plates as a function of applied heat flux (Fig­
ure 1), a change in slope is seen as the Rayleigh number
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Non-dimensionalized Heat Flux 
(Nusselt Number x Rayleigh Number)

Figure 1. Nondimensionalized temperature difference (Rayleigh 
number) vs. nondimensionalized heat fiux (Rayleigh number X 
Nusselt number) for a pure fluid. When' the Rayleigh number 
reaches its "critica l” value, theoretically 1708, heat is carried 
more efficiently, so the slope of the line changes. Because of 
uncertainties about some of the properties of saline solutions, 
some error in Rayleigh number calculations is to be expected.

Figure 2. Nondimensionalized temperature difference (Rayleigh 
number) vs. nondimensionalized heat flux (Rayleigh number X 
Nusselt number) for an 0.5 N NaCI solution. The mean tempera­
ture was 3.33° at onset of convection. Note the catastrophic na­
ture of the onset.

passes 1708. Convection begins, and heat is transferred 
more efficiently through the layer. Dimensionless parame­
ters are used in these plots. The Rayleigh number is con­
sidered a dimensionless form of the temperature differ­
ence, and the Rayleigh number multiplied by the Nusselt 
number is a dimensionless form of the heat flux. The 
Nusselt number :s defined as the heat flux through the 
layer divided by the heat flux carried by conduction alone 
(for the specified temperature difference). The theory of 
this phenomenon is give by Chandrasekhar.8

The above holds for a pure fluid. In a solution the situa­
tion is more complicated. Thermal diffusion causes a so­
lute flow which can stabilize or destabilize the fluid. If the 
Soret coefficient is negative, the solute flows from cold to 
warm, that is from top to bottom, making the lower fluid 
denser, thus stabilizing the system. To get convection 
started, the Rayleigh number must be increased until the 
destabilizing effect of the thermal gradient can overcome 
the stabilizing effect of the salt gradient. Once this is 
done, the convective motions tend to mix the salt and the

Figure 3. Section view of t ie  apparatus. This device should be 
imagined immersed in hydraulic oil, inside a temperature bath. 
Top plate (d) and bottom piate (c) are separated by three (only 
two are shown) 0.635-cm high quartz blocks (b). Heat supplied 
by resistance wire (k) flows through fluid layer (a), plate (d), 
the cap [located above plate (d) but not shown here], and final­
ly to an external water bath. O rings (f) seal the fluid layer from 
the hydraulic oil. Polyvinyl chloride (i) insulates fluid sample 
and bottom plate. Thermistors (e) measure plate temperatures. 
Reservoirs (h) supply or accept fluid through 0.08-cm holes (g) 
as changes in temperature require. Plate (c) is 17.8 cm in di­
ameter, 0.635 cm thick. Insulation (i) has a 5.08 cm thick bot­
tom and 1.27 cm thick walls

fluid is further destabilized; the onset of convection is cat­
astrophic (Figure 2).

The Rayleigh number required for convection in a solu­
tion has been calculated theoretically as a function of the 
Soret coefficient.9 Once the value of A T corresponding to 
the onset of convection has been measured for a sample, 
the Soret coefficient can be calculated, if other properties 
of the solution are known.

Apparatus
The essential part of This device (Figure 3) is the hori­

zontal fluid layer bounded top and bottom by two parallel 
plates; the top plate is cooled and the bottom heated. The 
plates must be maintained parallel and their separation 
kept constant as temperature changes. To do so, fused 
quartz is used to separate the plates because of its low 
compressibility, thermal expansion, and thermal conduc­
tivity. As shown (Figure 3), the top plate rests on three
0.635-cm fused quartz blocks (cut from one piece) and 
slides freely on the rods which support the device from 
below. The parallelism of the plates is determined by the 
heights of the three blocks, which are matched to 0.001 
cm.

The sample is heated by passing current from a power 
supply (voltage regulated to 0.01%) through a spiral coil of 
Karma wire (resistance constant to 0.01%) which is in 
contact with the underside of the bottom plate. The bowl­
like piece of polyvinyl chloride (PVC) that surrounds the 
bottom plate and sides of the sample provides insulation 
from external heat sources and causes most of the heater’s 
output to flow upward, through the sample. (PVC was 
chosen more for its availability and ease of machining 
than any particularly desirable insulating characteristic; 
no really good thermal insulation can be provided at the 
high pressures at which this device was originally built to 
operate.) Heat loss is further minimized by using very fine 
(No. 40) electrical leads to the heating coil and thermis-
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tors. 85% of the heat goes through the sample while most 
of the remainder escapes through the PVC.

Horizontal heat flows within the device are to be avoid­
ed because they could induce motion in the fluid and 
thereby obscure the change of slope in the heat flow plot 
or, worse, produce sufficient perturbations in the initial 
state that the theory would no longer apply. These flows 
could conceivably be caused by the separation between 
the wires of the heater coil, the heat loss from the vertical 
sides of the fluid layer, the difference in the thermal con­
ductivity of quartz and the fluid, or external heat sources 
(although the effect of such sources is reduced by a 1.27- 
cm thick copper shell which surrounds the device). How­
ever. for each of these effects, the ratio of horizontal tem­
perature variation to the difference in temperature of the 
top and bottom plates is less than the ratio of the thermal 
conductivity of the fluid to that of the plates; for this rea­
son, the plates were made of copper (plated with nickel to 
inhibit corrosion) which has a thermal conductivity about 
1000 times that of water.

Temperature control is very important. The device 
shown was placed in a box made of 1.27-cm thick Plexi­
glas and this was submerged in a Neslab TE-45 constant- 
temperature bath. The Plexiglas box, together with the 
thermal inertia of the device itself, produced a 12-hr ther­
mal lag. Thus, although short-term temperature fluctua­
tions in the bath were as much as 0.01°, the lag smoothed 
them to less than 0.0001° at the plates.

The only measurements made in the course of the ex­
periment which enter into the final calculations are of 
AT, the temperature difference of the top and bottom 
plates, and Tm, the mean temperature of the sample. 
They were made with two VECO 32A11 thermistors, 
mounted at the centers of the plates within 0.2 cm of the 
fluid. The temperature drop between a thermistor and the 
nearest fluid boundary was calculated to be less than 
0.03% of AT. A Hewlett-Packard crystal thermometer was 
the calibration standard, and the thermistor resistances 
were measured with a Leeds and Northrup Wheatstone 
bridge and a Fluke null detector. By carefully reading the 
null detector, thermistor resistances (typically 3000 Í1) 
could be determined to 0.01 fi; since the sensitivity of the 
thermistors is 3.8%/°C, resolution in temperature is about 
0.1 mdeg. Typically AT was 1-2°.

Procedure
The heat introduced at the bottom plate is increased 

very slowly in steps (because of our thermal lag we had to 
wait 0.5 day between increases in heat). The temperature 
difference is measured for each value of the heat, and a 
plot similar to Figure 2 is made, using standard values of 
the required physical properties at the mean sample tem­
perature given by the thermistors to calculate the Ray­
leigh number. From this plot the critical Rayleigh num­
ber, Rc, is read.

Calculations
Given Rc and Tm we now calculate the Soret coeffi­

cient, ST, which at the mass transfer steady state is given 
by

ST = AC/C(1 -  C)AT
where C is concentration of solute in mass fractions.

On page 673 of their paper, Hurle and Jakeman9 have 
given a prescription for calculating Rc, given (1) Pr, the

Prandtl number v/x, (2) Sc, the Schmidt number v/D, 
and (3) 7 . Here D is the solute diffusivity and 7 is a quan­
tity representing the effect of the salt gradient on stabili­
ty, StC(1 — C)d'/d. where (i' is the solutal expansion 
coefficient.

The procedure is to compute values of Rc, using values 
of Pr and Sc at the mean temperature, Tm, making suc­
cessive guesses for 7 until it is evident what 7 corresponds 
to the experimentally determined Rc. The formula given 
by Hurle and Jakeman for free bounding surfaces (eq 21) 
can be used to provide a first guess. Rc is not at all sensi­
tive to Pr and Sc, so these need not be known very close­
ly. Once 7 is found, ST is easily calculated

~ c,)
where v is the specific volume.

For saline solutions the free surface formula gives values 
of St only in error by 4%

ST = 0
p e a  -  c )

1 +  Pr 
Pr

(1 +  1 /  Sc ) ~[ 
Rc/1708 J °C 1

Here (ScPr) 1 has been neglected compared to 1, and 
the pure fluid value of Rc has been changed from 27tt4/4 
to 1708, because the boundaries are rigid, not free.

Results
Errors in the coefficients measured in this way may be 

caused by a number of factors. Most significantly we must 
wonder if the convective mode we detect in the heat flow 
plots is the one predicted by the Hurle-Jakeman theory. 
This is the basic assumption of the method. It can be jus­
tified by experiment; if values of ST obtained by our 
method agree with values obtained by a method operating 
on a different principle, we can feel some confidence. We 
are especially worried because Hurle and Jakeman use 
linear stability theory in their calculations but the heat 
flow plots have an appearance characteristic of a “ finite 
amplitude”  instability.

There is some evidence that in a similar situation10 tine 
onset of convection is as predicted by the linear theory, 
but once started a finite amplitude mode is generated. 
This would account for the appearance of the plots. (Since 
this paper was submitted the author has completed an ex­
perimental study of this matter which reveals that stimu­
lation of the nonlinear mode by the finite amplitude con­
vection does in fact occur.)

Errors in measurements may also be caused by inac­
curacies in temperature measurements and in values of 
properties of the solution used in calculation. These latter 
will be only a few per cent; from experience with Rayleigh 
number calculations in the past, ± 2% is a reasonable esti­
mate of the error to be expected. The thermal expansion 
is a problem here. Values are simply not known very well 
for salt solutions. This causes a particular problem be­
cause, in the calculation of St from 7 , fi occurs as a mul­
tiplicative factor, so any error in /? appears as an error in 
St- One correction has been made in the experimentally 
determined value of Rc used in calculations. The value of 
Rc measured for positive ST in the same solution at higher 
temperatures was 1670, whereas we expected 1708. We 
therefore corrected Rc by a multiplicative factor of 1708/ 
1670 in calculating St - (The values of Rc given in Table I 
are not corrected in this way). This is a first-order correc­
tion to compensate for inaccuracies in the values of physi-
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Figure 4. Soret coefficient vs. temperature.

TABLE I

T. °C Rc
ST (measd) 
X 103 ° C " 1

Sxiextrap)
X io3° c - 1

Sx(measd) 
— S-r(extrap) 
X 103 ° C - ’

1.76 2690 - 1 .0 8 - 1 .1 0 +  0.02
2.10 2515 - 1 .0 2 - 1 .0 6 +  0.04
2.72 2300 - 0 .9 2 - 0 .9 9 +  0.07
3.33 2137 - 0 .8 4 - 0 .9 2 +  0.08
3.58 2160 - 0 .8 9 - 0 .8 9 +  0.00
4.63 1975 - 0 . 7 0 - 0 .7 8 +  0.08
8.28 1770 - 0 . 3 7 - 0 .3 9 +  0.02
9.25 1713 - 0 .1 8 - 0 .2 9 +  0.11

cal constants used to calculate R,;. Thus we have forced
agreement with theory at high temperatures so that only 
variations with temperature remain to injure our experi­
mental accuracies.

We have also measured the Soret coefficient of 0.5 N  
NaCl by an independent method. The method described 
in this paper was used for temperatures where ST is nega­
tive, and a conductimetric device similar to that used by 
Snowden and Turner5 was used at the higher tempera­
tures where ST is positive. These latter measurements are 
described in another paper.11 Figure 4 shows all data, 
plotted against temperature, together with the only previ­
ous measurement.12 A line representing a second-order 
least-squares fit to the data for positive values is shown, 
and the negative values fit this well. Table I gives the 
measurements by the new method, together with the dif­
ferences between these values and values extrapolated 
from conductimetric measurements. The root mean 
square deviation for 33 positive values used in the fit was
0.000055 °C - 1 while the root mean square deviation for the 
negative values (which were not used to make the fit) was
0.000065 °C -1.

The agreement in the results between the two methods 
can be quickly appreciated by a glance at Figure 5, which 
shows the data plotted against thermal expansion, rather

Figure 5. Soret coefficient vs. thermal expansion.

than temperature. The Soret coefficient seems to depend 
linearly on thermal expansion.

A change in sign of ST was noticed by Longsworth13 in 
1 M  KC1. It appears from Figure 8 of his paper that ST = 
0 at about 20° for that solution. Extrapolation of Agar and 
Turners14 result’s for much more dilute NaCl at 25 and 
34.7° to lower temperatures suggests a change in sign at 5° 
or so.

The agreement seems good enough for it to be regarded 
as confirmation of our assumption that the Hurle-Jake- 
man theory applies, in the sense that it predicts the onset 
of instability to the accuracy to which we can measure it.

Discussion
The method clearly wcrks well, with a precision of a few 

per cent in this case. It should work on any solution hav­
ing a negative Soret coefficient, except solutions so dilute 
that solute distribution has a negligible effect on the den­
sity structure.

When the Soret coefficient is positive and the heat flux 
is from below, thermal diffusive salt movement destabili­
zes the solution, and convection begins when the Rayleigh 
number is much smaller than the pure fluid value of 1708. 
This convection is so weak, however, that it does not per- 
ceptably affect the heat flux, and so is indetectable in our 
apparatus. It could be detected if we were equipped to 
measure the salt distribution, which will show a change 
when this convection begins. The onset of this instability 
might be useful for measuring positive coefficients.
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Bond Dissociation Energies of the Metallic Vapor Species Aluminum-Silver 

and Aluminum-Gold Measured by Knudsen-Cell Mass Spectrometry
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Dissociation energies of the metallic gaseous species AlAg and AlAu were determined using a double-fo­
cusing mass spectrometer with Knudsen-cell source. The values obtained for D°0(AlAg) and D°o(AlAu), 
using the third-law method, are respectively 180 ±  9 and 325 ±  13 kJ mol*1. These are in line with the 
relative bond strengths in the alloys, indicated by their thermodynamic parameters and by electronic 
structure studies. The accuracy and reproducibility of the instrument were assessed from vaporization 
studies on the pure metals silver, aluminum, and iron, for which measured enthalpies of vaporization are 
reported.

Introduction
As part of a program of research aimed at relating 

thermodynamic parameters of alloys to their electronic 
structure, measurements were made of the dissociation, or 
atomization, energies of the metallic vapor species AgAl 
and AuAl in equilibrium with respectively the alloys sil­
ver-aluminum and gold-aluminum. Drowart1 reports an 
apparent parallel between the strength of the bond in the 
gaseous intermetallic molecule and the corresponding 
bond in the solid alloy.

There has been considerable interest recently2-4 in the 
electronic structure of gold-aluminum and silver-alumi­
num alloys. Gold and aluminum form a series of interme­
tallic compounds, AU2AI, AuAl, and AuA12; of these 
AuA12, which is strongly colored (purple) and brittle, has 
aroused particular attention. It has become clear from 
such studies that, in addition to a transfer of s electrons 
from the A1 atoms to the Au atoms, there is a strong de­
pletion of the 5d electrons from the d band of gold, and 
participation of these electrons in the bonding between 
the atoms. Pauling5 has argued that a large contribution 
of the gold 5d electrons is made to the bond in AuA12, on 
the basis of relative electronegativities for the two atoms. 
There is much evidence of particularly strong bonding in 
gold-aluminum alloys: high melting points and heats of 
formation, for example. With silver-aluminum, on the 
other hand, the bonding appears to be weaker than might 
be expected. Thermodynamic studies of liquid and solid 
Ag-Al alloys6-7 in fact indicate a positive deviation from 
Raoult’s law ideality for the aluminum-rich alloys.

Thus, as a further indication of the respective strengths 
of the Au-Al and Ag-Al bonds in these alloys, an exami­

nation was made of the corresponding metallic vapor 
species using a mass spectrometer equipped with a Knud- 
sen effusion cell ion source. From optical emission and ab­
sorption studies of the gaseous species AuAl, Barrow and 
Travis8 have reported a value of 268 kJ mol-1 for its dis­
sociation energy. No recorded value for the dissociation 
energy of the molecule AgAl appears to have been tabu­
lated, although Blue and Gingerich9 indicated measure­
ments giving 318 ±  4 and 186 ±  8 kJ mol” 1 for AuAl and 
AgAl, respectively.

Experimental Section
Knudsen-cell mass spectrometry is now an established 

technique10-12 for the measurement of thermodynamic 
parameters of solid and liquid solutions, and for the deter­
mination of dissociation energies of equilibrium gaseous 
species. In the investigation to be described a double-fo­
cusing spectrometer was employed (an AEI-MS702 with 
electron-bombardment ion source) together with electron 
multiplier and ion-counting detection. The instrument, 
and Knudsen-cell arrangement, have been adequately de­
scribed elsewhere.13-14 The high resolution (~3000 for 
most of the measurements reported here) permits much 
lower ion intensities from metallic vapor species to be de­
tected in the presence of background hydrocarbon peaks 
of similar masses. For the present measurements an im­
proved Knudsen-cell heater was employed. This comprises 
a platinum-wound cylindrical furnace (25 mm diameter 
by 40 mm length) with its upper and lower portions con­
trolled by separate stabilized power supplies so that tem­
perature gradients along the cell can be eliminated. For 
temperature measurement and control three platinum—

The Journal of Physical Chem'stry, Voi. 77, No. 16. 1973



Bond Dissociation Energies of AlAg and AlAu 2009

platinum-13% rhodium thermocouples are introduced into 
small wells bored along the length of the cell.

Binary alloys were prepared by melting together 
weighed quantities of the 99.99% pure metals, gold with 
aluminum and silver with aluminum, in proportions to 
give approximately equal partial pressures for the two 
components in each case. The gaseous equilibria measure­
ments are not affected by the specific alloy composition. 
A tungsten effusion cell with graphite liner was employed. 
The cell lid, whose temperatures also was monitored by 
one of the thermocouples, contains the orifice of 1 mm di­
ameter. The orifice-to-sample surface ratio was generally 
~1:50.

The molecular species vaporizing and effusing from the 
cell were identified by several methods. These include 
measurement of mass-to-charge ratio using both electrical 
detection and photoplate recording; determination of iso­
topic abundance distribution; examination of intensity 
profile with changing molecular-beam shutter position; 
and study of appearance potentials obtained from ioniza­
tion efficiency curves. The gaseous atomic and molecular 
species Ag, Al, Ag2, AI2, and AgAl, in the case of alumi­
num-silver, and Au, Al, Au2, AI2, and AuAl, in equilibri­
um with aluminum-gold, were positively identified. Ex­
amination of the ionization efficiencies for the ions Ag+, 
A1+, AgAl+, Au+, and AuAl+ were made, and these mea­
surements were used also to ascertain the optimum elec­
tron energy for ionization and study of the ion species; 
60-eV electrons were employed in the gaseous equilibria 
measurements. For the ion species AgAl+ and AuAl+ ap­
pearance potentials of 7.8 ±  0.5 and 9.0 ±  1.0 eV, respec­
tively, were recorded, and ionization efficiencies were 
broadly constant at 60 eV. Ion currents for these species 
indicated approximate partial pressures in the Knudsen­
cell of ~10-4 and ~  10-5 Torr, respectively.

Equilibrium constants, K p, for the gaseous equilibria

A S ( g ) + AgAl(g) = Al(g) + A S 2 ( g ) (1)

A u ( g ) + A u A 1 ( g ) = A1(J) + A u 2 ( g ) (2)

were measured directly from the product of the relative 
ion intensities for the respective species. Atomization 
energies were obtained from reaction enthalpy changes, 
calculated by the third-law method 

A H \  = - R T  In K p -  T [(G °( -  H °0)/T] (3)
= D ° 0(M -A1) -  D ° 0(M 2) [M = Ag, Au]

(4)
using statistical mechanical formulae for the free-energy 
functions. In theory the reaction enthalpy changes can be 
obtained from the slopes of In K p vs. 1 /T  by the second- 
law method

A H °T  = R d In A'p/d (l /T )  (5)

using enthalpy increments, required for reducing AH°t to 
AH°o, calculated from statistical mechanical formulae. 
However, for this method measurements are desirable 
over a larger range of temperature than was possible in 
the present investigation.

Results and Discussion
The stability and reproducibility of the instrument and 

Knudsen-cell combination were assessed from enthalpy of 
vaporization studies made on the pure metals silver and 
aluminum, and the less volatile iron. The results, for the

Figure 1. Variation of ion intensities of Ag- , A l- , and Fe+ with 
temperature for the pure metals silver, aluminum, and iron, ex­
pressed in the form of In as a function of reciprocal temper­
ature. For silver, day-to-day reproducibility has been indicated 
by superimposing the ion counts obtained in two separate ex­
periments, for which the same series of Knudsen-cel! tempera­
tures was established.

ion species Ag+, A1+, and Fe+, are shown in Figure 1, 
where In I+T  is expressed as a function of the reciprocal 
temperature. The slopes in each case, through the second- 
law Clausius-Clapeyron expression (5), yield values for 
the vaporization enthalpies AH°t for the mid-range of 
1/T. These, when corrected to the standard 298°K, give 
the results AH°29»(Ag) = 284 kJ mol“ 1, A //°298(A1) = 334 
kJ mol-1 , and AH°298(Fe) = 397 kJ mol-1 , which com­
pare well with the values of 285, 323, and 398 kJ mol-1 , 
respectively, reported by Nesmeyanov15 and Kubaschew- 
ski and Evans.16

For silver, the day-to-day reproducibility of the instru­
ment was examined. Measurements from experiments 
done on two separate cays, although without recharging 
the Knudsen cell or de-aligning the assembly, are shown 
superimposed for Ag in Figure 1. The ion count recorded 
at each established temperature was almost precisely the 
same from one experiment to another.

To measure the bond dissociation energies of AlAg and 
AlAu, K p values for equilibrium 1 were obtained directly 
from the product of the relative ion intensities of AlAu+, 
Au+, A1+, and Au2+ measured at several different tem­
peratures in the range 1560-1645°K; and K p values for 
equilibrium 2 from the ion intensities of AlAg+, Ag+, A1+, 
and Ag2+ measured at four temperatures in the range 
1390-1440°K. The results in these limited temperature 
ranges, for which instrumental stability and sufficient ion 
counts for accurate detection and measurement coincided, 
are summarized in Tables I and II and in Figure 2 where 
Kp is expressed graphically as a function of reciprocal 
temperature. It was assumed that the relative ionization 
cross sections, and multiplier-yield factors, mutually com­
pensate one another. Hildenbrand17 has estimated that 
the errors in equilibrium constants estimated in this way, 
directly from ion currents, are not larger than a factor of
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F i g u r e  2 .  Measured K v  values for the gaseous equilibria vapor­
izing from aluminum-silver and aluminum-gold alloys, ex­
pressed in the form of log K p  as a function of reciprocal tem­
perature.

T A B L E  I: E q u i l i b r iu m  C o n s t a n t s  a n d  T h i r d - L a w  E n t h a l p ie s

fo r  t h e  G a s e o u s  R e a c t i o n  A u A l  +  A u =  A u 2 +  Al

T, °K
1 A l /  
1 Au

1 AuJ
1 A u A l  

X  10 ~ 4 Kp , x io~4
AH°0, 

kJ m o l-1

1 5 6 2 1 . 2 0 1 . 3 7 1 . 6 5 1 1 5 . 8

1 5 8 3 1 . 3 4 1 . 7 4 2 . 3 3 1 1 2 . 7

1 5 9 4 1 . 4 7 1 . 9 2 2 .8 1 1 1 2 . 5

1 5 9 8 1 . 5 2 1 . 9 3 2 . 9 2 1 1 0 . 8

1 6 0 1 1 . 5 5 1 . 9 7 3 . 0 4 1 1 0 . 8

1 6 0 4 1 . 5 8 2 . 1 3 3 . 3 7 1 0 9 . 5

1 6 0 8 1 . 6 4 2 . 1 8 3 . 5 7 1 0 9 . 0

1 6 1 1 1 . 6 5 2 . 1 8 3 . 6 0 1 0 9 . 0

1 6 1 5 1 . 6 9 2 . 1 9 3 . 6 9 1 0 9 . 0

1 6 1 7 1 . 7 0 2 . 3 7 4 . 0 4 1 0 8 . 2

1 6 2 7 1 . 7 5 2 . 3 3 4 . 0 9 1 0 8 . 2

1 6 3 4 1 .7 1 2 . 4 9 4 . 2 6 1 0 8 . 2

1 6 3 8 1 .7 1 2 . 7 3 4 . 6 7 1 0 7 . 2

1 6 4 4 1 . 6 5 3 . 5 7 5 . 8 8 1 0 5 . 0

2, which introduces only a small error into the third-law 
or absolute-entropy calculation.

The numerical values of the free-energy functions of 
Au(g), Ag(g), and Al(g) were taken from the compilation 
by Hultgren.18 Those for Au2(g), AlAu(g), Ag2(g), and 
AlAg(g) were calculated using statistical mechanical 
methods from the molecular parameters listed in Table
III. The enthalpies of reaction AH°o for equilibria 1 and 2 
were then calculated (using eq 3), and D°o values for AlAu 
and AlAg obtained (eq 4) using reported values149 for the 
dissociation energies of the pure metal diatomic gaseous 
molecules Au2 and Ag2: D°o(Au2) = 215 ±  9.2 kJ m ol-1 
and D°0(Ag2) = 157.5 ±  8.4 kJ mol“ 1.

The results obtained for the dissociation energies of the 
species AlAu and AlAg were then D°o(AlAu) = 325 ±  12 
kJ mol-1 and D°o(AlAg) = 180 ±  8 kJ mol-1 , which are

T A B L E  I I :  E q u i l i b r iu m  C o n s t a n t s  a n d  T h i r d - L a w  E n t h a l p i e s  

fo r  t h e  G a s e o u s  R e a c t i o n  A g A I  +  A g  =  A g 2 +  A l

1 Ai/ AH°o,
T, °K  ̂A g 1 A g A I Kp kJ mol “  '

1 3 9 3 1 . 5 4 0 . 1 2 3

O)COÒ
2 2 . 4 5

1 4 0 9 1 .6 1 0 . 1 2 0 0 . - 9 4 2 2 . 2 6

1 4 2 4 1 . 7 6 0 . 1 1 9 0 . 2 0 9 2 1 . 8 0

1 4 4 0 1 . 8 3 0 . 1 1 8 0 . 2 1 6 2 1 . 7 0

T A B L E  I I I :  M o l e c u l a r  P a r a m e t e r s  U s e d  f o r  S t a t is t ic a l  

M e c h a n i c a l  C a l c u l a t i o n  o f  F r e e - E n e r g y  F u n c t i o n s

Electronic Vibration Interatomic
ground frequency, distance,
state cOg, mm ^ r e pm Ref

A u2 1 2 1 9 . 0 9 2 4 7 . 2 1

A lA u ' 2 3 3 . 3 0 2 3 3 . 8 8

A g 2 ’ 2 1 9 . 2 4 2 6 8 1

A lA g 1 2 2 5 . 6 6 2 4 7 . 2 1 9

in good agreement with the values found by Blue and 
Gingerich9 and in fair agreement with the value for AuAl 
obtained spectroscopically by Barrow and Travis.8 The 
values estimated using the linear Birge-Sponer extrapola­
tion of the vibrational levels of the ground state, Do”  = 
o)2/4uj, are respectively 283 and 174.5 kJ mol-1 ; both con­
sistently smaller than the experimental values, in com­
mon with comparisons made1 for most metallic diatomic 
gaseous molecules.

It is of interest to examine the difference between the 
measured D°o(MM'), where M and M ' are the atomic 
constituents of the metallic molecule, and the arithmetic 
mean of the energies for the symmetric molecules M 2 and 
M2'. Taking for D ° o(A 1 2) ,  the reported value1 of 180 kJ 
mol-1 , we obtain
A(AuAl) = D °0(AuAl) -  V2[Z)°0(Al2) +

Z>°0(Au2)] = 127 kJ m ol-1
and
A (AgAI) = D °0(AgAI) -  lU [D \(Al2) +

U°o(Ag2)] = 12 kJ m ol“ 1
According to the Pauling relationship,5 the quantity A 
measures the ionic contribution to the bond of the mole­
cule, and is proportional to [x(M) -  x(Al)]2 where x is 
the electronegativity. The results for A agree quite well 
with those expected from the accepted20 electronegativi­
ties for the respective metals: xai = 1-5, xau = 2.4, XAg = 
1.8; i.e., A(AuAl)/A(AgAl) ~  [0.9/0.3]2 = 9.

Conclusions and Comments
The results for Al-Au and Al-Ag alloys confirm the sug­

gested parallelism1 of the strengths of the bond in the 
intermetallic molecule with the bonds in the correspond­
ing alloy. The bond dissociation energies and predicted 
negativities are in line with the pronounced tendency for 
intermetallic compound formation between aluminum 
and gold, contrasting the absence of intermetallic com­
pounds between aluminum and silver. Much weaker 
chemical bond effects in Al-Ag alloys, compared with 
Al-Au alloys, have also been observed in electronic struc­
ture studies using soft X-ray emission,4 •21_23 where a peak 
in the aluminum band emission for the alloy, attributed 
to hybridization with the d band of the noble metal, is 
much sharper and more intense in the case of Au-Al al­
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loys than with Ag-Al. Thermodynamic activity data for 
Al-Ag alloys6’7'24'25 show positive deviations from ideality 
for the Al-rich alloys indicating a slightly weaker Ag-Al 
bond in the alloy compared with the Al-Al bond in pure 
aluminum, in agreement with the results for the metallic 
vapor molecules AgAl and AI2.

Acknowledgments. We are indebted to the Science Re­
search Council for a grant in support of this research, to 
the late Professor E. C. Ellwood for his support and en­
couragement, and to Professor A. J. B. Robertson for 
helpful discussions. A. M. C. and 3 . S. Shen held SRC 
Fellowships during the course of the work.

References and Notes
(1) J. Drowart In “ Phase Stability in Metals and Alloys," P. S. Rudman, 

J. Stringer, and R. I. Jaffee, Ed., McGraw Hill, New York, N. Y. 
1967, p 305.

(2) D. J. Fabian, L. M. Watson, and G. M. Lindsay, Nat. Bur. Stand. 
(U. S.). Spec. Pubi.. No. 323, 307 (1971)

(3) M. L. Williams, R. C. Dobbyn, J. R. Cuthlll, and A. J. McAlister, 
Nat. Bur. Stand. (U. S.). Spec. Pubi.. No. 323, 303 (1971).

(4) Q. S. Kapoor, L. M. Watson, D. Hart, and D. J. Fabian, Solid State 
Commun.. 11, 503 (1972).

(5) L. Pauling, "The Nature of the Chem cal Bond," Cornell University 
Press, Ithaca, N. Y., 1948, p 58.

(6) M. Hlllert, B. L. Averbach, and M. Cohen, Acta Met., 4, 31 (1956).
(7) T. C. Wilder and J. F. Elliott, J. Electrochem. Soc.. 107, 628 

(1960).
(8) R, F. Barrow and D. N. Travis, Proc. Roy. Soc.. Ser. A., 273, 133 

(1963).
(9) G. D. Blue and K. A. Glngerich, Ann. Conf. Mass Spectrom. Allied 

Topics. 16th. (1968) unpub ¡shed results.
(10) M. G. Inghram and J. Drowart in “ High Temperature Technology," 

McGraw Hill, New York, N. Y., 1960, p 219.
(11) D. J. Fabian, Met. Rev.. (1131, 12, 28 (1967).
(12) J. Drowart, "J. Stefan" Inst., Rep.. 187 (1971).
(13) Associated Electrical Industries, AEI (Ass. Elec. Ind.) Eng. Rev.. 

2033-72 EdA, 2032-87 aEdA (1965).
(14) A. M. Cuthlll, P. B. Brown, and D. J. Fabian, "J. Stefan" Inst.. 

Rep.. 243 (1971).
(15) A. N. Nesmeyanov, “ Vapeur Pressure of the Chemical Elements," 

Elsevier, London, 1963.
(16) O. Kubaschewskl and E. L. L. Evans, “ Metallurgical Thermochemis­

try ," Pergamon, London, 1955.
(17) D. L. Hildenbrand, J. Chem Phys.. 51 807 (1969).
(18) R. Hultgren, “ Selected Values of Thermodynamic Properties of 

Metals and Alloys," Wiley, New York, N. Y „ 1963.
(19) R. M. Clements and R. T. Barrow, Trans. Faraday Soc.. 64, 2893 

(1968).
(20) L. Pauling, J. Amer. Chem. Soc.. 69, 542 (1947).
(21) D .J. Fabian, J. Phys. (Paris), 32, C4 (1971).
(22) A. J. McAlister, J. R. Cuthill, R. C. Dobbyn, and M. L. Williams in 

"Band Structure Spectroscopy of Metals and Alloys," D. J. Fabian 
and L. M. Watson, Ed., Academic Press, London, 1972, p 191.

(23) E. Kâllne in ref 22.
(24) G. R. Belton and R. J. Fruehan, Trans. AIME. 245, 113 (1969).
(25) T. Thomasson, D. J. Fabian, and A, M. Cuthlll, Acta Met., submit­

ted for publication.

Solubility of Alcohols in Compressed Gases. A Comparison of Vapor-Phase 
Interactions of Alcohols and Homomorphic Compounds with Various Gases.
I. Ethanol in Compressed Helium, Hydrogen, Argon, Methane, Ethylene, 
Ethane, Carbon Dioxide, and Nitrous Oxide1
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The solubility of ethanol in compressed He, H2, Ar, CH4, C2H4, C2H6, CO2, and N2O has been measured 
at pressures ranging from 10 to 60  atm at 25 , 5 0 , and 75°. Second cross virial coefficients representing de­
viations from ideality caused by ethanol-gas interactions have been evaluated from these data. The solu­
bility data for ethanol with all gases except CO2 and N2O yield virial coefficients which are identical 
within experimental error with those for the homomorph propane with corresponding gases. The en­
hancement in solubility, hence apparent cross virial coefficients of ethanol in CO2, is larger than expect­
ed if physical forces alone were operative in this system. This anomaly is interpreted as resulting from a 
reversible one-to-one chemical association between CO2 and ethanol in the gas phase. Values for K eQ and 
standard enthalpies and entropies of association are estimated. A similar, though very much weaker as­
sociation, appears to exist in the case of N2O with ethanol.

Introduction
Various investigations over the years have produced evi­

dence suggesting that carbon dioxide is chemically reac­
tive toward alcohols, and oxygen-containing compounds in 
general, to the extent that weak complexation occurs in 
condensed mixtures of these substances.2"4 Recently, 
measurements of vapor composition in liquid-compressed

gas mixtures have indicated that weakly bound complexes 
are formed between CO2 and both water5 and methanol6 
in the gas phase as well. While the qualitative evidence 
for such gaseous association is unequivocal, past efforts to 
establish values for the thermodynamic parameters defin­
ing the equilibria have shared a common weakness in that 
empirical combining rules had to be used in conjunction
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with either assumed potential functions or the principle of 
corresponding states in order to estimate values for cross 
virial coefficients of a hypothetical system in which physi­
cal interactions alone are operative. Such values are nec­
essary in order to partition the vapor molecules properly 
according to whether they exist in a complexed or an un­
bound state.

This paper reports measurements of the solubility of 
ethanol in a series of compressed gases. The work was mo­
tivated by preliminary results which indicated that physi­
cal interactions in the gas phase involving simple alcohols 
having carbon numbers of two or greater are essentially 
identical with corresponding interactions involving satu­
rated hydrocarbon molecules which are one carbon larger. 
This being the case, experimentally determined cross viri­
al coefficients involving aliphatic homomorphs with CO2 
could be used in estimating Keq for the alcohol-C02 sys­
tems.

Experimental Section
A detailed description of the experimental techniques 

used can be found in ref 5 and will not be repeated here. 
Briefly, however, the method entails bubbling the gas of 
interest through liquid ethanol at elevated pressures and 
subsequently expanding the saturated gas-vapor mixture 
into a low-pressure section where the alcohol vapor is re­
moved from the gas stream by a series of cold traps. The 
weight of alcohol vapor accompanying a known volume of 
gas passing through the low-pressure section is recorded, 
thus providing the vapor composition of the high-pressure 
gaseous mixture. The amounts of ethanol collected in 
these experiments were relatively large, ranging from 1 to 
9 g depending on the temperature and duration of each 
run. The trapping efficiency of the individual cold traps 
was quite high (ca. 80%) so that four cold traps were ade­
quate to assure maximum removal of alcohol vapor from 
the gas stream. Before calculating mole fractions, each 
value of total weight of alcohol collected was corrected for 
slight losses of vapor under the assumption that the gas 
leaving the last trap is in equilibrium with liquid ethanol 
at the temperature of the cold bath (from —80 to —70° de­
pending on t he gas studied).

Initial experiments showed that three high-pressure sat­
uration cells were adequate to ensure saturation with al­
cohol vapor at the flow rates used in these studies (— 0.4 
l./min). The virial coefficients calculated from the experi­
mental vapor composition data were examined for direc­
tional trends with pressure as a further check for exper­
imental errors or mean field effects at higher densities. No 
such trends were observed.

The hydrocarbon gases and nitrous oxide used in these 
experiments (CP grade) were obtained from Matheson 
Co., Inc., while the helium, hydrogen, argon, and carbon 
dioxide were purchased from Selox Corp., having quoted 
purities of 99.995, 99.9, 99.995, and 99.5%, respectively. 
Reagent grade absolute ethanol was used in all experi­
ments.

Results and Discussion
The experimental data will not be included here for the 

sake of brevity. However, listings of the experimentally 
determined vapor composition can be obtained from this 
journal.1 These results are shown graphically in Figure 1. 
At equilibrium the vapor composition of a given system 
can be expressed as a function of total pressure P by8

y2 =
(1 -  r,)P20 M /

m
exp 'V P"(P  -  P 

RT
„ ]

( 1 )

where P20 and V20'"  represent the vapor pressure and 
molar volume of pure ethanol (component 2) at tempera­
ture T. Also, r i is the mole fraction of dissolved gas (com­
ponent 1) at P and T, while 6 2 ° and </>2 designate fugacity 
coefficients of pure ethanol vapor at P2° and T and etha­
nol vapor in the dense gas medium at P and T, respec­
tively. At densities sufficiently low that contributions 
from third and higher order virial coefficients can be ne­
glected, the fugacity coefficient 02 can be expressed in 
terms of the virial expansion as

In 0 , =  (2/V)[y.,B.JT) +  y,P,o(T)] -  In Z (2)
Here V and Z denote the molar volume and compressibil­
ity factor of the gaseous mixture having a composition 
given by the mole fraction Vi and >’2. The symbols B(T) 
designate second virial coefficients representing deviations 
from ideality caused by bimolecular interactions indicated 
by the subscripts. Equations 1 and 2 are combined and 
solved in an iterative fashion using any of the experimen­
tally determined \’2 and the appropriate virial expansions 
for V and Z to yield a value for B\2(T) for that particular 
ethanol-gas system.5 Alternatively, eq 1 and 2 can be 
combined by making the appropriate expansions for V -1 
and In Z to yield

y2 = [(1 _  x,)P2°/P ] expjtyrfBntT) -
2B v2(T)) +  VP" +  (V!2 -  1 )BdT)](P/RT) +

[B U T ) -  VTA,](PS/RT)\ (3)
It is seen from this latter equation that under the condi­
tions of these experiments, yi s  1, P2° <  P. the values 
for B12(T) calculated from mole fraction data are quite 
insensitive to the relatively large ( —100 cc/mol) uncer­
tainties associated with literature values for the second 
virial coefficient of pure ethanol. P22(P), at these _ow 
temperatures.

Average values of second cross virial coefficients calcu­
lated from the experimental mole fraction data are listed 
in Table I. Values for molar volume and vapor pressure of 
ethanol used in these calculations were taken from ref 9 
and 10. Gas solubilities in the liquid phase were estimated 
using Henry’s law expressed in terms of fugacity. Values 
for the Henry’s law constants were calculated from solu­
bility data found in ref 11-17 and are listed in Table II. In 
several cases, short extrapolations or interpolations of ex­
perimental solubility data were necessary in arriving at 
the values listed in Table II. Where this was necessary, it 
was assumed that the entropy of solution of these gases in 
ethanol at 1 atm was sufficiently independent of tempera­
ture that accurate estimates of Henry’s law constants 
could be obtained through linear extrapolations of log 
concentration vs. log T. Fugacity coefficients were derived 
from PVT data of ref 18-25. Values for pure component 
second virial coefficients occurring in the expansions for 
02. V. and Z in eq 1 and 2 were obtained from ref 26.

These ethanol-gas cross virial coefficients are compared 
with those involving the homomorph propane in Figure 2. 
Sources of this latter data are CsHa-He. Ar. ref 27; 
C3H3-H 2, ref 27, 28; C3H8-CH4. ref 28-30; C.3H8-C 0 2. ref 
28. 29; C3H8-C 2H6. ref 30. Also included in this figure is a 
single value for the second cross virial coefficient of etha­
nol with C 0 2 measured by Sie, et al. , 31 using the method 
of high-pressure chromatography. No other sources of data
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Figure 1. Mole fraction of ethanol in several gases as a function 
of pressure: a =  CO2 , b = C2H4, c =  CH4, d =  Ar, e = H2, f 
= He.

TABLE I: Second Cross Virial Coefficients for Ethanol 
with Various Gases

Gas T. °C Si2(f).acm3/mol

He 25 32 ±  6
50 41 ±  2
75 42 ±  6

h 2 25 5 ±  5
50 6 ±  4
75 5 ±  2

Ar 25 -7 3  ±  5
50 -6 3  ±  2
75 -5 0  ±  3

CH4 25 -122 ±  2
50 -107  ±  3
75 -8 4  ±  10Xo

25 -243  ±  10
c 2h 6 25 -276  ±  13

50 -200 ±  7
75 -190  ±  7

co2 25 -307  ±  6
50 -238 ±  3
75 -196  ±  3

n 2o 25 -274  ±  5
50 -215 ±  5
75 -177 ±  5

a Error expressed as average deviation from the mean.

involving ethanol-gas systems are known to the authors. It 
is seen that, with the exception of CO2, cross virial coeffi­
cients of ethanol and propane with a given gas are sub­
stantially identical in all cases for which comparisons can 
be made. Thus, in situations where hydrogen bonding

«OEn
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-100 t

;
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■ 30c
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T (°K)
Figure 2. Second cross virial coefficients for propane (open cir­
cles) and ethanol (shaded circles) with a series of gases. 
Square symbol indicates value for ethanol with C 0 2 from ref 31.

TABLE II: Henry’s Law Constants for Ethanol-Gas Systems

Gas 7, °C K h , a tm a Ref

He 25 13,000 h

50 10,300
75 8,300

h 2 25 4 .650 12
50 4.130
75 3,680

Ar 25 1.610 11
50 1,660
75 1,700

'TXo

25 911 13
50 1,050
75 1,210

c 2h 4 25 167 14

c 2h 6 25 180 13, 15
50 235
75 302

oo

25 156 16, 17
50 239
75 353

n 2o 25 149 17
50 222
75 322

a The Henry’s law constants are taken to be good to three significant 
figures, i.e.. the precision of the solubility data as listed by the original 
authors.

plays no role, the physical properties of ethanol and pro­
pane are identical. This is, of course, not wholly unex­
pected since the two molecules have the same structure, 
are isoelectronic, and have similar, though not identical, 
polarizabilities (Table III). The fact that the cross virial 
coefficients agree so well in spite of the fact that ethanol 
is less polarizable than propane probably reflects a trade­
off between decreased dispersion forces and permanent di­
pole-induced dipole interactions.

A comparison of the data of Table I and Figure 2 with 
the molecular constants of Table III shows that, with the
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TABLE III: Molecular Parameters

Substance
Average polarizibility 

X 1024 cm3 a
Quadruple moment 
O x  1024 esu cm2 c

He 0.216
h 2 0.79 +  0 .662
A r 1.63
c h 4 2.60
C 0 2 2.65 - 4 . 3
N 20 3.00 - 3 . 0

c 2h 4 4.26 +  1.5
c 2h 6 4.47 - 0 .6 5
c 2h 5o h 5.11*
c 3h 8 6 .3 8 *

"W ith  exception of these from ref b, all data taken from H. A. Landolt 
and R. Bornstein, 'Zahlenwerte und Functlonen," Vol 1. 6th ed, Springer, 
Berlin, 1951; Part 1, p 4C1; Part 2, p 509. * J. Applequist, J. R. Carl, and 
K. Fung, J. Amer. Chem. Soc., 94, 2952 (1972). ‘ D. E. Stogryn and A. P. 
Stogryn, Mol. Phys., 1 1 ,371 (1956).

exception of ethanol with CO2 and N20, the values of 
B12(T) at a given temperature become more negative with 
increasing polarizability of the gas as is typically found for 
systems in which dispersion forces constitute the domi­
nant mode of interaction.32-35

While the cross virial coefficients of the propane-C02 
system fall in the usual pattern for systems which interact 
through dispersion forces (i.e., have values slightly more 
negative than those for CH4), the B\2 {T) for the ethanol- 
C 02 system are the order of 100 cc/mol more negative 
than those for propane with C 02. Although the ethanol- 
C 02 system has additional modes for attraction which are 
absent in the case of propane with C 02, that is dipole- 
quadrupole and dipole-induced dipole interactions, esti­
mates based on derivations by Pople36-37 show that such 
interactions can be expected to contribute a maximum of 
about —20 cm3/mol to the second cross virial coefficient 
of ethanol with C 02. Thus it is difficult to see how the 
large discrepancy between the cross virial coefficients of 
these two homomorphic systems could be caused by elec­
trostatic interactions. This contention is further supported 
by data taken in this laboratory38 on several chloroform- 
gas systems. The results of this work show that at 25° the 
cross virial coefficients of chloroform (/x = 1.0 D) with N2, 
CH4, C 02, and C 2H4 are -100 ±  4, -199 ±  7, -316 ±  15, 
and -373 ±  15 cm3/mol, respectively. These fall in sub­
stantially the same order and magnitude as those for car­
bon tetrachloride with the same gases at 25°:35 -102, 
-205, -287, and —384 cm3/mol. Thus the evidence points 
to a conclusion similar to that made earlier in the cases of 
water5 and methanoi,6 that is, the abnormally large cross 
virial coefficients derived from the solubility data for eth­
anol in C 02 reflect the influence of a chemical association 
between carbon dioxide and the alcohol in the vapor 
phase.

It can be readily shown that (a) the enhanced solubility 
caused by such a weak association will lead to abnormally 
large “ apparent” cross virial coefficients; and (b) that if 
cross virial coefficients are known or can be estimated for 
a homomorphic system in which physical forces alone are 
operative (propane with C 02 in this case), values of Keci 
for the association can be derived from the solubility, 
hence virial coefficient data. Consider the vapor-phase 
reaction postulated here: alcohol (g) + C 02 (g) ^  com­
plex (g). Since excess liquid alcohol is present, the fugaci- 
ty of the alcohol in the gas phase. /2K, is constant at a

given pressure, being equal to the fugacity of the liquid 
phase, / 2‘

f.y =  f.} =  y.Hl -  exp[(V J '/R T)(P  -  P J ]
(4)

where 721 is an activity coefficient accounting for depar­
tures of the liquid phase from ideal solution behavior 
caused by dissolved gas. Because of the low gas solubili­
ties, 721 can be taken to equal unity under the conditions 
of these experiments. Because of this constancy in fugaci­
ty, each molecule of alcohol converted to complex in the 
vapor-phase reaction is replaced by one from the liquid 
reservoir with the result that the total number of moles in 
the gas phase over the liquid remains unchanged at a 
given pressure. Thus, for weak associations in which the 
concentration of complex remains small relative to the 
majority constituent (in this case C 02), the vapor-phase 
mole fraction of uncomplexed alcohol, y2 = /<hP, re­
mains constant. The experiment, however, measures the 
vapor composition of the gaseous mixture after an expan­
sion to ambient pressure conditions during which the 
complex has presumedly dissociated completely leaving 
an excess amount of alcohol to be collected in the cold 
traps. The measured mole fraction therefore is v2tot = (y2 
+ y  complex)/! 1 + y complex). The equilibrium constant 
for formation expressed in molar units, K~c(M-1 ), can be 
expressed in terms of v2tot as

K J V  = K ;,
y  complex

( v /01 ~  v2) ^  y ■>""
y\y4X ~  y2"") y-i

since Vi 1 in these experiments. Thus if a reasonable 
estimate of deviations from ideality experienced by the 
uncomplexed alcohol can be obtained using B\2(T) data of 
a homomorphic system, then values for <f>2 hence y2 can be 
calculated, allowing one to evaluate Kc of eq 5.

In fitting the data for ethanol with C 0 2 to give the cross 
virial coefficients in Table II and Figure 2, no distinction 
was made between complexed and uncomplexed alcohol. 
That is, the virial coefficient values listed are “ apparent” 
in that they are defined in terms of an apparent fugacity 
coefficient, rj>2app = f2'/y2totP, as

In c j '"p =  {2 / V )[y .rB d T )  +  y^ B J 'J T )] -  In Z (6)

Combining eq 5 and 6 it follows that since both y2tot and 
y 2 are assumed small

In </>/>’» -  In 4>. (2/V )[B Jpp(T) -
B J T )]  =  -In  [K J V  +  1] ^  - K J V  +  ...

so that
[B J "P(T) -  B J T i]  st -K c / 2 ^  -RT/2K,, (7)

where Kp is the equilibrium constant for dissociation ex­
pressed in the usual units of pressure. While the deriva­
tions leading to eq 5 and 7 are simple indeed, it is impor­
tant to note that in no way do they invoke any artificial 
separation of intermolecular potential functions, the va­
lidity of which has been the subject of some question.39

Values of Kp for the proposed association of ethanol 
with C 02 have been calculated using the difference be­
tween experimental values of B12(T) for the ethanol-C02 
and propane-C02 systems as [Bi2app(Tr) -  B J T )}  in eq 
7. One obtains values of 91 ±  6, 141 ±  8, and 190 ±  10
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atm for Kp at 25, 50, and 75°, respectively. The standard 
enthalpy and entropy for dissociation (standard state of 1 
atm, 298°K) corresponding to these equilibrium constants 
are AH° = 3.2 ±  0.5 kcal/mol and. AS° = 20 ±  2 eu. 
These are essentially identical with those characterizing 
the association of methanol with CO26 but somewhat 
smaller than found in the case of water with CO2.5

In the case of ethanol with N2O, a comparison of the 
virial coefficients in Table I with those found for methanol 
and the same gases6 reveals that cross virial coefficients 
fitted to ethanol-nitrous oxide solubility data are more 
negative relative to those of the other gases than was 
found in the case methanol. This suggests that N2O may 
also form weak adducts with ethanol in the gas phase. 
The assumption that the parallelism noted earlier be­
tween cross virial coefficients resulting from physical in­
teractions and gas polarizability extends to N2O leads one 
to infer that the complexes formed between ethanol and 
N2O are considerably weaker than those involving carbon 
dioxide. Unfortunately, no propane-N20 virial coefficient 
data are available for quantitative comparisons.
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Solubility of Alcohols in Compressed Gases. A Comparison of Vapor-Phase 
Interactions of Alcohols and Homomorphic Compounds with Various Gases.
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Argon, Methane, Ethane, and Carbon Dioxide at 25°1
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The vapor concentrations of 1-butanol, diethyl ether, and n-pentane have been determined as a func- 
tion of pressure in a series of compressed gases, including carbon dioxide. Second cross virial coefficients 
representing deviations from ideality caused by bimolecular interactions of these three compounds with 
the individual gases have been evaluated from the data. With the exception of CO2, the cross virial coef­
ficients of each of the three homomorphic molecules with a given gas are found to be the same within ex­
perimental error. In the case of CO2, it is found that the cross virial coefficients of 1-butanol and diethyl 
ether with CO2 are similar in magnitude but considerably larger than that resulting from pentane-CC>2 
interactions. This anomaly is interpreted as indicating that the alcohol and ether undergo a reversible 
association with CO2 in the gas phase.

Introduction
In a series of papers reporting vapor compositions at el­

evated pressures for various compressed gases in equilibri­
um with liquid water,2 methanol,3 and ethanol,4 consider­
able evidence has accumulated indicating that weak com- 
plexation occurs between gaseous CO2 and vapors of these 
oxygen containing liquids. Various arguments based on 
comparisons involving N2O and CO2,3 solubility measure­
ments of chloroform in dense gases,4 as well as theory3-4 
all suggest that the stabilization leading to the formation 
of these complexes does not arise from electrostatic forces 
but rather involves either hydrogen bonding or the direct 
interaction of the oxygen atom of the vapor molecules 
with CO2, either through a simple donor-acceptor mecha­
nism or possibly an esterification reaction leading to car­
bonic acid or its monoalkyl esters. This paper reports an 
extension of the above studies in which gas-phase solubili­
ty measurements are used to compare the vapor-phase be­
havior of three homomorphs, 1-butanol, diethyl ether, and 
n-pentane in dilute gaseous solutions involving various 
unreactive gases as well as carbon dioxide.

Experimental Section
The experimental apparatus and techniques used in 

this work are the same as those outlined in a previous pa­
per.5 The n-pentane, diethyl ether, and 1-butanol used in 
these experiments were reagent grade or the equivalent.

Results and Discussion
In this study, vapor compositions have been determined 

as a function of total pressure for two phase systems in­
volving three homomorphic liquids, n-pentane, diethyl 
ether, and 1-butanol with a series of gases including CO2, 
all at 25°. The vapor composition data determined in 
these experiments will not be listed here for the sake of 
brevity but can be obtained from this journal.6 Second 
cross virial coefficients representing deviations from ideal­

ity resulting from bimolecular interactions between mole­
cules of the liquid component and those of the gas have 
been evaluated from the vapor composition-pressure data, 
as outlined in the previous paper, and are listed in Table
I. Values for molar volumes and vapor pressures of the 
pure liquids used in these calculations were taken from ref 
7-9 . The pure component virial coefficients required were 
obtained from ref 10.

The only additional information required for these cal­
culations is a knowledge of the liquid-phase composition 
as a function of pressure. This was estimated by using 
Henry’s law expressed in terms of fugacity. The Henry’s 
law constants used in these calculations are listed in 
Table II.11-16 It is seen that in many cases experimental 
gas solubility data were not available from the literature. 
Fortunately, for systems where chemical interactions are 
unimportant, reliable estimates of gas solubility can be 
obtained using a method developed by Shair and Praus- 
nitz.17 Correlations given by these authors suggest that 
Henry’s law constants can be estimated to an accuracy of 
better than 10% for the systems of interest here. Since the 
values calculated for B\2{T) are relatively insensitive to 
gas solubility at the pressures of these experiments, inclu­
sion of an assumed error of 10% for A h leads to a total 
error of only ± 3 0  cc/mol for diethyl ether and pentane 
with C2H6, and ± 12, ± 8 , and ± 7  cc/mol for pentane with 
CH4, Ar, and N2, respectively. The solubilities of CO2 in 
n-pentane and diethyl ether were determined in this labo­
ratory by a very simple technique in which known 
amounts of these solvents are first saturated with CO2 
then allow to react with standardized aqueous solutions of 
sodium hydroxide. After the extraction of CO2 is com­
plete, the remaining sodium hydroxide is titrated with 
strong acid to the bicarbonate end point. The number of 
equivalents of acid necessary to effect this is subtracted 
from that required to neutralize an equal volume of the 
pure sodium hydroxide solution, the difference being 
equal to the number of moles of CO2 extracted from the 
known volume of organic solvent. The results obtained
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using this method were checked against literature values 
for several C 02-solvent systems and the agreement was 
excellent.

An inspection of the data in Table I shows that the 
values obtained here for systems involving n-pentane gen­
erally agree, within experimental error, with values ob­
tained from high-pressure gas-liquid chromatography. 
They are, however, consistently outside the estimates of 
error and smaller in magnitude than those derived from 
PVT measurements. A detailed review of our experimen­
tal procedure and methods of calculation show no source 
of error in this work which could lead to such a discrepan­
cy.

Secondly, it is seen that the second cross virial coeffi­
cients of the three homomorphs with nonreactive gases are 
the same within experimental error. This is, of course, not 
unexpected since there is no reason to expect purely phys­
ical interactions to differ significantly among these sys­
tems. As pointed out previously,4 this close similarity 
suggests that any decrease in dispersion forces among the 
oxygen-containing systems (relative to n-pentane) arising 
from the fact that an oxygen atom is less polarizable than 
a methylene group is either insignificant or is cancelled 
out by the additional dipole-induced dipole attraction.

In contrast with this, it is seen that with carbon diox­
ide, the cross virial coefficients of the alcohol and ether 
are considerably more negative than the value for pentane 
with C 02. If the cross virial coefficient for pentane with 
CO2 is taken as representative of the deviations from 
ideality caused by physical forces in these systems, then 
one concludes that the excessively large values for the 
oxygen-containing homomorphs with C 02 reflect contri­
butions arising from chemical interactions. While it can 
be argued that dipole-quadrupole and dipole-induced di­
pole forces provide additional modes of attraction which 
are absent in the C 02-n-pentane system, estimates based 
on derivations by Pople18 and Kielicn19 show that such 
interactions would be expected to contribute approxi­
mately -1 0  cm3/mol to the second cross virial coefficients 
of these systems. This is far less than the observed dis­
crepancies which are the order of 100-200 cm3/mol.

If it is assumed that the differences between the virial 
coefficients of the alcohol and ether with CO2 and that for 
n-pentane with C 0 2 result from an increase in vapor con­
centration caused by bimolecular complex formation of 
the oxygen-containing homomorphs with C 0 2, then one 
can arrive at values for the equilibrium constant for disso­
ciation of the complex, K p, from the simple relationship4

•AR = B( T)nh- ...thi-r COs — B(T) pent co. = ~RT /2KP (1)

Here all symbols have their usual meaning and the sub­
scripts are self-explanatory. On substituting the values in 
the last row of Table I in eq 1, one obtains values of Kp = 
87 ±  23 and 56 ±  12 atm for the complexes of 1-butanol 
and diethyl ether with C 02 at 25°. The value for 1-butanol 
is essentially the same as K p = 91 atm found for the lower 
alcohols, methanol and ethanol, with C 0 2 at this temper­
ature.

The inability of an ether to form a hydrogen bond or an 
ester with an acid anhydride like C 02 suggests strongly 
that the complex formed between diethyl ether and C 0 2 
is of a charge transfer type, presumedly involving dona­
tion of lone pair electrons localized on the ether oxygen 
atom to an antibonding orbital of C 02. While it can not 
be proven in the absence of direct spectroscopic observa-

TABLE I: Second Cross Virial Coefficients for 1-Butanol. 
Diethyl Ether, and n-Pentane with Various Gases“

B ,2 (25°)

Gas 1 -Butanol Diethyl ether n-Pentane

n 2 - 7 2  ±  10* - 6 7  ±  9 - 7 7  ±  7 ( - 1 0 3  ±  6 C)
Ar - 9 0  ±  11 - 8 9  ±  6 - 9 7  ±  8 ( - 9 8  ±  6 ,c 

- 1 2 5  ±  2 3 d)
c h 4 - 1 6 0  ±  12 - 1 6 1  ± 3 - 1 7 0  ±  12 ( - 2 0 7  ±  4 2 /  

- 2 1 8 /  - 2 2 2  ±  13«)
c 2h 6 - 3 7 5  ±  35 - 3 8 8  ±  30 - 3 8 6  ±  30 ( - 4 1 4  ±  

1 7 1 /  - 4 4 8  ±  16«)
C 0 2 - 4 1 4  ±  14 - 4 9 1  ±  23 - 2 7 3  ±  23

“ Literature values for n-pentane shown in parentheses. 6 Error ex­
pressed as average deviation from mean. CA. J. B. Cruickshank. M. L. 
Windsor, and C. L. Young, Proc. Roy. Soc.. Ser. A. 295. 271 (1966); 
glc method. d E. M. Dantzler, C. M. Knobler, and M, L. Windsor, J. 
Chromatogr., 32, 433 (1968); PVT  method. •’ R. L. Pecsok and M. L. 
Windsor, Anal. Chem., 40, 1238 (1968); glc method. ^Sh. D. Zaalishvili, 
Zh. Fiz. Khim., 30, 1891 (1956) PVT  method. *E . M. Dantzler, C, M. 
Knobler, and M. L. Windsor, J. Phys. Chem., 72. 676 (1968); PVT  method.

TABLE II: Henry's Law Constants for 1-Butanol. Diethyl Ether, and 
n-Pentane with Various Gases at 25°

Liquid Gas K h . atm Ref

1 -B u tano l N 2 2110 11
Ar 10 80 11
c h 4 52 4 11
c 2h 6 9 1 .7 11
C 0 2 134 12

D ie thy l e the r n 2 799 13
Ar 390 14
c h 4 221 13
c 2h 6 29.6 15
C 0 2 29.6 16

n-P en tane n 2 66 5 15
Ar 3 5 7 15
c h 4 197 15

c 2h 6 28 .5 15

C 0 2 6 4 .7 16

tions, it is not unreasonable to assume that the chemical 
bonding responsible for the alcohol-C02 complexes is of a 
similar nature. The observed trend in the dissociation 
constants with the ether having a similar but somewhat 
smaller value than the alcohol is in keeping with such an 
assumption.
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On the Partial Molal Volume of Helium in Water and 
Aqueous Sodium Chloride Solutions

Publication costs assisted by the National Science Foundation

Sir: Recently Gardiner and Smith1 have reported some 
excellent new data for the solubility of helium in water 
and aqueous NaCl solutions. The experimental results 
compare favorably with the best values previously avail­
able2 due to an improved reduction of the raw data in­
cluding a necessary meniscus correction. However, we 
would like to offer as a possibility an alternative thermo­
dynamic analysis and interpretation of the experimental 
results.

There are two expressions commonly used to evaluate 
the effects of pressure on gas solubility,3 and it is essential 
to recognize the assumptions involved. Basically, both 
stem from the expression of the fugacity of the ¡th compo­
nent in the liquid phase /, in terms of its mole fraction xi; 
an activity coefficient and a reference state fugacity /¿°

f, =  xi7if,° (1)
The Krichevsky-Kasarnovsky equation4-5 assumes for a 
binary mixture that the reference state is the infinitely di­
lute solute 2 in pure solvent 1, at the temperature and 
total pressure of the mixture, and that 72 is unity.

In ( f j x 2) = In H 2j1 +  [J'V dP/RT~^ (2)

where i /2,1 is the Henry’s law constant for 2 in 1 defined 
at the saturation pressure TV, and i>2 is the partial 
molal volume at infinite dilution. The last term in eq 2 
corrects the reference state fugacity # 2,1 from pressure Pp  
to the reference pressure, chosen as P.

Unless the solvent is expanded (i.e., near its critical 
point) the usual assumption is that the compressibility of 
the solute is not unusually large;3 thus O2” is relatively 
pressure independent, and the last term may be integrat­
ed

In (A /x ,)  = In /A ,  +  [D f(P  -  P*) / RT] (3)

Equation 3 may be used to analyze data in the dilute 
range (low X2, where 72 = 1) generally by plots of In (/2/  
X2) us. P to yield straight lines giving two unknown pa­
rameters, # 2,1 from the intercept and £>2" from the 
slope. At higher concentrations, it has frequently been 
noted that curvature occurs,3 and this is presumed to be 
due to deviations from Henry’s law (72 ^  1). In the un- 
symmetric convention, the simplest possible nontrivial so­
lution to the Gibbs-Dichem equations is a one-term Mar- 
gules expression, which yields the Krichevsky-Ilinskaya 
equation6

, f V d  p .. / 2 J p ,s A
In — -  l n f f 2 1 +  — -----------+ ------ (jcj2 -  1) (4)

x2 2,1 RT RT 1
where even if O2" is assumed constant, there are three 
parameters to be evaluated from the data, and quite ex­
tensive and accurate data are needed to evaluate so many 
parameters.

Smith and his coworkers1 >7 have chosen to interpret 
curvature in terms of variation of U2" with pressure, as­
suming that the coefficient of isothermal compressibility 0  
is a constant. This in effect introduces three parameters 
into eq 2 and certainly precludes any attempt to look at 
variations in 72. Although the possibility of variation of 
O2" with concentration is discussed, this is clearly not 
possible, as the definition of the reference state defines 
the concentration at which £>2“ must be evaluated, that 
is at X2 = 0.

By this analysis, some astounding values of 0 resulted, 
ranging from a negative compressibility of —30 x 10"5 
atm-1 in pure water at 25° to +150 X 10" 5 atm" 1 in 
water and one solution at 100°. For comparison 0 for pure 
water is just below 5 X 10" 5 atm-1 over this range, while 
for most organics, not near their critical points, the range 
is 4-20 X 10" 5 atm-1 . Gardiner and Smith explain their 
negative values in terms of the effect of dissolved helium 
on the structure of the water.

We wish to offer as an alternative possibility that al­
though there does appear to be slight curvature in some of 
the data sets, the five or six points per set do not justify 
fitting three adjustable parameters, nor do they justify the 
decision of whether such curvature is due to compressibil­
ity of the solute rather than due to deviations from Hen­
ry’s law. We find that the two-parameter eq 3 represents 
the actual (not smoothed) experimental data to at least 
the degree of its precision, and gives superior values of 
H2.1 and 02“ •

Rather than the smoothed data presented in ref 1, we 
fit the actual experimental points8 and found that at 25 
and 50° the precision of the fit of eq 3, with constant v2m, 
was virtually as good as the three-parameter fit, and with­
in probable experimental error. Moreover, the values of 
the Henry’s law constants thus determined (see Table 
I) appear to be in at least as good agreement with litera­
ture data as those reported in ref 1. At 100° we found that 
even a three-constant fit of the In ( / 2 /X 2 ) data gave stan­
dard deviations of 3-5%. Thus although compressibility of 
the solute would be greatest at the highest temperature, 
the data do not appear to justify evaluation of three pa­
rameters.

The only value of O2" ’for which comparison can be 
made is that for helium in pure water at 50°. Using eq 3
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TABLE I: Henry’s Law Constants and Partial Molal Volumes for Helium in Water and Aqueous NaCI Solutions

Eq 3
---------------------------------------------------------  H2, i , atm X 10“ 5 H2,r, atm X 1 0 -5

Temp, °C Solvent v2 “ ,c c /m o l H2, i . atm X 10~5 (ref 1 ) (ref 9)

25 1.003 m NaCI 15.6 1.78 1.790 1.80
4.067 m NaCI 14.7 3.31 3.041 3.36

50 H20 15.3 1.42 1.337 1 43, 1.44
1.003 m NaCI 14.4 1.78 1.698
4.067 m NaCI 17.9 3.06 2.917

100 H20 21.1 1.32 1.197 1.04, 1.10
1.003 m NaCI 23.1 1.57 1.390
4.067 m NaCI 20.8 2.64 2.495

we find 15.3 cc/mol from the data in ref 1, and exactly the 
same value from those in ref 2a. Using their three-param­
eter fit, Gardiner and Smith1 reported a value of 26.9 cc / 
mol from their data and 20.0 cc/mol from the data of ref 
2a. Since there are such large discrepancies between the 
values of ¡>2“ calculated from eq 3 and those reported by 
Gardiner and Smith, we suggest that a feasible approach 
for choosing between these alternative interpretations 
could be the experimental determination of t>2 °° from 
dilatometric data at modest pressures. However, the ex­
perimental determination of fi for helium would be most 
difficult, requiring high-pressure dilatometry.

In conclusion, we feel that the unusual values of 
found for helium may not be real, but rather the results of 
smoothing and round-off in the data reduction. A great 
many extraordinarily precise data would be required for 
the evaluation of three adjustable parameters to verify 
such possible compression of a dissolved gas, and for the 
data reported, the Krichevsky-Kasarnovsky equation 
gives an adequate representation.
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supplying the original experimental data.
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