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Kinetics of the Reaction of Hydroxyl Radicals with 
Ethylene, Propylene, 1-Butene, and fra/is-2-Butene1
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The kinetics of the decay of hydroxyl radicals in the presence of ethylene, propylene, l-butene, and trans- 
2-butene were studied at approximately 1 Torr and 300°K in a tubular discharge-flow reactor. Hydroxyl 
radicals were produced by the reaction of atomic hydrogen with nitrogen dioxide, H + NCL = OH + NO 
(1), and their decay was followed by line absorption photometry at .308.328 nm in an excess of olefin. The 
decays were pseudo-first order, and the kinetics were first order with respect to both hydroxyl and olefin 
for each of the olefins studied. The second-order rate constants are nleoH-MOH., = (2.13 ± 0.13) X 10-12 cm3 
molecule-1 sec-1, n&oH+r.iHfi = (5 ± 1) X 10-12 cm3 molecule-1 sec-1, nfcoH+i-CjH« = 0.5 ±0.1) X 10-11 
cm3 molecule-1 sec-1, and nAoH+irnn»-2-butene =  0-2 ± 1) X 10-11 cm3 mo.ecule-1 sec-1. The reaction with 
propylene is susceptible to secondary reactions since n, the stoichiometric coefficient, decreased by a factor 
of 3.5 as [C3H6]o/[OH]0 increased from 1.5 to 30. The stoichiometric coefficients for the C2H4 reaction and 
the C3H6 reaction at the higher (olefin)/(OH) ratios are nearly unity. The reaction with butenes is accom­
panied by the formation of a white solid. With propylene and the butenes H abstraction from the ailyl po­
sition is predicted to be competitive with addition to the double bond.

Introduction

Hydroxyl radicals may play an extremely important role 
in the chemistry of urban atmospheres. The production of 
hydroxyl and some of its possible reactions in photochemi­
cal smog were discussed by Leighton in 1961.2 while later 
suggestions linked hydroxyl with NO to NCL conversion3 
and postulated that reaction of hydroxyl radicals with ole­
fins was a significant chain-propagating step for olefin con­
sumption.3’4 Support for this postulate was obtained from 
computer simulation of smog chamber experiments on the 
propylene-NO., system.3 Niki, Daby, and Weinstock® 
showed that although the rates of attack of atomic oxygen 
and ozone on propylene were too slow to account for ob­
served propylene consumption rates, inclusion of a chain 
reaction involving hydroxyl radicals as a chain carrier, with 
reaction of hydroxyl with olefin initiating the chain, could 
account for the “excess” rate of propylene consumption. 
Furthermore, the computed rates of propylene consump­
tion were sensitive to the bimolecular rate coefficient used 
for the hydroxyl radical-propylene reaction.

In view of the above considerations, accurate values of

hydroxyl radical plus olefin reaction rate coefficients will 
be necessary for the description of atmospheric reactions to 
be used in modelling photochemical smog. Although the 
reaction of hydroxyl with ethylene has been studied by dis­
charge-flow.' 9 flash photolysis,1011 and resonance fluores­
cence12 methods, the reported rate coefficients at 298 K 
differ by a factor of 3. The 298 K rate coefficient for hy­
droxyl plus propylene is also not accurately known. In this 
case two measurements in discharge-flow apparatus differ 
by a factor of 3,8 9 while a resonance fluorescence determi­
nation12 and a steady-illumination photolysis method13 
yielded rate coefficients bracketed by the former pair. 
Thus we considered further investigation of these impor­
tant reactions to be necessary.

In this work we have studied the hydroxyl-ethylene and 
hydroxyl-propylene reactions, and have made the first di­
rect measurements of the kinetics of hydroxyl with 1-bu- 
tene and with irons-2-butene in a tubular discharge-flow 
apparatus by an improved hydroxyl line absorption pho­
tometry method. The production of hydroxyl via the reac­
tion of atomic hydrogen with nitrogen dioxide was done in 
excess nitrogen dioxide.
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Figure 1. Flow reactor and optical arrangement: A, microwave dis- Figure 2. Logarithm of maximum absorption at 308.328 nm vs. initial 
charge cavities; B, W ood 's horns; D and E, reactant inlets. N 0 2 concentrations.

Experimental Section
Apparatus. The reactor shown schematically in Figure 1 

was used for these experiments. The 4-cm i.d. flow tube 
was 150 cm long, with a pair of planar quartz windows serv­
ing as observation ports for [OH] measurement by line ab­
sorption photometry at 308.939 nm. Linear flow velocities 
of approximately 3 X 103 cm sec-1 at 1-5 Torr of dilute 
reactants in He (N^e < 10) were obtained with a Kinney 
KDH 130 pump. Four side arms, 20 cm apart, were provid­
ed for introduction of atomic hydrogen following 2450- 
MHz dissociation of ~10% H2 in 1 Torr He in a tuned cavi­
ty.14 In practice the upstream side arm nearest the N02 
inlet was used to minimize H decay prior to reaction with 
N 02. The reactor wall was lined with a thin Teflon sheet, 
which was found to be effective for retarding heterogeneous 
removal of H and OH. Olefins and N02 were admitted 
through a coaxial sliding-seal inlet tube having two ring- 
shaped flow dispersers which allowed their injection in the 
radial direction. The entire injection assembly was able to 
translate in the axial direction, providing a variable reac­
tion distance from the observation ports. Nitrogen dioxide 
entered from the upstream disperser, and olefins from the 
other. Mixing effectiveness was verified by visual observa­
tions of the airglow, 0  + NO * N02 + hi/,h' and by mea­
suring [OH] vs. distance with N02 only entering from the 
downstream disperser. Second-order kinetic plots of OH 
decay, (OH)0/(OH). vs. distance, increased monotonically 
from 1.0 at z =0 cm, the disperser position, and the airglow 
was of uniform intensity. Pressure measurements at the 
four pressure taps with either a Pirani gauge or a tilting 
McLeod gauge revealed negligible pressure drop during ex­
periments.

Flow rates of He, H2, N02, and C2H4 were controlled by 
needle valves and measured with calibrated rotameters. 
The flow rates of propylene and butene were measured by 
the rate of pressure loss in a bulb of known volume.18

Hydroxyl Radical Generation. Hydroxyl radicals were 
generated by the reaction of atomic hydrogen with N02.17 
The mechanism of the production and decay of OH in the
absence of olefins consists of the following steps:

H + NO, — *■ OH + NO (1)

OH + OH — *■ H:0  + O (2)

OH + O — *  O, + H (3)

O + NO, — > O, + NO (4)

OH + NO, + He — *■ HNO:! + He (5)

OH + '.vail — *- rem oval of OH (6)

To avoid reactions of H with olefins, N0 2 was in excess in 
reaction 1, [N0 2]o/[H]o being in the range 3-10, and H 
decay was pseudo-first order to an approximation, —d[H]/ 
df = &i'[H], where k\' = &i[N0 2[. Using k\ = 4.8 X 10” 11 
cm3 molecule"1 sec-1,18 and [N0 2]o = 4 X 1014 molecules 
cm”3, the half-life of OH is ~3 X 10”5 sec. Thus in the 1 cm 
between mixing ring inlets, with 0 = 3 X 103 cm/sec, [H] 
will decay by more than 10 half-lives or >99.9% before the 
olefin is added. Also, in the absence of olefin, OH decay 
after the first centimeter is given by the following equation:
-d[OH]/d/ = 2/t,[OH]2 + fc3[0][OH] +

*5[0H][N02][He] + *u[OH] (7)
In excess [N02], (3) is immediately followed by (1), the net 
being reaction 4. Thus, the kinetics of OH decay are pre­
dicted to follow a concurrent first- and second-order rate 
law. (Reaction 5 is pseudo-first order in OH.) Second-order 
plots, [OH]”1 vs. t, showed upward curvature, corroborat­
ing this analysis, but with increasing [OH]0 the amount of 
curvature decreased, showing the increased contribution of 
the first term on the right-hand side of the above rate 
equation.

Hydroxyl Concentration Measurement. A light source 
emitting the OH A22+ —* OH X2II spectrum, a set of 
spherical concave mirrors forming a folded light path as de­
scribed by Herriott et al.,19 a Suprasil lens, and a 0.5-m mo­
nochromator with a 1 P28 photomultiplier comprised the 
equipment for OH detection by line photometry. The OH 
light source consisted of a mixture of 0.6% by volume of 
H20  in 18 Torr of Ar, flowing through a tuned 2450-MHz 
microwave cavity.14 With the mirrors set at a nonconfocal 
distance, emission from the discharge was focussed to pass 
through a 3-mm hole drilled in the first mirror, and tra­
versed the reactor nine times or more in an elliptical pat­
tern before exiting to the monochromator through a similar
3-mm hole in the second mirror. The ellipse was limited to 
a 3 mm width along the reactor axis, and the [OH] detecta­
bility (1% absorption) was ~1012 cm“3.

Transmitted intensity of the Q i — 5 line at 308.328 nm 
was isolated by the monochromator. Provided I J I  < 1.5, 
where / () is incident intensity, and I is transmitted intensi­
ty, Beer’s law, [OH] = (d)~l log (/0//), can be used for the 
“line absorption" measurement.211 For production of OH by 
the reaction of H with N02 in a large excess of H, and pro­
vided mixing is efficient, [OH]0 = [NO,]«.21 Excess H was 
only used in these experiments designed to test Beer’s law, 
where olefins were absent. The linearity of Figure 2 demon­
strates the validity of Beer’s law up to I a/1 = 1.5. In this 
work the optical transmission was always greater than 0.75.

The Journal ot Physical Chemistry. Voi. 79. No. 8. 1975
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Flow Considerations. Laminar flow was always obtained. 
Viscous pressure drop was negligible (Ap/p ~  10-3), as 
demonstrated by direct measurement, and corroborated by 
applying Poiseuille's equation for the pressure drop to typ­
ical experimental conditions. Reaction times were calculat­
ed by t = zA/Q. where z is axial distance, A is the flow 
cross-sectional area, and Q is volumetric flow rate. This will 
be accurate provided D/kCoR2 > 1.0.22 where, applied to 
the present case, D = binary diffusion coefficient of OH, R 
= reactor radius, k = second-order rate constant, and C() = 
initial concentration of olefin. In these experiments D/ 
kC(R2 > 12 was always attained. This condition describes 
the situation where radial diffusion is fast enough to make 
the concentration profile uniform. The contribution of 
axial dispersion was estimated by examining the mass bal­
ance on OH for first-order kinetics, which were always ob­
served. In the approximation that radial concentration gra­
dients are negligible, and using the boundary conditions 
[OH] = [OH|n at 2 = 0 and [OH] = C at 2 = °»

D — 9[OH]
dz z?([o h ] = 0 (8)

yields ko = fe0bsd[l + &»bsdD/v2] where /z„i,sd is the experi­
mentally determined first-order rate coefficient. For a typi­
cal ôbsd of 600 sec-1 at 0 = 3 X 1C3 cm sec-1, p = 1 Torr, 
and n  = (690/p ) cm2 sec-1, the last estimated from data in 
ref 23. A’nbsdD/v2 = 5 X 10-2. If £„bsdD/v2 is regarded as a 
correct ion, the magnitude of the correction to fe„bsd is prob­
ably less than the accumulated errors from other sources.

We have tested this apparatus by measuring OH decay 
in the absence of added olefin. Whh either H in excess of 
NO ,̂ or vice versa, the kinetics are predominantly second 
order in OH. with some concurrent first-order decay. A ki­
netic analysis yielded values of ko for either of the above 
conditions,24 in good agreement with recent reports.20 '26

Experimental Results
When measuring the rate of decay of hydroxyl radicals, 

an excess of olefin over [OH]o was used. With this condi­
tion OH decay always obeyed a f:rst-order rate law. The 
first-order rate coefficients, however, depended upon the 
olefin concentration. In Figure 3 are typical first-order 
plots of OH decay in the presence of propylene for various 
initial concentrations of propylene. In these experiments, 
as in all of the work presented here, [NOa]» was in excess of 
[H]0 to prevent the reaction of H adorns with the olefins. 
Typically [NO^o was 4 X 1014 molecules cm-3, and [Ha] 
was in the range 3-7 X 1013 molecules cm-3. In propylene 
experiments |OH]() was varied from 1.0 X 1013 to 1.75 X 
1013 molecules cm-3, [CsHgJy was from 3.3 X 1013 to 7.1 X 
10" molecules cm-3, and [C:iHe]<i/[OH]o varied from about 
2 to 34. The results were invariant to a threefold variation 
in [NCLJo.

With ethylene. 1-butene, or trans-2-butene present as 
the excess reactant the OH decay kinetics were also first 
order in OH. and the pseudo-first-order rate constant in­
creased with increasing olefin concentration in each case. 
Initial OH concentration ranged from 3 X 1013 to 8 X 1013 
molecules cm-3 while the ethylene concentration was var­
ied from 8 X 1013 to 3.9 X 10" molecules cm-3. The ratio of 
[CLH|]o/[OH]o was kept as high as was possible, consistent 
with reliable measurement of the OH decay. In the experi­
ments with 1-butene a tenfold excess of nitrogen dioxide 
over atomic hydrogen was used, initial OH concentration 
was maintained at values ranging from 1.0 X 1013 to 4.7 X

Figure 3. Typical experimental -¡rst-order OH decay plots for various 
initial concentrations of C 3H6, [C3H6]0. The slope increases with in­
creasing [C3H6]0.

Figure 4. Pseudo first-order rate constants vs. [C2H4].

The Journal of Physical Chemistry. Voi. 79. No. 8. 1975



768 Andres V. Pastrana and Robert W. Carr

101:i molecules cm '3 and the 1-butene concentration was 
changed from 1.2 X 1013 to 1.1 X 1014 molecules cm ':!. In 
this case, due to the high rate. [ l -C 4H 8]o/[O H ]„ = 10, was 
the largest attainable ratio. The same conditions were used 
in the reaction with 2-butene. Also, the butene reactions 
were accompanied by a white solid which coated the reac­
tor walls, and made light intensity measurements extreme­
ly difficult. With 2-butene this effect was so severe that re­
liable measurements were virtually impossible, and only an 
estimate of the rate constant was attempted. The depen­
dence of the pseudo-first-order rate constants on olefin 
concentration was determined by plotting k0 vs. [olefin]. A 
linear dependence was found for ethylene and 1-butene as 
illustrated by Figures 4 and 5. Thus the kinetics in these 
two systems were second order, first order in O H  and first 
order in olefin. The kinetic behavior with propylene was 
more complex, as illustrated by Figure 6.

Kinetic Analysis
Figures 4 -6  show that the first-order O H  decay consists 

of two components, one proportional to olefin concentra­
tion and the other independent of olefin concentration. 
The differential rate expression required by the data is 
given by eq 9, where n is the stoichiometric coefficient of

—d[OH]/dl = 2/^[OH]! + n/,’[olefin][OH] + F'[OH] (9)

O H . The term which is second order in [OH ] is included 
(see eq 7) since close examination of the ethylene data indi­
cated the need to take reaction 2 into account. Inclusion of 
the second two terms on the right-hand side is consistent 
with the data as plotted in Figures 4 and 5. Equation 9 is 
also consistent with Figure 6, although only if n is variable. 
The intercept of each of these plots, k", refers to first-order 
decay of O H  which is independent of olefin concentration, 
and is due to reactions 5 and 6. In the cases of propylene 
and the two butenes the second-order term was negligible 
since 2&2[OH]0/nMC:iH6] 5 0.001. For 1-butene nk and k" 
were obtained from linear least-squares fit (eq 10) to the

-d[OH]/d/ = »fe[olefin][OH] + /¿"[OH]
= ¿>f.[OH] y[0)

data in Figure 5, while for propylene a linear least-squares 
fit was made to two regions of Figure 6. The data for lower 
[C;jHfi] and the data for higher [CnHs] were fit separately. 
The results are given in Table I.

For the case of ethylene, the bimolecular contribution 
was more significant and therefore eq 9 was used to obtain 
the rate constants. By using a known value of the bimolecu­
lar rate constant ko, and assuming two unknown parame­
ters, [OH]« and k,h the experimental data, [O H ], against 
reaction time, was fitted by a non-linear least-squares com­
puter program. In this situation the integrated concurrent 
first- and second-order rate expression may be written as

[OH],'1 = {[OH],-,-1 + 2k2/ki)} exp[A’0/] -  2k2 /k„
Three different values of h-> were tested in obtaining ko 
and [OH]o from this equation. These corresponded to three 
different values reported in the literature for the measured 
rate constant of the disproportionation reaction 2. They 
were 2.57 X 10-12 cc/molecule sec, recommended by Wil­
son,2, 1.40 X 10-12 cc/molecule sec, presented by Kaufman 
and Del Greco,1' and the value reported by Breen and 
Glass,28 0.84 X 10-12 cc/molecule sec. Although no very 
large differences were found, the value recommended by

TABLE  I

Reaction nk, cm 3 m olecu le " 1 s e c “' k ” . s e c '

OH + C,H, (2.31 ± 0.13) * 10 ' 12 45 ± 26
OH + C H. (1.70 ± 0.06) :< 1 0 ' 11

OH 4- C;fH,A (0.49 = 0.03) X 1 0 'u 60

ÖCO-H

OH + 1-C.HS (1.53 = 0.05) x 10 'n 109 ± 30
OH + I n i n s - 2-C ,H„ (1 . 2  ± X O 1

a From linear least-squares fit to data with [C3H6]o/[OH]0 
between 1.5 and 2.1. '’From linear least-squares fit to data with 
[C3H6]o/[OH]o between 5 and 50. c From Figure 6.

Wilson gave the smallest standard error of the measured 
experimental data, and therefore the results of ko present­
ed in this work for these particular reactions were comput­
ed using that value.

The difficulties inherent in having a two-parameter fit 
can be avoided by using [OH]0 as a constant parameter and 
then calculating the value of ko using the same nonlinear 
computer technique for a given value of [OH](> Since [OH]o 
could be calculated from the slope of Figure 2, we tested 
the effect of [OH]0 on the fitted value of ko. Negligible 
change could be observed for a variation of 4 or more in the 
assumed value of [OH]0.

The second-order rate coefficients obtained for each of 
the four olefins investigated are given in Table I, as are the 
value of k". For propylene, the value of k" in Table I is 
only approximate, since it was obtained by extrapolating 
Figure 6 to the intercept. The contribution of reaction 5 to 
k" for each reaction was calculated from k" = k(] + 
fr-jNCLHHe]. The pseudo-first-order decay constant, 
A.s[N02][H] = 15 sec-1 was obtained by using ko = 1 X 
10-30 cm6 molecule-2 sec-1,29 and [NOj] = 4 X 1014 mole­
cules cm-:!.

Surface head ions. Assuming that kf = k" — 15 sec-1, 
the following values of ke are computed: 30 sec-1 (C2H4); 
45 see-1 (C:iH6); 95 sec-1 (1-C4H8). In experiments without 
olefins, values of ko were obtained by computer simulation 
of OH decay using reactions 1-6. With NO? in excess of H, 
ko = 15 sec-1 was obtained, while for K in excess of NO?.. 
ko = 10 ± 5 sec-1 was obtained. The east-squares error 
limits of the intercepts of Figures 4-6 ore sufficiently large 
that the determinations of ko for C2Tv, C:;Hfi, and the two 
cases without any olefin reactant cai net be considered to 
be significantly different from one air other. Thus there is 
no evidence that C2H.i and C3H6 play any role in surface re­
moval of OH, and there is no evidence that OH consump­
tion via steps other than the overall olefin reaction plus (5) 
and (6) occur to a significant extent in the C2H4 and C2Hfi 
systems. For 1-butene, the higher value of ko may indicate 
that solids formation catalyzed surface removal of OH, or 
chat other unknown OH reactions are occurring, but the 
former appears more likely. We wish to emphasize that the 
only reactions of OH contributing to nk are those that are 
proportional to [olefin], and since coverage of a Teflon sur­
face by adsorbed olefins must be low, surface removal of 
OH by a reaction proportional to [olefin] is almost certainly 
negligible. Thus nk can be attributed to homogeneous reac­
tions.

Discussion

Ethylene. The rate constant reported here for OH + 
C2H_i, nk = (2.31 ± 0.13) X 10-12 cm2 molecule-1 sec-1, is 
in good agreement with two other determinations, also by
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discharge-flow methods. Morris, Stedman, and Niki8 used 
mass spectrometric detection of OH to obtain nk = 2.5 X 
10“ 12 cm3 molecule-1 sec-1 in excess C2H4, while Bradley 
et al.9 used electron spin resonance measurement of OH 
decay in excess (5.5- to 13.1-fold) C2H4. The latter authors 
measured stoichiometric coefficients, n, by mass spectrom­
etry, and reported k = (1.7 ± 0.5) X 10-12 cm3 molecule-1 
sec-1. This is in excellent agreement with nk = 1.8 X 10-12 
cm3 molecule-1 sec-1 reported by Morris et al.8 in OH-rich 
experiments, where they argued that n should be unity. 
The linearity of Figure 4 shows that n did not change de­
tectable over about a tenfold variation of [C2H4]o/[OH]o in 
our experiments. This, together with the agreement of our 
rate constants with those from ref 8 and 9 suggests that the 
stoichiometric coefficient in our ethylene experiments is 
probably not much greater than unity, and that the results 
of discharge-flow experiments are independent of whether 
OH is produced by titrating H nearly to completion (ref 9), 
or to completion (ref 8) with N02, or whether excess N 02 is 
used.

Four other investigations have yielded somewhat higher 
rate constants. Wilsotf and Westenberg’s7 determination of 
nk = 5 X 10-12 cm3* molecule-1 sec-1 by discharge-flow 
ESR is not necessarily in disagreement because n was not 
measured. Stuhl12 reported k = (3 ± 1) X 10-12 cm3 mole­
cule-1 sec-1 by resonance fluorescence of OH following 
flash photolysis of H20-C 2H4 mixtures. While the value is 
larger than reported here, the error limits overlap those 
from the other investigations discussed. Two other investi­
gations, both by flash photolysis, report significantly larger 
values: k = 5 X 10-12 cm3 molecule-1 sec-1 10 and 5.2 X
13-12 cm3 molecule-1 sec-1.11 Photolysis of H20, used by 
Greiner10 to generate OH, has been criticized because of 
likely complications resulting from the presence of HO2.27 
Furthermore, Morris et al.8 pointed out the possibility that 
OH reactions with the products of C2H4 photolysis, which 
occurred at the short wavelengths used, could have in­
fluenced OH decay rates. Smith and Zellner11 generated 
OH by both H20 photolysis, and photolysis of N20-H 2 
mixtures, and obtained results in excellent agreement via 
the two techniques. Photolysis of C2H4 could not have oc­
curred since C2H4 gvas used as a light filter, and the authors 
found no evidence for secondary reactions of OH. However, 
H atoms were produced in the OH generation reactions. 
While not suggesting :that H atoms were a complicating fac­
tor in the flash work,, we have noticed that H atoms acceler­
ate OH decay in the presence of olefins in discharge-flow 
experiments.

A more likely reason for the observed differences lies in 
the effect of pressure. Although the total pressures at 
which the flash photolysis work was done is not given in ref 
10 or 11. they are almost certainly larger than the 1 Torr 
orevalent in discharge-flow experiments. Thus if the re­
verse of the association reaction ,i

OH + C-H. Z Z  C-H-,0*

C:H O* + M — <- C-H-.O + M

could compete with collisional deactivation at 1 Torr the 
lower rate constants from discharge-flow work would be ex­
plained. In fact, Morris et al.8 observed (mass spectrome- 
trically) enhancement of the peak at m/e corresponding to 
C2HsO+ when the pressure was increased from 1 to 4 Torr.

Propylene. Assuming eq 11, where p is the order of the

k0 = «â>[C3H6F + k'' (11)

reaction with respect to propylene, the curvature of Figure 
6 can be attributed either to p or to changing values of n. 
Taking the logarithm of eq 11 yields

log ka = log k"  + log nk + p log [C3HS] (12)

A plot of log k 0 vs. log [CaHg] was linear with a slope of 1 
plus or minus about 10%. Thus the curvature of Figure 5 
could be ascribed to variation of n. A surface reaction 
which is dependent upon [C3He] cannot explain the curva­
ture of Figure 6, because then the rate of first-order decay, 
i.e., k(, would exhibit a curve of monotonically increasing 
slope, rather than the observed decreasing slope. A tangent 
to the curve of Figure 6 at larger [C3H6] has a lower slope 
than at a lesser [CnHg], showing that n decreases with in­
creasing [C3Hg] as expected. Data taken at lower values of 
[C3H6], where [C3He]o/[OH]o is in the range 2-4, could be 
approximated by a straight line yielding nk = 1.7 X 10-n  
cm3 molecule-1 sec-1. These conditions of [C:iĤ ;]o/[OH]() 
are similar to those reported by Morris, Stedman, and 
Niki,8 who obtained nk = £ X IQ-11 cm-3 molecule-1 sec-1. 
The difference in rate constants may be related to the ef­
fect of n of the different initial concentrations used in the 
two investigations. The slope of the best straight line 
through the data shown in Figure 6 at larger [C3Hfi]0, where 
[C3H6]o/[OH]0 was as large as 34, yielded nk = 5.0 X 10-12 
cm3 molecule-1 sec-1. This is a factor of 3 smaller than the 
rate constant recently reported by Stuhl,12 k = (1.45 ± 
0.22) X 10-u  cm3 molecule-1 sec-1, but in excellent agree­
ment with k = (5 ± 2) X 10-12 cm3 molecule-1 sec-1 re­
ported by Bradley et al.9 Some of the discrepancy between 
ref 12 and this work and ref 9 may lie in the formation of a 
chemically activated adduct, as suggested above for ethyl­
ene, although it would have to be a smaller effect for the 
larger propylene molecule.

The propensity of the OH plus C:!H6 system toward sec­
ondary reactions is clearly illustrated by Figure 6. Thus 
work done at low [C3H6]/[OH] ratios must be regarded with 
caution, and the occurrence of secondary reactions may ac­
count for some of the discrepancies in reported rate coeffi­
cients. Our data at higher [C3H6]/[OH], while probably not 
entirely free of secondary reactions, must be less so than at 
lower [CsHgJ/IOHJ. The value 5 X 10-12 cm3 molecule-1 
sec-1, which is smaller than all but one of those previously 
reported, is consistent with the idea that secondary reac­
tions are relatively unimportant at the highest [C3H6]/ 
[OH]o attained in this work, and that the present value of 
nk may be reasonably close to k for C3H6.

Effect of NO >. One aspect of this work which sets it 
apart from earlier discharge-flow investigations of OH-ole- 
fin reactions is the excess of N02 over H. The rate of (1) is 
therefore accelerated sufficiently that H is reduced to a 
negligible amount within 1 cm of the N 02 inlet, and olefin 
can be introduced before significant OH decay occurs, thus 
suppressing O production via (2). In this way possible com­
plications due to O and H reactions are minimized. These 
species, and particularly O, would introduce radicals and 
other reactive intermediates following facile addition to the 
olefin. Furthermore, there is evidence that excess N02 has 
negligible effect on the reactions being studied. First, a 
threefold variation of [NO2]0 did not cause any change of 
nk for C2H4. Second, a recent determination of the rate 
coefficient for reaction of OH with C2H2,30 using this tech­
nique, yielded a value in good agreement with a discharge- 
flow determination31 where N02 was not in excess. rI hird. 
the rate coefficients for OH with C2H.i are in good agree-
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Figure 7. Per bond rate constants for H-atom transfer to OH, vs. 
bond dissociation energy, D, in alkanes: 1°, 2°, and 3° refer to pri­
mary, secondary, and tertiary C-H, respectively.

ment with the two other discharge flow determinations 
where NO2 was not in excess.8’9

Mechanism. Greiner first suggested that the reaction be­
tween hydroxyl and ethylene was an addition to the double 
bond.32 Morris, Stedman, and Niki,8 by mass spectrometry, 
later detected signals at m/e values corresponding to ad­
duct species in both the ethylene and propylene reactions 
with hydroxyl. In the ethylene case a comparison of the ob­
served rate constant with the rate constant for H abstrac­
tion by OH from methane, which is more than 100 times 
smaller27 and has a bond dissociation energy of 104 kcal/ 
mol, compared with 103 kcal/mol for vinyl C-H in ethyl­
ene, makes it almost certain that addition occurs to the vir­
tual exclusion of abstraction. Propylene and the butenes 
contain relatively weak (88 kcal/mol) allyl C-H bonds, 
which might allow abstraction to compete with addition.

Hydroxyl radicals abstract H atoms from alkanes with 
increasing facility with decreasing dissociation energy of 
the attacked bond. Reliable data are available for Ho, CH4, 
and C2H6.27 In addition, Greiner33 has studied a number of 
alkanes, and has suggested an additivity principle, summa­
rized by the expression

k = 6.5 x lO11̂  exp(-820/T) + 14.1 x 
10uiVs exp(-425/T) + 12.6 x 

10u iVt exp(+85/T) cm3 m ol'1 sec-1 (13)

where N p, N s, and N t are the number of primary, secon­
dary, and tertiary C-H bonds in a given alkane, respective­
ly. We plotted log k, per C-H bond, obtained from the 
available data on CH4 and C2H6, and from eq 13, vs. bond

dissociation energy, Figure 7. The plot is remarkably linear, 
extrapolating to about 5 X 10-11 cm3 molecule-1 sec-1 at a 
bond dissociation energy of 88 kcal mol-1. We do not claim 
this as an accurate value for abstraction of H from the allyl 
position of an olefin by hydroxyl, since the preexponential 
factor for H abstraction from an olefin should differ from 
that for H abstraction from an alkane, but only wish to il­
lustrate that such an abstraction may occur with appreci­
able rate. The bond dissociation energy correlation predicts 
a rate constant which is larger than the observed values for 
either propylene or 1-butene. This may be a reflection of the 
activation energies used in eq 13, which were suggested to be 
slightly low in a recent review.27 Nevertheless, the possibil­
ity that abstraction may occur competitively with addition 
in propylene and higher alkanes should be considered.
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The photochemical decomposition of hydrogen selenide has been studied by flash photolysis-kinetic spec­
troscopy, ESR spectroscopy, and continuous photolysis techniques. From the combined results including 
those obtained in scavenging experiments with added ethylene, it was concluded that the only primary step 
operative in the X >200.0 nm photolysis is the free-radical mode of decomposition, HoSe + hr — H + SeH, 
with a quantum efficiency of unity. The intermediacy of H and SeH in the reaction, and the presence of Se 
and Se2 originating from the secondary reactions of the SeH radical under flash conditions, has been dem­
onstrated by spectroscopic means. The SeH radicals decay largely by the cisproportionation reaction 2SeH 
-*• H2Se + Se(3P). The rate constant for the abstraction reaction, H + H2Se —► H2 + SeH has been deter­
mined in competition with the H + C2H4 — C2HS reaction to have the value of (7.1 ± 2.0) X 101'2 cm3 mob1 
sec-1.

The photolysis of hydrogen selenide has received little 
attention compared with studies on the photolysis of water 
and hydrogen sulfide. An early study1 using a mercury arc 
lamp, and tungsten-steel and aluminum spark lamps iden­
tified the primary photolytic step as decomposition into 
molecular hydrogen and selenium atoms

HoSe + hv —*- H, + Se

This contrasts with the anticipated primary decomposition

H,Se + -h v  — -  SeH (Tl) +- H(=S) (1)

which is analogous to the well-established free-radical 
mode of decomposition of both water2-3 and hydrogen sul­
fide:4-1

H ,0  + hv —  OH (Tl ) + H(:S)

H,S + hv — SH(2II) + H(2S)

The presence of OHfi and SH4-7 radicals in the H20 and 
H2S systems has been detected by flash spectroscopy. Por­
ter4 looked for the SeH radical in flash photolyzed hydro­
gen selenide and attributed the failure to detect this 
species to either the predissociative nature of the 0,0 tran­
sition of the A22 -  X2n system, or to the chemical reactivi­
ty of the radical. Later Radford,8 and more recently Car­
rington,9 succeeded in obtaining the ESR spectrum of SeH. 
As the experimental part of this work was near comple­
tion,10 Lindgren11 reported the observation of the SeH rad­
ical as a weak diffuse spectrum in the region 300.0-325.0 
nm following the flash photolysis of H2Se. More recently 
Donovan et al.12 have reported the observation of strong 
Rydberg bands of SeH in the vacuum uv.

The present study was undertaken to elucidate the na­
ture of the primary step in the photodecomposition of the 
hydrogen selenide molecule, to obtain spectral information 
on the SeH radical, and to gain an insight into the chemis­
try of SeH radicals. The present article describes the pri­
mary processes while the rates of recombination of the 
transient SeH, Se. and Se2 species and the spectrum of the 
SeH radical will be reported in forthcoming communica­
tions.

Experimental Section

Flash Photolysis. The uv flash photolysis apparatus 
used was similar in design to that described in earlier arti­
cles from this laboratory.13

Continuous time-absorption records for specific wave­
lengths were obtained by replacing the spectroscopic lamp 
with a 450-W xenon arc lamp and the photographic plate 
with a photomultiplier (EMI-6265B) slit combination. The
18,0 band of the B3ZU~ — X3I g-  system of Se2 at 334.0 
nm14 was monitored in these experiments.

The far-uv spectra were obtained in a flash apparatus in­
corporating a 0.5-m Jarell Ash (Type 78-650) Seya Nam- 
ioka vacuum monochromator in which spectra were record­
ed photographically.

The pressures of H2Se and inert gases used in the flash 
experiments were in the ranges 0.05-1 and 50-350 Torr, re­
spectively.

Electron Spin Resonance Experiments. ESR spectra 
were obtained in a Varian V4502 spectrometer. Photolyses 
were conducted in situ at 77 K in the cavity using an Osram 
high-pressure mercry arc and Vycor 7910 and Pyrex filters.

Continuous Photolysis Experiments. A medium-pres­
sure mercury lamp (Hanovia) and a cadmium resonance 
lamp (Osram) were used to irradiate a quartz cell 10 cm 
long and 5 cm in diameter. Pyrex and Vycor 7910 filters 
could be interposed between the lamp and the air-cooled 
face of the cell. An interference filter was used to isolate 
the 228.8-nm resonance line of cadmium used for quantum 
yield measurements. Carbonyl sulfide was used as an acti- 
nometric gas (4>co from COS = 1.8 at X 228.8 nm and X
253.7 nm).15 and the pressures of hydrogen selenide used 
were such that total absorption occurred within the cell 
(above ca. 100 Torr). Yields of noncondensable products of 
photolysis were measured with a gas burette and analyzed 
by gas chromatography using a 10-ft. molecular sieve 13X 
column.

Materials. H2Se and D2Se (Matheson 98.0 and 99.8%, re­
spectively), SFfi (Matheson 98%). and C02 (Matheson 
99.8% “bone dry”) were purified by distillation in vacuo 
and degassed before use. C2H4 (Phillips 99.99%) was passed 
through traps at 77 K. COS (Matheson 97.5%) was purified 
by a method previously described.lo Tank N2 (Union Car-
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T A B L E  I :  H ydrogen Y ie ld  in  the F lash P hoto lys is  of
H ydrogen Selenide

P r e ssu r e , Torr

Diluent
Y ield  of H,, 
p m o l/fla shH2Se Total

0.53 53 SFe 3.01
0.54 162 s f 6 3.70
0.55 176 SFs 3.54
0.46 276 s f 6 3.34
0.98 98 C 0 2 5.91
0.81 244 co2 6.00
1.29 129 CjH4 0.28
0.98 98 co2 5.91
0.94 94 s f 6 6.90

bide Canada Ltd. 99.993%) and He (Canadian Liquid Air 
Co. 99.999%) were used without further purification.

Results
The absorption spectroscopic experiments showed the 

presence of the following intermediates in flash photolyzed 
mixtures: Se2, Se, and SeH. The most prominent feature of 
the uv spectrum was the Se2(B32u~) — (X32g_) band sys­
tem.14 Bands at X 300.0, 310.0, and 322.0 nm, attributed to 
the A2Z+ — X2n system of SeH,11 were seen only at short 
delay times. Absorption by H2Se, and after photolysis, re­
duction of the overall transmission by solid deposits, pre­
vented studies at wavelengths below 250 nm in the uv ex­
periments. The resonance lines of Se(:,P.v) were observed in 
the vacuum uv at 206.3, 204.0, and 196.1 nm, corresponding 
to J  = 0, 1, and 2, respectively.16 A careful search for ^ 2  
and 'So state selenium atoms which absorb at 188.5 nm and 
at 199.5 nm, respectively,16 with transition probabilities 
comparable to that of Se(53Si) -1— (4:!P2),17 indicated the 
absence of these species. SeH and Se2 were also observed in 
the vacuum uv region, the SeH at 179.0 nm12 corresponding 
to the Ci *— X:,n.2/2 transition and Se2(32g~) as the C <— X 
and D *- X band systems.18

The concentration of Se2 rapidly rose to a maximum and 
subsequently decayed by second-order kinetics in the pres­
ence of He, N2, or C 02 as inert diluents. With SF  ̂as dilu­
ent the decay was complex; nevertheless the amounts of H2 
per flash formed were independent of the nature of diluent 
gas used, Table I. Ethylene when used as diluent exhibited 
a strong suppressing effect on both Se2(X:,2g~) and the hy­
drogen product.

The most important feature of the Se(:,Pj) spectrum was 
that it appeared weakly at zero delay time and its rate of 
growth was intermediate between that of SeH and Se2. In 
the presence of added ethylene the spectrum of ethylene 
episelenide could be seen.19 This molecule is known to form 
from the addition of selenium atoms to ethylene.20

When H2Se was photolyzed in an ice matrix at 77 K the 
two-line proton spectrum with a splitting of 505 G ap­
peared.21 In similar experiments with D2Se the three-line 
deuterium spectrum with a splitting of 77 G was observed. 
The ESR spectrum with a g  value of 0.808 attributed by 
Radford8 to the gaseous SeH radical could not, of course, 
be detected under these conditions.

The kinetics of H2 formation was studied quantitatively 
in continuous photolysis experiments. A plot of the quan­
tum yield of hydrogen formation as a function of hydrogen 
selenide pressure is shown in Figure 1. The value of 4>(H2) 
is 1.0 ± 0.05 in the pressure range, 200-800 Torr, studied.

I Sr

_  I 0 - ---*-------- o-o—o n----------------*
I

■9
0 5  -

TOTAL PRESSURE, torr
Figure 1. Plot of the quantum yield of hydrogen production as a func­
tion of H2Se pressure in the photolysis of pure H2Se (open circles) 
and with added SF6 (filled circles).

E

Figure 2. Variation of the rate of hydrogen production in the photoly­
sis of H2Se with the pressure of added ethylene and sulfur hexafluo­
ride: 10 Torr of H2Se +  C2H4 no filter (open circles); as above but 
with a Vycor 7910 filter (filled circles); 10 Torr of H2Se +  SF6 with a 
Vycor 7910 filter (squares). Photolysis by mecium-pressure mercury 
lamp (Hanovia).

Figure 3. Plot of [R°(H2 )/R(H2)] — 1 vs. ethylene pressure (eq I).

Ethylene was used to scavenge atomic hydrogen and any 
radical species present. The suppressing effect of ethylene 
on the yield of hydrogen is shown in Figure 2. This sup­
pression is evidently due to the competing reaction of eth­
ylene with hydrogen selenide for H atoms:

H + H,Se — H, + SeH (2)

H +- C2Hj C,H5 (3)

Steady-state treatment of the two reactions leads to the 
rate expression

[R°(H2)/R(H2)] -  1  = (&3/&2)([C2H4]/[H 2Se]) (I)

where R°(H2) and R(H2) are the rates of hydrogen produc­
tion in the absence and presence of ethylene, respectively.
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Plotting the left-hand side of (I) against ethylene pressure 
(at a fixed pressure of 10 Torr of H2Se) a straight line rela­
tion is obtained, Figure 3, as predicted.

From the slope, kalk2 equals 0.105 ± 0 01. The value of 
ka is uncertain although a recent review article22 includes 
most high-pressure values in the range (7.5 ± 1.0) X 10u 
cm3 mol-1 sec-1. Using this average value of ka we obtain 
k'% = (7.1 ± 2.0) X 1012 cm3 mol-1 sec-1. Thus, it appears 
that all the hydrogen produced in the reaction is scaven- 
geable with ethylene, but because of the high value of k2 a 
more substantial excess of ethylene than was used here 
would be required for the complete suppression of hydro­
gen. The ka/ko ratio does not seem to be affected by the 
wavelength of the photolysis. Figure 2 also illustrates that 
the diluent gas SFfi has no effect on the quantum yield of 
hydrogen, indicating that the hydrogen producing sequence 
does not involve an intermediate species that can be colli- 
sonally deactivated.

D iscu ss io n

The electronic absorption spectrum of H2Se consists of a 
continuum from 340.0 nm to below 190.0 nm (cmax 1.5 X 10:! 
M-1 cm-1 at 215.0 nm),1 with strong discrete bands start­
ing in. the vacuum uv at 169.0 nm.23 Weak vibrational 
structure in the 250.0-nm absorption region of FUS indi­
cates that the lowest excited state of FUS is nominally a 
Rydberg state. Although no fine structure has been detect­
ed in the 340-190-nm region of FUSe, it has been suggested 
that this absorption also corresponds to excitation to a 
Rydberg state.23

The only primary step which is consistent with the pres­
sure independent unit efficiency of hydrogen production, 
the suppressing effect of added ethylene, the appearance of 
the intense spectrum of SeH, even at short delay times, and 
the ESR spectrum of H, is the free radical mode of decom­
position

H,Se + h v  — *- H(:S) + SeH(2n) 6 = 1.0 (1)

Using a value of 76 kcal mol-1 for the HSe-H bond disso­
ciation energy,25 the threshold for reaction 1 is at ~380.0 
nm.

Of the two alternative primary steps
H,Se + h v  — *- H, + Se (4)

H2Se + h v  — »  2H + Se (5)

neither can be important; the former on account of the sup­
pressing effect of added ethylene on the yield of hydrogen, 
and the latter on energetic grounds. Step 5 is endothermic 
by 146 kcal mol-1 and would become feasible only at wave­
lengths below 197.0 nm.

This photobehavior of H2Se may be compared to that of 
FUO and H2S both of which undergo primary decomposi­
tions analogous to step 1 in their first absorption re­
gion,28'29 although molecular hydrogen production has been 
observed on photolysis of hydrogen sulfide at X <200.0 
nm.30

In continuous photolysis where the H2Se concentration 
is sufficiently high, step 1 is followed by the hydrogen ab­
straction reaction

H + H,Se —  H, + SeH (2)

From the measured high value of the rate constant of this 
reaction it may be estimated that the FUSe pressure re­
quired for complete scavenging of H atoms would only be a 
few Torr. Thus, in the continuous photolysis experiments,

Figure 1, the quantum yie'd of SeH formation should be 
two and subsequent decay should take place without the 
release of additional hydrogen. The choice for the decay 
mode is then entirely analogous to that of SH decay

2SeH — -  H,Se + Se(3P) (6)

2SeH + M — -  H,Se, f  M (7)

Hydrogen diselenide has been described as a compara­
tively stable molecule, volatile at room temperature.31 
Since no reaction product that could be ascribed to hydro­
gen diselenide was found, and as elemental selenium for­
mation was observed, one must conclude that the principal 
mode of decay is via (6). This conclusion then makes the 
analogy between the H2S and H2Se photochemical systems 
complete in that the dominant mode of disproportionation 
of the SH radical has been shown to be 2SH —► H2S + 
S(3P)29,3<) resulting in a quantum yield of unity for hydro­
gen formation in conventional photolysis systems. The hy­
drogen sulfide yield from the disproportionation of SH has 
been shown to be less than unity; in the

\ 7  + H — ~ C,H4 f  SH

system, for example, a value of 0.41 has been obtained.32 
The loss has been ascribed33 to the cross combination and 
disproportionation reactions of SH with the S2 7 and HS2_s 
radicals present in the system. It is plausible and quite 
likely that similar reactions occur in the SeH systems.

The likely occurrence of reaction 6 is also in line with the 
observation of Se(3Pj) and Se2(X3Z„- ) spectra ir. the flash 
photolysis experiments, although under flash conditions 
the conversions were usual.y high ([H2Se] ~  [SeH]max), and 
consequently a contribution to Se(3Pj) formation from 
other reactions such as

H + SeH — -  H, + Se

and
SeH + h v  — *- Se + H 

cannot be excluded.
It should also be noted that H2Se2, though not found as a 

stable product, could be detected in small quantities in 
flashed H2Se by kinetic mass spectrometry.27 The H2Se2, if 
formed, would probably follow a route similar to the de­
composition of the sulfur analog H2S2 where sulfur and 
H2S are produced in the reaction but not hydrogen. A pos­
sible reaction might be

2H,Se, — » 2H,Se + Se,(3r g') (8)

Experiments with a Pyrex filter limited the photolysis of 
H2Se to the tail end of the absorption region, 280-340 nm, 
and resulted in a small percentage decomposition (< 1%).

In the flash photolysis of hydrogen sulfide the spectrum 
of the HS2 radical has been detected.4-7 The radical arises 
via the combination react on

SH -  S HS,

and/or the disproportionation SH + S;i 7 —► HS2 + S2_6.34 
In the flash photolysis of hydrogen selenide no spectrum 
that could be assigned to the HSe2 radical was discernible, 
although this may be due to unfavourable spectral charac­
teristics or too short a lifetime.

Thus, the reaction sequence in high-pressure (200-800 
Torr) conventional photolysis can be adequately described 
by the following elementary steps:
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T A B L E  II: Input P a ra m eters U sed  in  the  
B on d -E n ergy -B on d -O rd er C a lcu la tion s

Bond
M orse

Energy. D istance, Energy param eter, 
kcal" A index A

H-H 109.4 0.74 1.041
HO-H 124.3 0.96 1.036 2.19
HS-H 92.8 1.35 0.936 1.83
HSe—H 7 6 .2 -7 9 ,26 1.46 0.887 1.79
“ Zero point energy included. b Preferred value, calculated from a 

spectroscopic value of D(Se-H) = 70 kcal moU1 and D(HSe-H) = 
76kcalmol U26-27

T A B L E  III: A ctiva tion  E n erg ies for H ydrogen  
A b straction  by H ydrogen A tom s from  the  
Group VI H ydrides

E v  kcal mol"1

Caled Exptl Ref

H + H ,0 18.6 21.0 36
H + D20 18.6 20.9 37
H + H2S 2.6 1.7 29
H + D2S 2.6 5.0 37 ,38
H + H,Se 1 .1 -1 .4 “ - 1 .5 This work
“ Based on the preferred value of D(HSe-H) 

which includes the zero point energy.
= 79.2 kcal m ob1

H,Se + In’ — >- H(2S) + SeH (2fl) é  = 1.0 (1)

H f H2Se — -  H, + SeH d>(H , -  1.0 (2)

2SeH — H2Se + Se(3P j) (6)

2Se + M — -  Se, + M (9)

followed by the self- and cross-combination and dispropor­
tionation reactions of the SeH, Se, and Sea radicals. These 
latter processes, however, do not yield hydrogen. The sele­
nium atoms from (6) can only be formed in their ground 
state for energetic reasons.

Abstraction reaction 2 is very rapid, its rate constant is
9.5 times larger than that for addition to ethylene. The H 
atoms probably carry a substantial excess of translational 
energy, since primary step 1 is exothermic in the entire ab­
sorption region, 190-340 nm. In the photolysis of H20 6 and 
H2S29,:15 it has been shown that nearly all the initial excess 
electronic energy of the system is converted into kinetic en­
ergy. If this is the case for H 2Se, as is likely, essentially all 
the estimated excess energy, about 40 kcal mol-1  at 253.7 
nm, would appear as the excess translational energy of the 
hydrogen atoms. This excess translational energy would 
preferentially increase the reactivity of the hydrogen atoms 
for the reaction having the higher activation energy, and 
would cause the yield of H2 to deviate from the values pre­
dicted by eq I. The fact that eq I is obeyed (Figure 3) 
suggests that the activation energy of abstraction reaction 
2 is approximately equal to the activation energy of the ad­
dition reaction 3, that is ~1.5 kcal mol- 1 .22 This value for 
£ a is consistent with the value of 1.7 kcal mol- 1  reported 
for abstraction from H2S ,30 since D(HS-H) is about 13-14 
kcal m ob 1 higher than D(HSe-H).

In order to compare this value of the activation energy 
with that predicted by the bond-energy-bond-order

(BEBO) method16 a calculation was carried out for the H + 
H2Se as well as the H + H20  and H + H2S systems. The 
input parameters used in the calculations are compiled in 
Table II. Bond energy indices and the Morse parameters 
were obtained by utilizing the formulae p = [0.26 In {El 
Ex)]/(Rx ~  /?). and fi = 1.2177 X 10‘o.v (p/E)u-, respective­
ly. The values obtained for the potential energies of activa­
tion are tabulated in Table III. along with the experimental 
activation energies. The agreement be^veen the computa­
tional and the experimental results for H20  and H2S are 
satisfactory and the computed value of 1.4 kcal for H2Se is 
consistent with that estimated from experiment. Taking 
this value for the activation energy, the A factor of the 
reaction becomes equal to 8 . 8  X 101'1 cm3 mol-1 sec-1, 
which is about one-third of the gas kinetic collision fre­
quency and corresponds to an entropy of activation of AS! 
= —10.5 gibbs mol-1. The value of AS1 can be compared 
with an estimate based on a simple procedure adapted by 
Benson,110 where the entropy of the activated complex is 
calculated by comparison with analogous molecules. The 
standard entropy of the H--H--SeH activated complex 
(S°}) can be approximated from S°(H 2Se) considering that 
spin and loss of symmetry will each contribute an R In 2 
term. Thus S “ 1 = S°(H 2Se) + 2.8 gibbs mol-1  and the en­
tropy of activation is AS,,1 = S°(H 2Se) + 2.8 — S°(H 2Se) — 
S°(H) = —24.6 gibbs mol- 1  or transformed to the standard 
state of 1 M AS(.} = ASpi — RAn — (An) R In (R T ) = —16.2 
gibbs mol-1. The 5.7 gibbs mol- 1  difference from the ex­
perimental value can then be attributed to the vibrational 
contribution from the degenerate bending modes of the 
new H--H--SeH bond. This contribution is equivalent to a 
vibrational frequency of 150 cm- 1  for the degenerate mode 
and indicates a rather loose structure for the activated 
complex.
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The reaction of H atoms, produced by the mercury photosensitized decomposition of H2, with COS was in­
vestigated in the temperature range 27-252°. The only primary reaction of importance is H + COS —► CO 
+ SH (1). The rate coefficient of reaction 1 was determined in competition with the reaction H + H2S —► 
H-2 + SH to have the value k\ = (9.1 ± 1.2) X 1012 exp((—3900 ± 370)/RT) cc mol- 1  sec-1.

In trod u ction

Relatively few studies have been reported on the reac­
tion of hydrogen atoms with sulfur compounds. 1

In a concurrent study at this laboratory2 the only detect­
able reaction of hydrogen atoms with ethylene episulfide 
was found to be sulfur atom abstraction with a rate coeffi­
cient of 5.6 X  10l:! exp(—1940/RT) cc mol- 1  sec-1. The 
analogous sulfur atom abstraction from carbonyl sulfide

COS + H — *- CO + SH A // =  -9 .8  kcal m ol'1 (1)

was demonstrated by Oldershaw and Porter3 and by Rom­
mel and Schiff.4 The latter authors reported a value for k\ 
of 1.3 X  lO10 cc mol- 1  sec- 1  at 298°K.

The main purpose of the present study was to determine 
the Arrhenius parameters of reaction 1 and to examine its 
kinetic, mechanistic features.

E x p erim en ta l S ection

The apparatus consisted of a 5 X 10 cm quartz cell fitted 
to a circulatory system with total volume of 510 ml. The 
fan type circulator was constructed of glass and Teflon and 
was driven by an induction motor. A small side arm con­
taining liquid mercury at room temperature was connected 
close to the cell. The cell itself was surrounded by an alu­
minum block furnace which was fitted with pencil heaters;

the temperature was measured by standardized iron-con- 
stantan thermocouples.

The light source was a Hanovia low-pressure mercury arc 
equipped with a 2537-A interference filter and a collimat­
ing quartz lens.

Hydrogen atoms were produced by the mercury photo­
sensitized decomposition of hydrogen. In most experiments 
the pressure of hydrogen was kept at 500 ± 20 Torr and the 
pressure of COS and/or H2S at less than 10 Torr. At these 
concentrations the direct photolysis or mercury sensitized 
decomposition of COS or H2S was negligible. Thermolysis 
of COS could also be discounted since the onset of decom­
position lies higher than the highest temperature, 252°, 
employed.5

Carbonyl sulfide (MathesorO was purified as described 
previously/’ H2 (Matheson. stated purity 99.9%) was used 
as received. H2S (Matheson) was purified by bulb-to-bulb 
distillation at —130°.

After irradiation, the reaction mixture was slowly 
pumped through two 5-ft long spiral traps at —196°, the 
second one being packed with molecular sieve. Carbon 
monoxide and traces of hydrogen were then removed from 
the second trap at 100°, measured in a gas buret, and 
transferred to a copper oxide furnace at 380°. The resulting 
carbon dioxide was then analyzed by gas chromatography 
on a 5-ft long Porapak Q column at 50°.
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TABLE I: Effect of Temperature and H2S-COS 
Concentration on the Quantum Yield of CO Formation0

Pressure. Torr

H,S COS H,S/COS ó(CO) l/ó(CO)

1.01 15.8
27°

0.064 0.581 1.72
1.01 10.4 0.097 0.450 2 .22
1 .02 10.0 0.102 0.395 2.53
1.02 10.0 0 .102 0.391 2.56
1.03 10.0 “ 0.103 0.441 2.27
1.04 10 .0 0.104 0.420 2.38
1.05 10 .0 0.105 0.422 2.37
1.01 5.21 0.194 0.251 3.98
1.02 5.18 0.197 0.269 3.72
2.08 10.34 0 .201 0.273 3.66
1.04 4.13 0.252 0.214 4.67
0.998 3.38 0.295 0.187 5.36
1.02 3.37 0.303 0.181 5.54
1.02 3.37 0.303 0.160 6.25
1.03 3.40 0.303 0.169 5.91
1.02 3.36 0.304 0.168 5.96
1.03 3.31 0.311 0.183 5.45
2.06 6.00 0.343 0.156 6.41
1.02 2.60 0.392 0.140 7.14

1.03 9.75
81“

0.103 0.592 1.69
1.01 10.0 0.101  ' 0.606 1.65
1.01 5.26 0.192 0.386 2.59
1.01 3.34 0.302 0.281 3.56
1.05 3.37 0.312 0.259 3.86

1.04 9.96
121“
0.104 0.754 1.33

1.05 10.0 0.105 0.679 1.47
1.01 9.37 0.108 0.734 1.36
1.00 5.23 0.191 0.512 1.96
1.01 5.23 0.193 0.529 1.89
1.01 3.32 0.304 0.370 2.70

1.01 10.6
252°
0.095 1.12 0.893

1.02 10.0 0,102 1.04 0.961
1.03 10.0 0.103 0.935 1.07
1.05 10.0 0.105 0.992 1.01
1.01 5.23 0.193 0.810 1.23
1.01 3.32 0.304 0.592 1.69

0 Ph2 = 500 ± 10 Torr.

Light intensities were determined by propane actinomet- 
ry' using ^tFL) = 0.58 at 27°. The approximate value of the 
maximal absorbed intensity was 3 X 10-8 einst.ein min-1.
Results

The Hg(:!Pi) (Hg*) photosensitization of hydrogen and 
carbonyl sulfide mixtures at room temperature leads to the 
formation of CO, HjS, sulfur, and HgS. The latter product 
is deposited on the cell face in the form of a thin black film, 
decreasing the window transparency, and attenuating the 
absorbed light intensity. The attenuation, which rendered 
quantitative product yield measurements difficult, was 
more serious at room temperature than at elevated temper­
atures. In order to correct for the gradual changes in trans-

Figure 1. —Log l/l0 as a function of irradiation time for Pcos = 10.0 
Torr, Ph2s =  0 (O); Ph2s = 10 Torr, Pcos = 10.0 Torr ( • ) ;  PH2s =  
1.0 Torr, Pcos = 3-36 Torr (O), PH2 = 500 ±  20 Torr in every case.
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Figure 2. Corrected <f>Co as a function of rradiation time. From top 
to bottom, Ph2s =  0, Pcos = 10 torr (0CO = 1.21); Ph2s = 1.0 Torr, 
Pcos =  10.0 torr (<j>co =  0.41); PH2S =  1.0 Torr, PCOs =  3.36 Torr 
(</>co =  0.17); Ph2 =  500 ±  20 Torr in every case.

Pcos. <°r'
Figure 3. <f>co as a function of Pcos for PH? =  480 Torr (O) and 1005 
Torr (•) .

parency, actinometric determinations of light intensities 
were done before and after photolyses.

The results of a series of experiments in which the pho­
tolysis time was varied using COS-FL and COS-H2S-H 2 
mixtures are shown in Figure 1 . The plot of log ( / / /0) vs. ir­
radiation time, where 7(i and /  are the initial and final in­
tensities, is linear, satisfying the relationship -log  (///„) = 
(0/2.303)1. Absorbed light intensities in che quantum yield
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determinations were then calculated using the integrated 
form of the above equation

Id) = /„(l -  r«*)//3 (I)
where ¡3/2.303 is the slope of the plot in Figure 1. The cor­
rections at a fixed pressure of hydrogen, 500 Torr, were in­
dependent of the COS concentrations used or of the pres­
ence of added hydrogen sulfide.

The quantum yields of CO formation were determined as 
a function-of COS concentration at a fixed pressure of hy­
drogen. The measured yields became independent of the 
exposure time only when they were corrected for light in­
tensity attenuation by eq I, Figure 2. From the plot in Fig­
ure 3, it is seen that the limiting velue of </>(C0) is about
1.45 at COS pressures above 30 Torr in 500-1000 Torr of 
hydrogen.

In order to determine the value of the absolute rate coef­
ficient fpr reaction 1 , competitive experiments were carried 
out with added hydrogen sulfide. The quantum yields of 
CO formation were monitored as a function of the [H2S]/ 
[COS] ratios at four different temperatures. The results are 
compiled in Table I.

D iscu ss io n

Under the prevailing experimental conditions of this 
study excited mercury atoms are totally quenched by hy­
drogen

Hg* + H, — *- Hg + 2H 
Hg* + H, — *- HgH + H

Although the quantum yield of HgH formation is high, 
0.67,8 the lifetime of HgH with respect to dissociation is 
short and the overall kinetics would be indistinguishable 
from that of H atoms. Thus, the system can be treated as a 
source of H atoms with <t>(H) = 2.0.9

The principal elementary reactions occurring in the 
H2S-COS-H2 mixtures are

H + COS — ► CO + HS (1)
H + H2S — ► H, + HS (2)

2HS — » H,S + S(:|P) (3)

2HS + M — H,S, + M (4)

2HS — *- H, + S2 (5)

S(3P) + COS — *■ CO + S, (6)

If scavenging of the H and S atoms by COS were complete 
at the concentrations involved, this mechanism would pre­
dict a quantum yield of CO formation of between two and 
three. As the experimental value of <p(CO) is only 1.45, it is 
evident that the scavenging of neither atoms is complete. 
Complete scavenging of both atoms was achieved in the 
analogous system Ho-Hg^-ethylene episulfide: there, the 
quantum yield of ethylene formation via the abstraction 
reactions

H + C,H4S — ► C,Hj + HS (7)

Sf'P) + C,H4S — *- C,H, + S2

had a value of 2.4, and it was also shown that at room tem­
perature 41% of the HS radicals disappeared via the dis­
proportionation step 3- and the remainder via steps 4 and 5 
and by combination reactions with the S2-S 7 sulfur radicals 
and S.2H -S7H sulfhvdril radicals present as transient inter­
mediates in the system

T A B L E  II: A rrh en iu s P a ra m eters for S u lfu r  A tom  
A b straction  by H ydrogen  A tom s and M ethyl R ad ica ls

E a,
Log A, cc kcal fc(300°K), cc

Reaction m ol'1 s e c '1 m ol'1 m ol'1 s e c '1 Ref

H + COS 12.96 3.9 1.3 x 1010 This
work

1.3 x io 11 4
H + HS 12.89 1.7 4.5 x lo 11 10

2.3 x 1011 4
H + S/ \ 13.75 lv9 2.3 x 101- 2
CD.+ COS 11.58 11.35 2.0 x 103 1 1
CH + S Z_A 11.35 7.4° 8.9 X 105 1 1
CH + S LA/ 11.33 7.5° 7.3 x io5 b
CH, + S 12.31 6 .8° 2.2 x io 1 b
SOP) + cos 13.7 ~5 ~ 1 . 1  x IO10 1 1

(assumed';
SOP) + s 

LA 1.7 x 1013 c
“ Uncorrected for secondary C2 H4 producing reactions. "M. G. 

Ahmed, M.Sc. Thesis, University of Alberta. Edmonton. Alberta. 
1974. 1 A. van Roodselaar ard O. P. Strausz, to be submitted for 
publication.

+ S(„ —► HS,«,, (8)
+ HS(y) —  HjS,««,, (9)

ty) — *■ H5S<w-n + S,, etc. (10 )
The difference between the CQ and C2H.t yields from the 
respective systems is attributable to the difference in the 
rates of the reactions involved. From the rate constant 
values compiled in Table II it can be predicted that ab­
straction of sulfur by H and S atoms will go to completion 
with C9H4S; however with COS both reactions will be slow 
and loss of H atoms, S atoms, and HS radicals may occur 
via the reactions

S + Hg + M HgS + M (1 1 )
S + HS + M ■ HS, + M (12 )

S + S b) — S (>■♦(> (13)
s + HS(l) — H S,«, ) (14)

H + S ,„ HS,,, (15)
H + HS(I) — -  h2s („ (16)

H + HS(I, — H; + S(X  ) (17)
H + HgS — * Hg + HS, etc. (18)

Since the amount of HS produced is independent of the 
ratio [H2S]/[COS], it may be assumed that the rates of 
steps 15-18 relative to step 1 are constant, and that step 6 
is negligibly slow as compared to other reactions consuming 
S atoms. On this basis one can derive the following expres­
sion for the quantum yield of CO formation:

1 / 0 (0 0 ) .  1  ( 1  ♦ .  ♦ ®

where a is the sum of the rates of steps 15-18 relative to 
that of step 1. Equation II is plotted at four different tem­
peratures, 27, 81, 121, and 252° within the [H2S/COS] 
range 0.06-0.4, Figure 4 From the values given in Table III 
it is seen that the intercept is independent of temperature
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T A B L E  III: S lope and In tercep t V a lu es  
o f the P lo ts  in  F igu re  5

T,  C Slope Intercept V *  i

27 16.6 ± 0.4 0.656 ± 0.081 33.2 ±0.8
81 9.86 ± 0.41 0.688 ± 0.054 19.7 ±0.8

181 6.80 ± 0.15 0.624 ± 0.029 13.6 ±0.3
252 3.50 ± 0.02 0.677 ± 0.041 7.0 ±0.04

V  / pcos
Figure 4. (/>co as a function o f H2S/CO S a t 27, 81, 121, and 25 2°.

1000 /  T , K

Figure 5 .  L o g  (k2/k , )  a s  a  f u n c t io n  o f  7 “ 1 .

but the slope gradually decreases with increasing tempera­
ture. The Arrhenius plot for k2/ky is shown in Figure 5 
from which the value of the rate coefficient ratio is log k2/ 
/?, = -(0.068 ± 0.015) + (2190 ± 190)/2.3RT. Accepting 
Braun and coworkers10 value for the Arrhenius parameters 
of reaction 2 of A2 = (7.77 ±  0.90) X 1012 cc mol-1  sec-1 
and Ea = 1709 ± 60 cal mol-1, the Arrhenius parameters of 
reaction 1 are computed to be A = (9.1 ±  1.2) X 1012 cc 
mol-1  sec- 1  and Ea = 3.9 ±  0.4 kcal mol-1. These lead to a 
rate constant value of 1.3 X 10'° cc mol- 1  sec-1 at room 
temperature,12 in excellent agreement with that measured 
by Rommel and Schiff4 in a discharge flow system at room 
temperature using mass spectrometric detection.

The A factor of the reaction is 9.1 X 1012 cc mol-1  sec-1 
which corresponds to an entropy of activation of —15.0 
gibbs mol-1. It is interesting to compare this value with an 
estimate based on a simple procedure adopted by Ben­
son,12 where the entropy of the activated complex is calcu­
lated by comparison with analogous molecules.

For the estimate of the standard entropy of the H • - - 
S • • • CO activated complex, S°l, we start with the stan­

dard entropy of the SCO molecule. There is a rotational 
contribution of 0.6 gibbs mol- 1  from the increased princi­
pal moments of inertia in the activated complex and a spin 
contribution of R In 2. Thus

S°* = S°( COS) + 0.6 + 1.4
and the entropy of activation at 300°K is ASpt = S°(COS) 
+ 2.0 — S°(COS) — S H(H) = —25.4 gibbs mol- 1  or, convert­
ed to the standard state of 1  M, ASJ = ASpJ^r RAn — 
(An)/? In (RT) = —25.4 + 8.4 = —17.0 gibbs mol“ 1. Agree­
ment with the experimental value can be achieved by as­
suming a vibrational contribution of 2.0 gibbs mol- 1  from 
the H • • ■ S • • • C degenerate bending modes. This is equiv­
alent to a vibrational frequency of 400 cm- 1  and indicates a 
rather tight structure for the activated complex.

For the reaction H + H2S = HS + H> the experimental A 
factor is 7.77 X 1012 cc mol- 1  sec-1  10 and the correspond­
ing entropy of activation is —15.3 gibbs mol-1 . The stan­
dard entropy of the H • • ■ H • • • SH activated complex can 
he estimated in a similar manner from the standard entro­
py of the H2S molecule. There will be a rotational contribu: 
tion of 1.0 gibbs mol-1  and spin and loss of symmetry will 
contribute each an R In 2 term. Thus

S°* = S°(H;S) + 1.0 + 2.8

and the entropy of activation at 300°K is ASPJ = S°(H2S) 
+ 3.8 — S°(H9S) — S°(H) = —23.6 gibbs mol- 1  or, convert­
ed to the standard state of 1 M, AS,.*' = AS,,1 + 8.4 -  —15.2 
gibbs mol-1  in agreement with the experimental value.

In this estimate any vibrational contribution from the 
degenerate bending modes of the H • • • H - ■ • S bonds is ne­
glected. However, a negligibly small vibrational contribu­
tion to the entropy requires a vibrational frequency of at 
least 800 cm- 1  at 300°K and this again indicates a tight 
structure for the activated complex.
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*  The reaction between CL and H2S was studied from 25 to 70° over a pressure range of 0.005-0.1 Torr of O3 
and 0.2-5 Torr of H2S. Previous work on this reaction employed ozonized oxygen and the stoichiometry 
was reported as O3 + H2S —*■ S 0 2 + H20 . We found that 0 2 is the most important product of the reaction 
and that the (0 2 formed)/(03 used) ratio approached 1.5. We also found that the H20 /S 0 2 ratio varied con­
siderably from unity. S 0 2, H20 . and H2S in the products were determined and good H. O, and S mass bal­
ances were obtained. Runs carried out in the presence of added 0 2 or CCL showed no change in rate, mea­
sured as —d[CL]/di. The rate law found was zero order in H2S and (1.75 ± 0.25) order in 0 ,. Taking the 
rate constant as % order we find log (/e/M“ I/2 sec~M = 5.0 ± 0.5 -  (5000 ± 700)/2.30/?7'. A free-radical 
mechanism is proposed which accounts for the observed kinetics and which gives qualitative agreement 
with the observed product ratios.

Introduction
Ozone and hydrogen sulfide are two important atmo­

spheric pollutants. They react rapidly at room temperature 
and the reaction is of considerable kinetic interest. Never­
theless. there are surprisingly few reported studies of the 
kinetics. Gregor and Martin2 found that sulfur dioxide and 
water were formed in equal amounts and postulated the 
stoichiometry as 0 :f + H2S —*- H20  + S 0 2. Cadle and Led­
ford (CL) studied the reaction in a flow system3 and found 
the rate of 0 :i disappearance was :,/2 order in O3 and zero 
order in H2S. They stated that the reaction was in part het­
erogeneous. A study by Hales. Wilkes, and York (HWY)4 
was also carried out in a flow system and led to the rate law 
d[S02]/df = k [0 :;]3'2[H2S]i/2. They disputed the hetero­
geneity reported by CL but accepted the simple stoichiom­
etry of the reaction. All of these studies used ozonized oxy­
gen or air as the reactant gas.

There are several puzzling aspects of these results. A 
concerted molecular rearrangement is clearly most unlikely 
and would not give rise to the observed rate laws. It is not 
clear whether or not the rate law reported by CL is consis­
tent with that reported by HWY and in any case no expla­
nation has been put forward for these rate laws. In the 
study reported here we investigated the reaction between 
0 :i and H2S in the absence of molecular oxygen and we find 
that the most important product is 0 2. We also find that 
the H20 /S 0 2 product ratio is far from unity. Our results 
show that the reaction H2S + O3 -* H20  + S 0 2 has neither 
kinetic nor stoichiometric significance and we offer an al­
ternative explanation for this reaction.
Experimental Section

A conventional high vacuum system was used with traps 
cooled with Dry Ice to exclude mercury vapor from the 
quartz reaction vessel. The cylindrical reaction vessel, 
which was of 21.9 cm length and 460 cm3 volume, was con­
nected to the reactant inlet and rest of the system bv Tef­
lon high vacuum stopcocks. An inlet tube consisting of a 
“cold finger" of approximately 5 cm volume was attached 
via a stopcock to the reaction cell. The desired amount of 
H2S was frozen into this inlet tube and allowed to warm be­
fore reacting.

The reaction vessel was mounted horizontally in a ther- 
mostatted oven (±0.8°) with quartz windows at each end.

The ozone concentration was monitored by absorption of 
254-nm radiation obtained from an Osram low-pressure 
mercury lamp and two interference filters. The absorption 
coefficient of ozor.e was taken3 as 134 cm-1  (1 atm at 
273°K)_1 (base 10) and Beer plots were linear up to about 
0.85 Torr of ozone. Ozone pressures were kept below 1 Torr 
for reasons of safety and also because the reaction rate be­
came too fast to measure with our system. The transmitted 
light beam was measured with a 1P28 photomultiplier con­
nected to a Keithley 610A electrometer and a recorder.

Products from runs were trapped with liquid nitrogen 
and the noncondensihle gas measured on a gas buret. For 
several runs this gas was then exposed to pyrophoric lead*’ 
and was completely absorbed, showing it to he pure oxygen.

Products other than CL were analyzed on a Beckman 
GC4 chromatograph using a 10-ft Poropak Q column at 
100°. Erratic results were sometimes obtained in the GC 
determination of small amounts of H20 . presumably be­
cause of loss of HjO by absorption. A procedure was there­
fore developed in which, after the more volatile products 
had been removed, the H20  was allowed to evaporate at 
room temperature and the pressure measured in a calibrat­
ed volume on a thermocouple gage which had been cali­
brated for H20  vapor. This was found to give consistent re­
sults.

Ozone was generated by passing oxygen (Matheson U1- 
trapure grade) through a tesla coil. The ozone was con­
densed at —196° and the CL pumped away. Hydrogen sul­
fide (Matheson CP grade) was distilled several times before 
use. rejecting head and tail fractions.

Results
Runs were carried out at approximately 25. 50. and 70° 

and blanks with pure O3 showed the reaction to be negligi­
bly slow in the absence of H2S. The pressure range for the 
O3 was 0.005-0.1 Torr and for H2S it was 0.2-5 Torr.

Products. Apart from excess H2S. products measured in 
decreasing order of abundance were C)2. H >0. and S 0 2. In 
addition, traces of sulfur were deposited as a faint white 
powder which turned yellow on heating. These deposits 
were found in tubing cooled to -196° which was connected 
to the reaction cell, and the GC sample bulbs.

Product data are given in Table I and plotted as a func­
tion of initial ozone in Figure 1. Mass balances for sulfur.
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TABLE I: Products of Reaction between Ozone and 
Hydrogen Sulfide at 25°

Reactants,, pmol Products. /xmol

O H S On HO SO: HnS

2.88 16.9 2.99 2.70 1.70 9.47
4.78 17.0 5.57 4.27 2.57 13.0

10.3 83.8 13.2 7.56 3.13 83.2
6.66 84.2 6.99 7.73 1.18 ' 67.1

13.0 83.8 15.3 10.6 3.62 72.5
3.91 81.8 4.54 3.63 1.64 75.5 .
2.17 81.5 3.11 1.32

15.5 83.9 18.8 10.2 68.4
8.76 79.2 8.74 11.2
3.81 82.2 4.19 3.10

17.9 81.2 22.7 9.40 1.27 71.8
6.42 82.2 7.34 6.26 3.36 80.8

14.8 81.8 18.8 7.91 4.93 78.0
8.84 83.1 6.53 71.4
8.00 80.3 7.51 10.5 66.5

14.5 81.0 19.5 6.92 4.79 69.7
2.66 81.7 3.47 2.13 0.05 69.0
3.53 83.2 4.17 2.62 1.07 68.3
4.73 80. S 6.05 5.06 0.40

Figure 1. Effect of amount of initial 0 3 on product formation at 25° 
with initial H2S =  80 ¿¿mol.

hydrogen, and oxygen are shown in Figure 2 as a function 
of amount of initial ozone. The average mass balances were 
86.6% for S. 95.2% for H, and 113% for O. The stoichiome­
try of (Oo formed)/(C>3 used) was measured as a function of 
initial On for a fixed value of initial H2S and the results are 
shown in Figure 3.

Kinetics. ' The reaction was rapid with a typical half-life

Figure 2. Mass balance for sulfur, hydrogen, and oxygen as a func­
tion of amount of initial 0 3.

Figure 3. Ratio of (02 formed)/(03 used) as a function of initial 0 3 at 
25° with initial H2S = 80 jumol.

of ~2 sec under the conditions studied. Assuming a rate 
law of the form -d [0 :1]/di = [̂Om]"1 [HaS]" we studied the 
kinetics in the presence of excess H2S. Log-log plots gave 
slopes between 1.5 and 2. We therefore used the integrated 
equations and made plots corresponding to orders of 1 , 1 .5 , 
2, and 2.5. The first- and 2.5-order plots were distinctly 
curved but the 1.5- and second-order plots were both 
straight with statistical correlation factors of >0.99 in most 
cases. The 1.5- and second-order rate constants at 25° were 
measured over a 20-fold range of initial 0 ;! and the results 
are shown in Figure 4. Within the estimated errors of the 
data, both 1.5- and second-order constants fit the results 
equally well over approximately 90% of the reaction. The 
effect of initial H2S on the rate constant was studied over a 
20-fold range of [H2S] and no dependence was found, as 
seen in Table II. On the other hand, plots of rate constants 
of order of 0.5 or higher in H2S against [H2S] showed a
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T A B L E  II: E ffect o f In itia l H 2S on T h ree-H a lves  
Order R ate C onstant a t 20°

In itia l O , 
pmol

In itia l H,S, 
pmol /.’ , .1/"’ sec-1

0.76 4.3 49.0
0.75 18.8 53.5
0.90 34.7 63.7
0.82 41.7 62.7
0.72 59.4 56.2
0.68 68.6 45.5
0.75 85.6 46.0

Figure 4. P lo t  o f  t h r e e - h a l v e s -  a n d  s e c o n d - o r d e r  r a t e  c o n s t a n t s  a t  

2 5 °  a s  a  fu n c t io n  o f  in i t ia l  0 3 .

clear dependence. We conclude that the rate law is zero 
order in H2S and is given by

—d| 0 3 |/d / = /4O3] '-75±0-25 (1)

Experiments were also carried out in the presence of 
added 0 2 and added CO2. The presence of more than a 50- 
fold excess of added gas over O3 had no effect.

Rate constants were measured at 25, 50, and 70° and the 
rate constants were plotted as an Arrhenius plot which 
gave log (k/M-' sec“1) = 9.2 ±  0.8 (5200 ± 1200)/2.3RT for 
the second-order constant and log se c '1) = 5.0 ±
0.5 — (5000 ± 700)/2.3RT for the 1.5-order constant.

D iscu ssio n

As Figure 1 shows, the most abundant product of the 
reaction between O3  and H2S is CL, a fact overlooked by 
previous investigators. The stoichiometry of (CL formed)/ 
(O3 used) is close to 1.5 as seen in Figure 3, which implies a 
catalytic decomposition of O3 with little concomitant con­
sumption of the H2S. Similarly a plot of H2S used vs. initial 
O3, although extremely scattered because of the large ex­
cesses of H2S employed shows that as [Oslo increases the 
H2S used remains constant.

The mass balance average of 95.2% for H probably ac­
counts for all H-containing products within the experimen­
tal error. However, the mass balance average of 87.6% for S 
is slightly low. Sulfur was not deposited in the reaction cell 
and so was not a direct product of the reaction hut a prod­
uct was formed which later decomposed to give sulfur. The 
high average mass balance for oxygen of 113% is probably 
due to systematic errors. It should be noted the 0 2 was 
measured on a thermocouple or McLeod gauge, O3 was 
measured by optical absorbance, S 0 2 was measured by GC, 
and H20  was measured by pressure with a calibrated ther­
mocouple gauge. Overall, the mass balances show satisfac­
tory product recovery.

We thus have to explain the various product ratios and 
account for the observed rate law. We therefore postulate 
mechanism A. Taking steady states in [HO|, [H 02j, [HS],
Mechanism A

1
ITS i o 3 — ► HSO + HO,

HO; 4- 0 3 — * HO 4 20,

HO 1 H,Si — * H,0 4 HS

HS 4 0 :i — - HSO 4- O,

2HS 4- M — ► H,S, 4- M

HSO 4 O, — ► HS - 2 0 .

HSO Oj — - HO + SO + O

SO 4 0 3 — - SO, -4 O,
[SO], and [HSO] and putting M = H2S leads to

—d| 0 3]/d / =- (3 - ¡OH h , s |[o3] +
(2 + K)k\U2*4v ,/J l0 sl3/2 (2 )

—d| H ,S]/d/ (2 4 K)k i h , s ][o 3J \-
KkJ'- i o 3r (3)

d[H,0 ]/d/ := (1 4- K)k{\h , s ][o 3) 4-

K k J n ;W ,/Z lo 3P/2 (4)

d[ SO,]/d/ - A7i,| H2S][ 0 3] 4- Kk ]1 / 2*4*5' 1 / 2Io 3I3/2 (5)

where K = k d‘ Ŝa)- Equations 4 and 5 give

[H,0 | 1 1 /v + , 2/ i ( o 3ii / 2[H ,s r
[S0 2| K 1- k{ - / 2a4/?5- 1 / 2a1 o 3 |1 /2| h 2s |-'

A plot of [H20 ]/[S 0 2] should vary from 2 + kK/kcm to unity 
as [Os]o increases from zero. Our results are shown in Fig­
ure 5 and although there is considerable scatter, the results 
are in agreement with expectation.

Equation 3 and 5 give

[H ,S u sed  I 
[ 11,0 formed]

2 + K + /,T1/2/'q/r,~1/2AlQ3i1/2[H ,S r  
1 4 ■ K + k f 1 /2kik f ' ,1l<\oly /2\E,S\-'

This function should vary from (2 + 70/(1 + K), which is a 
number between 1 and 2 , to unity as [Oslo increases from 
zero. Our results are shown in Figure 6 and, with the excep­
tion of two apparently low points, are in good agreement 
with expectations.

Steps 1 and 2 in the mechanism can be replaced by a se­
quence involving HSO, rather than H 02. In addition, 
H S02 may also be formed by the reaction between HSO
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Figure 5. Ratio of [H20 ] / [S 0 2] products as a function of initial reac­
tant ratio.

Figure 6 . Ratio of (H2S used)/(H20  formed) as a function of amount 
of initial 0 3.

and 0 :!. We postulate, as an alternative possibility, mecha­
nism B together with steps 3, 4, 5, 6, 6a, and 7 of mecha­
nism A.
M echanism  B

1 a

H ,S f  0 3 — -  HSO, <- HO

HSO, + 0 3 — ► HSO + 20,
Ob

HSO + 0 3 — - HSO, f  O,
This gives the same rate law for ozone disappearance and 

identical expressions for product ratios as does mechanism 
A. Thus, our data will not distinguish between the two 
mechanisms.

At the higher values of initial Os used a catalytic destruc­
tion of 0 ;! occurred. This requires a chain component of the 
mechanism. A likely possibility is step 2 along with

HO + O, HO, + 0 2

Evidence for the chain decomposition of 0 :! resulting from 
steps 2 and 9 has recently been obtained by DeMore and 
Tschuikow-Roux.8 However, other chain sequences are 
possible, such as steps 6b and 8.

We did not detect H2S9 in our GC analyses, nut Gunning 
et al.9 have reported that this substance readily decompos­
es: H¿S, —*■ H-jS + S. This would account for the sulfur we 
found deposited and the slightly low mass balance for S. 
According to Rommel and Schiff,10 at very low pressures 
the likely fate for HS radicals is 2HS — H>S + S. However, 
in the higher pressures of our system step 5 is the most 
likely reaction.

Neither added CO, nor 0 2 had any effect on the mea­
sured rate constant. The lack of inhibition by 0 2 implies 
that the radical intermediates in the mechanism do not 
react rapidly with CL. This contrasts with what has been 
found for the reaction of 0 :i and unsaturated hydrocar­
bons.11

If the second term on the right in eq 2 predominates over 
the first then a % or'der rate law results for the rate of dis­
appearance of ozone. Our observed rate constant is then 
equal to k l i/2k ik ^ l/2(2 + K). WTe compare our rate con­
stant of log (k/M~''2 sec“1) = 5.0 ± 0.5 -  (5000 ± 700)/ 
2.30RT  and our value of £(25°) = 52 ± 8 M ~1/2 sec“ 1 with 
that of CL who reported3 log ( 2 sec-1) = 6.9 — 
8300/2.30RT and k(25°) = 8.5 ± 2 AT- 1/2 sec-1. They used 
a flow system and found some heterogeneity, and in view of 
the large differences in experimental methods used, the 
agreement is encouraging. HWYJ found d[SO>]/di = 
/e [HoS],/-[On]3/2. However they studied the system with an 
air carrier gas. According to our mechanism eq 5 would 
then become d[SCL]/di = ^[H2S]1/2[0;)]'V2/[air],/2 and at 
constant total pressure the rate law found by HWY is then 
compatible with that found by CL and with the one re­
ported here.

There is no direct evidence for the occurrence oLsteps 1 
or la but they presumably take place via a five-membered 
ozonide ring:

—  HO, + HSO

—► HO + HSO,

The overall reaction between 0 ,  and HoS is chemilumines­
cent and Pitts et al.12 have attributed the emission to SCL*. 
This is consistent with the high exothermicity (106 kcal) of 
step 7. A more detailed study13 of the chemiluminescence 
found additional bands which were tentatively identified as 
HSO* or HSCL* in accord with our mechanisms.
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Understanding of the mechanisms of radical production and decay in 7 -irradiated hydrocarbon glasses, 
and in 7 -irradiated and photolyzed solutions of alkyl halides in such glasses, has been extended through 
studies of yields and decay rates in 3-methylpentane (3MP) and 3MP-dM, with and without charge scaven­
gers, using ESR as the detection technique. About half of the CbH i3 radicals produced hy 7  irradiation of 
pure 3MP decay at 77°K by relatively fast intraspur radical-radical reaction with time-dependent first- 
order kinetics. The remainder decay with second-order kinetics (k = 1.6 X  10~25 cm3 molecule-1 sec-1), by 
reaction following random diffusion (D ~  9.0 X  10-20 cm2 sec-1). Changes in resolution of the ESR spectra 
of trapped CbH i3 radicals during decay and during and following photolysis reflect changes in spacing and 
geometry. The G value for radical production (radicals per 100 eV absorbed) in 3MP at 77°K is 3.0 ± 0.3, 
while (7 (C6E’l3) from the radiolysis of 3MP-di4 is 2.0 ± 0.4. G(CBH]3) in 3MP-h14 and G(CBD 13) in 3MP- 
d 14 are lowered by electron scavengers, implying that part of the radical formation in the pure hydrocar­
bons results from electron capture by cations (unless the additives are unexpectedly effective as energy 
scavengers). Scavengeable electron yields are higher in CBDi4 glass than in CBHi4, which is an unexpected 
matrix isotope effect. G(CbH i3) and G(CBD13) from radiolysis of 3MP-h]4 and 3MP-d14 glasses are in­
creased by the presence of 1 mol % hydrogen halide, implying that hot H atoms produced from the halides 
by dissociative electron capture abstract H (or D) from the matrix. The energetics require capture of elec­
trons with greater than thermal energy. In 3MP-1% HI and 3MP-1% HBr systems, ~70% of the radicals 
decay by the C6H 13 + HX -*■ CBH ]4 + X reaction, the estimated rate constant and HI diffusion coefficient 
for the HI system being 8.5 X  10-5 M- 1  sec-1 and 1.6 X  10-19 cm- sec-1, respectively. HC1 forms a stable 
complex with CbH i3 radicals (presumably CBH i3 • HC1), which can be photochemically decomposed regen­
erating the original radicals. Alkyl radicals produced in 3MP-di4 by dissociative electron capture by alkyl 
chlorides decay faster than identical radicals produced from bromides and iodides, whereas the rates in 
3MP-Z? 14 are independent of the geminate halide ion, consistent with recent evidence that the decay mech­
anisms of CH3 are different in the two matrices. Photolysis of CH:iI in 3MP-hi4 produces CBH 13 (by ab­
straction of H by hot CH:i), but no trapped CH;i radicals. The photolysis of CH3I in 3MP-d14 yields 
[CH:!]/[CbD i3] = '-'0.02. CH;i produced photolytically in 3MP-d]4 decays faster than CH:! produced by dis­
sociative electron capture, implying that geminate recombination with I is faster than with I- .

Introduction

Trapped radicals are readily produced in hydrocarbon 
glasses at 77°K and below by 7 irradiation of the pure ma­
trix. Plausible mechanisms of formation include bond rup­
ture of electronically excited molecules and rupture in­
duced bv the energy of recombination of electrons with 
positive ions. Solutes in the 7 -irradiated glasses may yield 
radicals characteristic of the solute by dissociative electron 
capture (and possibly by excitation transfer), and addition­
al solvent radicals may be formed when hot solute radicals 
abstract H from solvent molecules. Photochemical activa­
tion of solute molecules also may produce solute radicals, 
some or all of which abstract H yielding solvent radicals.

The radicals can be detected and identified by their ESR 
spectra. At sufficiently low temperatures they do not 
decay. At higher temperatures their decay kinetics can 
yield information about their spatial distribution, and 
about their diffusion coefficients and the diffusion coeffi­
cients of solutes with which they react. Changes in ESR 
spectral resolution during decay can be informative of 
changing interradical proximity, changing radical geome­
try, radical isomerization, and proximity of the radicals to 
other species which share their spin density. Comparisons

of the radical yields in 7 -irradiated hydrocarbons with and 
without charge scavengers present offer the possibility of 
distinguishing between radical formation by excited mole­
cule decomposition and formation by charge neutraliza­
tion. Studies of solutes for which the characteristics of elec­
tron capture processes in the gas are known (e.g., HC1, 
HBr, and HI) can yield information on the effect of the 
glassy state on such processes.

In this paper we report use of each of the above ap­
proaches to obtain information on the production and 
decay dynamics of CbH i3 radicals in 3-methylpentane 
(3MP), a commonly used hydrocarbon glass. To the best of 
our knowledge no other systematic investigations of this 
type have been made. Scattered incidental observations 
which are relevant appear in the literature.2 These include 
recent evidence on radical pairs, ESR relaxation times, and 
saturation concentrations of radicals in 7 -irradiated 3MP 
glass1 and on carbanion formation (R- + e-  -*• R:- ) by radi­
cals in 3MP and 3-ethvlpentane glasses.4

The work reported here includes an extension of earlier 
work5 H on the production and reactions of trapped CH:i 
radicals resulting from 7 irradiation and photolysis of 
3MP-/j m and 3MP-d]4 glasses containing methyl halide 
solutes. The decay characteristics of CH:! in 3MP-h 14, from
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which it can abstract H, and in 3MP-dI4, from which it 
cannot abstract, have been compared. The decay of CH in 
3 M P-di4 when I-  is the geminate partner has been com­
pared with that when I is the partner. Toe yields of 
trapped CH:1 and of hydrogen abstraction by CH:! in 3MP- 
/¡M-CH.-il and 3MP-rf i4-CH:iI glasses have been compared 
for CH:! produced by photolysis and by 7  irradiation. Con­
current with these studies, additional information has been 
obtained on the effects of annealing the glassy matrices on 
the decay properties of trapped species.

Experimental Section
Reagents. Phillips Pure Grade 3-methylpentane (3MP) 

was further purified by an initial storage over 13X molecu­
lar sieve and passage through a 5 ft column of freshly acti­
vated silica gel. The center fraction of the effluent was col­
lected under nitrogen, degassed, and stored under vacuum 
over Na-K alloy. C 02 was removed by pumping on the liq­
uid 3MP. The optical density of the liquid 3MP in a 1 -cm 
cell was < 0.1 at 200 nm.

Aldrich CH;)I and Matheson CH:iCl, CH:!Br, HC1, and 
HBr were dried by passing the vapors through ICO.-,. The 
CH:|I was stored over copper in the dark. Anhydrous HI 
was prepared on the vacuum line by allowing frozen 50% 
aqueous HI (Aldrich) to warm in the presence of P ; T h e  
gaseous HI was passed through a P20 4, column and stored 
in the dark. Eastman White Label biphenyl was used as re­
ceived.

Perdeuterated 3-methylpentane (3MP-di4), CD3I, and 
C3D7I were obtained from Merck Sharp and Dohme with 
stated isotopic purities of >98%. Our mass spectrometric 
analysis of the 3MP-di4 and CD:iI showed 99.2 and 99.5 
atom % of D, respectively. The 3MP-d14 was stored over 
I3X molecular sieve and the deuterated alkyl iodides were 
stored over Ag powder in the dark.

Sample Preparation and Irradiation. For most ESR 
studies samples were prepared by distilling metered 
amounts of 3MP and solute into 2-mm i.d. Suprasil tubes 
at 77°K under vacuum, and sealing off. For all of the ha­
lides the metered amount was 1 or 0.5 mol % of the 3MP. In 
the case of the hydrogen halides, this equilibrated between 
the liquid and vapor phases (ca. !/i volume ratio) when the 
samples were melted and shaken at room temperature. The 
samples were frozen to the glass in a manner believed to 
maintain this equilibrium distribution. For HI the ratio of 
the molarity in liquid 3MP to that in the vapor phase at 
22° is 20.9 The distribution ratio for HBr and HC1 may be 
assumed to be somewhat lower, but similar. Samples which 
were to be examined both by ESR and optical spectroscopy 
were prepared in flat faced 2 X 3  mm i.d. rectangular Su­
prasil cells.

7 Irradiations were made with a ’’"Go source at dose rates 
of ca. 3 X 101* eV g_ min-1 at selected temperatures in the 
range 67-77°K. The usual dose was 1.5 X 1019 eV g~'. 
Temperatures below 77°K were achieved by pumping on 
liquid nitrogen in a stainless steel chamber in the irradia­
tion dewar. A Therm-O-Watch device mounted on a mer­
cury column on the attached vacuum line operated a sole­
noid valve which controlled the vapor pressure above the 
liquid nitrogen and hence its temperature. Absolute dose 
rates were determined by Fricke dosimetry on a series of 
samples irradiated in ESR tubes, the sample height and 
position relative to the 60Co source being equivalent to that 
of the portion of the 3MP glass samples in the ESR cavity. 
The dose rate over this height was essentially uniform.

(7(Fe:!+) was taken as 15.5, and the extinction coefficient of 
Fe:l+ as 2115 M“ 1 cm-1 at 20° at 304 nm with a tempera­
ture coefficient of 0.7% per degree between 20 and 30°.10

For photolytic radical production the 2 -mm i.d. ESR 
tubes were placed in a quartz dewar which was placed in a 
Vycor tube at the center of a Suprasil spiral low-pressure 
mercury vapor lamp which gave an intensity of ca. 10 16 
photons sec-1 cm” 1 height of tube at 254 nm. A quartz 
jacketed AH-4 medium-pressure Hg lamp with quartz colli­
mating lens was used for photolysis of 7 -irradiated sam­
ples.

Analytical Procedures. ESR measurements were made 
with a Varian 4500 X-band spectrometer with a Varian 
4531 cavity using 100-kHz modulation and microwave pow­
ers of 300-400 /LiW. The spectrometer sensitivity was moni­
tored by means of the signal at ca. 1850 G of a ruby crystal 
permanently mounted in the cavity. Samples were trans­
ferred under liquid nitrogen at the temperature of irradia­
tion from the dewar used for irradiation into the Varian 
ESR dewar. For decay studies at 74°K samples were placed 
in an ESR dewar with enlarged coolant capacity. A flange 
over the top allowed pumping on the liquid. Temperature 
control (to ± 0.2°) was achieved as described above for irra­
diations below 77°K. An iron-constantan thermocouple in 
the dewar just above the sensitive region of the cavity, cou­
pled with a reference junction at 77°K, monitored the tem­
perature. The liquid nitrogen was cooled to the desired 
temperature before introduction of the sample. For decay 
studies below 70°K the sample was cooled by boil-off gas 
from liquid helium.11

To determine the G value of radical production in pure 
7 -irradiated 3MP the areas under the ESR absorption 
curves of samples which had received a known 7  dose were 
compared with the areas from freshly prepared solutions of 
known concentrations of galvinoxyl, and of diphenylpi- 
crylhvdrazyl (DPPH), in benzene in the same tubes. The 
absorption curves were obtained from the first derivative 
spectra with an electronic integrator1- and the relative 
areas were obtained by weighing cut-out tracings of the 
spectra. The areas for samples at 77°K to be compared 
with standards at 298°K were divided by 4 to correct for 
the temperature effect on the relative spin state popula­
tions. G values of radicals in 3MP glass containing addi­
tives were typically determined by comparing the areas 
under the ESR absorption curves with the area from a sam­
ple of pure 3MP (G(R-) = 3.0) irradiated simultaneously 
and measured consecutively. All samples were in calibrated 
tubes. The microwave powers used in all measurements 
were 0.4 mW or below and were shown to be below the 
onset of saturation. Irradiations were performed at 72°K 
and ESR measurements were made promptly to minimize 
radical decay. Correction was made for the small decay 
which occurred.

Results
G Value of 3-Methylpentyl Radicals Produced by 7  Ir­

radiation of 3MP Glass. Several determinations of the G 
value (radicals produced per 100 eV absorbed) for the for­
mation of radicals by the 7  irradiation of 3MP glass at 
77°K have been reported. These include 1.6 ± 0.37 which 
becomes 3.4 ± 0.6 when corrected for saturation,9 2.8 ± 
0.6.11 and 3.2 ± 0.6.9 Determinations in the present work, 
using DPPH, galvinoxyl, and Varian strong pitch as stan­
dards, have reduced the uncertainty limits, giving a value 
of 3.0 ±0.3.

The J o u rn a l o f P h y s ic a l C h e m is try . Vol. 79. No. 8. 1975



Radicals in ^-Irradiated 3MP Glasses 785

It is known that the G value at 77°K does not change 
dramatically up to at least 5 X  102(l eV g_1 3’1:i but that it 
approaches zero at 2 X  1021 eV g- 1 .13 The radicals are pre­
dominately secondary 3-methylpentyl radicals.14 They 
have also been observed from 7 irradiation of 3MP at 
4°K .15

Two determinations of G(CfiDi:d from the 7 irradiation 
of 3 MP-d]4 at 72°K have yielded values of 2.04 and 2.0616 
in good agreement with the earlier report of 2.0 ± 0.4.9 The 
difference between this and the value of 3.0 for G(CeHi3) in 
3MP-h|4 is one of several indications of unexpected quan­
titative differences in the radiation chemistry of CfiD14 and 
CbHI4.

Decay of 3-Methylpentyl Radicals in y-Irradiated 3MP 
Glass. Plots of the reciprocal of the concentration of radi­
cals in 7 -irradiated 3MP glass at 77°K vs. time after irra­
diation (Figure 1) indicate two populations with different 
decay characteristics. About 43% of the radicals decay by a 
second-order process, indicated by the straight line por­
tions of Figure 1, and 57% by a faster decay. If the concen­
trations of the “second-order populations” present during 
the initial period of rapid decay are estimated by extrapo­
lation and are subtracted from the total for each of the 
samples of Figure 1, the remaining concentrations give 
plots of log [C-̂ Fi 13] vs. time which are superimposable after 
normalization for dose (Figure 2), but which show curva­
ture. This time-dependent first-order decay (“composite 
first order”) is consistent with intraspur radical combina­
tion processes, while the second-order decay is indicative of 
combination after random diffusion.

In samples which have been annealed >5 days at 77°K 
prior to irradiation (decays of CeHi 3 at intermediate an­
nealing times were not tested), the initial half-life of the 
faster decaying radicals is 150 min, independent of dose; in 
unannealed samples it is ca. 40 min. No differences in the 
rate of second-order decay have been observed between an­
nealed and unannealed samples, presumably because a 
major portion of the annealing occurs while the second- 
order decay is obscured by the first-order process. Irradia­
tions for the 77°K decay experiments of Figure 2 were done 
at 72°K for the lower dose and 67°K for the higher dose. 
Corrections were made for the small decay (<2%) which oc­
curred prior to the first 77°K measurement. For the plots 
of Figures 1 and 2 the radical concentrations were deter­
mined from the areas under the ESR absorption curves ob­
tained by integration of the first derivative signal. Curves 
qualitatively similar to those of Figure 1 have been re­
ported for decay of CfiH i:i in 3MP at 77°K following 7 
doses of 1 X  1019, 5 X  1019, and 9 X  10lf) eV g_ l, based on 
measurements of the peak heights of the first derivative 
spectra. 17

Changes in Resolution of Radical Spectrum in y-Irra- 
diated 3MP Glass During Decay and During Photolysis. 
The ratio of the height of peak 2 from the low-field side of 
the first derivative ESR spectrum of 3-methylpentyl radi­
cals in 7 -irradiated 3MP glass (Figure 3A) to the area 
under the absorption curve increases as decay proceeds 
(Figure 4). In unannealed samples the ratio increases by 
33% in 80 min, following which no further change occurs. 
The improvement in resolution with decay is illustrated by 
the integrated spectra of Figure 3C and 3D. In samples an­
nealed for several days at 77°K prior to 7 irradiation the 
initial spectral resolution is somewhat poorer, and the reso­
lution improvement with time is slower (paralleling the 
decay).

Figure 1. Decay of 3-m ethylpentyl radicals in annealed 7 -irradiated 
3-m ethylpentane at 77 °K , second-order plot: upper curve, 7  dose 
1.5 X  10 19 eV  g ~ ’ , initial radical concentra tion 6.5 X 10~ 4 M; low er 
curve, 7  dose 1.4 X  102° eV g “ 1, initial rad ica l concentration 6.1 X  
10“ 3 M.

Figure 2. Initial (intraspur) decay of 3-m ethylpentyl radicals in an­
nealed 7 -irradiated 3MP at 77CK. Initial radical concentra tions w ere 
6.5 X  10~ 4 M. produced by a 7  dose of 1.5 X  10 19 eV  g- 1  (circles), 
and 6.1 X  10~ 3 M. produced by a 7  dose o f 1.4 X  1020 eV g~ 1 
(squares). These data are deduced from  the d iffe rence in the extrap­
olated stra ight line portions and the curved portions o f Figure 1.

When 1 mol % CH;)I is present in the 7 -irradiated 3MP, 
the four lines of the CH:) spectrum superimpose on the cen­
tral four peaks of the CgFRa spectrum. The only source of 
information on the (', H concentration is the height of 
lines 1 and 6 of its underlying first derivative spectrum. 
The initial ratio of a to b (Figure 3A) is greater in the pres­
ence of CH:tI than in pure 3MP and appears to remain 
slightly greater after comp_ete CH:) decay.

In contrast to peak 2, the height of peak 1 of the CeHi.i 
radical spectrum in pure 7 -irradiated 3MP is proportional 
to the area under the absorption curve, and hence to the 
radical concentration, throughout the decay, in agreement 
with recently published data.18 Assuming that the same 
proportionality exists in the 3MP-1% CH(I glass, we have 
determined CH:! concentrations by subtracting the CbH ib 
concentration so determined from the total radical concen­
tration given by the area under absorption curves such as 
that of Figure 3B.

Figure 5 illustrates the effect on the ESR spectrum of 
trapped radicals caused fcy exposure of 7 -irradiated 3MP 
glass at 77°K in :he center of the Vycor-filtered mercury 
arc spiral for 5 min at 15 min after 7 irradiation. The ratios
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Figure 3. (A) First derivative ESR spectrum of 3-methylpentyl radi­
cals in -irradiated 3MP glass; (B) integrated spectrum from 7 -irra- 
diated 3MP-1% CH3I glass 3 min after irradiation; (C) integrated 
spectrum from 7 -irradiated 3MP glass 3 min after irradiation; (D) 
same as C after 24 hr decay. Dose to all samples was 1.5 X 1019 
eV g-1 . C measured at a twofold higher sensitivity than B. D mea­
sured at a fourfold higher sensitivity than B.

Figure 4. The ratio of the height of peak 2 (Figure 3A) of the first de­
rivative ESR spectrum of 7 -irradiated 3MP to the area obtained by 
double integration of the whole spectrum vs. time at 77°K.

of the heights of lines 2, 3, 4, and 5 to lines 1 and 6 in the 
first derivative spectrum increased by some threefold. Fol­
lowing illumination the spectrum slowly reverted to its 
original shape over a period of a few days at 77°K. Similar 
changes in the ESR radical spectrum were produced when 
7 -irradiated 3MP glass was exposed to 2.5 mW at 265 nm 
from a tunable dye laser for 30 min. Work in progress indi­
cates that the improvement of spectral resolution by pho­
tolysis and the reversion on standing do not involve a 
change in the concentration of unpaired spins; however, the 
rate of intraspur radical decay is increased by light ab­
sorbed by the radicals.

Radical Concentration as a Function of CH3 Decay in 
3 MP-CH3 X Glass. Reasons have been given for concluding 
that decay of CH3 radicals produced by dissociative elec­
tron capture by methyl halides in 3MP at 77 °K does not 
occur by abstraction of H from the CfiH 14 matrix mole­
cules. 11 s More recent evidence for such abstraction from 
polycrystalline CH3CN,19 CH3NC,20 and CH:,OH21 mole­
cules at 77°K has led us to further examination of the 
decay in 3MP.-- If CH3 radicals decay by abstraction from 
C(;H 1 1. C(iHi3 radicals must be produced at the same rate 
that CH3 radicals decay. It is now clear that they are so 
produced, and that the earlier contrary conclusion7 re­
sulted from erroneous assumptions as to proportionality of 
peak heights of the CeHi3 first derivative spectrum to the 
radical concentration during initial decay, coupled with a 
fortuitous choice of times at which the peaks were mea­
sured. The investigations at 77°K of the changes in CH3 
concentration, total radical concentration, and peak

C

Figure 5. Integrated ESR spectra of 7 -irradiated 3MP: (A) 15 min 
after irradiation; (B) after 5-min illumination of A with Hg arc; (C) 
sample B after standing in the dark for 4 days at 77°K. The sensitivi­
ty of measurement of C was 1. 6 times greater than for A and B.

Figure 6. Decay of total radical population (CeH 1 3  +  CFH3) at 74°K in 
7 -irradiated annealed sample of C6FI1 4-1%  CH3CI (upper curve). 
Lower curve shows the decay which would have been observed if 
CFI3 decayed without generating new CeFli3 'adicals by FI abstrac­
tion and no C6H1 3 decay occurred.

heights on the wings of the CgHis spectrum following 7  ir­
radiation of 3MP-1% CH3I by Sprague18 and in our work 
give essentially the same results. They indicate that each 
CH;i radical which decays is replaced by a C(;H]3 radical.

The data of Figure 6 show that this also occurs at 74°K, 
where the decay of both C6Hj3 and CH3 radicals is much 
slower than at 77°K. In a 3MP-1% CH3CI sample annealed 
at 77°K prior to 7 irradiation at 72°K, the CH:i decay at 
74°K was composite first order with 25% occurring in 20 
min, 50% in 60 min, and 83% in 270 min. The total radical 
concentration (CH3 + CBHi3), as measured by the area 
under the ESR absorption curve, decayed only 5% (attrib­
utable to C15H 13 decay) during the 270 min. This implies 
CH3 decay by abstraction from the C,;Hi4. since the area 
decay due to loss of CH3 radicals alone would have been 
22% if the CH3 was not replaced by C(iH I3 radicals.

Effects of Additives on Production and Decay of 
Radicals in y-Irradiated 3MP Glass. Table I summarizes 
determinations of the G values for production of 3-methyl­
pentyl radicals by 7 irradiation of 3MP-/tu and 3MP-di4 
glasses containing seven different additives, and Figures 7 
and 8 show the decay of the radicals in the 3MP-biphenyl
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TABLE I: G Values of Radicals from 7 Irradiation of 
3MP-/ii4 and .‘5M P-di4 Glasses with and 
without Additives

G(R-
total)

G(C6H13
or C6D13) G(CH3)

P ure  3M P-//U 3.0 3.0
P ure  3M P-d] t 2.0 2.0
3M P -//,[-0 .11c Phn 2.4
3MP-/?U—1% C3D7I 3.3 2.2°
3M P-/;14—1% CH3I 4.1 3.0 1.1
3M P -'/u - l%  CH3I 3.6 i n 6 2.3
3 M P -/i |j- l '(  HCI 3.8C
3MP-//,.|-1% HI 3.6C

0 Average of only two experiments (2 .1 and 2.3). h G(C6Di3t0tai)
= 1.3 was deduced from the total area under the ESR absorption 
curve (G = 3.6) by subtracting GfCHsn..,,,,,,.,!) = 2.3. Subtraction 
of G(CH3Dhui) = 0.716 from the 1.3 yields G'(CeDi3dirr<-i) = 0.6, 
the presumed yield by processes other than hot abstraction. 
' Based on a single comparison of irradiated 3MB with an identical 
3MP-HX sample.

O ~ 200 400 1600
M INUTES

Figure 7. E ffect o f biphenyl on the yield (at 72 °K ) and decay (at 
77°K) o f C 6H , 3 radicals in 7 -irradiated annealed 3MP: open points, 
pure 3MP; closed points, 3M P-0.1 % Ph2. Data shown by c irc les ob­
tained from  the height of peak 2 o f the C 6H 13 first derivative ESR 
spectrum, assum ing the changing ratio to radical concentra tion o f 
Figure 4. Data shown by triangles obtained from  the height o f peak 
1 , assuming a constant ra tio  to the concentration.

(Ph2) and 3MP-hydrogen halide glasses. These tests were 
initiated to determine the effects of charge scavengers on 
the yield and spatial distribution of the C6H 1 a radicals, 
under conditions similar to those used in the studies of the 
mechanism of CH:) decay described in the previous section, 
but in the absence (in the case of HC1, HBr, HI, and 2MP- 
1 ) of interference from a solute spectrum, and in the ab­
sence (in the case of Ph2 and C3D7I) of hot abstraction 
reactions.

The additives were present at 1 mol % in all cases except 
Ph2, where the concentration was 0.1 mol %. Irradiations 
and yield measurements were made at 72°K and decay 
measurements at 77°K. The total dose in each case was 1.5 
X 10,!l eV g_1.

Since the ESR spectrum of Ph2~ overlaps the central 
lines of the first derivative CgHm spectrum, the concentra­
tions of the C(;H 1:t for Figure 7 were estimated from (a) the 
height of peak 2 corrected for the changing peak height to 
area ratio read from Figure 4, and (b) the height of peak 1 
assuming the same constant ratio of this line to the value of 
the double integral observed in pure 3MP.

Figure 8. Decay at 77 °K  of CeFi13 radicals in annealed 3MP 7 irra ­
diated a t 72 °K : 3MP (O); 3 M F -1 %  HI (□ , ♦ ) ; 3M P -0 .5 %  HI (0 ); 
3 M P -1 % HCI (A ); 3 M P -1 %  HBr (T ); 3M P-d 14 ( • ) ;  and 3M P-d,4-  
1 % HI (■ ).

Although the partially saturated ESR singlet of trapped 
electrons was observed with samples of 7 -irradiated pure 
3MP at 0.4 mW power, it was not seen with 3MP contain­
ing hydrogen halides. Further confirmation that the hydro­
gen halides act as electron scavengers in the glass was given 
by a sample of 7 -irradiated 3MP-1% HCI glass which gave 
no electron signal when examined at a microwave power of 
10 gW. The electron signal is unsaturated at this power, 
and in pure 3MP irradiated and measured under the same 
conditions was several-fold higher than the radical signal.

Formation of Complexes between C HiI3 and Hydrogen 
Halides. Our initial reason for experiments with hydrogen 
halide solutes in 3MP glass was to determine their effect as 
electron scavengers, and possible sources of hot H atoms, 
on the yields of C6H1:! from 7  irradiation. Unexpectedly the 
results have also yielded evidence for complex formation 
with CfiHia radicals. This is most dramatic in the case of 
3MP-HC1 glasses where the typical six-line CfjHm spec­
trum (similar to Figure 9B) changes with time after 7 irra­
diation to a broad singlet (Figure 9A), from which the well- 
resolved spectrum can be regenerated (Figure 9B) by illu­
mination with the AH-4 lamp with a Vycor filter. Concur­
rent with the changes in the ESR spectrum on standing 
and bleaching, the changes in uv absorption illustrated in 
Figure 10 occur. The ESR and optical measurements were 
made on the same sample in a flat-faced 2 mm X 3 mm i.d. 
rectangular Suprasil cell. During the 20 hr between 7 irra­
diation and taking the spectrum of Figure 9A the area 
under the ESR absorption curve decreased by ca. 50%, 
which is about the same as the fractional decrease in C6H13 
concentration which occurs in the same time in pure 3MP 
following 7 irradiation. The illumination which regenerat­
ed the resolved signal caused a 25% decrease relative to 
that before illumination, within a time period during which 
thermal decay would be negligible.

The resolution of the ESR signal in 7 -irradiated 3MP- 
h 14 containing 1% HBr or HI was initially always about the 
same as that in pure 3MP but did not improve with decay 
as it does in pure 3MP, nor did a major loss in resolution 
occur, as in the 3MP-HC1 system.

The uv absorption by 7 -irradiated 3MP-1% HBr glass
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Figure 9. ESR absorption curves (Integral of first derivative spec­
trum) of 7 -irradiated 3VIP containing 1 % HCI: (A) after standing 20 
hr at 77°K following 7  irradiation; (B) same as A but with subsequent 
1-hr bleaching with Vycor filtered AH-4 lamp. The spectral resolution 
immediately following 7  irradiation was essentially the same as B.

Figure 10. Uv spectra of 3MP-1 % HCI: (a) before Irradiation; (b) fol­
lowing 7  dose of 1.5 X 1019 eV g-1 ; (c) after 20 hr in the dark at 
77°K; (d) after subsequent 1-hr bleaching with Vycor filtered AH-4 
lamp. The temperature was 77°K throughout.

increased on standing at 77°K in a manner similar to that 
of 3MP-HC1, but with added structure (Figure 11). During 
the 19-hr standing period represented in Figure 11, the 
total radical concentration measured by ESR decayed by 
ca. 80%. Bleaching reduced the remaining concentration by 
ca. 10%.

Effects of Matrix Annealing on the Rate of Decay of 
CH-t Produced by Dissociative Electron Capture in 3MP- 
h 14. It is known from earlier work’ 8 and confirmed in the 
present investigation that methyl radicals formed by disso­
ciative electron capture by 1 mol % methyl halide (CH3X + 
e-  —- CH.i + X- ) in 3MP-hI4 glass, in samples freshly- 
quenched to 77°K, decay by pure first-order kinetics with a 
half-life of ca. 16 min. To determine whether the decay- 
process is affected by the extent of annealing of the glass 
prior to radical formation, we have measured the CH3 
decay rates in samples which have stood at 77°K for peri­
ods of up to 10 days prior to initiating the dissociative cap­
ture process by 7  irradiation. All irradiations were at 72°K, 
to a dose of 1.5 X 1019 eV g-1. Regardless of the nature of 
the halide ion (Cl- , Br- , or I- ), an increase :n f 1/2 from 
about 16 min to 24 min was observed as a result of preirra-

Figure 11. Uv spectra of 3MP-1% HBr at 77°K: (a) before irradia­
tion; (b) after 7  dose of 1.5 X 1019 eV g-1 ; (c) after subsequent 
standing for 19 hr; (d) after subsequent 15-min bleaching with AH-4 
lamp with Pyrex filter.

diation annealing for >24 hr at 77°K.-In all cases the CH:! 
decays were very nearly pure first order at 77°K. (In a pre­
ceding section it has been shown that the decay at 74°K in 
an annealed sample is composite first order).

The relative CH:1 concentrations in 3 MP-/7]4 were mea­
sured using the height of the second peak from the low- 
field side of the quartet of the first derivative ESR spec­
trum. In 3MP-di4-l% CH3I, where peak 1 does not overlap 
the underlying CeD13 spectrum, its shape (width at half­
height of the integral spectrum) does not change with 
decay, and this is assumed to be so for all the lines in the 
CH3 spectrum in both matrices. The underlying 3-methyl- 
pentyl radical contribution in the 3MP-/?,4 matrix repre­
sented only about 15% of the initial total height and was as­
sumed to be constant for the purpose of evaluating the CH:i 
radical decay.

Effects of M atrix  Annealing and Halide Partner on the  
Rates of Decay of CH% in 3MP-di4. Consistent with earlier 
results,8 we find the fractional rate of decay of CH:) formed 
by dissociative capture by CH3X in a 3MP-dI4 matrix at 
77°K to be at least tenfold slower than in 3M P-h|4. In 
3MP-d]4 which had been quenched to 77°K just before ir­
radiation, the rate is not pure first order. Plots of log [CH:!] 
vs. time are curved up to 12-24 hr, after which they are lin­
ear as illustrated by data for CH3Br in Figure 12. After 24- 
hr decay the half-lives of the CH:! radicals in the unan­
nealed 3MP-d]4 samples are equal to those in the annealed 
samples. The half-life for decay in samples annealed >2 
days at 77°K is independent of annealing time and is very 
nearly pure first order. In an unannealed sample of 3MP- 
di4-l% CH3Br which was deliberately cracked by thermal 
shock following irradiation (by transfer between 77 and 
72°K), the CH3 decay was first order with a half-life equal 
to that in an annealed sample of the same composition 
(Figure 12 ).

The half-life for CH3 decay in an unannealed sample of 
1 % CH3I in 3MP-d3 (CH3CH2CH(CD3)CH2CH3) was ca. 15 
min, in close agreement with that in 3MP-/i]4. The 3-meth- 
vlpentyl radical ESR spectrum in 3MP-d3 is the same as 
that in 3MP-hi4, consistent with evidence that the radicals
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Figure 12. Decay at 77°K of CH3 produced in 3MP-d1 4-1%  CH3Br 
by 7  irradiation: upper curve, triangles represent three different 
samples annealed for 3 days at 77°K before irradiation; squares 
represent unannealed sample which was cracked 90 min after irra­
diation. Lower curve Is for unannealed and uncracked sample.

formed, by 7-irradiation and by decay of CH3 in 3MP-hi4 
are forfned by abstraction of a secondary hydrogen.,4-16'18

Although the rate of decay of CH3 radicals in either un­
annealed or annealed 3MP-hi4 at 77°K is independent of 
whether the geminate halide ion is Cl”, Br”, or I”, in 
3MP-di4 the half-life is greater for the bromide and iodide 
than for the chloride in both unannealed and annealed 
samples (Table II). In unannealed 7-irradiated 3MP-d]4 at 
77°K C2H5 'radicals produced from C2H5CI decay faster 
(initial 11/2 500 min) than those produced from C2H5I
(initial 11/2 =* 2400 min).

Effect of Temperature on the Decay of CH3 Radicals in 
3MP Glass. Earlier experiments* have shown that the half- 
life of CH:) radicals produced by dissociative capture of 
electrons by CH:iCl in unannealed 3MP glass decreases 
rapidly from 16 min to <1 min in the range of 77 to 87°K. 
Since this is the range just above the glass transition tem­
perature,2* the changes in rate may result predominately 
from changes in the rigidity of the matrix rather than from 
the activation energy of the chemical reaction by which the 
radicals are lost. In the present work we have determined 
the decay rates below the glass transition temperature, in 
the range from 77 to 45°K (Figures 13 and 14). The rates 
have been measured by the change in the height of peak 2 
of the four-line CH3 ESR spectrum, corrected for the 
C6Hih background.

When plotted as log [CH3] vs. time the data of Figure 13 
for temperatures below 77°K show the curvature typical of 
composite first-order decay, in contrast to the pure first- 
order decay observed in this and earlier work at 77°K. We 
have used tangents to the curves of Figure 13 at points of 
zero decay and 15% decay to compare the rates at different 
temperatures. The results are shown on the Arrhenius plot 
of Figure 14. On the basis of limited evidence, the decay 
rate at temperatures below 77° K appears to be slower in 
annealed than unannealed samples, as it is at 77°K. The 
data of Figure 14 indicate that the apparent activation en­
ergy of the CH:i decay is 770 ± 300 cal/mol at temperatures 
below 77°K. The earlier data8 indicate that for the range of 
77-87°K it is >4 kcal/mol.

Radicals Produced by Photolysis of ('11,1 in 3M P and  
3M P-du.  Photolysis of alkyl iodides other than CH:5I in 
3MP glass at 77°K has been shown to produce trapped 3- 
methylpentyl radicals but no alkyl radicals characteristic of

TABLE II: Effects of Halide and Annealing on Half-Life 
for CH3 Decay in 3MP-di4 at 77°K

Unanr.ealed sam ples
-----------------------------  Annealed
Initial Final sa m p le s6 

Methyl halide" 1i /2, min t1/2, min min

CH.Cl 225 375 400
CH, Bi- 300 650 675
Cll, I 350 650 675

1 mol % concentration. 6 Samples annealed 3 days at 77°K.

Figure 13. Decay of CH3 in y-irradlated 3MP-1% CH3I at 77, 67, 
57, and 45°K. All samples unannealed. Dose 1.5 X 1019 eV g” '.

Figure 14. Arrhenius plot of CH3 decay rates in 7 -Irradiated 3MP- 
1 % CH3 I. ( • )  and (O) represent tangents to the curves of Figure 13 
for unannealed samples at 0 % decay and 15% decay, respectively. 
(□) from tangents at 0% decay for annealed samples. Error bars 
estimated from reproducibility of tangent measurements and tem­
perature fluctuations during decay measurements.

the photolyzed solute.’’ 14 This indicates that those radicals 
which escape geminate recombination with their I atom 
partner all abstract H from the 3MP. Similarly, all H 
atoms formed by photolysis of HI in 3MP at 77°K and

The J o u rn a l o f P h y s ic a l C h e m is try . V o l. T9. No. 8. 1975



790 M. A. Neiss and J. E. Willard

below abstract H.9 In the present work, photolysis of 1 mol 
% CH:iI or CD3I in 3MP at 77°K with the Vycor filtered 
medium-pressure lamp or low-pressure mercury lamp has 
readily produced 3-methylpentyl radicals bu: no evidence 
of methyl radicals. Similar illuminations of pure 3MP and 
of 3MP-1% CH3C1 induced no ESR signal. We now believe 
that the earlier report from our laboratory5 of trapped CH3 
production from photolysis of CH3I in 3MP was in error.

A more sensitive test for production of trapped CH3 rad­
icals by photolysis of CH3I in a hydrocarbon glass was 
made by using a 3MP-di4-l% CH3I matrix. More radicals 
might be expected to escape the hot abstraction reaction 
and be trapped in a medium of C-D bonds than in C6Hi4. 
Furthermore, the sensitivity of detection is increased be­
cause the outer lines of the CH3 ESR quartet are free of 
overlap from the relatively narrow CgDi3 spectrum.

Two identical Suprasil tubes (2 mm i.d., 3 mm o.d.), con­
taining annealed samples of 1 mol % CH3I and 1 mol % HI, 
respectively, in 3MP-di4 were photolyzed for 1 min each at 
~72°K in the center of the spiral low-pressure mercury arc 
with Vycor filter with an intensity of ~ 1 0 lfi photons sec- 1  
cm-1 height of sample. Since both samples were nearly 
opaque at 254 nm (optical densities of >2 for a 2-mm 
path), equal numbers of photons were absorbed. Compari­
son of the double integrals of the first derivative ESR ab­
sorption spectra indicates that the quantum yield for CfiD]3 
production by the 254-nm photolysis of CHgl in 3MP-di4 
is ~2.4 X 10-3 assuming a yield9 of 0.11 for CgDoi from the 
photolysis of HI in glassy 3MP-di (. By increasing the illu­
mination of the CH3I sample and the ESR sensitivity, a de­
tectable ESR signal for the outer lines of the CH:! spectrum 
was obtained. The ratio of trapped CH:i radicals to CrD i3 
radicals is estimated to be ~0.02. The result is in dramatic 
contrast to the CH3/C6D i3 ratio of 1.8 (Table I) resulting 
from dissociative electron capture by CH3I in 3MP-d]4 at 
72°K.

The rate of decay of the CH3 formed by photolysis of 
CH.J in 3 MP-di4 was determined at 77°K from the change 
in line height of the first derivative spectrum as observed at 
high spectrometer gain. The initial quarter-life was less 
than 20 min and the initial half-life less than 100 min, as 
compared to the initial half-life of 675 min (Table II) in an­
nealed 7 -irradiated 3MP-di4-l% CH3I samples.

The initial ESR spectrum of the C(;H]3 radicals formed 
by photolysis of CH3I in 3MP at 77°K was better resolved 
than that produced by 7  radiolysis and the resolution did 
not change with decay as the latter does. Decay rates mea­
sured at 60 mW were the same as those measured at 0.4 
mW. The spectral resolution was poorer at 60 mW, but did 
not change with decay.

The CgH 13 radicals produced by photolysis of CH:iI in 
3MP decay more slowly than those produced by photolysis 
of HI (initial t x/4 and t 1/2 = ~8  and ~40 min, respectively, 
as compared to ~ 2  and ~ 10  min, respectively5 .

Discussion
Radical Decay Kinetics, Spectral Resolution, and S p a ­

tial Distribution of Radicals. The dose-independent decay 
of the first ~57% of the radicals produced by 7 irradiation 
of 3MP-h |.t glass (Figure 2) must result from combination 
and disproportionation between radicals within the parent 
spur. The fractional rate of decay decreases with time be­
cause the average time between intraspur radical encoun­
ters becomes longer as the small population of radicals in 
each spur is decreased by reaction and by diffusion away.

There is evidence that initial radical-radical distances in 
the spurs may be of the order of 15 A,3 and it is plausible to 
assume that ~3 ± 1 radicals are formed per spur. Approxi­
mately 43% of these escape intraspur reaction and react 
with radicals from other spurs and tracks after random dif­
fusion, giving the second-order portion of Figure 1 . Radical 
pairs have been detected in 7 -irradiated 3MP glass at 
77°K, but is not yet known whether these result from a 
mechanism of pair production during irradiation, or only 
from pair production by diffusive encounters.3

The improvement in resolution'of the ESR spectra of the 
radicals produced by 7  irradiation of 3MP glass as decay 
progresses (Figure 3C) is presumed to be due to a decrease 
in line broadening by electron dipole interactions between 
closely spaced radicals, as these radicals are removed by in­
traspur decay. Consistent with this interpretation, the res­
olution of the spectra of C,;H i:i radicals formed randomly in 
3MP glass by the hot radicals formed in the photolysis of 
CH3I (CH3* + C3H ] 4 * Cr,H13 + CH4) is equivalent to that 
after prolonged decay in 7 -irradiated samples. Also, the 
initial resolution in 7 -irradiated 3MP containing CH3I is"' 
better than in pure 3MP. In the 7 -irradiated system hot 
CH3 radicals which can produce C,,Hlf by abstraction may 
be produced by dissociative capture of electrons which 
have escaped13 some distance from the center of the radical 
spurs.

The cause of the dramatic and reversible photoinduced 
change in the ESR spectrum of radicals in 7 -irradiated 
3MP with no significant change in radical concentration 
(Figure 5) is not obvious. Speculatively, it may involve 
rearrangement of the radical to a higher energy configura­
tion in the trap from which it reverts slowly to the most 
stable configuration. A reversible chemical isomerization 
must also be considered.

Another example of change in ESR spectral resolution 
during radical decay has been observed for C2H7, radicals 
produced from 1% C2H5CI or C2H5I in 7 -irradiated 3MP- 
d i4. The strongest lines of the C2H5 first derivative spec­
trum become narrower and increase in height by some 25% 
during the first 70-min decay, during which the radical 
concentration decreases by 15%.

Rate Constants and Diffusion Coefficients. Assuming 
that the straight line portions of Figure 1 represent the bi- 
molecular decay of 3-methylpentyl radicals which are ran­
domly distributed in 3MP glass at 77°K, the second-order 
rate constant k from the relation — V2(d [CeH 13] /d i) = 
MC6H 13)2 for the sum of the combination and dispropor­
tionation processes is 9.5 X 10-5  M ~ l sec-1. Assuming 
reaction on every radical-radical encounter, the diffusion 
coefficient of C(-,Hi3 may be estimated to be D = 9.0 X 
10-20 cm2 sec-1  (k = 1.6 X 10-2° cm3 molecule- 1  sec- 1  = 
A ir d [D('f,Hi.i + fl(’tHi3]); the diameter (d) of the C«Hi3 radi­
cal is taken as 7 A. Use of the Stokes-Einstein equation, D 
= kT/6-rrir, with the viscosity (77) as 2.5 X 1012 P2:1 and the 
radius (r) as 3.5 A yields D =  7.4 X 1021 cm2 sec-1 . The lat­
ter relation tends to yield values of D much below observed 
values in glassy matrices.24

In earlier work of our laboratory.8 the decay of 3-methvl- 
pentvl radicals produced by 7 irradiation of 3MP at 77°K 
was measured at 87°K. All of the radicals observed decayed 
by a pure second-order process, 85% disappearing in 40 
min. The rate constant was reported as 1.7 X 10-21 cm3 
molecule- 1  sec-1  and the diffusion coefficients calculated 
by the Smoluchowski and Stokes-Einstein equations as 2 X 
10-1° and 2 X 10-lb cm2 sec-1, respectively. At that time it
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was thought that G(CeHi3) in 3MP at 77°K was 1.6 rather 
than 3.0, and it was not known that the radicals which 
decay by intraspur encounter (ca. 57%) are eliminated dur­
ing warming from 77 to 87°K. Fortuitously, these factors 
compensate for each other, leaving the calculated values of 
the rate constant and diffusion coefficient essentially un­
changed. It is of interest that when our value of the diffu­
sion coefficient at 77CK is used to predict the value of 87°K 
on the assumption that the coefficient is inversely propor­
tional to the viscosity, it gives 4 X ID-15  cm2 sec- 1  in sub­
stantial agreement with the reported8 value of 2 X 10“ 15 
cm2 sec-1. An experiment by Vlatkovic in our laboratory8 
showed that the radicals produced in 3MP by a very large y 
dose (1.2 X 1021 eV g-1) decay by 85% in 100 hr at 77°K by 
second-order kinetics. This dose (~400 min) was sufficient­
ly long so that the ratio of long-lived radicals to those capa­
ble of rapid intraspur decay was high and the latter were 
obscured.

Decay of CR/ i I3 and C^Dis in ,'iMP-h14 and 3MP-d)4 
Glasses Containing Hydrogen Halides. An enlarged plot of 
the data for the early portions of the decay curves of Figure 
8 indicates that the fractional decay rates of CRH i3 in 3MP 

-glass and 3MP glasses containing hydrogen halides are all 
the same, within experimental error, up to ca. 30% decay. 
After 30% decay, the rates in the glasses containing HI are 
muqh faster than those in pure 3MP or 3MP containing 
HCI, and are first order in the concentration of C(iHi3 over 
the tenfold or more decays of Figure 8. The single point for 
HBr decay suggests that it is similar to the HI decay.

We interpret this to indicate that in the presence of HI 
reaction of the C(,H 13 radicals with the HI by the CRH]:! + 
HI -* CfiHu + I process predominates over intraspur radi­
cal-radical reaction after the first 30% decay, at which 
point the decay kinetics become pseudo-first order. HCI, 
unlike HI and HBr, does not increase the rate of decay be­
cause the activation energy of the CgH u  + HCI —1- CrH i4 + 
Cl reaction, which is endothermic by ca. 9 kcal mol-1, is too 
high. The C(-,H 1 ESR spectrum changes to the broad sin­
glet (Figure 91 attributed to a CfiHi;i • HCI complex, but the 
concentration of spins changes no faster than in pure 3MP. 
The abstractions of hydrogen from HI and HBr by the 
CfiHi.i radicals are exothermic and expected to have low ac­
tivation energies.25 Further, the activation energy for hy­
drogen abstraction from HI and HBr by radicals in glasses 
may be lowered by matrix effects or tunneling, as is the ac­
tivation energy for abstraction from C-H bonds. 15'18 21'2fi

The fraction of the radicals in CfiD I4-l% HI for which 
the decay is not influenced by the HI seems to be less than 
in C(jH 14—1% HI (Figure 8). This implies that there are 
fewer radicals per spur or greater average interradical dis­
tances within the spurs in the deuterated matrices. If G(to- 
tal spurs) is the same in the two pure matrices, the number 
of radicals per spur must be smaller in the deuterated ma­
trix since ¿(radicals) = 2.0 in CfiD I4 and 3.0 in CrH i4. If 
added HI results in production of CY,Di3 radicals by the 
CrD h + H* -► CfiDm + HD reaction of hot H atoms 
formed by dissociative electron capture, the radicals so 
formed may be produced with greater average separation 
than the radicals formed by excitation and/or charge neu­
tralization events. This is probable since it is known that in 
pure hydrocarbon glasses electrons migrate faster from the 
sites of their formation and are trapped in “expanded” 
spurs compared to the “intrinsic” spurs518 of the radicals. 
Thus the dissociative electron capture by HI may occur in 
expanded spurs. The yield of scavengeable electrons is sig­

nificantly higher in CfiD i4 than CRH i4 glass (as discussed 
later). Thus the proportion of the radicals which are more 
widely separated than those in the intrinsic spurs is proba­
bly greater in CrD u than CgHu and may have significant 
influence on the initial fractional rates of decay in pure and 
mixed 3MP-d14 systems such as shown in Figure 8. The 
yield of the radicals formed by hot H from HI is equal to 
the increase in G(C^Di3) in the HI system as compared to 
the yield in pure 3MP-di4, unless HI decreases the intrin­
sic yield by charge scavenging or energy transfer, as do bi­
phenyl and C3D7I in 3MP-/i]4, in which case the yield from 
abstraction by hot H may be much larger.

The rate law for che decay of radicals after 1000 min in 
the 3MP glasses containing HI and HBr may be written as

— -  *[h x ][c 6h 13] =  *'[CsH13]

The data of Figure 8 for the systems containing HI give 
values of k lying in the range of 8.7 ± 1.9 X 10-5 M- 1  sec-1, 
assuming the nominal values of 0.5 and 1 mol % (0.05 and 
0.1 M) for | HI], anc the measured value of 8 X 10-4 M for 
[CfiHis]. The sum of the diffusion coefficients DHj and 
■DceHis may be estimated to be 2.3 X 10-19 cm2 sec- 1  from 
the relation k = 1.5 X 10-25 cm3 molecule- 1  sec- 1  = 47r(rHi 
+  rCeHis)(Dy{\ +  Dc6Hi3), the radii (r) being taken as 1.6 X 
10-8  and 3.5 X 10-8  cm, respectively. Assuming D is pro­
portional to 1/r, in accord with the Stokes-Einstein equa­
tion (D = kT/Girnr), this sum may be partitioned to give 
Dhi = 1.6 X 10-19 cm2 sec-1, and Dc6Hi3 = 7.4 X 10-2 ° cm2 
sec-1. Alternatively the value of 9.0 X 10-2 ° cm2 sec-1  for 
DcgHi3 *n pure 3MP (see above) may be substituted, giving 
a value of Dhi of 1.4 X 10-19 cm2 sec- 1 .27

The results of the diffusion coefficient calculations 
suggest that clumping of HI molecules when the 1MP-1% 
HI solutions are cooled to 77°K is not significant. If clump­
ing occurred, the value used for [HI] would have been too 
large, and the rate constant (k = &7[HI[) and the value of 
( D h i  + D c (iH l : l )  obtained would have been too small. Parti­
tioning the sum on the basis of the assumed racii would 
therefore yield a diffusion coefficient for CfiHi;j lower than 
that determined in pure 3MP, rather than the agreement 
observed.

The relatively fast decay of C6H i3 radicals produced by 
abstraction by hot H atoms from the photolysis of HI in 
CfiHu,8'9 compared to those produced by 7  radiolysis of 
3MP, presumably results from combination of the C6Hi3 
with its sibling I atom.8’9 The longer half-life of the CRH13 
formed by photolysis of CH3I than by photolysis of HI (see 
above) suggests that the geometry for the CfiH]3 + I sibling 
reaction is less favorable when CH4 is the cage partner than 
when it is H_>.

CkH u-HX Complexes. The loss of resolution in the 
ESR spectrum of CeHia radicals in C(;Hu-l% HCI glasses 
with time following 7 irradiation, and the regeneration of 
the spectrum on photolysis (Figure 9) indicate formation 
and photodecomposition of a CeHm • HCI complex. The 
photodecomposition, which resulted in 25% loss of signal in 
our test, may plausibly be by two routes: C6H 13 • HCI + hv 

► CeH14 + Cl. accompanied by28 Cl + CeHu —► CgHis + 
HCI; and C6H13- HCI + hv — C6H 13 + HCI. The net loss 
may imply some trapping of the Cl atoms produced by 
route 1. Unlike the complex formed in 7 -irradiated 3MP- 
Cl2 glasses,28 which produces a change in the CrH^ ESR 
signal similar to that of Figure 9, formation of the HCI 
complex is not accompanied by a uv absorption peak at 260
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nm (a maximum may occur below the 200-nm limit of this 
measurement). It appears that the complexes formed in the 
HC1 and CI2 systems are different, but that each involves 
broadening of the ESR spectrum by interaction with a Cl 
nucleus. In the HC1 system there was no evidence for the 
Cl2~ ESR spectrum on the low-field side of the C6H13 sig­
nal which was seen28 in the CI2 work.

Evidence for CeH^ • HX complex formation in the HBr 
and HI systems is less definite than in the HC1 system. It is 
suggested by the failure of the resolution of the initial 
CfiH]:! ESR spectra to improve on decay. Also, the 360-nm 
peak which grows in the 3MP-HBr glass following radioly­
sis (Figure 11) and the 395-nm peak reported previously29 
to grow in the 3MP-HI glass may be due to such com­
plexes. The ability of C6H l:l radicals to abstract from HI 
and HBr (C(;H¡u + HX CsHi4 +  X) but not from HC1 
may explain why a sufficient concentration of complexes to 
broaden the ESR spectra significantly is not built up in 
these systems. Past experience indicates that line broaden­
ing precludes observation of the ESR signal of I atoms in 
3MP glass.30

Effects of Additives on G(CsHi3 ) in y-Irradiated 3MP. 
The reduction in G(C6H i3) in 7 -irradiated 3MP glass from
3.0 to 2.4 by 0.1% biphenyl and by about the same amount 
by 1% C3D7I (Table I and Figure 7), both of which scavenge 
both electrons and positive charge, suggests that charge 
neutralization of CfiHi4+ or C e H ^  is responsible for at 
least part of the radical production in pure 3MP. The alter­
native possibility that the radical production is reduced as 
a result of excitation transfer to these molecules from excit­
ed matrix molecules seems less probable.

Indirect evidence indicates that CHSI also reduces the 
yield of Cr,H|3 from the radiolysis of 3MP, but that this re­
duction is compensated by production of radicals by ab­
straction by hot CH3 radicals (CH3* + CeH]4 —► CH4 + 
Ct;Hi:i). G(CftH 13) from the radiolysis of 3MP containing 1 
mol % CH:)I is the same as in pure 3MP (3.0) within the 
certainty of the measurement based on the height of the 
outer line. In 3MP-di4-l% CH3I the hot abstraction reac­
tion (CH3* + CeD14 -* CH3D + C6H13) is clearly demon­
strated, G (CH3D) being 0.7.16

HC1, HBr, and HI are not expected to scavenge positive 
charge in 7 -irradiated 3MP, since their ionization poten­
tials are 13.8, 13.2, and 12.8 eV while that of 3MP is 10.1. 
HI in an argon matrix at 4°K is, however, able to capture 
electrons produced by photoionization of metals to yield H 
and I“ .31 In the gas phase all three hydrogen halides under­
go dissociative electron capture,32 but for HC1 and HBr the 
process from the ground state is endothermic by 0.88 and 
0.44 eV, respectively, and the measured appearance poten­
tials of X “ at room temperature are 0.64 and 0.11 eV. For 
HI, the process is essentially thermoneutral and the ap­
pearance potential is zero. The cross sections of HC1, HBr, 
and HI for e~ capture in the gas phase have been given as 2 
X 10_ l‘, 3 X 10_Ifi, and 2 X 10~14 cm2, respectively.32 
These large differences in properties in the gas phase are in 
striking contrast to the similarity in the effects of HC1 and 
HI on the G(C6H 1:) value in 7 -irradiated 3MP glass. Both 
of the halides appear to increase the value by ca. 20% of 
that in pure 3MP (from 3.0 to ca. 3.6). The increase in 
G(CeH]3) seems to require dissociative electron capture 
(HX + e_ —* H 4- X -) followed by abstraction (H + CeH13 
-* CVH13 + H2), unless energy transfer from the matrix to 
the HX is unexpectedly efficient. Since it is not known 
whether the hydrogen halides reduce the “direct” yield of

CgHi3 from 3MP, as biphenyl and C3D7I appear to do, the 
data leave open the question as to whether the G value of 
hot abstraction is 3.6 — 3.0 = 0.6 or 3.6 — 2.4 = 1.2. For HC1 
and HBr the endothermic dissociation process requires 
capture of electrons of greater than thermal energy. Still 
higher energy is required to produce loot hydrogen atoms.

It appears possible that the similarity of the electron 
capture reactions of HC1 and HI in 3MP glass as compared 
to the contrasting reaction parameters in the gas (and simi­
lar contrasts for the reactions of CH3CI, CHjBr, and CH3I) 
are the result of the high probability of capture of electrons 
in the subexcitation energy range of the 3MP matrix. The 
first singlet excitation level of 3MP is expected to be ca. 
7-8 eV; triplet levels at 6 and possibly 3 eV have been indi­
cated by thin film studies.33

Effect of Deuteration on Radical Yields. Differences in 
radical yields from the 7  irradiation of 3MP-di4 and 3MP- 
h i4 glasses indicate heretofore unrecognized isotope ef­
fects. Thus G(3-methylpentyl radicals) is 2.0 in CeDj4 in 
contrast to 3.0 in CeH14. In the presence of 1% CH3I the 
total radical yield in 3MP-di4 is 3.6T, cf which 2.3 is due to 
CH3 radicals. This indicates a lowering of the yield of 
C6D 13 to 1.3 from 2.0 by the presence of the CH3I. The 
yield of CH3D, presumed to result from abstraction of D by 
hot CH3 radicals, is 0.7.16 This implies that G(C6D13) pro­
duced directly as a result of the 7  irradiation is 1.3 — 0.7 = 
0.6 in the 3M P-d14-CH3l matrix. The reduction of 70% 
from the value in pure 3MP-di4 is much greater than the 
reduction from 3.0 to 2.2-2.4 (~25%) caused by biphenyl 
and C3D7I in 3MP-ft]4. Presumably, GCCeDjs) would also 
be 0.6 in the presence of biphenyl, but the overlapping ESR 
spectra of the CrD is radical and the biphenvlide ion pre­
clude a satisfactory test of this. It is of significance that the 
total yield of CH3 (that which abstracts plus that which is 
trapped) is 3.0 in CsD]4 and only 1.5 in CeHi4. This implies 
a higher yield of scavengeable electrons from the 7 irradia­
tion of CeDn glass than from CeH14 glass. Other evidence 
for enhanced charge scavenging is our observation that 
when 0.1 mol % solutions of biphenyl in 3MP-/i]4 glass and 
3MP-d]4 glass are given equal 7  doses the optical density 
increase at 410 nm, due to biphenyl anions (with possible 
contribution from cations) is 50% greater in the deuterated 
matrix. In related experiments Hager of our laboratory has 
recently found that 2MP-1 which is known to enhance the 
G(et~) in 3MP-/r]4 glass,34’35 presumably by stabilization 
of positive charge, enhances it much more in 3MP-d]4. It is 
important that this matrix isotope effect be investigated 
further. Whatever the mechanism responsible for the ef­
fect, it must be consistent with the evidence that the G 
values for individual stable hydrocarbon products mea­
sured after warm-up of 7 -irradiated samples of CgH14 and 
CeDi4 are indistinguishable.36 There is evidence that hot 
methyl radicals produced by the photolysis of CH3I in hy­
drocarbon matrices at 77°K abstract with equal probability 
from C-H and C-D bonds.37

Effect of Temperature on Rate of CH3 Decay in 3MP 
Glass. When first-order decay of CH3 produced by disso­
ciative capture by methyl halides in 3MP at 77°K was first 
observed,s’6 it was reasoned'1 that a mechanism of pseudo- 
first-order abstraction of H from the C,.H14 matrix was pre­
cluded by the activation energy, unless the energy required 
in the glassy state is very much lower than that in the gas. 
With the evidence that abstraction is indeed the method of 
decay of CH3 in CeH]4 at 77 and 74°K, it is clear that a low 
activation energy route (< 1  kcal m ol'1) is available for the
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abstraction. There are two alternative explanations for the 
lowering of the activation energy: (1 ) the intermolecular 
constraining forces in the glass distort the molecules in a 
manner to provide a lower activation energy pathway than 
is available ir. the gas; (2) quantum mechanical tunneling 
occurs. Present knowledge does not allow a decision as to 
which is correct. The tunneling hypothesis, which has been 
considered in some detail for abstraction by CH3 in poly­
crystalline CHsCN, CH3NC, and CH3OH,26 is plausible.

The rate of CH3 decay in 3MP-di4 increases more rapid­
ly with temperature above 77°K (apparent E \  =  7 kcal 
mol-1) than the rate in 3MP-h14.8 This may reflect the dif­
ferences in decay mechanism observed16 in the two matri­
ces at 77°K. In 3MP-hi4 CH3 decays by abstraction of H 
from the CeHu, while in 3MP-d14 abstraction does not 
occur and the decay reaction is aoparently CH3 + I-  —► 
CH3I-.

In C6D i4 in which ~ 1% of the total carbon-hydrogen 
bonds are C-H rather than C-D, 17% of the CH3 radicals 
abstract to form CH4 ^hen they are allowed to decay at 
77°K before warm-up, but no CH4 is formed when the sam­
ple is warmed immediately after irradiation.16 This 
suggests that the geminate, recombination is more favored 
by increasing temperature’than the C-H abstraction in a 
glass where diffusion is required for the latter to occur. In 
3MP-h ,,  all CH:! decay appears to be by abstraction at 77 
and 74° K and may be presumed to be so at lower tempera­
ture.

Radical Production by Photolysis of CH^I in 3MP-hn 
and 3MP-du ■ Photolysis of CH3I in the gas phase with 
254-nm light- produces CH3 radicals and I atoms with 59 
kcal mol- 1  in excess of the energy required for bond rup­
ture if the I is in the ground state and 39 kcal mol- 1  if it is 
in the I(2P i/2> state. Because of the mass difference, >90% 
of this energy is in the translational, vibrational, and rota­
tional degrees of freedom of the CH3. There is evidence38 
that ~80% is translational for photodissociation at 266 nm.

In glassy 3MP and 3MP-d14 the following reactions and 
their CfiDi4 analogs must be considered:

CH3I
hu

—  CH3* + K2P3/ 2) (or I(2P 1/2)) (1 )

c h 3* + c 6h „ — * c h 4 + G&Hi3 (2 )

— ►c h 3 + c 6h 14 (3)

c h 3i
hv

c h 3i* (4)
c h 3i* CsH-h — - c h 3i + C6H14 (5)

— - C6H13I + c h 4 (6)

c h 3* — * CH3tr (7)

I* + C6H14 — - HI + CjH)3 (8)

— - Itr (9)

e low quantum yields for CgDis  (—2.4 X 10-'3) and
CH3tr (~5 X 10-5) production in CeDi4 indicate that reac­
tion 2, reaction 3 followed by reaction 7, and reaction 8 are 
improbable. Thus most of the activated CH3I molecules 
must either be deactivated by (5) or by prompt geminate 
recombination following (1 ), or undergo a concerted reac­
tion of the type of (6). The extent of (6) is amenable to test 
by analysis for the C8D i3I and CH3D. Analogous concerted 
reactions have been observed in the photolysis of HI in 
3MP (HI* + C6H 14 -  C6H13I + H2) and of Cl2 in CfiH 14

(Cl2 + CeHi4 -*• CgHisCl + HC1) with quantum yields of 
0.29 and 0.5,28 respectively.

In view of the low radical yields from the photolysis of 
CH3I in 3MP-d14, the product yields from the dissociative 
electron capture process are surprising (i.e., G(CH3Dhot) = 
0.7 and G(CH3tr) = 2.3). Assuming G(e-  total) = 4, 75% of 
all the electrons produced in the system are captured by 1 % 
CH3I to result in either production of C6H i3 by abstraction 
or CH3 tapping. By contrast <0.3% of the 254-nm photons 
absorbed by CH3I in the photolysis experiments led to ei­
ther of these products. For the trapped radicals which are 
produced in the radiolysis, the ratio of CH3 to C6H 13 is 
100-fold higher than in the photolysis. Since the total ener­
gy available from the dissociative capture process with 
thermal electrons is ~ 12  kcal mol-1, which is less tnan that 
from the photochemical process, it would appear that the 
difference in effectiveness is the result of a difference in 
distribution of the energy of the methyl radical between 
translational and vibrational, unless dissociative capture by 
electrons of greater than thermal energy is very significant. 
There is evidence that 254-nm photodissociation of CH3I 
may produce CH3 with the excess energy predominately as 
translational.38 40

Effect of Halide Partner on Rate of Decay of Alkyl Rad­
icals Produced by Dissociative Electron Capture. The 
present work confirms earlier work5-8 showing that the rate 
of decay of CH3 radicals produced by the CH3X + e-  —1- 
CH3 + X -  process in 3MP-hi4 at 77°K is independent of 
whether X is Cl, Br, or I, but shows that in 3MP-di4 the 
half-lives of both CH3 and C2H5 are shorter when the gemi­
nate partner is Cl-  than when it is Br-  or I- . Thus it ap­
pears (as is reasonable) that the rate of the CH3 + C6H 14 —► 
CH4 + CfiHI3 process, which occurs in the protiated matrix, 
is unaffected by the nature of the geminate ha.ide ion, 
whereas the CH3 + X -  —► CH3X -  process, reasoned to ac­
count for CH:! decay in the deuterated matrix, proceeds 
more rapidly with the smaller halide ion. The much faster 
decay of CH3 formed by photolysis of CH3I in 3MP-d]4 
than of that formed by dissociative electron capture (half- 
lives of <100 and 675 min, respectively, in annealed sam­
ples) indicates that the geminate recombination with a 
neutral atom (CH3 + I —► CH3I) proceeds more readily 
than that with the ion (CH3 + I-  —► CH:!I- ). It is probable 
that for both mechanisms the radical must rearrange from 
the planar to tetrahedral form. For the iodide ion an added 
limitation may arise related to the polarized solvent sur­
roundings or to the size.

Annealing Effects. The results reported here include the 
first evidence of which we are aware that the rate of radical 
decay in a hydrocarbon matrix is dependent upon the time 
of annealing of the matrix near the glass transition temper­
ature. For samples of 3MP-hi4 annealed for >2 days at 
77°K in 2-mm i.d. ESR tubes the initial quarter-life at 
77°K of CeHi3 is 150 min, as compared to 40 min for sam­
ples irradiated immediately after quench cooling. The 
quarter-life of CH3 radicals produced by dissociative cap­
ture by methyl halides in annealed samples is 12  min as 
compared to 8 min for unannealed samples. Results for 
methyl radicals from dissociative capture in 3MP-d14 are 
given in Table II and illustrated in Figure 12. Thus anneal­
ing affects the rate of intraspur radical-radical reaction in 
3MP, the rate of CH3 decay by hydrogen abstraction in 
3M P-hi4 and the rate of CH3 decay in 3MP-d 4 where 
decay is presumed to be by combination with the geminate 
halide partner. It is not possible to determine the effect of
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annealing on the random second-order radical-radical 
combination (Figure 1) because the major portion of the 
annealing in a 2-ir.m i.d. ESR tube is complete before the 
second-order process is resolved from the intraspur decay. 
Figure 12 shows the effect observed when annealing occurs 
on a time scale similar to the decay half-life. In the an­
nealed sample the decay follows a linear log [CH3] vs. time 
plot (pure first order). In the unannealed sample the initial 
decay is faster but approaches the slope of the annealed 
sample as annealing progresses.

In studies of the effect of annealing on trapped electron 
decay rates, the rate at which complete annealing is ap­
proached in 3MP held at 77°K is critically dependent on 
the shape as well as the size of the sample.41 Presumably 
this is also true for radical decay. Annealing of 3MP glass 
has been independently studied by a physical method.42 
When samples of 3MP which have been annealed at 77°K 
for various times are warmed in a differential thermal anal­
ysis apparatus, an endothermic peak at 83°K, representing 
the AH of the change in free volume which occurs during 
annealing, grows with time of annealing. It approaches its 
limiting value at the same rate that the half-life for decay 
of electrons approaches its limit. Presumably the effect of 
matrix annealing on the rate of radical decay is related to 
increase in the macroscopic and microscopic viscosity of 
the medium.
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Temperature Dependence of the Heat Capacities of Activation for the Aquations 
of Bromo- and Sulfatopentaamminecobalt(lll) Ions in Acidic Aqueous Solution1

Anthony M. Newton and Thomas W. Swaddle*

Department of Chemistry The University o f Calgary, Calgary, Alberta. Canada, T2N 1N4 {Received August 26. 1974)

The heat capacities of activation ACp* for the hydrogen-ion-independent aquation pathways of
C.o(NH3)5Br2+ and Co(NH3)5S0 4+ in 0.1 M  HG104 are strongly temperature dependent, with pronounced 
maxima near 35°, the range of ACP* values being about twice as great for the latter complex as far the for­
mer. It is shown that this effect cannot be due to ion pairing between perchlorate ion and the complex cat­
ions, but may be explained semiquantitatively with the aid of a modified version of the Leung-Grunwald 
theory, in terms of solvational changes occurring during the activation process.

In tro d u ctio n

We have been engaged over the past decade in attempts 
to identify and interpret patterns in the activation parame­
ters of substitution reactions of cationic octahedral com­
plexes in solution.2 In order to make valid comparisons of 
the enthalpies AH* and entropies AS* of activation within 
a series of related reactions, it is necessary to establish that 
the temperature dependence of these parameters (which is 
governed by the heat capacity of activation ACP* = 
(d\H*/dT)p) is not numerically large, since kinetic mea­
surements may have to be made over different temperature 
ranges for different complexes. Furthermore, ACP* has 
proved to be a parameter of considerable intrinsic interest 
in relation to organic solvolysis reactions;3-5 for example, 
for the solvolysis of alkyl halides in water, ACP* may serve 
as a mechanistic criterion, being typically on the order of 
—50 cal deg- 1  mol- 1  for Sn 2 reactions and about —90 for 
SN l.4 However, ACp* for inorganic reactions has received 
very little attention to date (Table I).

We have therefore attempted to measure ACP* for reac­
tion 1  with X2- = Br-  and S 0 42- in 0.1 M HC104.

Co(NH3)5X(3'z>+ + H20  — - Co(NH3)5OH23* + X'- (1)
These reactions were chosen because their mechanisms 

are well established (dissociative interchange, Id),2’6 they 
proceed at convenient rates over a wide range of tempera­
tures, and because they were expected to yield information 
on the effect on ACP* of reaction charge type (i.e., of z). 
The relatively high concentration of HC104 was necessary 
to maintain constant ionic strength as the reactions pro­
ceeded, and to suppress the decomposition of the product 
Co(NH3)5OH23+ at the higher temperatures.7 When X2- 
was sulfate, this high acidity helped ensure that reaction 1 
went to effective completion, since the pKa of H S04-  is 
about 2 at 25° and higher at higher temperatures; the small 
contribution of a pathway first order in [H+] to the equa­
tion rate8-9 can readily be allowed for.

E x p er im en ta l S ection

Distilled water was passed through fresh Barnstead 
deionizer and organic removal cartridges before use. All 
chemicals were analytical reagent grade. Throughout this 
article, concentrations are given on the molar scale as if at 
25°.

Bromopentaamminecobalt(IIl) perchlorate was made 
by heating 10 g of carbonatopentaamminecobalt(III) per­

chlorate10 with excess HBr on the steambath for 2 hr, dis­
solving the crystals recovered from the cooled reaction mix­
ture in water at 0°, and filtering the solution into 100 ml of 
70% HC104 at 0°. The feathery crystalline product was fil­
tered, washed successively with water, ethanol, and ether, 
and dried in vacuo. Anal. Calcd for [Co(NH3)5Br](C10 4)2: 
N, 16.56; H, 3.58. Found: N, 16.44; H, 3.62. The absorption 
maximum of the aqueous complex at 253 nm (< 18,100 M - 1  
cm-1) was in reasonable agreement with that reported by 
Jorgensen.11

Sulfatopentaamminecobalt(III) perchlorate, free of the 
aquopentaammine salt and other such impurities, was 
made from the acid sulfate12 by cation exchange chroma­
tography on Dowex 50W-X8 resin (Na+ form) using 0.4 M 
NaC104 as eluant. The eluate was kept at 0° overnight, and 
the crystalline product was washed and dried as above. 
Anal. Calcd for [Co(NH3)5S 0 4]C104: N, 20.62; H, 4.45. 
Found: N, 20.47; H, 4.63. The absorption maxima at 516 (e 
62.2) and 355 nm (f 50.3 M~l cm-1) agreed well with those 
reported by several authors,13-16 although Po and Jordan16 
recorded t 34.8 M - 1  cm- 1  for their maximum at 357 nm.

Kinetic Measurements. The conductimetric method, 
normally preferred for ACP* measurements on ionogenic 
reactions,4,5 was inapplicable because of the need to main­
tain high HC104 concentrations. Instead, a method was de­
vised for following the more rapid reactions spectrophoto- 
metrically in situ with high precision, using Cary Model 15 
or 16 spectrophotometers (with equal accuracy, in prac­
tice). The apparatus (Figure 1), based on Robertson’s de­
sign,17 consisted of a darkened, stirred reaction vessel sur­
rounded by a thermostated, insulated water jacket. The 
stirring forced a stream of the reaction solution rapidly 
through the optical cell. This cell was held in a thermally 
insulating wooden mount which permitted the cell to be 
moved in or out of the spectrophotometer light beam as de­
sired, to eliminate the possibility of photolysis between 
readings, and to allow the spectrophotometer baseline to be 
zeroed, air against air, before each measurement. A null 
method, whereby the absorbance of the reaction solution 
was matched by adding a measured amount of a standard 
solution from a microburet to a vessel with windows in the 
reference beam, was tried as an alternative to direct mea­
surement of the absorbance of the reaction solution, but 
the spectrophotometer slidewire calibration was sufficient­
ly good that any gain in precision obtained in the null 
method was outweighed by the additional operational com-
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TABLE I: SCP* for Aquation of Cobalt(III) Complexes

Temp range, cal deg"
Complex °C m ol-1

[Co(NH3)5N 03](C104)2 0-59 -2 0 “
[co(NH3)5Cl](C104)2 20-70 —496
ris -IC o  (en)2NH,C 1] (C 104 )2 20-80 -50"
cis  -[ C o(trien)NH3Cl] (C104)2 30-80 -4 9 6
c7s-[Co(en)2N3Cl]2S20 3
c/s-[C o(en)2(CN)Cl]Cl

—29c
-17  c

" T. W. Swaddle. R. B. Jordan, and W. E. Jones, Inorg. Chem., 
8 , 2504 (1969). h S. C. Chan. J. Chem. Soe. A. 291 (1967). ' D. M . 
Parboo and R. E. Robertson, private communication.

plexity. Prior to a kinetic run, the reaction medium was 
thoroughly thermostated (±0.01°) in the apparatus of Fig­
ure 1 , using circulating water from an external thermostat 
bath controlled by a Fisher proportional controller. To 
start a kinetic run, a weighed sample of the solid cobalt(III) 
complex was dissolved in a 5-ml portion of the thermo­
stated solvent, and flushed quickly into the reaction vessel 
using a syringe with a Teflon needle, thereby minimizing 
temperature fluctuations and premature aquation.

The aquations of Co(NH3)5Br2+ at 0-30°, and of 
Co(NH;,)5S04+ at 5-40°, were rather too slow to permit use 
of the above technique. Instead, the reaction solution, con­
tained in a darkened Pyrex flask, was thermostated in a 
Sargent-Welch Thermonitor-controlled water bath (±0.01° 
or better) fitted with a coil which was supplied with coolant 
from a Lauda Model K-2/R refrigerated circulator as re­
quired. Aliquots of solution were withdrawn as required 
and quenched at 0°, and brought quickly to 25° when 
ready for absorbance measurements. Duplicate measure­
ments, comparing this and the in situ methods, showed 
that the results obtained by the two techniques were iden­
tical within the experimental uncertainty. This observation 
confirms that surface effects did not contribute to the mea­
sured reaction rates, since the surface-to-volume ratio was 
different in each method and was in any event small, and 
furthermore the complex concentrations used were too high 
( ~ 6  X  10-4 M) to be significantly affected by surface ab­
sorption. Runs at 0° were made using well-mixed ice-water 
slushes in dewar vessels as the thermostat bath.

Bath temperatures were measured, with appropriate pre­
cautions,18 using precision mercury-in-glass thermometers 
which were calibrated against a platinum resistance ther­
mometer having standardization traceable to NBS. The 
temperature of the solution in the reaction vessel (Figure 1) 
was measured with an Atkins thermistor thermometer, the 
probes of which were calibrated during every run against 
the precision mercury thermometers. Temperature mea­
surements were accurate to ±0.05° at worst.

Results
In every case, the absorbance At at time t was measured 

at 313 (X2- = Br- ) or 274 nm (X2- = S 0 42-) at intervals 
over at least the first 80% reaction, and followed pseudo- 
first-order kinetics (rate coefficient /e0bsd) to well within 
the experimental uncertainty of ±0.002 in A,, according to 
both graphical and least-squares numerical analysis.

W  -  In l(An -  A„)/(At -  A«)] (2)
The final absorbances A„ showed that reaction 1 was ef-

7 5
Figure 1. Stirred thermostated reaction vessel, feeding optical cell 
(below).

fectively complete in all cases, and isoshestic points were 
strictly maintained throughout the reactions. No changes 
were observed in the visible spectrum of Co(NH3)5OH23+ 
in the presence of an equimolar amount of Br-  in 0.1 M 
HC104 at 73° over several days, and extrapolation of the 
spontaneous decomposition rate of Co(NH3)50 H23+ from 
higher temperatures7 showed that this reaction is some 105 
times slower than reaction 1  (X2- = Br- , SO42-) at 70°. 
Thus, reaction 1  occurs to the exclusion of secondary pro­
cesses, under the conditions employed in this study.

However, for X2- = SO42-, values of fe0bsd obtained at 
the higher temperatures must be corrected for a small con­
tribution from an acid-dependent equation pathway (rate 
coefficient ka).

K t s t  =  k +  £a(H+] (3)
Fortunately, values of ka can be computed with ample 

accuracy from the data of Monacelli,9 despite a difference 
in ionic strength, and this was verified by direct measure­
ments of the aquation rate of Co(NH3)5S04+ in 0.10 M 
HCIO4 and 0.01 M HCIO4-O.O9 M LiC104. Values of /e„bsd 
(=k) for Co(NH3)sBr2+, and of /f(,bsd and k for 
Co(NH3)5S04+, are collected in Tables II and III, respec­
tively.

The precision in k was ±0.5% at worst, so that the major 
source of experimental uncertainty in calculating ACp* was 
temperature measurement, especially where thermistors 
were used, since the possible error of ±0.05° corresponds to 
about ± 0.6% in £0bsd for the experiments described here. 
This limitation was anticipated, and the experiments were 
planned accordingly to cover as wide a range of tempera­
ture as possible without loss of accuracy in the measure­
ment of &obsd, so as to minimize the impact of the uncer­
tainty in the temperature T  on the derived value of ACP*, 
which was naively expected to be approximately constant 
over the experimental temperature range. Furthermore, 
Wold and Ahlberg19 have pointed out that equations such
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TABLE II: Rate Constants for the Aquation of 
Co(NH3)5Br2+ in 0.1 M  HCIO/

Temp,
°C lO^obsd, sec ’ 1

Temp,
°C looted , sec ' 1

0.00 0 .12 10 " 45.18 70.64 ± 0.15°
5.14 0.2818 ± 0.0012° 50.35 130.4 ± 0.1°

10.02 0.6086 ± 0.0013° 55.17 221.7 ± 0.7°
15.07 1.334 ± 0.002° 60.07 375.8"
19.99 2.770 ± 0.014c 60.09 376.5 ± 1.0"
25.93 6.081 ± 0.015° 64.89 611.4"
30.02 10.59 J°0.03c 64.90 605.9"
34.92 20.26 i  0.00" 70.17 1000 ± 54
3 5; 00 
40.16

20.42" . ' 
38.91 ± 0.12°

70.19 998.7"

“ Complex concentration ~6  x 
cate runs.d Duplicate runs.

IO- 4 M. " Single runs. ‘ Tripli-

TABLE III: Rate Constants for the Aquation of 
Co(NH3)5S 0 4+ in 0.1 M  HCIO/

Temp,
°C 10 7froted, sec ' 1 10 7/ sec ' 1

5.27 0.6673 ± 0.0102° 0.6370 ± 0.0102
10.03 1.585 ± 0.0094 1.512 ± 0.009
14.94 3.182 ± 0.012" 3.006 ± 0.012
20.15 6.670 ± 0.036" 6.238 ± 0.036
25.02 12.49 ± 0.03" 11.52 ± 0.03
29.98 22.93 ± 0.04" 20.76 ± 0.04
34.76 41.60 ± 0.20" 37.02 ± 0.20
39.77 81.09 ± 0.19" 71.31 ± 0.19
44.95 141.2 ± 0.2° 120.2  ± 0.2
45.02 142.0" 120.8
50.32 259.2" 214.4
50.36 260.9" 215.8
55.14 441.7" 354.6
55.15 442.3" 355.1
60.06 752.6" 584.5
60.10 751.5" 582.6
65.25 1291 ± 3° 961.6 ± 3.6
70.03 2126" 1524
a Complex concentration ~6  x ICC4 M. " Single run. ' Duplicate 

runs. d Triplicate runs

as that of Hyne and Robertson20 (eq 4), which are widely 
used for the calculation of ACP*, become numerically un­
stable and highly sensitive to the experimental uncertainty 
when AT/T  is small (AT is the temperature range with me­
dian temperature T).

log k =  A /T  + B log T + C (4)

where A = (T0ACP* -  A H 0* ) / 2 M M ,  B =  ACp*/R +  1, C 
= log K/h + (AS0* -  ACP*)/2.303R -  (ACp*/R) log T0) 
and AH 0*. AS 0* refer to a reference temperature Tu, here 
taken as 298.16 K.

We therefore made measurements of k„hs(l over tempera­
ture ranges of over 60°, for which an accuracy as poor as 
±3% in k, or a corresponding uncertainty in T, would be 
entirely adequate for a reliable computation of ACP* if this 
were effectively temperature independent.19 However, as 
data accumulated, it became clear that the apparent value 
of ACp*, calculated by fitting k and T  data to eq 4 using a

TABLE IV : Activation Parameters for the Aquation 
of Co(NH3)5Br2+ in 0.1 M  HC104

Temp Av
range, temp, A H * a AS*, a cal A C / cal

°c °C cal mol-1 deg'1 m o l'1 deg'1 m ol'1

0-60 31.78 23,704 ± i l -3 .1 ± 0.0 -26.0 ± 1.2
0-70 36.10 23,690 ± 29 -3 .2 ± 0.1 -36.2 ± 2.2

20-70 44.54 24.649 ± 2 -1 .1 ± 0.2 -63.0 ± 2.7
25-70 47.09 24,292 ± 84 -1 .2 ± 0.3 -60.1 ± 3.7
0-40 21.74 23,636 ± 49 -3 .3 ± 0.2 -36.4 ± 7.0
5-45 25.15 23,648 ± 34 -3.3 ± 0.1 -35.1 ± 6.0

10-50 31.18 23,634 ± 44 -3 .4 4- 0.2 -22.7 ± 6.2
15-55 35.19 23,478 ± 58 -3 .9 ± 0.2 -11.4 ± 5.3
20-60 40.19 23,451 ± 88 -4 .0 ± 0.3 -13.2 ± 5.7
25-65 44.43 24,077 ± 70 -1 .9 ± 0.2 -46.6 ± 3.6
30-70 49.53 24,419 ± 119 -0 .8 ± 0.4 -64.6 ± 4.8
0-25 14.27 23,195 ± 222 -4 .8 ± 0.8 -74.9 ± 18.9
5-31 17.69 23,200 ± 130 -4 .8 ± 0.4 -84.8 ± 15.4

10-35 22.65 23,535 ± 94 -3 .7 ± 0.3 -49.5 ± 20.4
15-40 27.68 23,455 ± 70 -4 .0 ± 0.2 -8 .6 ± 16.3
20-45 32.69 23,240 ± 129 -4 .7 ± 0.4 + 16.0 ± 15.6
25-50 37.75 23,947 ± 116 -2 .3 ± 0.4 -37.0 ± 8.8
30-55 42.63 23,917 ± 150 -2 .4 ± 0.5 -36.6 ± 8.5
35-60 47.64 23,675 ± 177 -3 .2 ± 0.6 -26.9 ± 7.9
40-64 51.91 24,577 ± 307 -0 .3 ± 1.0 -64.1 ± 11.4
45-70 57.20 26,316 ± 251 -5 .3 ± 0.8 --121.7 ± 7.7

° V a lues at 25°.

TABLE V : Activation Parameters for the
Hydrogen-Ion Independent Aquation of
Co(NH3)'5S 0 4+ in 0.1 M  Perchlorate Media

T e m p Av
range, t e m p , A  H * a AS*, a cal A C / 9 cal
:c °C c al m o l -1 deg' 1 m o l ' 1 deg' 1 m o l " 1

5-60 30.47 21,818 ± 34 12.6 ± 0.1 -1 3 .6 ± 3.2
5 - 70 33.50 21,822 ± 32 12.6 ± 0.1 -1 5 .1 ± 2.2

20- 70 41.31 21,604 ± 40 13.2 ± 0.1 -9 .6 ± 2.3
5-45 24.98 21,813 ± 47 12.6 ± 0.2 -1 8 .6 ± 8.6

10-50 29.20 21,808 ± 30 12.6 ± 0.1 -7 .3 ± 4.7
15-55 33.58 21,763 ± 35 12.8 ± 0.1 -4 .1 ± 3.3
20-60 38.12 21,571 ± 50 13.4 ± 0.2 -4 .8 ± 3.5
25-65 42.72 21,719 ± 122 12.9 ± 0.4 -1 0 .2 ± 6.3
30- 70 46.66 22,240 ± 25 11.2 ± 0.1 -3 3 .1 ± 1.2

5-30 17.56 21,143 ± 45 14.8 ± 0.2 -204 .8 ± 6.1
10-35 22.47 21,587 ± 69 13.3 ± 0.2 -6 9 .0 ± 15.0
15-40 27.43 21,847 ± 142 12.5 ± 0.5 + 55.1 ± 34.2
20-45 32.43 21,095 ± 79 15.0 ± 0.3 + 54.5 ± 9.5
25-50 36.71 21,167 ± 176 14.7 ± 0.6 + 38.0 ± 14.0
30-55 41.20 22,186 ± 21 11.4 ± 0.1 -3 0 .1 ± 1.2
35-60 45.97 22,293 ± 51 11.0 ± 0.2 -3 5 .1 ± 2.4
40-65 51.12 19,127 ± 598 21.2 ± 1.9 + 68.3 ± 22.2
45-70 55.54 
“ Values at 25°.

21,692 ± 175 13.0 ± 0.6 -1 2 .3 ± 5.6

non-linear least-squares program on an IBM 360/50 com­
puter, varied strongly and systematically with both T  and 
A T/T.

This is illustrated for Co(NH3)5Br2+ in Table IV, in 
which apparent ACp* values computed over 25c, 40°, and 
larger intervals are listed. The standard deviations of ACP* 
suggest that the calculations verge on numerical instability 
for 25° intervals, and smaller AT values were not used. For
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AT = 25 and 40° alike, a clearly defined maximum in ACp* 
occurs near 35°, ACP* being near zero at the maximum and 

’strongly negative above and below it. The actual numerical 
values of ACP* have only limited significance, since an ex­
cessively wide choice of AT will result in incorrect averag­
ing of the nonlinear dependence of ACP* on T; in particu­
lar, ACp* values based on AT = 40° are unreliable because 
they inevitably include data from both sides of the maxi­
mum. The data based on AT = 25° suggest a limiting value 
of ACP* of about —80 cal deg- ’ mol- 1  near 0°, with the 
maximum some 100 cal deg- 1  mol-1  above this. There is 
also a suggestion of a second maximum near 50°.

The corresponding data for Co(NH:i)5S04+ (Table V) 
show the same general phenomena, with a maximum over 
200 cal deg- 1  mol- 1  high (relative to low temperatures) 
near 30° and a suggestion of a second maximum near 50°. 
The mean values of AH* and AS* at the higher tempera­
tures are close to those reported by Monacelli9 for a higher 
ionic strength (1.0 M) over the range 55-84°.

Discussion
The temperature dependence of ACp* for reaction 1  is 

too strong to permit much significance to be attached to 
the apparent values of this parameter calculated as above, 
and, although the functional form of the temperature de­
pendence of ACP* is not known, it is clear that at least two 
further parameters in addition to AH0*, ASo*, and ACpo* 
at a reference temperature T0 would be involved, and it is 
doubtful whether the accuracy of the measured k and T 
values warrant a five-parameter fit.

Nevertheless, some useful conclusions can be drawn from 
the data of Tables IV and V. First, because the mean ACp* 
values are not numerically large in the region 25-50° 
(which is near the middle of the temperatures ranges com­
monly used to obtain activation parameters for reaction 1 ), 
it is reasonable to disregard the temperature dependence of 
AH* and AS* when seeking correlations involving these 
parameters for reaction 1 within a series in which X2- is 
changed.2 However, data obtained at the extremes of the 
normal liquid range of water should be regarded with cau­
tion. Secondly, comparison of the data of Tables I, IV, and 
V shows that ACP* values calculated over the 0-60° range 
for X2- = S 0 42-, N 0 3- ,  and Br-  are not significantly dif­
ferent; for the 20-70° range, ACP* is similar for X2- = Br-  
and Cl- , but here the sulfato complex is anomalous. These 
considerations suggest that ACP* values for reaction 1 may 
be similar for a given charge type at a given temperature, 
although calculation of ACP* over such wide AT intervals 
obviously conceals important temperature dependence ef­
fects.

Most importantly, maxima in ACP* at least 100 (X2- = 
Br- ) and 200 (X2- = SO42-) cal deg- 1  mol-1  high, relative 
to low-temperature values, occur near 35°, and this effect 
requires an explanation. We have taken care to demon­
strate that the maxima cannot be artifacts arising from side 
reactions or the experimental methodology, and there is no 
evidence for a gross change in reaction mechanism as the 
temperature is varied. For organic solvolyses in water, the 
reported values of ACp* have in general been based on 
measurements over small temperature intervals AT, and 
with some exceptions20-21 the possible temperature depen­
dence of ACp* has not been considered important. How­
ever, Wold22 has reanalyzed the reported rate coefficients 
of 60 organic solvolysis reactions and has concluded that 
ACP* for these reactions typically passes through a rela­

tively shallow but distinct minimum near 35°. We have re­
calculated ACP* values over 25 and 40° intervals from data 
obtained by Robertson23 for the hydrolysis of aqueous 
methyl p-methylbenzenesulfonate over a wide temperature 
range, and have found a distinct minimum near 45°; how­
ever, the range in ACP* was much smaller (about —10 to 
—50 cal deg-1  mol-1) than for reaction 1 and most values 
lay in a narrow range (—30 to —40 cal deg- 1  mol-1). Thus, 
the existence of extrema in ACP* as a function of tempera­
ture seems to be not only a real effect but also a rather gen­
eral one.

Similar extrema have been observed in the heat capaci­
ties of ionization ACp° of several aqueous acids24-28 and of 
water itself,27-28 as a function of temperature. Indeed, the 
partial molal heat capacities Cp° of typical electrolytes in 
water generally rise sharply from strongly negative values 
at 0° and in most cases pass through a maximum within 
the normal liquid range of water, especially for 2:1 and 3:1 
electrolytes, as the temperature is increased.29 The latter 
fact provides an empirical explanation for the maxima in 
ACp* for reaction 1, in which extra electrolyte is in effect 
generated as the reaction proceeds from the initial state 
Co(NH3)r)X(:,- 2)+ to the transition state |Co(NH3)53+,X2-]. 
However, this encouraging observation does not constitute 
a theoretical basis for understanding the phenomenon of 
extrema in ACp*.

Leung and Grunwald27 have shown that, for a formal so­
lute which exists in two forms A and B, in equilibrium but 
differing in enthalpy, Cp will exhibit a maximum. If x is the 
fraction of solute molecules belonging to form B, then, for 
the formal solute

C„°fo rm a l =  Cp°A + [.v(l -  *) (AH') 2 ' RT1} (5)

where AH' is the excess in molar enthalpy of B over A and 
is assumed to be independent of temperature. Cp0A may be 
expected to increase slowly with rising temperature, but 
the second term on the right will pass through a maximum 
at a temperature Tmax at which x = V2 — (RTmax/AH'), the 
height of the maximum being governed by AH'.

Leung and Grunwald27 applied eq 5 to explain the maxi­
mum in ACp0 for the ionization of water; here, Cp° for the 
formal solute [H+ + OH- ] governs the temperature depen­
dence of ACp°, since Cp° for un-ionized water is almost in­
dependent of temperature. A recent réévaluation of the 
thermodynamic data for the ionization of water28 indicates 
that Leung and Grunwald’s ACp° values are somewhat in 
error, the maximum of about —40 cal deg- 1  mol- 1  occur­
ring near 70° rather than 30°, but it is nevertheless clear 
that AH' would have to be on the order of 7-10 kcal mol- 1  
to produce a ACP° maximum of the magnitude observed. 
Because the data considered by Leung and Grunwald re­
ferred to simple ions in solution at infinite dilution, the dif­
ference between their postulated species A and B would al­
most certainly be one of mode of solvation, and it is there­
fore reasonable to suppose that solvational phenomena can 
also account for the maximum ACp* for reaction 1 on the 
basis of the Leung-Grunwald theory. Indeed, for organic 
solvolyses in water, ACp* itself is generally believed to re­
flect solvational effects, probably through disruption of the 
solvation sheath of the initial state as the system moves to 
solvate the newly formed ions.4

However, because reaction 1 was studied in 0.1 M aque­
ous perchlorate, one must first consider the possibility that 
the distinction between species A and B might originate in 
ion pairing by perchlorate.30 The -ion-pair formation con­
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stant would then be 10  M_1 near r ma,  when the free-ion 
form A and the perchlorate ion-pair B are present in equal 
amounts. Since the Co N bond length in typical species 
Co(NH3)5X (3-z)+ is about 0.200 nm,31 one can use values of 
the ionic radii32 of Co3+, 0 2~, and Cl7+ to estimate that the 
closest approach of the Co(NH:.)f,X,:!~zI+ and CICL-  ion 
centers will be not less than 0.6 nm, and following An- 
deregg33 one can calculate theoretical upper limits for the 
ion-pair formation constant of 6.4 M_1 and for the associ­
ated enthalpy change (= AH') of 0.5 kcal mol- 1  for a cation­
ic charge of 2 (the bromo complex), or 1.9 M-1, 0.3 kcal 
mol- 1  for a cationic charge of 1  (the sulfato complex). This 
calculation and experimental data34 36 suggest that the re­
quired formation constant of 10 AT- 1  is not impossibly 
high, though Johansson’s recent critical review37 give», 
cause for skepticism, but the calculated enthalpy changes 
are too small by a factor of 10  or more to permit identifica­
tion with AH' (unfortunately, experimental enthalpy data 
for perchlorate ion pairing are not available).

In any event, the question is not how ion pairing might 
affect Cp'formai for the initial state [Co(NH3)5X(3~2i+aq] or 
Cp*formal for the transition state [Cc(NH3)53+,Xz_aq]*, but 
rather how it might influence ACp*, which is Cp* formal — 
Cp'formai- From the standpoint of their tendency to pair 
with ClO.r, both the initial and transition states are in ef­
fect cations of charge (3 — z)+ , and so their perchlorate ion 
pair formation constants, and the associated enthalpy 
changes, will not be significantly different. Thus, the ob­
served temperature dependence of ACP* for reaction 1 can­
not be attributed to ion pairing with perchlorate. Further­
more, ion pairing of this type is not relevant to the organic 
solvolyses, which nevertheless also show significant (albeit 
different and smaller) temperature dependences of ACp*.22

We should therefore seek to explain the temperature de­
pendence of ACp* in terms of a hypothetical Leung-Grun- 
wald distribution of the formal ionic species between two 
different modes of solvation. Complex ions such as 
Co(NH3)5X(3-z,+ in aqueous solution may be considered to 
be surrounded by a “second coordination sphere” (region I) 
of solvating water molecules with :,heir oxygen atoms ori­
ented toward the central ion, and probably hydrogen bond­
ed to each other and (in the complexes considered here) to 
the ammine ligand protons. Beyond the “ordered” region, a 
second region (II) containing “disordered” water molecules 
is believed to exist, in which the tendency of these water 
molecules to hydrogen bond into bulk solvent “structure” 
is nullified by the proximity of the central ion.30"38 At the 
low temperature limit, presumably corresponding to the 
homogeneously frozen solution, region II would be com­
pletely depopulated, and the complex ion plus the extend­
ed region I may then be identified with the Leung-Grun- 
wald species A. At sufficiently high temperatures, thermal 
disordering will depopulate region I completely, and the 
complex ion surrounded by region II alone can be identi­
fied with the Leung-Grunwald species B. Since the transfer 
of n water molecules from region I to region II will proceed 
stepwise as the temperature rises, the generalized Leung- 
Grunwald eq 6 is more appropriate than eq 5; Leung and 
Grunwald’s preference27 for the latter was based on a fit of 
ACp0 data for the ionization of water which are probably in 
error.28

C / formal =  Cp\  + [» x '( l  -  x’)(AH")2/R T 2] (6)

Here, AH" is the enthalpy (assumed to be independent 
of T) required to release one molecule of water from the

presumably hydrogen-bonded environment of region I to 
the non-hydrogen-bonded region II. AH" can therefore be 
expected to be on the order of 5 kcal mol- 1  (equivalent to 
the breaking of two hydrogen bonds per water molecule in 
bulk water39). We can write

LXK-'p ^p formal formal
=  C / A -  Cp\  + [«*.r'*(l -  x’*) -

nx’{ 1 -  x')](AH")2/R T 2 (7)
where n* and n are the time-averaged numbers of water 
molecules solvating the transition and initial states, respec­
tively. Writing An for (n* -  n), the change in the number 
of solvating water molecules on going from the initial to the 
transition state, and putting x’* equal to x’ as an arbitrary 
simplification, we obtain

A C / = ACM + Anx'{\ -  x '){AH")2/R T 2 (8)

High-pressure studies40 indicate An ~  4 for
Co(NH3)5Br2+ and ~8  for Co(NH3)5S 0 4+ in reaction 1 , 
and with AH" ~  5 kcal mol- 1  the last term of eq 8 gener­
ates maxima ~120 and ~250 cal deg“ 1 mol“ 1 high in ACP* 
for these respective complexes at 35°, in good agreement 
with our experimental observations.

In view of the gross assumptions made in deriving eq 8, 
and the large uncertainties in our ACp* values based on 
small intervals AT, it is enough simply to observe that we 
have identified a mechanism which could generate ACp* 
maxima of the magnitude observed. The possibility that 
more than one maximum may exist in the temperature pro­
file of ACp* can be accommodated by noting that assump­
tions such as x'* = x' are probably not strictly valid. The 
occurrence of minima in ACp* as a function of temperature 
for several organic solvolyses in water could probably be 
explained as above if it is recognized that the mode of sol­
vation of neutral organic solutes in water is qualitatively 
different from that of inorganic cationic complexes.4 As 
Leung and Grunwald showed,27 their theory can accommo­
date either maxima or minima in ACP0 for the ionization of 
aqueous acids, and presumably the same will hold true of 
ACp* for solvolysis reactions.
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The enthalpies of precipitation of Agl, silver tetraphenylborate (AgTPB), tetraphenylarsonium tetraphen- 
ylborate (TPAsTPB), and tetrabutylammonium tetraphenylborate (B114NTPB) were measured in t- 
Bu0H -H 20  mixtures, of Agl and BU4NTPB in dioxane-IHO mixtures, and of BU4NTPB in urea-H20  
mixtures via the calorimetric titration technique. From these data the enthalpy of transfer from pure water 
to the aqueous mixtures was obtained as an indication of water-nonelectrolyte structural interactions. Re­
sults indicate that sparingly soluble salts (such as the TPAsTPB and Bu4NTPB) containing two highly 
structure-altering ions are effective probes of these structural interactions, the enthalpies of transfer for 
each from pure water to about 5 mol % f-BuOH being about 25 kcal/mol. In all three solvent systems stud­
ied structure-promoting probe salts exhibited endothermic transfer enthalpies from pure water to the 
highly aqueous mixtures, while the structure disrupting Agl had an endothermic transfer enthalpy in the 
water-f-BuOH system and exothermic in the water-dioxane system. Results are discussed in terms of so­
lute-water and solute-nonelectrolyte interactions. The entropy of precipitation of the four salts in pure 
water is given and discussed in terms of the solvent structural changes occurring upon reaction.

Introduction
While extensive studies still need to be performed on 

water-electrolyte interactions, understanding of these sys­
tems appears to have reached a level of respectability. This 
might even be claimed to be true for the interaction of 
water with nonelectrolytes containing large hydrophobic 
moieties, such as the alcohols and amines.2’3 However, the 
situation is not so favorable for water-hydrophilic nonelec­
trolyte systems. Clearly all these types of interactions must 
rest on firm footing if bodily processes and interactions in 
natural aqueous systems are to be understood. We there­
fore decided to begin studies of water interactions with hy­
drophilic nonelectrolytes such as carbohydrates and simple 
proteins, and we chose initially to utilize a technique which 
had proven to be very valuable in explaining many water- 
nonelectrolyte interactions,3’4 the enthalpy of transfer of 
some structurally sensitive probe species from water to a 
mixture of water with the nonelectrolyte in question. As 
our equipment holdings included several titration calorim­
eters we wanted to utilize a titration procedure to obtain

the enthalpy data of the probe species. In measuring the 
heat of precipitation of sparingly soluble salts we are able 
to obtain enthalpies of transfer for probes containing two 
highly structure-altering ions. In this way we felt we ought 
to realize enhanced transfer enthalpies compared to those 
for soluble salts, in that most soluble salts that have been 
used in the past have contained only one highly structure- 
altering ion, such as the tetraphenylborate (TPB) ion of so­
dium tetraphenylborate.3 The heats of precipitation of the 
sparingly soluble salts reported here are essentially the 
same as would be obtained from heat of solution measure­
ments (with opposite sign, of course), could these experi­
ments be done.

Before this approach could be applied, for example, to 
water-carbohydrate mixtures to investigate the interaction 
of the nonelectrolyte with water, it had to be tested in 
water-nonelectrolyte mixtures for which data were avail­
able from other probes. We wanted to study both structure 
promoting and disrupting probe species in water-nonelec- 
trolyte systems of both enhanced and decreased structure
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compared to pure water. The purpose of our initial investi­
gations, then, was to determine if, indeed, sparingly soluble 
salts could be effective probe species, or if problems in the 
precipitation process would render them inefficient for this 
use. Additionally, we wished to see if, as expected, en­
hanced heats of transfer would be obtained using salts con­
taining two structurally sensitive ions. Further, even 
though water-nonelectrolyte systems that had received 
previous study would be utilized, additional clarification of 
the interactions of structure promoting and disrupting ions 
in these mixtures might be realized.

With these purposes in mind we chose the tert-butyl al­
cohol-water system as the structure enhanced aqueous 
mixture in which fcb test our probe reactions, because this 
system exhibits large structural changes with small 
amounts of added cosolvent.2’3 It was felt that the relative 
sensitivity of the probe reactions ought to be apparent in 
this system. Two species were chosen as examples of struc­
ture-disrupting nonelectrolytes, urea and dioxane. Urea is 
thought to be a structure breaker of a “statistical” type, in 
that it appears to dissolve preferentially in the nonlattice 
component of water, thereby shifting the equilibrium from 
lattice to nonlattice and destroying some long-range 
order.5-6 Dioxane also appears to disrupt the long-range 
order of water. Viscosity studies of dioxane-water 
mixtures7 and the presence of a negative structural compo­
nent of the temperature-of-maximum-density shift8 seem 
to offer clear evidence for the structure-breaking properties 
of this nonelectrolyte.

The sparingly soluble salt probes chosen for this investi­
gation are silver iodide (Agl), silver tetraphenylborate 
(AgfCgHsRB), tetraphenylarsonium tetraphenylborate 
((C6H5)4As(C6H5)4B), and tetra-rc-butylammonium tetra­
phenylborate ((C4H9)4N(C6H5)4B). The iodide ion is 
known to be fairly strongly structure breaking;7’9 silver(I) 
probably does not influence structure significantly, al­
though like most ions it is an overall structure breaker. 
While there is still some uncertainty concerning the phe­
nyl-containing ion, most researchers now agree that these 
species are strong hydrophobic structure promoters,10 as is 
the tetrabutylammonium7 ion.

The precipitation reactions utilized in this study are

Ag+C10V + Na+I' i= r  Agl(s) + Na*C104"

Ag*C104'  + Na+TPB‘ ^  A gT PB (s) + Na*C104'

TPAs'CT + Na*TPB' 5= ^  TPA sTPB (s) + Na'CT

Bu4N*Br + Na*TPB" -i=± Bu4N TPB (s) + Na*Br"

The titrate concentrations were all approximately millimo- 
lar and hence the enthalpy results can be considered to be 
equivalent to those at infinite dilution. The perchlorate 
anion was chosen to minimize ion-pairing difficulties,11 
which in any case are expected to be minimal at these con­
centration levels.

Experimental Section
Chemicals and Solutions. The water used in this study 

was taken from the lab tap water system, deionized with a 
mixed-bed ion-exchange resin, and then distilled from an 
all-glass apparatus. The water was collected, stored in, and 
used from a closed polyethylene container. Its conductivity 
was about 1.2 X 10-6 ohm- 1  cm-1.

feri-Butyl alcohol (Fisher Certified Reagent) was puri­

fied after the method of DeVries and Soffer.12 It was first 
dried over calcium hydroxide (100 g/1. of alcohol) for at 
least 12  hr, and then fractionally distilled under nitrogen. 
The middle 80%, boiling at 79.5-80.5°, was collected and 
stored under nitrogen and over Type 4A molecular sieves at 
about 30° to prevent freezing. The water content of the 
TBA (Karl Fischer method) prepared and stored in this 
way was less than 0.0 1% by weight.

Dioxane (Fisher Certified Reagent) was refluxed over so­
dium metal for 24 hr7 under a dry nitrogen atmosphere in 
an all-glass system, and distilled immediately before use. 
The middle 80% was taken. Any purified solvent not need­
ed for a water-dioxane mixture was stored frozen, under 
nitrogen, in an all-glass container. The dioxane prepared in 
this manner had a uv cutoff of 220 nm (Beckman DK-2A).

Both tert-butyl alcohol- and dioxane-water mixtures 
were prepared by weight. Dioxane-water mixtures were 
stored in a refrigerator.

Urea (Fisher Certified ACS grade), used as received, was 
dried in an oven for 1-2 hr at 110°, then at 70° in a vacuum 
oven for 24 hr.

Tris(hydroxymethyl)ammiomethane (THAM) (Fisher 
Certified ACS grade, 99.97%), silver nitrate (Mallinckrodt 
Chemical Works ACS grade), and sodium hydroxide (Fish­
er Certified ACS grade, 50% (wt/wt) solution) were used as 
received as calorimetric standards. Hydrochloric acid 
(Fisher ACS grade) was used as the calorimetric titrant for 
these reagents.

Sodium iodide (Fisher Certified) and sodium tetraphen­
ylborate (Fisher Certified ACS grade, 99.9%) were used as 
received. Silver perchlorate (G. F. Smith Chemical Co., an­
hydrous), the titrant for these reagents, was also used with­
out purification.

Tetraphenylarsonium chloride (TPAsCl) was prepared 
from the hydrochloride (Eastman Organic Chemicals) 
using an ion-exchange procedure suggested by Bolleter and 
Baczuk.13 These authors gave few details of the procedure, 
which therefore had to be developed independently. A 
strong base anion exchanger (Rexyn 2 0 1, Fisher Scientific, 
65 g) in the chloride and sulfate form was first converted to 
the hydroxide cycle by passing 3 1. of 25% (wt/wt) NaOH 
solution through the column. An acidified silver nitrate test 
was applied to be sure all the Cl“ and S 0 42“ were removed. 
The TPAsCl • HC1 (10 g) was dissolved in a minimum of 
warm water, placed on the column, and eluted with water. 
To prevent solidification during the exchange the column 
was maintained at about 40-50° with electrical heating 
tape. The presence or absence of TPAsOH in the effluent 
was determined by adding excess dilute perchloric acid to 
several drops of eluent. When the TP As ion was present, a 
white precipitate of TPAsC104 formed. This precipitate 
was centrifuged and the supernatant liquid checked for the 
presence of chloride with silver nitrate to determine if any 
TPAsCl • HC1 had not exchanged. A direct test on the el­
uent for chloride was not possible as it was found that ni­
trate ion produces a white precipitate of TPAsNO;!, indis­
tinguishable from silver chloride. Of course, silver perchlo­
rate exhibits the same problem, forming TPAsC1C>4. These 
tests were never positive for chloride ion, indicating com­
plete exchange with the hydroxide. About 500 ml of water 
was used to elute the TPAsOH, with nearly all of the salt 
being present in the middle 300 ml. The TPAsOH was then 
converted to TPAsCl by neutralizing to pH 7.00 with dilute 
hydrochloric acid. As the TPAsOH eluent was dissolved in 
rather strong sodium hydroxide solution, neutralization

The J o u rn a l o f P h y s ic a l C h e m is try , Vol. 79, No. 8, 1975



802 Linford L. Bright and John R. Jezorek

also yielded a fairly concentrated sodium hydroxide solu­
tion. Because of the fairly large solubility difference be­
tween TPAsCl and sodium chloride (9.75 g/100 ml water14 
vs. 35.7 g/100 ml,15 respectively), pure TPAsCl crystallized 
out of solution when the volume was reduced to 40-50 ml. 
The crystals, reported to be TPAsCl • 2H2O by Faithful 
and Wallwork,16 were dried and the melting point was 
found to be 254-257° (258-260° lit.17). The slight melting 
point depression probably was due to residual water or a 
small amount of coprecipitated sodium chloride, neither of 
which were considered to be serious problems in the ther­
mometric titration to be run using the TPAsCl as titrant. 
Therefore, no further purification was performed. About 
80% of the TPAsCl was recovered by this procedure.

Tetrabutylammonium bromide (Bu4NBr) (Eastman Co.) 
was dissolved in acetone (Fisher Certified), filtered, precip­
itated with diethyl ether18 (Fisher reagent grade), and 
dried under vacuum at 60° for several hours. This Bu4NBr 
was used as a “primary standard”. In the urea-water sys­
tem the Bu4NBr was used as received, but the concentra­
tion of these solutions was determined by the AgBr meth­
od. Bu4NBr and all other solid reagents were stored in a 
desiccator over indicating Drierite. Calorimetric titrants 
were generally about 0.1-0.25 M, depending on the enthal­
py of the reaction. Sample solutions to be titrated calori- 
metrically were generally millimolar, and stock solutions of 
all except NaTPB were prepared. To prevent possible hy­
drolysis of the TPB ion, only that amount of solution re­
quired for one titration was prepared, and it was used im­
mediately.

Instrumentation. Three titration calorimeters were uti­
lized in this study. A medium precision differential calori­
metric titration apparatus (system no. 1 ) (patterned after 
that described by Tyson, McCurdy, and Bricker)19 was 
constructed for a portion of this study. The differential sys­
tem was chosen to minimize common heat effects such as 
those produced by stirring and self-heating of thermistor 
temperature probes, and to eliminate the necessity for 
making corrections for heats of titrant dilution, which 
occur in both cells and hence are cancelled out. The cell 
system was not thermostated as this original apparatus was 
not envisioned as a high precision system and the small 
changes in reaction enthalpies which might occur over the 
range of room temperatures (23-27°) were expected to be 
within the limits of error of the apparatus.

Titrant delivery was effected with a Sage syringe pump 
(Model 234-2) and dual 2-ml glass syringes. The pair of sy­
ringes used had rates of 0.01053 and 0.01056 ml/sec. The ti­
tration cells were 90-ml capacity, polyethylene containers. 
With the titration cells in place, a large piece of styrofoam 
insulation was raised into place so that the entire cell as­
sembly was insulated from room air currents. Stirring was 
effected with internal magnetic stirring bars, driven from 
below, at a rate of 600 rpm.

A second differential titration apparatus was later con­
structed (system no. 2) which had much better precision 
than the one described above. This apparatus utilized twin 
25-ml silvered dewar reaction vessels. The entire cell as­
sembly, as well as a length of titrant delivery tube contain­
ing sufficient titrant for at least two titrations, was thermo­
stated in a water bath at 25 ± 0.003° (Haake Model E 52 
controller). Titrant delivery rates (Sage pump, Model 234- 
2, 2-ml syringes) were 0.01040 and 0.01041 ml/sec. The cell 
assembly was constructed of a block of 1 -in. thick polyeth­
ylene. Circular grooves were milled into the underside of

this block into which were glued gaskets of polyethylene 
foam. Into two other blocks of polyethylene were cut bev­
eled holes to fit the bottom of each dewar cell. A system of 
springs attached between this bottom block and the top 
one held the reaction cells tightly against the polyethylene 
gaskets.

Stirring for this system was accomplished with internal, 
egg-shaped, 1-in. stirring bars. The external drive system 
operated at 480 rpm.

The third titration calorimeter used was a Tronac Model 
450 single cell system, with Model 1040 temperature con­
troller. Specifications for this system can be obtained from 
the vendor (Sanda, Inc.). The cell supplied with this system 
was a 50-ml capacity, thin-walled dewar similar to that de­
scribed by Christensen et al.20 The rate of titrant delivery 
for this apparatus was 0.00658 ml/sec. Temperature control 
was about ± 0.001°.

Circuitry. The calibration heating circuit of system no. 1 
was powered by a Kepco constant current dc power supply, 
Model PAT 15-1.5R. In the usual way the current was ob­
tained by measuring the voltage across a standard resistor. 
(ESI, RC4R 1.0 ohm (±0.01%)). The sample cell heating 
coil wire (Evanohm 83 ohm/ft No. 40, Wilber B. Driver Co.) 
was enamel-coated to protect it from corrosion.

The temperature sensing circuitry used was similar to 
that of Tyson et al.19 The temperature differential of the 
two cells was monitored with a Wheatstone bridge circuit, 
two arms of which contained pairs of the temperature sens­
ing probes, while the other two arms contained fixed 15- 
kohm resistors. A pair of thermistors was used in each cell 
in order to balance out sudden heat gradients in the solu­
tions. It was found that much decreased noise was obtained 
in this way. The thermistors used were 2-in. glass probe 
type, 30 kohm (±20%) at 25°, temperature coefficient of re­
sistance —4.5%/deg, from Victory Engineering Co., Type 
A43R. The bridge power was provided by two 1.45-V mer­
cury cells wired in series. In series with the Wheatstone 
bridge measuring circuit was a bridge-type buckout circuit 
used to bring the recorder pen on scale.

The circuitry of system no. 2 was similar to that of no. 1, 
with a few exceptions. The heater circuit was powered by a 
Heathkit regulated low-voltage power supply, Model IP-27, 
and the standard resistor was 10.0 ohm (± 0.0 1%), from the 
same vendor as above. The bridge was not a Wheatstone 
type, but rather was constructed with a 1.45-V mercury cell 
in each of two arms, while the remaining two arms each 
contained a thermistor pair. This bridge configuration pro­
vides a more linear resistance vs. temperature response.21 
The voltage of the temperature sensing bridge of this, as 
well as the other two systems was monitored with a Leeds 
and Northrup Speedomax XL, 600 series, strip chart re­
corder. The standard resistor and heating coil voltages of 
all three systems were measured by one of three digital 
multimeters, a Weston Model 1240, a Data Precision 
Model 245, or a Digitec 275A.

Procedure. Two or three heating calibration runs were 
performed for each titration with all three instrumentation 
systems to ensure a reliable heat capacity determination. 
Calculation of enthalpy values was effected using the pro­
cedure of Tyson et al.,19 direct comparison of the average 
heating run slope with the titration slope. At least four ti­
tration runs were performed for each enthalpy value re­
ported. Because system no. 1 had only moderate adiabati- 
citv heating and titration slopes were somewhat curved, 
and thus the “initial slope method” was used to determine
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the slope values.22 This necessitated using a correction 
based only on the pretitration or preheating drifts.

The very good adiahaticity of the other two titration sys­
tems ensured much more linear slopes Generally, the slope 
was measured near the midpoint of the titration and cor­
rections were made (for the Newton cooling effect) based 
on pre- and post-titration baseline drifts and the post-end 
point baseline, and for the effect of titrant temperature 
(which normally is different than the cell content’s temper­
ature) on the titration slope. A final correction for the heat 
capacity change resulting from addition of titrant was also 
made. Heat of dilution corrections were found to be very 
small for the reactions employed, and were not made for ti­
trations using the Tronac system. Of course, these effects 
are cancelled out by the differential systems.

For both system no. 2 and the Tronac system the New­
ton cooling correction at point “p” at which the titration 
slope was measured was calculated by assuming a linear 
cooling effect over the small temperature ranges experi­
enced, and a simple interpolation was performed using the 
pre- and post-titration baselines. For the differential sys­
tem the effect of the titrant on the system is a function 
only of the difference in temperature of the two cells, and 
the baseline drift at any point is a measure of this differ­
ence. Knowing this drift at the end of the titration (titrant 
off) and the overall slope after the end point (titrant still 
on) permits the calculation of this titrant effect for the 
temperature differential existing at the end point. A simple 
proportion, using the Newton cooling effect at the end 
point (post-titration baseline) and at point ‘ p” permits the 
calculation of the titrant effect at point “p”, knowing what 
it is at the end point. For the Tronac system the titrant ef­
fect at point “p" was assumed to be trie same as that at the 
end point of the titration.

For both system no. 2 and the Tror.ac system the heating 
curve slope at the midpoint was calculated by extrapolating 
the pre- and post-heating drifts, measuring the time of 
heating as the distance between perpendiculars drawn at 
the point of intersection of the extrapolation lines and the 
heating slope line, and measuring the temperature rise as 
the height of the line drawn vertically between the extrapo­
lation lines at the point where the heating slope was de­
sired. The final heating slope then was simply the height 
divided by the time.

Calibration of system no. 1 was performed using the 
reaction of hydrochloric acid titrant with sodium hydrox­
ide, THAM, and silver nitrate, reactions for which accurate 
literature values are known. In general, internal precision 
of the results (for at least five runs) was moderately good 
(between 1 and 2% relative average deviation (±0.2-0.3 
kcal/mol)), while the accuracy was better, usually about 1 % 
or slightly larger. System no. 2 and the Tronac system were 
calibrated using the hydrochloric acid-THAM reaction. 
The internal precision was about ±0.15 and ± 0.10 kcal/mol 
(average deviation), respectively. Agreement with the liter­
ature value (11.33 kcal/mol)22 was good, 11.24 and 11.32 
kcal/mol, respectively, at 25°. In general for these as well as 
the precipitation reactions titration rimes were between 30 
and 60 sec.

Results
All the precipitation reactions studied had fast kinetics 

and exhibited sharp end points. The only exception to this 
was for B114NTPB at 0.15 mole fraction dioxane. Here 
somewhat slower kinetics was observed, but still rapid

Figure 1. T h e  o v e r a l l  e n t h a lp y  o f  r e a c t i o n  f o r  A g l  a n d  A g T P B  p r e c ip i ­

t a t io n  a s  a  f u n c t io n  o f  T B A  c o n c e n t r a t io n .  S i lv e r  t i t r a n t  w a s  a b o u t  
0 .1  M  a n d  t i t r a t e  w a s  a b o u t  0 .0 0 1  M.

Figure 2. T h e  e n t h a lp y  o f  t r a n s f e r  o f  s o m e  s p a r in g ly  s o lu b le  s a l t s  

f r o m  w a t e r  t o  w a t e r - T B A  m ix t u r e s  a s  a  f u n c t io n  o f  T B A  c o n c e n t r a ­
t io n  in  t h e  h ig h ly  a q u e o u s  r e g io n .

enough to yield a titration curve that could be analyzed in 
the straightforward manner described above. Data for 
BU4NTPB in 0.20 mole fraction dioxane could not be ob­
tained because of extremely slow kinetics of precipitation. 
Indications are that this problem can be overcome by using 
a seed crystal of Bu4NTPB in the reaction vessel, but this 
technique was not fully explored.

The enthalpy of precipitation of Agl, AgTPB, and 
TPAsTPB in TBA-water mixtures was obtained with sys­
tem no. 1. The only exception is that for TPAsTPB in pure 
water, for which system no. 2 was used. All the remaining 
data were taken on the Tronac system except for 
BU4NTPB in pure water. 0.0451 mole fraction TBA and 
0.0299 and 0.0627 mole fraction urea solutions, for which 
system no. 2 was used.
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TABLE I: Enthalpy of Precipitation (SH(R)) of Some Sparingly Soluble Salts in the Water t-BuOH 
System and the Enthalpy of Transfer (AH(tr)) from Water to the Mixtures

Mole Mole
fraction —A //(R ). A//(tri. No. fraction —A//(R), A/7(tr), No.
/- BuOH kcal.'mol kcal 'mol of runs /-BuOH kcal/n;ol kcal 'mol of runs

Agl -

0 26.70 = 0.24 5 0.103 26.20 x 0.30 -0 .5 0 6
0.0201 28.31 x 0.23 1.61 6 0.205 24.72 x 0.18 -1 .9 8 6
0.0265 28.48 x 0.26 1.78 6 0.337 23.29 ± 0.25 -3 .4 1 8
0.0341 27.41 = 0.46 0.71 5 0.496 22.23 x 0.22 -4 .4 7 ; 6
0.0433 28.41 = 0.26 1.71 5 0.685 20.90 ± 0.18 . -5 .8 0 5
0.0607 28.09 ± 0.39 1.39 6 0.900 19.42 ± 0.23 ' - 7 . 2 8 6
0.0746 26.18 ± 0.31 -0 .5 2 7 0.954 20.78 ± 0.85 ' - 5 .9 2 5
0.0887 23.89 x 0.29 -2 .81 5

AgTPB

0 20.16 ± 0.24 6 0.103 25.50 ± 0.30 5.34 5
0.0201 21.50 ± 0.35 1.34 5 0.205 21.44 ± 0.27 1.28 6
0.0265 23.46 ± 0.35 3.30 5 0.337 20.27 ± 0.20 0.11 7
0.0341 26.35 + 0.27 6.19 5 0.496 19.80 ± 0.15 -0 .3 6 5
0.0433 31.73 ± 0.42 11.57 6 0.685 18.15 ± 0.17 -2 .01 5
0.0607 34.98 ± 0.20 14.82 4 0.900 13.10 ± 0.14 -7 .0 6 5
0.0746 30.05 ± 0.22 9.89 6 0.954 11.45 ± 0.14 -8 .71 6

Mole
fraction —A //( Fi ), A//(tr). No.
/-BuOH kcal.'mol kca l/m ol of runs

TPAsTPB

0 7.54 * 0.23 7
0.0311 20.04 - 0.27 12.60 3
0.0400 28.75 r 0.41 21.31 3
0.0504 32.39 1 0.42 24.95 3
0.0612 31.01 ± 0.32 23.57 3

BiijNTPB. at 25'

0 5.76 ± 0.12 5
0.0267 13.65 ± 0.21 7.89 6
0.0451 23.05 ± 0.25 19.29 5
0.0552 29.77 ± 1.1 24.01 6
0.0702 27.89 A- 0.22 22.13 4

The enthalpy of transfer of a salt from pure water to an 
aqueous mixture was calculated as

A//(tr) = AH(R, H,0) -  A//(R, mix)
where AH(R, mix) is the overall reaction enthalpy in the 
w ater-nonelectrolyte m ixture and AH(R, H 2 O) is the reac­
tion enthalpy in pure water. The calculation has been per­
formed in such a m anner as to obtain transfer enthalpies of 
the same sign as would be obtained from heat of solution 
data. Of the four reactions studied a reliable literature 
value is available only for Agl in pure w ater . 1 9  The litera­
tu re value for TPA sTPB  in pure water is in gross disagree­
ment with ours . 2:1 To our knowledge the enthalpy of precip­
itation of AgTPB and Bu4N T PB  has not been previously 
determ ined. The enthalpies of precipitation and transfer of 
the four salts in the three solvent systems studied are given 
in Tables I—III. The overall reaction enthalpy for Agl and 
AgTPB in TBA -w ater m ixtures as a function of solvent 
composition is shown in Figure 1. It can be seen th a t for 
Agl a "shotgun p a tte rn" was obtained in the highly aque­

ous region, and reproducibility was very poor. This was also 
found to be true to a lesser extent for Agl in dioxane-w ater 
mixtures. In the more highly nonaqueous regions reproduc­
ibility was much better (this seems to be true for all the 
systems studied), and the particles of Agl appeared much 
more crystalline. The difficulty in the highly aqueous re ­
gions is probably due to the colloidal natu re  of the Agl p re ­
cipitate although the exact cause was not determ ined. The 
precision of the results for precipitation reactions is gener­
ally poorer than for titrations where a soluble product is 
formed, bu t scatter is still small enough that trends in 
AH(tr) are not obscured. The en thalpy of transfer of the 
four salts as a function of TBA concentration, of Bu4N TPB  
as a function of urea concentration, and of Bu4N T PB  and 
Agl as a function of dioxane concentration is shown in Fig­
ures 2, 3, and 4. respectively.

It can be seen from Figures 1  and 2 th a t all four reactions 
studied have enthalpy vs. TBA concentration extrem a at 
about 4-5% alcohol, in agreement with other probes used 
previously in this solvent system . 2 -9 T he sensitivity of the
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TABLE II: Enthalpy of Precipitation (Af/(R)) of 
Bu4NTPB in the Water-Urea System and the
Enthalpy of Transfer (Aif(tr)) from W ater to the
M ixtures at 25°

Mole
fraction —A//(R), A //(tr), No.

u rea kcal/m ol kca l/m ol of runs

0 5.76 ± 0.12 5
0.0134 6 . 2 1  ± 0.16 0.45 5
0.0299 .6.73 ± 0.17 0.97 4
0.062.7 8.17 ± 0.10 2.41 4

TABLE III: Enthalpy of Precipitation (ALf(R)) of 
BU4 N T PB  and A g l in the W ater-D ioxane System and
the Enthalpy of Transfer (AH(tr)) from W ater to the
M ixtures at 25°

Mole
fraction —A//(R), A //(tr), No.
dioxane! k ca l/ mol kca l/m ol of runs

' Bu4NTPB

0 5.76 ± 0.12 5
0.0204 9.68 ± 0.13 3.92 6

0.0400 11.99 ± 0.17 6.23 5
0.0600 13.20 ± 0.25 7.44 4
0 . 1 0 0 13.40 ± 0.14 7.64 4
0.150 12.43 ± 0.08 6.67 4

Agl

0 26.70 ± 0.24 5
0 . 0 2 0 0 24.68 ± 0.42 - 2 . 0 2 4
0.0400 24.88 ± 0.32 -1 .82 5
0.0600 24.31 ± 0.10 -2.39 5

Figure 3. The enthalpy of transfer of Bu4NTPB from water to water- 
urea mixtures as a function of urea concentration at 25°.

salts as probes of solution structure changes is Agl «  
AgTPB < TPA sTPB  ~  BU4 N TPB , the enthalpy of transfer 
from pure water to the extrem um  being auout 1.7, 15, 25, 
and 24 kcal/mol, respectively. It would appear th a t both 
TPA sTPB  and Bu4N T PB  are sensitive structure-prom ot­
ing probes of w ater-nonelectrolyte structural interactions. 
Given the expense of TPAsCl, however, B u4N T PB  seems 
to  be the preferred probe of this type. W hile Agl is not sen­
sitive com pared to the hydrocarbon-containing salts, and 
reproducibility is not as good, still it seems to be the most 
convenient of the structure-disrupting salts. It appears also 
th a t probes containing two structure-affecting ions are in ­
deed more sensitive than  those with only one. B u4N TPB  
and TPA sT PB  yield transfer enthalpies about 10 kcal/mol

Figure 4. The enthalpy of transfer of Agl and Bu4NTPB from water to 
water-dioxane mixtures as a function of dioxane concentration at 
25°.

greater than  N aTPB  in TB A -w ater m ixtures (25 vs. 15 
kcal/m ol)3.

D iscussion

Some com ments on the contributions to  the overall heat 
of the  precipitation reactions seems to  be in order here. 
T he enthalpy of these reactions can be conceptually broken 
up into its “ stepwise” com ponents, reflecting the stripping 
of the  solvation sphere totally  or partially  away from the 
cation (M) and anion (A), the coming together of the 
“bare” ions to form the molecule MA, possibly partially 
solvated, and the final solvation sphere stripping as several, 
then many, MA molecules come together to form the  crys­
talline MA(s). These effects may all be grouped under a so- 
called electrostatic category. All o ther solute-solvent ef­
fects can be thought of as nonelectrostatic or struc tu ra l . 24

A H ( R )  = A H { A  deso lv ) + A H { M deso lv ) +

A//(MA fo rm ) + A //(M A (s) fo rm ) + A //(st)

where AH(R) is the overall reaction enthalpy, AH(A de­
solv) and A //(M  desolv) are the enthalpy of desolvating the 
anion and cation, respectively, A /i(M A form) is the en thal­
py of form ation of the individual MA molecules, AW(MA(s) 
form) is the enthalpy of MA solid form ation, and A /i(st) is 
the enthalpy of any solvent reorganization which takes 
place upon removal of the M and A from solution. It almost 
gcqs w ithout saying th a t the old “ sphere-in-a-continuum ” , 
Borjt-charging approach is inadequate to account for spe­
cific solute-solver.t in teractions . 2 4 -2 5

If the enthalpy of transfer of these sparingly soluble salts 
is to  be an effective probe of w ater-nonelectrolyte s tru c tu r­
al interactions, obviously it is the last term  of the series 
above (AH(st)) for which maximum changes are desired as 
the nature of the solvent is changed. In many w ater-non­
electrolyte solvents it is probably a fairly safe approxim a­
tion th a t the cation and anion solvation shells ir. the highly 
aqueous region of these m ixtures closely resemble those in 
pure water, i.e., A//(desolv) *  A //(dehvdration). Q uist and 
M arshall have shown th a t in m ixtures of water with “in e rt” 
solvents, such as dioxane. which do not solvate ions because 
of their low dipole moments, hydration num bers of most 
ions are the same as in pure w ater . 2 *5 This is so despite the 
greatly altered dielectric constant of the solvent mixture. 
In other solvent systems, of course, the situation may not 
be the same; indeed, these authors found some intrusion of
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m ethanol and acetone, more polar molecules, into the sol­
vation sphere of the ions. In the TB A -w ater system the 
bulkiness of the alcohol molecule probably inhibits its en ­
trance to any significant extent into the solvation sphere of 
the ions in the highly aqueous regions. Of course, as the 
fraction of nonelectrolyte (X 2) becomes greater, the solva­
tion shell undoubtedly becomes mixed. If the above ap ­
proxim ation holds true, and because AH(MA form) and 
AH(MA(s) form) are constants (approxim ating the lattice 
energy) as long as the same crystal form exists as in pure 
water, AH(tr) ought to  reflect the change in the desired 
AH(st) with changing X->; and the more “specific” the sol­
vation of ions by water, the better th is reflection becomes. 
T hat is. in th e  calculation of A //(tr) all term s cancel, or 
nearly so, save the AH(st), so that

A //( tr)  ~  AH(st, H , 0 )  -  A //(s t, m ix)

and the A rt(tr) of the salt can be used as a probe of the 
change in the structure of the w ater caused by the added 
nonelectrolyte.

As sta ted  above, one of the purposes of this investigation 
was to determ ine whether precip itation  of sparingly soluble 
salts could be an effective m ethod of obtaining transfer en ­
thalpy data. The results appear to  indicate the affirmative. 
Besides this inform ation, however, the data present an op­
portunity  for fu rther consideration of solute-solvent in te r­
actions in these ternary  systems. I t can be seen (Tables I -  
III) th a t the transfer of a structure-enforcing salt 
(B uiN T PB ) from w ater to  the m ixtures yields an enthalpy 
th a t is in the same direction w hether the nonelectrolyte- 
water m ixture is more or less structured  than pure water.

In TBA -, urea-, and dioxane-w ater m ixtures the trans­
fer enthalpy is endotherm ic in the highly aqueous regions 
where solvent structure is changing bu t where th ree-d i­
mensional water structure still exists. As sta ted  earlier, 
TBA is a highly structure-enforcing nonelectrolyte, while 
urea and dioxane are considered to  be disruptive of water 
structure, although possibly by different types of in terac­
tions. Contrasting with the behavior of Bu.iNTPB is th a t of 
Agl. This structure-breaking salt exhibits a AH(tr) th a t is 
endotherm ic in the TBA -w ater system (at high water con­
centrations) bu t exothermic in the structure-d isrup ted  d i­
oxane-w ater mixtures.

A reasonable explanation of this behavior can be arrived 
a t by examining the interaction of structure-disrupting  and 
-enforcing ions in the w ater-nonelectrolyte systems in ­
volved. In the structure-enforced TB A -w ater system struc­
ture-breaking ions, Ag+ and I - , are more effective than in 
pure water, disrupting more structure because the /e  is 
more to d isrup t . 3  The structure-breaking ions apparently  
can “undo” what the structure-enforcing TBA molecules 
have done. Electrostrictive solvation of the ions by nonlat- 
tice water necessitates a shift of the water lattice =* non la t­
tice equilibrium  to the right, resulting in a less hydrogen- 
bonded system. However since there is less nonlattice 
water in the T B A -w ater m ixture than in pure water, rela­
tively more d isruption is necessary to adequately solvate 
the ions. In term s of the precipitation process, an exother­
mic reorganization of the structure d isrupted by the ions 
occurs upon precipitation. This exothermic term  increases 
as the extent of structure disruption increases up to the 
TB A -w ater structural maximum, and hence AH(R) is 
greater in the highly aqueous m ixture than  in pure water.

For structure-enforcing ions, on the other hand, in terac­
tions in an opposite sense to  those of structure-disrupting

ones lead to a AH(tr) in the same direction. As sta ted  by 
A rnett , 3  in a w ater-nonelectrolyte solution more structu red  
than pure water (such as TB A -w ater) added s truc tu re -en ­
forcing nonelectrolyte m ust com pete with the cosolvent for 
the available “ structure prom otability” of the water. T his 
apparently  follows as well for structure prom oting salts, 
and these are therefore less effective as structure enforcers 
than  in pure water. W hen these salts are p rec ip ita ted  from 
pure water endotherm ic collapse occurs of the structu re  
they had prom oted. In the solvent m ixture, however, this 
endotherm ic term  is smaller because less ordering was ef­
fected by the ions. Therefore, A /f(R) is m ore exotherm ic (a 
less endotherm ic A //(st) term ) than  in pure water.

Sim ilar reasoning for the case of structure-breaking ions 
in the d ioxane-w ater system leads to the conclusion th a t 
the ions (Ag+, I- ) are less effective in this structu re-d is­
rupted  solution than in pure water. They are in essence 
com peting with the structure-disrupting  cosolvent (diox­
ane) for the available “structure d isrup tab ility” of the 
water. Because these ions are less disrupting, the extent of 
exotherm ic solvent reorganization upon precipitation is 
less than  in pure water, AH(R) is less exothermic, and 
A //(tr) of the sa lt is exothermic. A sim ilar situation has 
been observed for NaCl transfer from water to  w ater-urea 
m ixtures . 27

As stated  above, while structure-breaking salts exhibit 
transfer enthalpies of opposite sign in structure-enforced 
and structure-d isrup ted  w ater-nonelectrolyte systems, 
structure-prom oting salts, as shown by B uiN T P B , exhibit 
an endotherm ic transfer from water to the m ixture in both 
types of systems. This result indicates tha t s tructu re-p ro ­
moting salts such as this are less effective in all these sol­
vent systems than in pure water, but for different reasons. 
In the T B A -w ater system the B u4N TPB  was competing 
with the alcohol. This cannot be the case in the u rea- and 
dioxane-w ater systems. B u4N T PB  apparen tly  cannot 
"undo” w hat the urea and dioxane have done. T he salt is a 
less effective prom oter than  in pure water, perhaps because 
there is less three-dim ensional structu re  present with 
which it can interact hydrophobically. This situation may 
be clearer if it is viewed from the perspective of the struc­
ture-disrupting  nonelectrolyte rather than  th a t of the 
BU.1N TPB . Analogous to the w ater-TB A -A gl system, the 
urea and dioxane can be considered to  be more effective 
structure breakers in the w ater-B u ;1N T PB  system than in 
pure water. If there is more disruption than  in pure water, 
there must, in effect, be less promotion (by the Bu 4 NTPB). 
In any case, the net result is a A //(R) for B uiN TPB  in 
u rea - and dioxane-w ater systems th a t is more exothermic 
than in pure water, because not as much endotherm ic 
structure collapse occurs upon precipitation. Sim ilar re ­
sults have been observed for transfer of Bu.,NBr from 
water to u rea-w ater m ixtures . 2 8  Likewise, Kay and Broad­
water found a sim ilar increase in the W alden product of 
B u 4N + in both ethano l- and dioxane-w ater mixtures, and 
a ttribu ted  this result to a “hydrophobic dehydration” of 
the B u4N + ion in dioxane.' M ohantv and Ahluwalia2 9  a t ­
tribu ted  the decrease in the excess partial molal heat ca­
pacity of Bu.jNBr in dioxane-w ater compared to pure 
water to interference bv dioxane with hydrophobic enforce­
ment of water structure by the hydrophobic side chains of 
BuiNBr.

The “com petition effect” explanation of , e.g., Bu4N TPB  
in TB A -w ater m ixtures is able to account satisfactorily for 
AH(tr) of the salt from pure water to the m ixtures, but
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TABLE IV: Thermodynamic Param eters for 
Sparingly Soluble S a lt Precipitation in
Pure W ater at 25°

Salt PV,"
AG.

kcal 'mol
A//(R),

kcal/r.iol

A.S(R). 
cal d eg '1 

mol"1

Agl 16.0° -21.82 -26 .70 -16 .4
AgTPB 17.2s -23.46 -20.16 -11.1
TPAsTPB 16.7C -22.77 -7 .54 + 51.1
a-BUjNTPB 13.0C -17.73 -5 .76 -40.2
" L. G. Sillen and A. E. Martell, "Stability Constants of Metal

Ion Complexes”, The Chemical Society. London, 1964. '’ I. M. 
Kolthoff and M. K. Chantooni, Anal. Chem..  44. 194 (1971). ‘ R. 
Alexander and A. .1. Parker. J. Am. Chem. Soc.. 89.5549(1967).

cannot account for the increase in partial molal heat capac­
ity of Bu4N Br on transfer from water to TBA water 
m ixtures . 3 0  If com petition were the only effect present, a 
decrease in heat capacity would be expected. However, it 
has been pointed ou t th a t a second type of interaction m ust 
be considered, namely, solute-solute hydrophobic overlap 
interactions between the salt and cosolvent. 3 1  3 3  A t lower 
tem peratures the com petition effect seems to predom inate. 
Both the hydrophobic nonelectrolyte and the hydrophobic 
sa lt seek water lattice cavities in which to  reside, and m ust 
com pete for those th a t are available. At higher tem pera­
tures the num ber of cavities decreases and the sa lt and co­
solvent solvation cospheres may overlap in micelle-like 
configurations. The overlap theory predicts th a t hydropho­
bic (structure-m aking) solutes will have an endotherm ic 
AH(tr) from water to T B A -w ater mixtures and dioxane- 
water mixtures in the high water regions , 3 1  as is confirmed 
bv our results, and th a t the partial molal heat capacity will 
increase. Nevertheless, the situation is still such tha t, clear­
ly, more systems need to be studied before a sensible pic­
tu re of interactions in these ternary  systems emerges. 
W hatever the interactions are, however, the effects can be 
summ arized as below for w ater-nonelectrolyte m ixtures in 
general and specifically in term s of the effect on AH(R).

(1) In m ixtures more structured  than  pure water: (a) 
structure-disrupting  ions are more effective than  in pure 
water, and AH(R) is more exotherm ic because exothermic 
solvent reorganization occurs to  a greater extent; (b) struc­
ture-prom oting ions are less effective than  in pure water, 
and AH(R) is more exothermic because endotherm ic s truc­
ture collapse occurs to  a lesser extent.

(2) In m ixtures less structured  than pure water: (a) 
structure-disrupting ions are less effective than  in pure 
water, and AH(R) is more endotherm ic because exothermic 
solvent reorganization occurs to a lesser extent; (b) struc­
ture-prom oting ions are less effective than in pure water, 
and AH{R) is more exotherm ic because endotherm ic struc­
tu re  collapse occurs to a lesser extent.

Beyond the structural maximum in the T B A -w ater sys­
tem, even with further added structure-enforcing TBA, 
structure collapse occurs due to  the presence of more for­
eign species (TBA) than  the water structure can to lerate .- 
At this point the am ount of nonlattice water begins to in ­
crease, the ions are probably more strongly solvated, and 
AH(desolv), and hence AH(R), begin to  become more en ­
dotherm ic. In the dioxane- and urea-w ater systems this 
situation probably exists with the introduction of even a 
small amount of structure-disrupting  nonelectrolyte, and

increases in extent as the nonelectrolyte concentration in ­
creases.

Ju s t as, for a series of structure-prom oting alcohols, the 
structure-enforcing N aTPB  probe was able to  be used to 
determ ine relative orders of structure-m aking ability, the 
same situation ought to  obtain for a series of kncwn struc­
ture-disrupting  nonelectrolytes. As our data show th a t 
B u4N T PB  is a very sensitive probe of structural changes 
relative to pure water, the transfer enthalpy of th is salt 
should be a good probe to magnify small structure-altering  
differences between structure-disturbing nonelectrolytes. 
An indication of this is seen in the lim ited results obtained 
for the u rea- and dioxane-w ater m ixtures. Urea is thought 
to only slightly disturb  the water structure. Bower and 
Robinson found only a slight deviation from unity  in the 
activity coefficient of urea in fairly concentrated solu­
tions . 3 4  The ra ther small and linear concentration depen­
dence of AN(tr) shown by our results reflects the  slight, 
statistical, structure-breaking tendencies of this species. It 
breaks w ater structure, bun does no t com pensate with elec- 
trostrictive structure promotion. In dioxane-w ater 
m ixtures larger AH(tr) values are observed, reflecting the 
more extensive structure d isruption by dioxane.3"’ F urther 
studies are under way in th is laboratory with Bu4N TPB  in 
w ater-carbohydrate m ixtures, where differences in the ex­
ten t of structure alteration are expected to be slight . 30

The ideas expressed above concerning structural reor­
ganization of the solvent upon precipitation of the salts are 
given further credence by the entropy of precipitation in 
pure water. Using literature values for the solubility p rod­
uct constants for the sparingly soluble salts involved the 
entropy is easily calculated using our measured enthalpy 
values and the relationships given below.

A G  = —R  T In K  

A G  =  A H  -  T A S

The overall loss in entropy (Table IV) for the Agl precipi­
tation is consistent with the structure-disrupting  ten d en ­
cies of the iodide and the silver ion. The reorganization of 
the water which takes place upon precipitation is an en tro ­
py losing process. The +28 eu change on replacing the io­
dide by the T PB  and the additional +40 eu change on re­
placing the silver of the AgTPB by TPA s are both consis­
ten t with structure-prom cting tendencies of these phenyl- 
containing ions. The water structure promoted by these 
ions collapses on precipitation, an entropy gaining process. 
The gain in entropy for Bu4N T PB  precipitation results 
from the same process of collapse. W hile these entropy 
values do contain the lattice entropy, an unknown factor, 
they are consistent with the in terpretation  we and o thers3 

have given these precipita:ion and solution processes.
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Electrochemistry of Chemisorbed Molecules. III. Determination of the Oxidation State of 
Halides Chemisorbed on Platinum. Reactivity and Catalytic Properties of Adsorbed 
Species

Ross F. Lane and Arthur T. Hubbard*

D e p a r tm e n t  o f  C h e m is try , U n iv e rs ity  o f  H a w a ii. H o n o lu lu , H a w a ii 9 6 8 2 2  

(R e c e iv e d  J u ly  2 6 ,  1 9 7 4 ; R e v is e d  M a n u s c r ip t  R e c e iv e d  D e c e m b e r  6, 1 97 4)

P u b lic a t io n  c o s ts  a s s is te d  b y  th e  N a t io n a l S c ie n c e  F o u n d a t io n  a n d  th e  P e t ro le u m  R e s e a rc h  F u n d

Thin layer voltam m etric data for P t electrodes indicate th a t F _, C l- , B r- , and I-  form chemisorbed layers 
which w ithstand rinsing with typical aqueous electrolytes. The chemisorbed halides are much less reactive 
toward electrochemical oxidation than the corresponding dissolved ions. Aqueous 1“ reacts with the P t su r­
face to form an uncharged adsorbed species, whereas F - , Cl- , and B r-  are adsorbed in anionic form. Ac­
cordingly, F - , Cl- , and Br~, bu t not I, induce the adsorption of Fe2+ in a 2:1 ratio of halide to iron. The in ­
fluence of adsorbed halide on electrode reactions of m etal ions such as P t(II), P t(IV ), Sb(III), and Sb(V) 
can be understood simply in term s of electrostatic interaction between the reactan t and the electrode su r­
face. Chemisorbed F - , Cl- , and B r- cause the surface to be less positively charged, whereas chemisorbed I 
has the opposite effect. In the irreversibly chemisorbed form, halide does not serve as an electron transfer 
bridge in the oxidation of P t(ll)  or Sb(III).

Introduction

A great variety of organic and inorganic ions and mole­
cules chemisorb on P t surfaces1- and when adsorbed pro­
foundly influence the reactivity of electrodes2 ' 4 and ca ta­
lysts.-’ In particular, the halides and isoelectronic anions 
such as SC N -  and S2- are strongly adsorbed, and when 
present appear to be intim ately involved in electron tran s­
fer reactions, such as those of transition m etal com­
plexes . 4 '6 " 8  Their involvement is of a fundam ental sort and 
is expectable for all types of reactants . 0 P t and Hg surfaces 
differ in some im portant respects in their behavior as ad ­
sorbents. For instance, adsorption of halides and olefins is 
considerably stronger on P t than on Hg and the adsorbed 
layers are formed irreversibly: th a t is. they are not removed

when the surface is subsequently rinsed with a solution of 
the pure solvent .2 , 9  The fact th a t the charge of the a d ­
sorbed species does not necessarily correspond to  its d is­
solved form, and thus the reactivity and influence may also 
be unexpected , 2 '4 6 combined with the fact that the charge 
and valency of species adsorbed at P t surfaces have not 
been determ ined prom pted the studies reported here.

The negative shift in the “ rest’’ potential of a P t elec­
trode observed when KI is added to the aqueous electrolyt­
ic cell has been interpreted  by Bagotsky et al. 1 0  as due to 
specific adsorption of I- , in anionic form, and the correct­
ness of their conclusions rests on the appropriateness of 
this assum ption; there is considerable evidence to the con­
trary, however, th a t upon chem isorption the I-  is convert-

The Journal of Physical Chemistry. Voi. 79. No. 8. 1975



Electrochemistry of Chemisorbed Molecu es 809

Figure 1. Cyclic thin layer current-potential curves for clean and io­
dide-treated platinum electrodes: (----------) clean electrodes; (-------- )
electrodes containing chemisorbed iodine The experimental condi­
tions were as follows. The thin layer electrode was cleaned prior to 
each trial as described in the Experimental Section. Chemisorption 
of iodide occurred during exposure of the clean electrode to a 1 m F  
aqueous solution of Kl for 3 min, at open circuit. The electrode was 
then rinsed thoroughly with the pure supporting electrolyte, 1 F  
H CI04, to remove the excess, nonchemiscrbed Iodide from the solu­
tion layer; thus, only chemisorbed material was present at the onset 
of the-current-potential curves. Thin layer volume, V =  3.88 /d; plat­
inum electrode area, A =  1.15 cm2; average solution layer thick­
ness, /  =  33.7 rate of potential sweep, r| =  2.00 mV sec- 1 ; so­
lution temperature, T =  23 ±  1°.

ed to a neutral species3'4’6-11 which displaces adsorbed an­
ions and thus shifts the potential, 4 2 , at tne outer Helm­
holtz plane to values more positive than would otherwise be 
observed. The observed shift in “rest” potential results, in­
stead, simply from the fact that 1“ is an effective reducing 
agent.

Enhancement of the electrooxidation of SbCl4- in 2 F 
HC1 solutions at Pt electrodes resulting from pretreatment 
of the electrodes with KI has been interpreted as evidence 
that the chemisorbed species acts as an electron-transfer 
bridge between the electrode and the Sb(III) reactant.12 
Electrostatic double layer effects were excluded as a possi­
ble cause of the enhancement on the premise that I-  ad­
sorbs on Pt as the simple anion. However, the results could 
have been explained equally well by saying that adsorption 
increased 4>2, and in turn the effective reactant concentra­
tion, leading to the observed increase in rate in a manner 
identical with that already demonstrated for Pt com­
plexes. 4'6,u

At issue, therefore, in the present work is the charge car­
ried by species adsorbed from I- solutions on Pt, and the 
role played by the adsorbed species in electron transfer 
reactions. F- , Cl- , and Br- have been investigated similar­
ly to allow comparison.

R esults and D iscussion
1. Interfacial Excess and Reactivity of Chemisorbed Ha­

lides. i. Iodide. Thin layer current-potential curves for 
clean electrodes and ones containing a layer of chemisorbed

I appear in Figure 1. Oxication of chemisorbed I commen­
ces at potentials about 500 mV more positive than the stan­
dard potential of the I2|I-  couple in the initia., positive­
going potential scan (curve A), indicating that :he chemi­
sorbed material is hindered thermodynamically and/or 
kinetically from reacting. The oxidation produces are non- 
chemisorbed IO:!- 13 and adsorbed oxygen, as evidenced by 
peaks corresponding to reduction of IO3- to T (curve B, 
peak potential, E p = 0.76 V NaCE) and the onset of reduc­
tion of the surface layer (curve C) in the subsequent nega­
tive-going scan. Following reduction of IO3- to I2 at the ox­
idized surface, concomitant reduction of I2 with rhe surface 
layer occurs (curve D), such that the layer of chemisorbed I 
is reestablished, as evidenced by the fact that subsequent 
scans are identical with the first one. That the chemisorbed 
oxygen layer formed during the initial, positive-going scan 
effectively prevents halide adsorption can be seen from the 
current-potential curve obtained when the scan direction is 
reversed following IO3-  reduction, curve B, but prior to 
oxygen-layer reduction (curves C and D), in which a new 
curve E appears corresponding in area and position to oxi­
dation of dissolved I2 to IO3- , and from which curve A due 
to oxidation of chemisorbed material is absent. Rinsing the 
electrode with pure solvent just after the scan had passed 
curve B (E = 0.70 V NaCE) completely removed the I2 
from the cell, confirming that it was not present in an irre­
versibly chemisorbed state.

Since current-potential curves for chemisorbed I ob­
tained previously were not analyzed quantitatively to con­
firm their adherence to the particular form of the experi­
mental equations dictated by the assumed mechanism,13 it 
seemed appropriate to do so here. The appropriate experi­
mental equations were cerived, tested,3 and reviewed,14 
earlier. The thin layer current-potential curve for oxida­
tion of an individual, chemisorbed halogenic species in an 
electrochemically irreversible process is expected to follow 
eq 1-3. Please refer to the Appendix for definitions of svm-

J  = nFA*k\yRTRlt exp

R T* v \ yr 
(1 -  * a ) F r

(1 *)F
RT (E -  E')

exp (1 -  *a)F 
RT (E -  E") (1)

(1 -  *a)nFeA r T j
(e)RT

E = E RT
(1

In R TiT r * k
)F (1 -  *n)Fr

(2)

(3)

bols employed. For the purpose of comparing experiment 
with theory, it is convenient to rewrite eq 1 in terms of the 
peak current and peak potential, as follows:

J  = N ) j v exp 1 a (E -  „Ej -\nFArTC

exp (-
L«F.4»T„ r (E (4)

Graphs of eq 4 and of the experimental data (corrected for 
contribution to the current due to background reactions as 
described in ref 3) appear in Figure 2. The agreement be­
tween experiment and theory is evidence for toe correct­
ness of the above interpretation. In plotting eq 4, it was as­
sumed that, the reaction involves a net transfer of five elec­
trons (n = 5; oxidation of zero-valent I to IO:f  ); direct de­
termination of n  was carried out to substantiate this as­
sumption, as described below. The initial coverage was de-
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TABLE I : Thin Layer Coulometric Determ ination of the 
Number of Electrons Required for O xidative Desorption  
of Chemisorbed Ia

Q Qb»
(oxidation)

Q - Qb, ßCc
(reduction)

10:' r l\  mol 
cm*-, from 

eq 6

h, F a ra ­
day mol-1, 
from eq 6

220.5 203.5 0.37 5.4
284.1 288.3 0.52 4.9
347.7 373.1 0.67 4.7
657.9 623.3 1.12" 5.3
652.3 625.0 1.13" 5.2
648.9 642.4 1.16" 5.0

1060.0 1.91"
1123.6 2.03"

a The experim ental conditions were as follows. The supporting 
electrolyte was 1 F  HC104; th in  layer volume. V =  3.88 gl; electrode 
area, A = 1.15 cm 2; average solution layer thickness, I = 33.7 n- 
b The potential step  was 0.400 to 1.040 V N aC E. 1 Values resulting 
from reduction of dissolved IO 3 , im m ediately following the po­
ten tial step b. The potential step was 1.040 to 0.700 V N aC E. 
d Satu ration  value, obtained as in Figure 1. '  These values resulted 
from rinsing the electrode with 1 mF  I2 for 3 min, at open circuit. 
I2 solutions were prepared as described in ref 13.

I, pa

Figure 2. Theoretical thin layer current-potential curve for electro­
oxidation of chemisorbed I (eq 4): (................ ) observed anodic cur­
rent, i „  for electrode containing chemisorbed I; (------- ) theoretical
current, for electrode containing chemisorbed I, graph of eq 4; (• 
• • •) observed current for iodide-coated electrode, /r(ccrr), after cor­

rection for background current as explained in ref 3; (------- ) back­
ground current, /c, for clean electrode; (..............) theoretical back­
ground current, ih, for a coated electrode. The following values were 
employed in preparing the plots: a/p =  25.2 pA; a£ p =  1.07 V; T| =  
1.12 X  10-9  mol cm ~2 (Table I); n =  5. Other parameters and ex­
perimental conditions were as in Figure 1.

termined by means of thin layer coulometry, again based 
upon n  =  0.

Pt surfaces containing analytically known quantities of 
chemisorbed 1 were prepared for use in determination of 
the n value for chemisorbed I oxidation by taking advan­
tage of the fact that the adsorption process is quantitative 
and irreversible1 :i and that it is a simple matter by means 
of the thin layer electrode to expose the surface to a known 
volume of solution. Since, for a Pt surface not fully saturat-

Figure 3. Thin layer current-potential curves for clean and halide-
treated Pt surfaces: (............) clean electrodes; ------ ) electrodes
rinsed with aqueous sodium halide: (A) Iodide, (B) bromide, (C) chlo­
ride, (D) fluoride. The experimental conditions were as follows. The 
electrode, cleaned as described in the Experimental Section, was 
exposed for 3 min at open circuit to 1 m F aqueous NaX (X =  I, Br, 
Cl, or F). followed by thorough rinsing with water and with pure sup­
porting electrolyte. Current-potential curves for the clean surface 
were obtained by an exactly identical procedure in which pure H20  
was substituted for the halide solution. The supporting electrolyte 
was 1 F H 2S 0 4. Other experimental conditions were as in Figure 1.

ed with chemisorbed I, essentially all of the I7 introduced 
into the solution layer will become adsorbed, the interfacial 
excess resulting from filling the thin layer cavity with a 
total volume, V', of I" solution of initial concentration, C°, 
will be given by eq 5. The quantity, n. in eq 4 is related to

r  = C V /A  (5)
the measured coulometric charge, corrected for a contribu­
tion from background reactions, by the Faraday law, eq 6.

Q -  <5b = «E^r° (6 )
Equation 6 can be applied to the coulometric charge for re­
duction of IO:i_ (n = 5) produced by oxidative desorption 
of I, as a test of the analytical accuracy of the above deter­
mination of n.  The results appear in Table I, from which it 
is clear that oxidation of adsorbed I to IO3“ is a five-elec­
tron process. P0 approaches a limiting value of about 1 X 
10-9 mol cm-2 as compared with approximately 2 X 10-9 
mol cm-2 of surface Pt atoms based upon geometric con­
siderations, implying one adsorbed I per two Pt surface 
atoms. A possible explanation of this observation is that 
adsorption from I- solutions involves the formation of a 
mixed deposit of I and H, eq 7. It is surprising that ad-

r  + —Pt— Pt— + H ,0  — » — Pt—  Pt— + O H ' (7)
I l  ' I I

sorbed H, if present, is not electrochemicallv oxidized at 
potentials as positive as 1.0 V NaCE. although adsorption 
of H on Pt. in a form functionally distinct from that de­
rived from reduction of H20, upon chemisorption of hydro­
carbons, has been reported.15 Adsorption of I from solu­
tions of F was also studied. The results, Table I. indicate 
that when L is the surfactant, the saturation coverage ap­
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proaches one I per Pt in the surface layer, as would be ex­
pected if I2 is adsorbed without the necessity of sharing the 
surface equally with adsorbed H. However, the purpose of 
the present section is to describe the reactivity of the 
chemisorbed halides; the charge of the adsorbed species 
has been investigated more directly through experiments 
described below.

ii. Bromide, Chloride, and Fluoride. Current-potential 
curves obtained for clean Pt electrodes and ones exposed 
briefly to microliter volumes of dilute aqueous solutions of 
NaBr, NaCl, or NaF appear in Figure 3. Peaks related to 
reversible H deposition-dissolution appear in the current- 
potential curves for clean electrodes and may be taken as 
evidence that the surface is relatively clean,15’16 although 
determination of the origins of these peaks evidently must 
await the results of experiments upon electrodes of precise­
ly known surface atomic structure and composition. Simi­
larly, positive-going scans exhibit several indistinct peaks 
in the oxygen-adsorption region which are associated with 
surface cleanliness.17 The influence of chemisorbed halide 
on the H and O adsorption regions of the current-potential 
curves is appardrtt for all of the halogens, but most dramat­
ic for I. Exposing the Pt surface to 1 mF aqueous Nal com­
pletely prevents H and 0 electrodeposition over the normal 
ranges of potential characteristic of the clean surface. Simi­
larly, treatment of the surface with aqueous Br- , Cl- , or F- 
suppresses H and 0 electrodepositicn, although not as dra­
matically as I. The degree of influence is in the order I > 
Br-  > Cl-  > F- ,

Halide adsorption has the effect of decreasing the 
amount of H: deposited at a given magnitude of the elec­
trode potential, as has been pointed out in many articles, 
listed in ref 16, and shifts the current peaks to less revers­
ible potentials, as can be seen from Figure 3. Previous stud­
ies have not made clear the fact that chemisorption of each 
of the halides on Pt surfaces occurs irreversibly; that is, the 
chemisorbed halide is not removed by rinsing with inert 
electrolyte apart from extremely positive electrode poten­
tials within a practicable length of time. Once the surface is 
exposed to halide it remains coated until cleaned. The 
characteristics of the Pt-halide bond in the chemisorbed 
layer are thus reminiscent of the nonlabile coordination 
compounds formed between halide ions and Pt(II) or 
Pt(IV).18 Studies of the Pt-halide bond in adsorption sit­
uations and coordination compounds are in progress and 
will be reported elsewhere.19

Irreversibly chemisorbed halide layers on Pt have es­
caped detection at least in part because the adsorbed mate­
rial is difficultly reactive, giving no appreciable faradaic 
current in the range of electrode potentials in which the 
“dissolved” halides react freely.13-20 Comparison of the cur­
rent-potential curves in Figure 3, obtained when only 
chemisorbed halide was present, with those obtained with 
halide in the solution, Figure 4, illustrates this situation. 
I- , Br- , and Cl-  solutions all exhibit well-defined, revers­
ible current-potential curves at the thin layer electrode, F- 
being masked by oxidation of the solvent, but the chemi­
sorbed layers betray their presence only by suppressing the 
reactions of other species. Quantitative evidence has been 
presented for the unreactivity of I chemisorbed at Pt,13 
based upon experiments in which the clean thin layer elec­
trode was supplied with only enough liquid to fill the thin 
layer cavity; due to the unreactivity of the chemisorbed 
material, the Faraday law takes the form of eq 8, resulting

Q ~ = nFVC0 -  nFVlr" (8)

Figure 4. Thin layer current-potential curves illustrating the unreacti­
vity of halide when chemisorbed on Pt: (curves A) electrode treated 
with large excess of halide solution; (curves B) electrode supplied 
with exactly 3.88 X 10 - 3  cm 3  of 0.5 m F  NaX. The solution con­
tained 0.5 m F N aX  (X =  I, Br) in 1 F H 2 SO 4 . Other experimental con­
ditions were as in Figure 1. Shaded area designates decrease in 
total charge caused by chemisorption in unreactive form.

in an area under the current peak (nFVC0 -  nFA r°) of less 
than that expected under normal circumstances (nFVC0), 
achieved in the present case by rinsing the surface with an 
excess of the halide solution. The results appear in Figure
4. The difference in area between pairs of curves (shaded) 
indicates that I'° equals about 10-9 mol cm-2 for the condi­
tions employed. Note that this is the maximum not the 
equilibrium value corresponding to the given concentra­
tion. However, owing to the large contribution to the mea­
sured charge resulting from background reactions, and the 
difficulty of properly assigning this charge, this procedure 
was not employed for quantitative estimation of P°. In­
stead, after Br- , Cl- , or F-  had been allowed to adsorb, the 
coated surface was exposed to an exact volume of a solution 
of Nal in 1 F HC104, and the excess I-  determined coulo- 
metrically, taking advantage of the circumstance that the 
adsorption process is irreversible, that I adsorption is 
quantitative and that adsorbed Br- , Cl- , and F-  do not in­
terfere with the determination of I- . Typical current-po­
tential data resulting from this procedure appear in Figure
5. Each curve represents a separate experiment. Curve A, 
obtained in the absence of adsorbed Br- , incicates the 
amount of I- remaining after saturation of the initially 
clean surface with I (eq 8). Curve B shows that less I- is re­
moved from solution by a surface pretreated with Br- and 
curve C shows that no further I-  uptake is possible once 
the surface has been saturated with I. Curve D was ob­
tained for an electrode containing only chemisorbed I. 
Curves having a similar appearance were obtained for sur­
faces treated with Cl- or F- . In analyzing the resulting 
data it was assumed that chemisorbed I occupied all sites 
not occupied by Br- , in a ratio of two Pt surface atoms per 
I atom adsorbed and one Pt surface atom per Br- adsorbed 
(eq 9), where iY’fsatd) and I'l0 refer to the maximum (satu-
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TABLE II: Interfacial Excess Data for I, Br , Cl , and F Chemisorbed on Pt°

Halide X
Iodide 

concn, mF Q, n c
FAT/. juC, 
from eq 8

10lnr x .°, mol cm' 
from eq 9

I 1.0 274.0 ±2.3 23.9 ± 1.0 124.3 ± 3.3 11.2 ± 0.3
Br" 1.0 350.3 ± 6.6 28.1 ± 1.2 52.2 ± 7.8 13.0 ± 0.9
Cl" 1.0 317.4 ± 4.2 24.0 ± 1.6 81.0 ± 5.8 7.8 ± 0.7
F" 1.0 308.0 ± 7.1 23.5 ± 0.9 89.9 ± 8.0 6.2 ± 0.9

" Chemisorption of Br . Cl , and F was effected as in Figure 3. Exactly 3.88 x 10 3 cm3 of 1.0 mF Nal in 1 F  HC104 was then added. 
Each entry represents the average of several trials with the reproducibility shown. Electrode area. .4 = 1.15 cm2; initial potential. 0.200 V 
NaCE: final potential. 0.550 V NaCE.

i ,  P a

Figure 5. Thin layer current-potential curves for Pt electrodes con­
taining mixed deposits of chemisorbed Br-  and I: (curve A) clean 
electrode with 3.88 X  10-3  cm 3 of 0.5 m FN al, in 1 F H C I0 4, added; 
(curve B) electrode was rinsed with 1 m F  NaBr for 3.0 min; 3.88 X  
10-3  cm3 of 0.5 m F  Nal in 1 F  HCI04 was then introduced; (curve C) 
electrode was rinsed with 0.5 m F N al for 3.0 min; 3 .88 X  10-3  cm3 
of 0.5 m F Nal in 1 F  H CI04 was then introduced; (curve D) electrode 
was rinsed with 0 .5 m F  Nal for 3.0 min; 3.88 X  10-3  cm 3 of 1 F  
H C I04 was then introduced. Other experimental conditions were as 
in Figure 1.

r B r - n  =  2 [ r I ° ( s a t d )  -  r , " |  ( 9 )

ration) and observed (after Br- pretreatment) interfacial 
excesses, respectively. Equation 9 was also employed for 
Cl- and F- . That I-  does not dislodge chemisorbed Br- 
from the surface is indicated by the absence of a peak for 
oxidation of dissolved Br- (Figure 5, curve B). The results 
are summarized in Tables II and III.

2. Adsorption of Fe'2+ Induced by Halide. Kinetic evi­
dence was presented in ref 4 and 6 that aqueous l-  solu­
tions react with Pt surfaces to form neutral chemisorbed 
species. Thermodynamic evidence in support of this hy­
pothesis has now been obtained, also, by taking advantage 
of the fact that when a thin layer electrode is rinsed and 
filled with a solution of a species which adsorbs in an elec­
troactive form the adsorbed amount is direct y and accu­
rately indicated by the coulometric charge,'4 1 -21 eq 10. In

Q -  Qb =  » F T C 0 -  » F i r "  (10)

particular, when a Pt thin layer electrode is rinsed with a 
solution of FeL in HgO the surface acquires a layer of ad­
sorbed halogenic species, and Fe2+ ions will be retained at 
the interlace to preserve electroneutrality if the adsorbed 
halogenic species is negatively charged, hut will be swept 
away into the bulk solution if the adsorbed halogen is un­
charged; accordingly, observation of an interfacial excess of 
Fe2+ would be indicative of halide adsorption in anionic

TABLE III: Interfacial Excess Data for Fe2 * at 
Halide-Coated Pt Surfaces“

Halide
X

Halide
concn,

mF Q,  q C Qbj mC

1 0 l n r F e : + ° ,

mol cm"2, 
from eq 6

I 1.0 23.3 ± 1.5 22 .0  ± 1.1 0.1 ± 0.2
Br" 1.0 98.4 ± 2.7 31.8 ± 1.4 6.0 ± 0.4
Cl" 1.0 70.1 ± 3.1 35.7 ± 1.8 3.1 ± 0.5
F" 1.0 69.2 ±3.0 41.4 ± 2.0 2.5 ± 0.5
" Experimental conditions as in Table II. except CV,2* 0 = 0.5

mF; initial potential. 0.200 V NaCE: final potential. 0.520 V NaCE.

form, and, conversely, the absence of an interfacial excess 
would argue against the presence of anionic adsorbates. 
That is, the electrode electronic charge, q,  must be equal 
and opposite to the sum of the ionic charges, q ;.9 eq 11. Ne-

d = -Z /D  = - F . 4 l z ; f  C,. d.v = - F A T z f f  (11)
i  i J  0 i

glecting the charge due to H+ and OH-  for Cjv + > 10-4 F 
leads to eq 12. Thus. 2IYe;+° and Ty-0 differ bv an amount

q = -  FA f  | 2 CFs>  -  Cx-]d.v =

-F A [2 r Fe2+° -  r x-°| (12)
equal to q, of course, but this difference is not sufficiently 
large to invalidate the qualitative result because the halide 
ionic charge excess, FA r x-°, is very large in comparison 
with q. at least for X = I, Br, Cl, and F. Thus, to preserve 
electroneutrality solely by equating q  to FArx-H would re­
quire unreasonably large electrode potential, capacitance, 
and/or zero charge potential. For instance, if r x-° is taken 
to be 10-9 mol cm-2, then the departure of electrode poten­
tial, E, from the zero charge potential, E.„ predicted by 
means of eq 13 for electrode double layer capacitance, C,

q  = f  C d E  =  FATX.° (13)

on the order of 25 pF cm-2.22-2" would have to be about E -
F. , = 4 V! Instead, it seems very likely that preservation of 
electroneutrality is formation of a mixed layer either as 
stated in eq 7, or in eq 14. Fe(II) exists primarily as the

F e 2*

F eB r, + — Pt— Pt—

Br" Br"
1 !

— p t— p t— (14)

simple aquo dication, Fe(HoO)62+. in its dilute halide solu­
tions at slightly acidic pH.24 Determination of Fe2+ was 
carried out by means of thin layer coulometric experiments
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I , pa
-I.5J- -I.5

Figure 6 . Current-potential curves of Pt thin layer electrodes rinsed
with aqueous FeX2: (-----) reactant solution; (-•-•-) background;
(A) Fel2, (B) FeBr2, (C) FeCI2, (D) FeF2. The experimental conditions 
were as follows. Prior to recording each current-potential curve the 
clean electrode was rinsed with an excess of 0.5 mF FeX2 in pure 
water at pH 6.5, freed of excess solution by application of pressur­
ized inert gas and filled with exactly 3.88 X 10-3 cm3 of 1 F HCI04. 
NaX was employed in place of FeX2 in recording the background 
curves. Other conditions were as in Figure 1.

in which it was ascertained that the excess of FeX2 solution 
could be expelled from the thin layer cavity by application 
of pressurized inert gas, retaining only a thin film having a 
negligible volume, and that the cell could be subsequently 
filled with an aliquot of 1 F HC10.( by release of the inert 
gas pressure without loss of the adsorbed material. Thus, 
the measured coulometric charge corresponded solely to 
the adsorbed Fe-+ and background reactions (eq 6).

Current-potential curves for Pt electrodes treated at 
open circuit with aqueous Fel2, FeBr2, FeCl2, or FeF2, freed 
of excess solution (E = 0.200 V) and filled with 1 F HCIO4 
appear in Figure 6, and values of I>e2+° are compiled in 
Table III, from which it can be seen that halide ions induce 
the adsorption of Fe2+ in the order Br~ > Cl- > F-  and 
that Fel2 does not lead to Fe2+ adsorption, within the sen­
sitivity of the method, a few per cent of a monolayer. This 
substantiates the claim that I-  forms a neutral chemi­
sorbed species on Pt.

3. The Question of Electron Transfer Bridging by 
Chemisorbed Halide, i. Electrochemical Interconversion of 
PtUI) and Pt(IV) ('ompounds. Previous studies have de­
tailed the influence of chemisorbed I on the electrode reac­
tions of Pt(II) and Pt(IV) complexes.4-6J U4 By comparison 
with various other surfactants, charged and neutral, it is 
apparent that chemisorbed I limits the adsorption of other 
anions, rendering the potential, (fc, at the reaction plane 
more positive than it would otherwise be, leading to an in­
crease in the effective concentration of anionic reactants at 
the reaction plane and to an increase in reaction rate, or to 
a decrease in concentration and reaction rate of positively 
charged species, with little or no effect being observed for 
neutral reactants.4 The kinetic influence of chemisorbed I 
and other surfactants not reacting chemically with the 
Pt(II) and Pt(IV) complexes is preponderantly of electro­
static origin and depends only on the ionic charges of the 
reactant and surfactant for a wide variety of structural and

I, ua

Figure 7. Thin layer current-potential curves for Pt((N02)(NH3))2 at 
clean and halide-coated platinum electrodes: (-----) reactant solu­
tion; (-------) blank; (A) clean electrode, (B) chemisorbed I, (C)
chemisorbed Br- , (D) chemisorbed Cl- , (E) chemisorbed F- , (F) so­
lution contains 1 mF Cl- . The solution initially contained 1 mF Pt(ll) 
and 1 F HCIO4. Other conditions were as in Figure 1.

charge types. The remaining factors, steric hindrance and 
conformation, are important only at very high coverages or 
when reactant-surfactant chemical bonding3 is present.

Further, the chemisorbed halide layer (the material not 
removed by rinsing and not electrochemically reactive at 
the reversible potential) does not serve as an electron 
transfer bridge in Pt(II)—Pt(IV) interconversion. That is, 
an electrode known to contain chemisorbed halide does not 
oxidize Pt(II) in halide-free solution by way of the charac­
teristic halide-bridged path4-6’7,11,25'26 eq 15-20 (where X-

equi 1
P tn L4 + Z ^  P tn L4Z (15)

equi 1
(Pt electrode) + X' (Pt e lec trod e)—X" (16)

equ i 1
P tn L4Z F (Pt e lec trod e)—X'

(Pt e lec trode)—X— Ptn L.Z (17)
slow

(Pt e lec trod e)—X— PtHL4Z 3 =̂5=
f ast

(Pt e lec trode)—X— Ptm L,Z > e" (18)

fast
(Pt e lec trod e)—X— P tn i L,Z slow

(Pt e lec trode)—X— Ptn L,Z ■+- e" (19)
equi 1

(Pt e lec trode)—X— P tIVL ;Z —^
(Pt electrode) + tra ils— P tIVL4XZ (20)
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= Cl", Br- or I", L = X", SCN", CN~, N O r, NH3, NR3, 
or Hl;0, in any combination, and Z = L or X- ), as illus­
trated by typical data in Figure 7. Thus, apparently, halide 
in its irreversibly chemisorbed state on Pt is not nearly as 
effective in promoting the electron-transfer process,24 eq 17 
and 18, as halide present in a reversibly adsorbed state, or 
as the “free” ion. Comparison of experimental activation 
energies with values calculated by means of an extended- 
Hiickel molecular orbital method has indicated that the 
strength of the electronic interaction between the bridging 
halide and the Pt(II) complex is of primary importance in 
determining the reaction rate.2*5 Since the bond between 
the Pt surface and the bridging halide is at least as strong 
for chemisorbed halide as for reversibly adsorbed or “free” 
halide, it must be a weakening of the interaction between 
the bridge and the Pt(II) complex that accounts for the in­
effectiveness of chemisorbed halide. Thus, these experi­
ments must be viewed in. the context of two cistinct states 
of adsorbed halide, halide in the chemisorbed state being 
less capable of interacting with the Pt(II) complex (eq 17) 
and/or of conducting electron density from Pt.(II) to the 
electrode within the transition state complex (eq 18). In­
deed, from the standpoint of electronic structure one would 
not expect species having such different surface chemical 
characteristics to behave similarly toward electron transfer.

ii. Oxidation of Sb(III) at Pt Electrodes in Aqueous HCl 
Solutions. By analogy with the behavior of Pt complexes, 
the'reported facilitation by adsorbed I of the oxidation of 
Sb(III) in 2 F HCl at Pt electrodes is not necessarily due to 
electron transfer bridging by the chemisorbed I, as was sug­
gested,12 but may instead be due to the fact that adsorbed I 
causes 02 to have more positive values than otherwise with 
a corresponding increase in the surface concentration of 
Sb(III), present primarily as the anion, SbCL- ,27,28 which 
would account for the observed increase in rate. In order to 
clarify this point the electrochemical oxidation of Sb(III) 
was studied under conditions identical witn those em­
ployed by the previous workers, except that thin layer elec­
trodes were used. In addition, the reaction was carried out 
at electrodes coated with ionizable substituted olefins ca­
pable of substantially altering the potential 02 but incapa­
ble of acting as effective electron transfer bridges.4 The re­
sults are illustrated in Figure 8. Chemisorbec I facilitates 
the oxidation of Sb(III) (curves A and B) but the products 
are a mixture of species (curve B) and not simply SbClfi~, 
as previously reported.12 Of greater significance, however, 
is the fact that allylamine, allylacetic acid, and acrylic acid 
form chemisorbed layers on the Pt surface which facilitate 
the oxidation of Sb(III) in the same manner as chemi­
sorbed I (curves C-E), yet the structures of these species 
preclude effective electron transfer through them and their 
influence on the electrode rates of Pt.(II) and Pt(IV) com­
plexes of various structural and charge types is fully ac­
counted for by their tendency to inhibit Cl- adsorption and 
to block access of the reactant to the electrode. Since simi­
lar rates are observed at similar coverage or 02 value, it is 
evident that nonspecific electrostatic effects account for 
the influence of all of the surfactants, including chemi­
sorbed I. and no occasion remains for postulating bridging 
by chemisorbed I in this instance.

Experimental Section
Electrode rate measurements by means or thin layer 

electrodes have been described in papers deal.ng with the 
electrochemistry of Pt complexes2,4 8 , 1 and reviewed,14

Figure 8. Current-potential curves for SbCI4_ at clean and surfac­
tant-treated Pt thin layer electrodes: (----- ) reactant solutions; (—
- -) background; (A) clean electrode; other electrodes treated with 
(B) iodide; (C) allylamine; (D) allylacetic acid; (E) acrylic acid. The ex­
perimental conditions were as follows. The electrode was cleaned 
and surfactant pretreated as described in the Experimental Section. 
Reactant solutions initially contained 1 mF Sb20 3 and 2 F HCl. Sur­
factant coverages, in units of 10“ 10 mol cm-2, were as follows; 
curve A, none; B. 11.2; C, 9.1; D. 6.3; E. 6.0. Other experimental 
conditions were as in Figure 1.

recently. The thin layer electrode design employed for this 
work, a platinum rod positioned concentrically within a 
close-fitting precision Pyrex glass capillary, was described 
in ref 25.

Electrode surface pretreatment is crucial in studies such 
as this and is rendered particularly difficult by the fact 
that chemisorbed layers were made to form on the surface. 
Highly reproducible surfaces free of spurious properties 
and exhibiting the characteristics commonly attributed to 
the so-called “clean" Pt surface were obtained as follows; 
heating in an oxidizing gas-oxygen flame, with intermittent 
quenching in 11 /V HC104, was followed by cooling for a few 
seconds in air and insertion into the precision glass capil­
lary. A cyclic current-potential curve, recorded at 2 mV 
sec“ 1 in deaerated 1 F HC104 from 0.4 to 1.3 to -0.3 and fi­
nally to 0.4 V (NaCE), served both to remove the last traces 
of adsorbed organic materials and to confirm the purity of 
the surface. The resulting surface was undoubtedly com­
plex; experiments with single crystal surfaces, cleaned, an­
nealed, and characterized in ultra-high vacuum, will he re­
ported elsewhere.29 Prior to each experimental trial, or se­
quence, the electrode was further pretreated by alternate 
potentiostatic oxidation (1.2 V) and reduction (0.0 V), fol­
lowed by equilibration at 0.4 V (NaCE) in 1 F HC104 for a
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minimum of 120 sec, with thorough rinsing at each poten­
tial.

In order to obtain reproducible surface coverage in vari­
ous trials with the same surfactants, the clean electrode 
was exposed for exactly 180 sec to an excess of a deaerated, 
freshly prepared solution of the surfactant in pure H20. 
The electrode was then rinsed with H20  and with support­
ing electrolyte, after which the current-potential curve was 
obtained.

All solutions were prepared from reagent grade or spe­
cially prepurified chemicals and triply distilled H20. The 
temperature was 24 ± 1°. Solutions were deaerated with ni­
trogen. Potentials were measured relative to a calomel half­
cell, prepared with 1 F  NaCl, and denoted NaCE.
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American Chemical Society, and to the National Science 
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Appendix. N otation

A  = electrode area, cm 2
(!7j = activity of sp ec ies  j adsorbed in the compact

layer, mol cm"3
*a  = charge transfer coefficient, apparent value
C = differential double layer capacitance, Farad
Ci° = initial concentration of sp ec ie s  j, mol cm"3
C j = concentration of sp ec ie s  j
E  = electrode potential, V
£° =  formal standard e lectrode potential
a£ p =  potential at which anodic peak current o c ­

curred
c = 2.718
F  =  Faraday constant, C equiv'1
r , n = interfacial e x c e s s  of sp ec ies  j, rr.ol cm"2
Oj = lrtj/Fj
J  =  anodic component of current, A
afp =  anodic component of current, peak value
*//' = apparent standard electrochem ical rate co n ­

stant, cm sec"1
n = number of e lec trons transferred per molecule  
Q =  coulometric charge required for the reactant

solution, C

<?b = coulometric charge required for the blank 
solution

q electrode e lectronic charge. C
<3i = ionic charge due to sp ec ie s  j
R gas constant, J mo}"1 3K"1
r  = rate of potential scan, d £ /d / ,  V sec"1
T temperature, °K
x  = perpendicular distance from the electrode  

surface, cm
r volume of thin layer cavity, cm 3

= ionic valence of sp ec ie s  j
NaCE = calom el re ference  h a lf -ce l l  prepared with 1 F  

NaCl
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Dissolution Rates of Aqueous Silver Halide Dispersions1
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The dissolution rates of silver halides dispersed in alkaline gelatin solutions containing excess ligands for 
Ag+, such as, ethanolamines, glycine, thiosulfate, or sulfite, were determined at constant ionic strength and 
temperature as a function of substrate variables and solution composition. The initial dissolution rates, n, 
were insensitive to variations of AgX crystal habit but they increased in direct proportion to (1) the effec­
tive surface area, A, of the silver halide, (2) its apparent solubility product, Ksp. and (3) for ligands of equal 
charge, the product of the total ligand concentration squared, Ln2, and the stability constant of its Ag+ 
complex, 02- Thus, n  = aiApioLrrK^), where n is a constant that depends on factors such as ionic strength, 
halide excess, and ionic charge of the ligand. The latter proved to be particularly important as shown by 
the decrease in dissolution rates with the number of negative ligand charges. Thus, for a given A'gBr disper­
sion at pBr 3, the relative values for <v varied from 500 for uncharged alkylamines to about 30 and 3 for gly­
cine (-1) and sulfite (-2), respectively. An activation energy of 6.4 kcal/mol was obtained for AgBr disso­
lution in thiosulfate; these results are interpreted in terms of a model involving the formation,of charged 
Ag+ complex ions at the charged silver halide/water interface and a rate-determining process whereby the 
complexed Ag+ diffuses from the AgX surface into the bulk of the solution.

Introduction
The dissolution rates of sparingly soluble compounds 

have apparently received limited attention; recent work in 
this field has been reported by Lang and Lieser2a and Po- 
tashnikov et al.2h In the field of photographic science, the 
dissolution of undeveloped silver halide in conventional 
photography has been studied in connection with thiosul­
fate fixation. Despite the large amount of information on 
the behavior of thiosulfate,3 even with that much-studied 
silver ligand, no agreement has been reached on whether 
the rate of the silver halide dissolution reaction is con­
trolled by formation of the silver thiosulfate complex, as 
proposed by Jaenicke,4 or if diffusion of thiosulfate is the 
rate-limiting step, as is consistent with the 4-5 kcal/mol ac­
tivation energy obtained by Sahyun.3 Other silver halide 
solvents have been investigated by James and Vanselow, 
who devised a method for determining dissolution rates in 
developers containing ligands, such as, thiosulfate, sulfite, 
thiocyanate, or ammonia.6 Their activation energies of 
15-20 kcal/mol were higher than those associated with pure 
diffusion processes.

In the present work we obtained dissolution data in 
order to establish the role of variables such as the silver ha­
lide crystal habit, its size and composition, as well as varia­
tions in the concentration, structure, and Ag+ affinity of 
the silver halide solvent. It also seemed desirable to avoid 
indirect measurements of dissolution and to eliminate bulk 
diffusion gradients, which previous experimenters may 
have encountered in their gelatin coatings. Accordingly, all 
our experiments were carried out in agitated liquid silver 
halide dispersions where AgX dissolution was measured di­
rectly by monitoring the time-dependent formation of the 
soluble Ag+-ligand complex. For this purpose, a polaro- 
graphic technique was employed that had been originated 
in these Laboratories by E. Przybylowicz; applications of 
this technique have been described previously."

Experimental Section
Silver Halide Substrates. Dispersions in dilute gelatin

(isoionic point, pH 4.9) of crystallographically defined sil­
ver halides were obtained by conventional procedures.3 
These substrates had a narrow dispersity and their surface 
areas were determined electron micrographically (Figure 
1). An in situ spectral technique previously described by 
Herz et al.8 was also employed to determine the-eurface 
areas of some dispersions. Good agreement was achieved 
with these independent methods.

Potentiometry. The apparatus used for the potentiomet- 
ric measurements of silver-ion activity consists of a ther- 
mostated reaction vessel, a silver billet electrode, a refer­
ence electrode, a glass electrode, and a digital potentiome­
ter. The reference electrode was a custom-designed Leeds 
and Nort.hrup double-junction electrode with an Ag|AgCl, 
1.9 N  KC1 internal cell and a bridge compartment contain­
ing 0.5 N  KNO:i. Combination of the three electrodes al­
lowed the simultaneous determination of both the Ag+ po­
tentials and the H+ concentrations. The response of the 
glass electrode was not corrected for any salt effects; appar­
ent OH“ concentrations did not exceed pH 11.5.

An automatic buret system from the London Co., Cleve­
land. Ohio, was employed to deliver the titrant; the volume 
of the titrant added was accurate to ±0.01 ml.

The electrode system was calibrated with known concen­
trations of silver nitrate with reproducible potentials of ±1 
mV and was shown to obey the Nernst equation with 59 
mV per one pAg unit.

The ligands used in this study to determine dissolution 
rates of AgX dispersion included thiosulfate, sulfite, etha- 
nolamine, diethanolamine, triethanolamine, and glycine in 
an alkaline environment (pH between 11.2 and 11.5) at an 
ionic strength of one. The stability constants of the Ag+ 
complexes of these ligands were measured in a similar me­
dium (pH 11, 1 M KNO:i). The computational method for 
obtaining these values from potentiometric measurements 
was adopted from Leden,9 and led to the constants of 
Table I; they are significantly different from values ob­
tained at low ionic strength.10 This was to be expected
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TABLE I: Stability Constants of Ag ' Complexes at 
pH 11.0 in Aqueous 1 M  KNO3 , 25°

Ligand
log lj 1 

(±0 .2 )
log ,j, 
(±0 .2 )

log ,i3 

(±0.4)

HiNCHiCfLOH 3.4 6 . 8

HN(CH,CH„OH)., 2.5 5.1
N(CH .CH.OH) 1 . 6 3.3
HoNCHnCOoH 3.5 6.4
NaoSO, 4.3 7.4 1 0 . 1

Figure 1. Size frequency of a cubic AgBr dispersion.

since the stability constants are defined in terms of concen­
trations rather than activities.

Polarography. To facilitate agitation of the AgX disper­
sion during dissolution measurements, a streaming Hg° 
electrode was employed.11 The main component of the po- 
larographic unit was purchased from Heath Co. (Model 
EUA-19-2). A Leeds and Northrup double-junction elec­
trode (see description in the preceding section) was used as 
a reference to replace the original calomel electrode. The 
polarographic current was recorded by a Houston Omni­
graphic 2000 recorder as a function either of time or of ap­
plied voltage. The AgX dispersion was kept at a constant 
temperature in a thermostated reaction vessel and stirred 
with a magnetic stirrer to ensure homogeneous mixing.

In relating the polarographic current to the concentra­
tion of soluble Ag+ complexes, knowledge of E I/2 values 
and reversibility of electrode reactions was not required; it 
was only necessary to calibrate the system for a given lig­
and over a wide range of concentrations in the pH range 
under consideration. This was done by determining the dif­
fusion current at a fixed voltage as a function of known Ag+ 
complex concentration. A suitable potential was chosen to 
keep this current insensitive to small variations in voltage.

The diffusion current of Ag+ complexes in contact with 
Hg" may sometimes be time dependent. In the case of the 
Ag+|CN~|Hg(l system, it is known that Hg° reduces Ag+ 
slowly but spontaneously;12 this kind of reaction may pro­
duce time-dependent diffusion currents. In our 
Ag+|SO r “| Hg° system, such a time dependence was indeed 
observed. In order to correct for this effect, the following 
equation was established empirically without theoretical 
justification:

///,-, = 0.64 + 0.36 x  10-n-l05f

where / = the current observed at any time, t, and / 0 = the 
corrected current.

Procedures for Measuring Dissolution Rate. In a typical 
experiment, a solution of 150 ml of 0.5% gelatin + 0.133 M 
Na2CO;i + 10~3 M NaBr was introduced into a thermo­

stated vessel and was deaerated by bubbling nitrogen. 
Then NaiSOij was added giving a 0.2 M sulfite solution at a 
pH of 11.2. The solution was further deaerated before addi­
tion of a known amount of AgX dispersion. The dispersion 
was usually diluted by a known volume of 2% gelatin and 
10~:! M NaBr; it was stirred continuously at 40° before 
being pipetted at zero time into the sulfite solution at 25°. 
The concentration of AgX- used was about 1 mM so that 
sulfite was present in a 200-fold molar excess.

A potential of —0.5 V was applied to the streaming mer­
cury electrode with respect to the reference electrode. The 
current was recorded as a function of time and yielded 
plots-such as those of Figure 2, which were used with the 
calibrations to calculate the concentration of silver com­
plex resulting from dissolution of the AgX. From knowl­
edge of the total concentration of silver complex produced 
at equilibrium, the initial rate of dissolution (r,i was ex­
pressed in terms of percent dissolved AgX per second. This 
rate, which was obtained graphically with an error not ex­
ceeding 10%, was shown to be independent of the amount 
of AgX used in the experiment.

For other ligands, the choice of potential, the amount of 
added halide, and inert ion, etc., varied but the procedure 
for determining dissolution rates was the same as that de­
scribed above.

A typical time vs. diffusion current curve is shown in 
Figure 2. The slight increase in current at long reaction 
times is due to slow reduction of the silver sulfite complex 
by Hg°. With application of the previously given correction, 
this current becomes independent of time when AgX disso­
lution is completed.

Results
It was expected that dissolution rates wou.d be in­

fluenced by changes involving the silver halide substrate 
and the ligand structure, concentration, and environment. 
Some of these variables were examined and the results are 
summarized below.

Dissolution Kinetics. It was of immediate interest to 
learn if the dissolution process could be expressed by ap­
propriate rate laws. Thus, the log of undissolved AgBr was 
plotted (see Figure 3) as a function of dissolution time in 
alkaline sulfite. The results indicale that this dissolution 
process can be described by an apparent first-order rate 
equation. Analysis of other experiments shows the generali­
ty of this conclusion, which is also in accordance with the 
observation that the initial dissolution rate of AgX is di­
rectly proportional to its total surface area (Figure 4).

Silver Halide Surface Area. The initial dissolution rate 
(r¡) of a series of cubic AgBr grains in alkaline sulfite was 
studied as a function of their surface area (A). Toe average 
grain sizes of these dispersions ranged between 0.05 and 2.3 
jim. The experimental precision achieved in dissolution- 
rate measurements was estimated to be ±10%. The results 
are summarized in a plot of log r, vs. surface area as showm 
in Figure 4. The line drawn through the experimental 
points has a slope of unity; it shows that in alkaline sulfite 
the initial rate of dissolution of AgX grains is directly pro­
portional to their average surface area. The same conclu­
sion was reached by Battaglia13 with thiosulfate and the re­
sults are consistent with those obtained by James and Van- 
selow.6

Silver Halide Solubility Products. Considerations of the 
solubilities of AgCl, AgBr, and Agl led to the expectation 
that their dissolution rates in a given solvent should de-
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Ligand charge
Figure 9. Effect of ligand charge on the rate of dissolution of an 
AgBr dispersion (390 m2/mol) in 0.1% gelatin at ionic strength of 
1.0, pH 11.4, pBr 3, and 25°. See text for explanation.

This argument should not be generalized, however, since 
according to eq 1, the enthalpy contributions to Xsp and /?2 
should also be considered in order to interpret correctly the 
activation energy of dissolution of AgX dispersions.19

D iscussion
Under the cited conditions it was found that initial silver 

halide dissolution rates, r ;, were related to the indicated 
variables by eq 1.

In order to rationalize this experimental cbservation, a 
model is proposed that can be described by

AgXs ^  Agf* + Xf- A V (2 )

Agf* + 2L =► (AgLAj* ß2 (3)

(A gL ,)/ (AgL:)bulk* (4)

where s refers to the solid state, f signifies the AgX/solu- 
tion interface, and Ksp' represents the apparent solubility 
product of AgX at the interface. The rate-determining pro­
cess is considered to involve diffusion of complexed Ag+ 
from the surface into the bulk of the solution; this step is 
defined by the rate constant k. Nernst’s dissolution law22 
and eq 4 lead to

dissolution rate = —<M/d/ = kAO (5)
where 0 is defined as the surface coverage by (AgL,2)f+. 
Combination of eq 2, 3, and 5 yields

—cL4 /At = frE'A/l2L=A'„'jjjT7j
(6)

~ f'A.-l, L /. j

Here L is replaced by L0, the total ligand concentration, 
because the amount of ligand removed by complexation is 
negligible and Ksp refers to the apparent solubility product 
of AgX in solution. Because with these substrates the 
charges at the solid/solution interface are ill-defined due to 
adsorbed gelatin, we do not attempt to app.v the Gouy- 
Chapman treatment to distribution of ions in the double 
layer; instead, the variable E is introduced to account for 
coulombic effects associated with ligand and silver halide 
surface charges and contains factors relating the various 
macroscopic constants to the phenomenon taking place at

°C
55 ¿5  35 25

Figure 10. Effect of temperature on the rate of dissolution of a cubic 
AgBr dispersion (390 m2/mol) in water containing 0.01 M Na2S20 3, 
0.001 /WNaBr, and 0.5% gelatin at pH 10.

the AgX/water interface. Based on the definition of r „  eq 6 
can be transformed to eq 7, which is equivalent to the em­
pirical relation of eq 1.

G =  kE l i m j ^ { A ti2L n-Ksv) (7)

Equation 7 is based on a model that involves the forma­
tion of charged Ag+ complex ions at the charged silver ha- 
lide/water interface and a rate-determining process where­
by the complexed Ag+ diffuses from the AgX surface into 
the bulk of the solution; this model leads to several predic­
tions some of which have already been tested.

(1) Since r-t is inversely proportional to the surface con­
centration of halide at the AgX/water interface, dissolution 
rates should diminish with increasing halide adsorption. 
This effect was demonstrated in Figure 6.

(2) At elevated X~ concentrations where the AgX/water 
interface is negatively charged, the magnitude of E should 
decrease with the number of anionic ligand charges. This 
conclusion is borne out by Figure 9, which shows that dis­
solution rates decrease in the order H2NCH2CH2OH > 
H0NCH2CO2" > SO:!2-. Moreover, in agreement with these 
charge considerations, reversibly adsorbed additives that 
decrease the negative charge density at the AgX/X^ inter­
face, e.g., cationic surfactants,23 enhance AgBr dissolution 
rates in sulfite and thiosulfate.

(3) Based on electrical double-layer considerations, the 
significance of coulombic contributions to the term E 
should diminish with salt concentration. Indeed, it was ob­
served that dissolution of AgBr/Br_ in sulfite was acceler­
ated with growing ionic strength in the range from 1 to 3.5. 
However, since changes of S2 with ionic strength remain to 
be determined, it is uncertain if the observed acceleration 
can be related to a modification of E.

(4) Since r, is related to the surface concentration of
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AgL,2, the dissolution rate should become independent of 
Lq at sufficiently high ligand concentrations. This predic­
tion also remains to be verified in detail although it is con­
sistent with the observation that the clearing time of AgX 
films can become independent of thiosulfate concentration 
at a sufficiently high level of that ligand.3

(5) The dependence of r¡ on the available surface area A 
demands that irreversibly adsorbed additives that diminish 
A should also diminish the dissolution rate. This effect was 
produced by strongly adsorbed cyanines in the AgBr sys­
tems examined and also accounts for the retardation by 
eosin of AgCl dissolution.24
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Vibrational Spectra of Liquid Crystals. IX. Calculation of Infrared 
and Raman Active Lattice Vibration Frequencies of 4,4'-Azoxydianisole
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The 21 infrared and Raman active lattice vibrations of 4,4'-azoxydianisole (PAA) have been calculated 
using a combined potential of atom-atom and dipole-dipole terms. The parameters in the potential func­
tion are not adjusted but are transferred directly from other calculations. The results reproduce the ob­
served infrared and Raman spectra quite well. They are discussed in terms of the intermolecular interac­
tions responsible for the crystal lattice energy as well as contrasted to the structure and dynamics of the 
nematic and isotropic phases of PAA.

Introduction

Infrared and Raman spectra of nematogenic crystals in 
the lattice vibration region of the spectrum (10-100 c m '1) 
have yielded information about the intermo.ecular interac­
tions in these materials as well as in the nematic phases 
themselves.2-9 To date, only qualitative discussions of the 
spectra have appeared. This is not surprising in view of the 
complexity of the molecular crystals involved. For example, 
4,4'-azoxydianisole (PAA), the subject of several investiga­
tions, including the one reported herein, is a 33 atom mole­
cule which crystallizes in a structure containing four mole­

cules per unit cell. Analysis of its intermolecular forces is 
further complicated by the presence of eight aromatic C-H 
bonds, two OCH.j groups, and an N N O  unit in each mole­
cule.

A number of interesting qualitative aspects have been 
noted from the spectra.2,7 First, it has been pointed out 
that the most intense infrared active lattice vibration 
modes are at higher frequency than the Raman active 
modes. This trend carries over in the nematic phase, where 
pseudo-lattice (intermolecular) vibrations appear at 100-  
150 cm-1 in the infrared and 50-75 cm-1 in the Raman. 
Second, infrared spectra of aligned nematics have indicated
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that the absorption band observed in the nematic phase 
far-infrared spectrum is probably of rotatory rather than 
translatory origin. Third, while it is true that the highest 
and lowest frequency modes in the spectra were seen only 
in the infrared and Raman, respectively, other lattice vi­
brations were near coincidence in the two sets of spectra. 
Whether this was accidental or a consequence of weak in- 
termolecular coupling was unclear.

The far-infrared spectra of solid PAA which have been 
reported were only obtained on polycrystalline samples. 
The Raman spectra of oriented single crystals of PAA have 
been published, however.2 From these it was possible to 
separate lattice modes according to symmetry species. It 
was found that many near coincidences existed between 
species. Again, it was speculated that these were due to 
modes arising from closely related symmetry coordinates,
e.g., hindered translations along the same axis. Bulkin and 
Prochaska suggested assignments for certain modes based 
on qualitative arguments.

Finally, it was proposed that one mode in the lattice vi­
bration region of the spectrum near 70 cm-1 behaved as a 
“soft mode” in the crystalline phase as the crystal-nematic 
transition was approached. No assignment of this mode to' 
a particular symmetry coordinate was possible.

In this paper we present methodology and results of a 
calculation of the lattice vibration frequencies, both in­
frared and Raman active, for PAA crystals in the k = 0 
rigid body approximation. These results provide answers to 
many of the questions raised in previous papers. They also 
give other information about the intermolecular interac­
tions in this nematogenic crystal.

M ethodology
There have been a number of attempts to compute lat­

tice vibration frequencies. Without reviewing these here in 
any detail, one can say that they may be divided into two 
classes. In one, a limited number of force constants are per­
mitted to take on nonzero values. These are adjusted to 
give the best fit to the observed frequencies. Usually, this 
has been carried out in cases where only infrared or Raman 
data are available, and the normal modes are factored by 
symmetry. Among the molecules treated in this fashion are 
pyrazine,10 uracil,11 diketopiperazine,11 cyanuric acid,11 cy- 
anamide,12 and benzene.13 In the second approach, a po­
tential function has been determined, often semiempirical- 
ly, using the physical properties of the crystal such as heat 
of sublimation and equilibrium structure. In principle, this 
treatment should give more information about the inter­
molecular forces responsible for the lattice vibrations. It is 
considered to be a more laborious approach, as one must 
derive analytical expressions for the force constants by 
hand. In addition, there have been some problems with the 
theory, or, again, with the lack of sufficient experimental 
information, or both. Benzene,14-16 CI2,17 hexachloroben- 
zene,17 cyanogen,18 and carbon dioxide18 are among the 
cases treated by this method. Two comprehensive reviews, 
with extensive references, have been published.19’20

In this work a version of the second method described 
above has been used. We have relied, to a certain extent, on 
the experimentally determined static crystal structure to 
determine the “goodness” of a particular intermolecular 
potential. The procedure has also been used to test qualita­
tive ideas extant in the literature regarding intermolecular 
forces in nematogenic crystals. Certain details of the meth­
odology which apparently have not been widely recognized

are discussed in the Appendix, in which the coordinate sys­
tem is defined using the symmetrical parameters.

Interm olecu lar P otentia ls

Many authors and texts have stressed the importance of 
dipolar interactions in stabilizing nematic phases.23 As the 
crystalline arrangement of molecules closely approximates 
that believed to be present in the nematic phase, an initial 
attempt was made to approximate the crystal lattice as a 
set of oriented dipoles. Each PAA molecule contains three 
such dipoles, two O C H 3  groups, and an NNO group.

The dipolar potential may be written as

P *,-a , = ^ p - ( cos e -  3 cos 6 cos O') (1)

where m and n' are the magnitude of the dipoles, r the dis­
tance, and cos t is defined as usual in terms of the direction 
cosines of the dipoles n and fi' as cos t = ll' + mm' + nn'. In 
this system

cos 0 = — \l(x — x') + m (v — v') + niz — 2 ')] r
and

cos O' = — [Z'(.y -  x') + ;»'(v — v') + n'{z -  z')\

To perform calculations using this potential the mole­
cules were considered as a collection of oriented dipoles of 
values R-O-CH3 equal to 1.35 D (R-O-C angle of 125°)24 
and N —*■ 0  equal to 1.705 D.2° Interdipole distances within 
a 7 A radius were generated using O R T E P .26 The calculation 
of the direction cosines is straightforward.27

Assuming the dipole-dipole potential to be the only one 
operative in the crystal, a lattice energy was calculated. It is 
1.13 kcal/mol. To our knowledge the heat of sublimation of 
PAA has never been measured. However, considering the 
mass of the molecule it is clear that this value is much too 
small. Kitaigorodskii15 has pointed out that the energy due 
to interacting dipoles in a crystal ranges between 5.0 and 
—2.5 kcal/mol. These energies are not small enough to be 
neglected, but they are not big enough to explain the crys­
tal stability either.

The calculated first derivatives of the dipolar potential 
with respect to the x, y, and z axes show that there exist 
minima at the equilibrium geometry along the first two 
axes but none along the z axis. Thus the potential is clearly 
unsuitable on the two conditions one can set down for a 
trial potential: value of the heat of sublimation and exis­
tence of an energy minimum at the equilibrium crystal ge­
ometry.

Consider now the more commonly used potential ex­
pressed as a pairwise sum of all nonbonded atom-atom in­
teractions. The assumption of such a potential is not justi­
fied theoretically, especially when delocalized electrons are 
present. Some authors have suggested considering interac­
tions between electrons in delocalized it states as if they 
were also atom-atom in nature.28

The potential used is designated in its most general form 
as

for the nth atom-atom interaction, where r is the distance 
between two nonbonded atoms. Note that the first term 
represents attractive or long-range forces corresponding to 
instantaneous dipole-dipole polarization, as distinct from
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the interaction of permanent dipoles described above. The 
repulsive or short-range force is expressed by the second 
term of the potential. The common forms used, Be~cr and 
B/r12' are clearly oversimplifications. In this work, we have 
fixed the parameter d = 0 for all interactions.

In Table I is collected a number cf different values for 
these parameters which are extant in the literature. They 
are not really applicable to PAA for the interactions with 
nitrogen atoms; those shown are from the peptide litera­
ture. Only one term poses any particular problems, the C- 
CH3 interaction. An expression proposed by DeSantis et 
al30

VC;_ CH3 = (~1-23^ X 103) + (2.879 x  10 V 1-67) (3)

was found to give anomalously high values for certain rota­
tion-translation interaction force constants. Instead, we 
have successfully used the parameters shown in Table I, 
which are obtained from a geometric average of the C-C 
and C H 3 - C H 3  parameters. This procedure has previously 
been used by Williams14 to obtain a C - H  potential from 
C-C and H-H. An arithmetic average gives similar results.

A number of combinations of the listed parameters have 
been tried for calculation of lattice energy and equilibrium 
geometry. It is interesting, and somewhat surprising, to 
note that almost all combinations of the listed parameters 
give an energy minimum at the equilibrium crystal geome­
try. This fact has been previously noted by Mason,31 who 
points out that choice of a potential function based on 
equilibrium structure data is not a particularly sensitive 
method, especially when the potential is represented by a 
single form of the Buckingham type. For the calculations 
described below, we have used the parameters of Kitaigo- 
rodskii15 for C-C, Williams14 for C-H and H-H, and Li- 
quori29 for N-N and O-H. All interactions within a 7-A ra­
dius are included. This combination of parameters is se­
lected on the sole arbitrary criterion of giving the deepest 
minimum. The lattice energy thus obtained is a reasonable 
value of —59.00 kcal/mol.

To conclude the section, we wish ta make the point that 
the calculation is performed with a completely transferred 
set of atom-atom interactions, including one obtained by 
the geometric averaging procedure. None of the parameters 
was allowed to vary so as to obtain better geometry, lattice 
energy fits, or frequencies, procedures which have been 
quite common in the past. The ability to adequately repro­
duce experimental data using the transferred parameters is 
one of the points of this work.

Force Constant C alculations
The F matrix is, in the case of PAA, a 24 X 24 symmetric 

matrix. The C2h5 factor group symmetry, 4 molecules/unit 
cell, imposes the following relations on the elements of F

f  11 _  f  22 _ f  33 _  /  4
J  i j  J  i j  ■' i j  ■' i j

f. ,12 = f . u
j  X]  - ' l l

13 _= f.r-' f . u = f..
I J  X J  XJ

23

where i and j  represent any of the cc ordinates x, y, z, £, 77, 
or f, and the superscripts refer to pairs of molecules in the 
unit cell.38

The matrix G 1 is diagonal for the translations, with ele­
ments equal to the molecular mass Because the Cartesian 
molecular frame used does not coincide with the principal 
axes of inertia of the molecule, G_1 for the rotations is not 
diagonal. It is necessary to have G_1 expressed in diagonal

TABLE I: Param eters in the Atom -Atom  P otentials

Atom  pa ir
A,

kca l/m o l Â 1
B,

’ kca l/m ol C, Â '1 Ref

H-H 36 4,000 3.74 14
57 42,000 4.86 15

C -C 358 42,000 3.58 15
535 74,500 3.60 14

C-H 39 9,400 3.67 14
154 42,000 4.12 15

Q-H 99.2 28,100 4.32 29
497.61 19,820 3.84 30

N-H 99.2 28,100 4.32 29
N-N 200 186.400 4.55 29

125.1 105,700 4.61 30
N-O 200 186,400 4.55 29
C-O 244 212,100 4.44
C-N 244 212,100 4.44
0 - 0 200 186,400 4.55
CH3-C H 3 2942 273,900 3.33 30
h - c h 3 2089 31,905 3.20 30
C—C H 3 1026 107,270 3.45 See text

form in order to calculate G]/2. This is achieved by simply 
diagonalizing G_1 with a matrix D

D ^ D  = G d-’

This same transformation must be applied to F.
The 24 symmetry coordinates are constructed in the 

usual way, with £>6, Si0, and Sn representing the acoustical 
modes. This U matrix is used to factor the (Gd1/2 
D1FDGd1/2) matrix into the Ag, Bg, Au, and Bu blocks. As 
usual it is most useful to write this in the form

G D1/2D t(U F U ‘ )DG D1/2

so as to maintain the general form of the elements of 
(UFU1) independent of the numerical value of the force 
constants.

Using the potential discussed above, the (UFU4) matrix 
can be calculated. The results for the atom-atom interac­
tions are shown in Table II. It is important to note the large 
values of many off-diagonal elements in this force constant 
matrix. There is clearly considerable mixing of certain 
modes, in particular some of the rotatory oscillations. Anal­
ysis of the individual terms of the force constant expres­
sions reveals that certain intermolecular interactions are 
consistently strong (molecules 1-3, 1-4, 2-3, and 2-4) while 
others are very weak (1-2, 3-4). Note also that the 1-3 
terms are generally greater than 1-4, and 2-4 > 2-3.

As noted above, calculations of eigenvalues and frequen­
cies have been performed using a variety of parameters in 
the potential. In Table III, we summarize the frequencies 
obtained from the potential we believe to be most suitable, 
i.e., the one using the parameters specified above plus the 
contribution from static dipole-dipole terms. Omission of 
the latter has the effect of reducing the spread of the 
frequencies without affecting the lattice energy greatly. 
Thus the indication is that the dipolar terms have some im­
portance in the intermolecular interactions, as their inclu­
sion causes a greater splitting of different symmetry coor­
dinates composed of related molecular displacement coor­
dinates. The results of calculations involving other poten­
tials are available in ref 27.

Also included in Table III are our assignments of ob-
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TABLE II: The UFU+ Matrix“

The A8 Block
25.28 -13.66 -14.44 2.81 -76.6 60.87

67.88 -1.39 29.58 -89.2 -73.08
80.59 -173.5 -43.1 77.54

2746.0 -1344.0 -2816.1
6557.0 -302.5

4831.0
The A u block

72.70 -13.95 0.0 -212.6 -42.42 296.3
143.2 0.0 299.6 248.3 -347.3

0.0 0.0 0.0 0.0
5691.0 -1324.1 -4372.0

10630.0 -739.6
8591.0

The B b block
54.1 10.38 -34.82 -65.62 97.38 137.9

85.44 -17.66 -13.83 6.6 -49.8
98.2 -111.9 -163.3 44.2

3227.0 -2215.0 -3233.1
8908.0 740.0

5203.0
The Bu block

0.0 0.0 0.0 0.0 0.0 0.0
0.0 0.0 0.0 0.0 0.0 .

98.6 -110.5 58.9 -22 .7 '
5210.0 —450.5 -3954.0

8272.0 -1783.0
8221.0

a Elements of the matrix are force constants, calculated from the potential function as described in the text, combined according to the 
symmetry operations of C2h s o  as to factor the matrix in the usual way. In each 6X 6 block of elements aih when i, j = 1,  2 ,  or 3 ,  the elements 
are combinations of translations, when i, j = 4, 5, or (I they are rotations: and when i = 1. 2, or 3 and j = 4, 5. or 6 they are translation-rotation 
interactions. The sequence of coordinates in numbering the elements is ,r, y, z, £, t/, f. (See Appendix for definition of rotatory coordinates.) 
Thus, the a n  elements of the blocks are

A . f  11  +  f  1 2  4. f  1 3  +  f  1 4
¡ X X  '  J X X  ' ¡ X X  '  / X X

A . f  11 _i_ f  12 -  {  13  — f  14• ! xx ' I xx I xx I xx 
U  ■ f  11 — f  1 2  +  /  1 3  — /  14
d K-  / I X  ¡ X X  • ¡ X X  ¡ X X
R  • f  11 -  f  1 2  _  f  1 3  +  f  14u • / xx I xx / .rx ' / xx

where the superscripts refer to force constants between molecules exchanged under E(ll), C2 O2 ), i(13). and crh( 14) operations of the group. 
Notice that the atJ elements of the blocks have different units. When i and j = 1. 2 and 3 the units are kcal/mol A2. When / = 1.2 and 3 and 
7 = 4 , 5 and 6  or i = 4, 5 and 6  and j = 1.2 and 3 the units are kcal/mol A. When i and j = 4, 3, and 6  the units are kcal/mol.

served experimental data to the calculated frequencies. 
The Raman frequencies2 are assigned to Ag or Bg modes 
based on the available single crystal data. For the Au and 
Bu modes, however, the less complete far-infrared data 
were used. Consequently there is no basis in experiment for 
assuming that particular frequency maxima in the spec­
trum do indeed arise from several vibrational modes. How­
ever. the calculations predict such groupings and the as­
signments have been made accordingly.

Discussion
Before turning to a discussion of the frequencies and as­

signments, certain aspects of the calculations and potential 
are worth noting. It has been general practice, in the calcu­
lation of force constants for internal vibrations, to develop 
methods where a good transferability of force constants is 
possible. To attempt such a procedure for lattice vibration 
force constants would be absurd, as the diversity of crystal 
geometries, molecular shapes, intermolecular interactions, 
and intermode coupling is too great. For internal vibrations 
this problem is solved by use of internal coordinate force 
constants as starting parameters for a refinement. It seems

reasonable on the basis of the calculation presented herein 
to assume that atom-atom interactions, perhaps modified 
by other terms (e.g., dipole-dipole, coulombic, etc.) in the 
potential for particular cases, will prove to be a viable ap­
proach. More work, particularly more complete sets of ex­
perimental data on complex crystals, is necessary to test 
this.

In this paper we have not dwelt on the many assump­
tions of the calculation as it was performed. The molecules 
have been assumed to be rigid bodies executing small oscil­
lations about their equilibrium positions. All interactions 
between lattice vibrations and internal vibrations have 
been neglected. This assumption has recently been the 
subject of discussions by Borgen and others/12 who have at­
tempted corrections for it in a few cases where particularly 
complete sets of data are available. PAA should be a poor 
case for these assumptions to hold, as it is a large molecule 
with low frequency internal vibrations. The experimental 
data for PAA are contradictory on this point, however. On 
one hand there are changes in the infrared and Raman 
spectra between crystal and solution phases, indicative of 
some coupling between lattice modes and internal modes.33
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TABLE III: Observed“ and Calculated  
Lattice Vibration Frequencies

Sym m etry
species T ra n s la to ry 6 Rotatory*

Ag
Obsd 30 52 70 16 74 91
Caled
Bg

28 55 62 20 69 94

Obsd 30,37 52 70 16 74,90 95
Caled
Au

37 60 69 25 82 101

Obsd 50 70 135,150 84 50?
Caled
Bu

51 69 0e 130 89 55

Obsd 70? 115 84? 50?
Caled 0e 0e 67 119 78 52
" Raman data (AB, Bg) from ref 2, single crystal frequencies at 

-90°. Far-infrared (Au, Bu) data from re' 7, polycrystalline sam­
ple at 25r . * Modes are primarily rotatory or translatory in nature, 
however, the translation-rotation interac ion force constants are 
not negligible.r Acoustical modes.

By contrast, however, one finds that the selection rules for 
the internal modes are those of a Cj symmetry molecule— 
the infrared and Raman spectra are v rtually identical.4 In 
the external mode region this is not t ie case. Here C2h se­
lection rules are being obeyed. The isolated molecules have 
Ci symmetry and this is also the site symmetry for all four 
molecules in the unit cell. There is nc systematic doubling 
or quadrupling of internal modes between molecules. It is 
on these bases that we justify the assumption that while 
low-lying internal modes exist there is a reasonable fac­
toring of the potential energy between these modes and the 
external modes of vibration.

Several points need to be made concerning the approxi­
mate intermolecular potential. First, h is not unique, in the 
sense that one can prove that this is the intermolecular po­
tential for a PAA crystal. Quite the contrary, the potential 
parameters can be varied slightly, certain terms such as the 
static dipolar terms can even be omitted, and a reasonable 
fit to the observed data can still be obtained. Calculations 
have been carried out in this way with five different poten­
tial functions.27 The results indicate that several of them 
will reproduce the crystal geometry ard give positive eigen­
values for all motions. However, the difference between 
these potentials is small. A “best” potential could readily 
be obtained from an iterative procedure using the experi­
mental data. This has not been done, because it was felt 
that this would not yield any particularly new information. 
Rather, one point of this calculation is to show that it can 
be reasonably carried out with transferred potential pa­
rameters. Of the potentials which have been shown to suc­
cessfully reproduce the experimental crystal geometry and 
approximated lattice energy, all predict the same assign­
ments of the vibrational frequencies. It is only the error in 
observed vs. calculated values which changes slightly. Sec­
ond, many discussions of nematic liquid crystals in the lit­
erature have emphasized the importance of dipolar interac­
tions in stabilizing the nematic phase.23 Indeed, some have 
even stated that the molecules are held parallel to each 
other in long chains by end-to-end dipolar interactions. 
This is clearly not the case. To our knowledge, no calcula­
tion of the intermolecular potential has been attempted in 
the past, other than the one reported here for crystalline

PAA. One notes that the individual dipolar terms in the 
potential are large, but there are simply not very many of 
them. In determining the total lattice energy, and the ener­
gy surface for the unit cell, the large number of van der 
Waals terms dominate the potential. We have examined 
the eigenvalues to see if certain ones are particularly in­
fluenced by the dipolar contribution. This is not the case. If 
the potential is calculated without the static dipole-dipole 
interaction terms the frequencies all change slightly. This 
change is such that the lowest frequencies move up, and 
the highest frequencies move down. This means that there 
is less interaction between the molecules of the unit cell, 
but the extent of the change is small (5%). Thus in the crys­
tal the dipolar terms play only a minor role in composing 
the total lattice energy. This result is quite independent of 
which atom-atom interaction parameters are used.

In the equilibrium crystal geometry, the interatomic dis­
tances are quite short. At one time it was believed that 
there was a considerable volume increase at the crystal- 
nematic transition.34 However the best data now available 
indicate that this is not the case.36 This is important, as the 
dipolar terms have a 1/r3 dependence on distance, while 
the Buckingham potential terms decrease as l/rs. If there 
was a substantial volume increase, one might expect that 
the dipolar terms would assume a relatively greater impor­
tance. Since this does not appear to happen, one can con­
clude that even in the nematic phase the dipolar terms are 
playing only a minor role in the intermolecular potential. 
Finally, we note that at least one nematic material, quin- 
quephenyl, exists which has no permanent dipoles in the 
molecule.

Turn now to a discussion of the results shown in Table
III. Although the table does give some indication of the 
modes as translatory or rotatory in nature, with indication 
of the axes about which this motion takes place, we again 
caution that the large off-diagonal force constants do not 
allow these designations to be taken too literally.

The results of the calculation as shown in this table 
should be viewed by column, as the calculated numbers in 
each column represent different combinations of the same 
motion under the different transformations of the U ma­
trix. These transformations are noted in a footnote to 
Table II. The difference between calculated values in the 
same column gives information about the extent of inter­
molecular interaction along that coordinate. This comes 
about in the following way. In the absence of intermolecu­
lar forces, the predicted translatory and rotatory modes 
would reduce to four. The translations would all be deter­
mined by the molecular mass, and would be degenerate 
along all axes. The rotatory oscillations would oe deter­
mined by the moments of inertia; thus three such modes 
would be observed.

As the intermolecular forces increase, the splitting of 
translatory and rotatory modes increases. For strong inter­
molecular interaction, some modes will be higher in fre­
quency, some lower, as is always the case with interacting 
energy levels. In Table III, when the numbers in the same 
column are similar, this indicates a small intermolecular 
coupling with respect to the particular coordinate. In view­
ing the experimental data without calculations, one has no 
way of knowing whether modes occurring close together in 
frequency are the result of small intermolecular interaction 
about the same coordinate or are simply accidentally de­
generate or near degenerate as a result of strong coupling 
from different coordinates. Indeed, both situations are
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shown to exist from the calculations. For example, bands 
are predicted at 50-60 cm“ 1 in the Raman and infrared 
arising from three different types of motion, one rotatory 
and the others translatory. In one case strong interactions 
are involved, in the others weak coupling. The calculations 
are useful in sorting out accidental degeneracy from degen­
eracy in the potential, and in this way illuminating which 
coordinates are strongly and which are weakly coupled. 
This is quite relevant to the quantitation of the idea of the 
crystal-nematic transition as one in which some intermo- 
lecular forces are maintained and others are lost.

The cases in which intermolecular coupling is weak are 
particularly significant with respect to formation of the 
nematic phase. It is these intermolecular interactions 
which presumably determine the point at which the crys­
talline phase will form a liquid crystal. Weak coupling is 
most evident for translations along 2 (24° tilt from crystal­
lographic c) and rotations about v (approximately equiva­
lent to y or crystallographic b; see Appendix). Note that 
those motions might be expected to behave similarly as 
they both involve atomic displacements along the same di­
rection. Further both modes are predicted to occur in the 
~70-80-cm“ 1 range. This point will be discussed further 
below.

The result of small intermolecular coupling is somewhat 
less true for the other translatory modes. Strikingly differ­
ent results are found for the other two rotatory modes. The 
rotations about f are noteworthy in that this is the only set 
of modes for which the Raman is predicted give rise to sub­
stantially higher frequencies than the infrared. The calcu­
lations show that one should avoid generalizations for com­
plex molecules as to whether the symmetric cr asymmetric 
component of a particular type of motion occurs at higher 
frequency. Such generalizations are tempting because of 
their utility in internal vibration theory. In addition, there 
is apparently little use for generalizations as to the relative 
magnitudes expected for translational vs. rotational modes, 
which some authors have proposed in the past.37 Finally, at 
least for an anisotropic crystal such as PAA h is not possi­
ble to assign rotatory modes based on moments of inertia 
alone as is often attempted. One sees that the rotatory 
modes about the £ (crystallographic a) axis are predicted to 
be both the highest and lowest frequency lattice modes ob­
served in the spectrum.

This prediction of strong intermolecular coupling with 
respect to rotation about two axes is of importance to un­
derstanding the existence of the nematic phase. It is, we be­
lieve, a new way of viewing the restrictions on the degrees 
of freedom which are present in this phase. In particular, 
most qualitative discussions of motion in nematic phases 
have focused on translatory rather than rotatory interac­
tions.

It has been previously mentioned (see Introduction) that 
examination of the temperature dependence of the Raman 
spectrum of PAA2 indicated the presence of pretransition 
effects at the crystal-nematic phase transition, manifested 
by what appeared to be a soft mode in the 70-80-cm“1 re­
gion in the Raman spectrum. The qualitative idea of this 
mode is that it is a hindered rotation or translation which 
becomes free as the phase transition is approached. From 
Table III one can see that the Raman active modes which 
are predicted to occur in this region of the spectrum are 
those for which intermolecular coupling is weak. These are 
the ones which might be expected to show the “soft mode” 
behavior. The calculation thus confirms the general idea

that in a nematogenic material certain intermolecular in­
teractions will be easily lost while others are maintained.

The calculations also reinforce the assignment7 of the 
strong intermolecular absorption observed in the 100-cm_1 
region of the far-infrared nematic and isotropic phase spec­
tra as being due to a rotatory oscillation. In turn, this lends 
weight to a similar claim with respect to polar liquids by 
Van der Elsken.36 Of passing interest is the confirmation of 
the assignment of the Raman active modes in the 30-40- 
cm_1 region to hindered translations primarily along x, 
made on the basis of qualitative arguments previously.2
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Appendix
Shimanouchi et al.21 have extended the well-known GF 

method of Wilson for the calculation of internal vibrations 
to the calculation of the vibrations of a lattice. This exten­
sion is relatively straightforward and will not be reviewed 
here. Suffice to say that the F matrix of elements ftJ = fj, is 
a matrix of force constants with values determined by ana­
lytical expressions computed from the second derivatives of 
the intermolecular potentials. To solve the secular equa­
tion, it is convenient to write it in the form 

{G1/2FG1/2 -  AE} = 0
The eigenvalues of G1/2FG 1/2 give the lattice frequencies, 
including the zeros corresponding to acoustical modes, by 
the usual \:c relationship.

To describe the translations of the molecules, it is very 
convenient to use cartesian axes. The G_1 matrix only has 
elements along its diagonal then for translations.

Computation of the G-1 matrix elements for hindered 
rotations is not so simple. Some further considerations of 
this problem are necessary. The most common set of pa­
rameters used in the literature are, of course, the eulerian 
angles {8, <j>, p).

The new coordinates of a point after a rotation, X, Y, 
and Z, are obtained from the old coordinates, before rota­
tion (x, y, and 2) by means of three successive rotations 
performed in a specific sequence.22 Thus 
A' = x(cos <p cos 9 cos p -  sin <p sin 1!) -

y(cos cp cos 0 sin ¡/1 + sin P + sin <j> cos ;i>) +
¿(cos (p sin 6)

Y = .v(sin <p cos 6 cos p + cos <p sin 7) +
y(cos <fi cos 9 -  sin <p cos 9 sin ;/) + z(sin if sin 0)

Z = ,v(-sin 6 cos 7) + y(sin 9 sin 7) + 2 cos 6 (Al)
The kinetic energy of the body is given by the following 
equation:

27' = /, u-y + / ,c v  + 7,c,y (A2)
where I\, 12, and 1 3 are the principal moments of inertia, 
and ioz, My, and u>2 are the components of the angular veloc­
ity of the body about x, y, and 2, respectively.

The angular velocity can be expressed in terms of the 
Euler angles as:

iL\ — 9 sin 9 — <p sin 9 cos J

= 9 cos 1! -  d> sin 0 sin 7 (A3)
= 7 + 0  cos 0
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If the expressions (A3) are used in eq A2 one obtains

T = [/j(f? sin -  <p sin 9 cos -J)2 + h(9 cos ¡1 -

4> sin 9 sin ib)2 + /3(f + <j> cos 0)2] (A4)
The elements of the G 1 matrix are calculated as

Mu =
d~T

d 69<p
= e tc .o •• ~d¥

These derivatives are evaluated at the equilibrium posi­
tion, i.e., when 8 = <t> = \p = 0 o T  when x, y. z and X, Y, Z 
axes coincide. The G~1 obtained is

G-1 = h h
h h

It is important to note the following facts about the matrix. 
(1) No element is a function of I x. (2) Its determinant is 
zero, therefore, it is not an invertible matrix. (3) Of the 
three possible eigenvalues, at least one is zero. However, T 
by definition is positive, its determinant and the principal 
minors of every order of its determinant are positive, which 
is contradictory.

For these reasons, one should not use the normal Euler 
angles for this problem. This has been recognized before in 
the literature. To be sure, Euler realized that the so-called 
Euler angles are a special case of the parameters used to 
treat such a problem. In the dynamics literature, Whittak­
er22 instructs on the use of “symmetrical” parameters for 
treatment of problems similar to the one described here. 
Some reference to these parameters is also mentioned in 
one of the review articles referred to earlier.19 Nonetheless, 
authors treating lattice vibrations of molecular crystals do 
not seem to have adopted the symmetrical parameters.

If a rigid body is rotated through an angle about a line 
through the fixed origin, whose direction angles are a, ¡3, y, 
the coordinates X, Y, Z of the new position of any point 
whose original coordinates were x, y, z are given by the 
equation22

A' .V -  2 sin2 — (x’(.v sin2 a — \ cos a cos p

z. cos » cos 7) + 2 sin u> cos ^ u>(z cos ¡3

y cos ))

Y = v -  2 sin2 -  w(v sin2 ¡3 -  z cos ¡3 cos i -  

x cos ¡3 cos O') + 2 sin ^ w cos ~ co(x cos y
z COS O')

Z = z — 2 sin2 -  w(z sin2 } -  ,v cos o' cos -, -  

v cos 7 cos (3) + 2 sin cc cos ^ cc( v cos a

x cos ¡3) (A5)
Let us introduce new parameters £. v, f. x. symmetrical pa­
rameters, defined by the equation

- . 1£ = cos a sm -  cc
, . 1)] = cos ¡3 sin — u>

. 1c = cos } sm -  a;

\ = cos |  a' (A6)

which satisfy the relation
£2 + '?2 + f 2 + \ 2 = 1 (A7)

Using them in eq A5 one obtains
A' =  ( f 2 -  ,y  -  f 2 +  \ 2).v +  2 (Yn  -  f \ ) r  +

2 ( f i  + T]\)z
V = 2(frj + fx).v + (—£2 + ?;2 -  ;:2 + x2)v +

2(ili -  9X)z
Z = 2(£f -  ri\)x + 2(rj'c + ri\)y +

(~i; -  if  + f 2 + \ 2)z (A8) 
The angular velocity components wx, wy, co,, can be ex­
pressed in terms of the symmetrical parameters as

ujv = 2(xi + ft] -  ill ~ ix) 

wv = 2(-f£ + XV + i f  ~ vx)

^  = 2(7s -  fb + x t  ~ fx) (A9)
If expressions (A9) are used in eq A2, one obtains

T = 2/j(xi + f/; -  7]f -  £x)2 + 2/ : (—f i  + xb ~

i f  -  t?\)2 + 2/3(tjf -  f7J + xf -  fx)2 (A10)
The equilibrium position corresponds to a; = 0. From eq A6 
it can be seen that at that position £ = 17 = f = 0 and x = 1. 
If the elements of the G-1 matrix are calculated, as before, 
one obtains

G-1 = 4
I, 0 0
0 I- 0
0 0" /

This G_1 is well-behaved. The three principal moments of 
inertia are present. It is an invertible matrix, and the three 
eigenvalues are positive.

References and Notes
(1) Submitted by D. Grunbaum in partial fulfillment of the requirements for 

the degree of Doctor of Philosophy at the City University of New York, 
1974.

(2) B. J. Bulkin and F. T. Prochaska, J. C h e m . P h y s ., 54, 635 (1971).
(3) N. M. Amer, Y. R. Shen, and H. Rosen, P hys. R e v . L e tt . , 24, 718 (1970).
(4) N. M. Amer and Y. R. Shen, J . C h e m . P hys ., 56, 2654 (1972).
(5) W. J. Borer, S. S. Mitra, and C. W. Brown, P h ys . R e v . L e tt . , 27, 379

(1971).
(6) J. M. Schnur, M. Hass, and W. L. Adair, P hys. L e tt . , 41A, 326 (1972).
(7) B. J. Bulkin and W. B. Lok, J . P h y s . C h e m ., 77, 326 (1973).
(8) B. J. Bulkin in “Applications of the Newer Techniques of Analysis", G. 

Ewing, Ed., Plenum Press, New York, N.Y., 1973, pp 1-12.
(9) J. Billard, M. Delhaye, J-C. Merline, and G. Vergoten, C. R. A c a d . S c i., 

S e r. B, 273, 1105 (1971).
(10) M. Ito and T. Shigeoka, J . C h e m . P h y s ., 44, 100 (1966).
(11) T. Shimanouchi and I. Harada, J. C h e m . P h y s ., 41, 2651 (1964).
(12) J. Durig, M. Walker, and F. Baglin, J. C h e m . P hys ., 48, 4670 (1968).
(13) I. Harada and T. Shimanouchi, J . C h e m . P h y s ., 44, 2016 (1966).
(14) D. Williams, J. C h e m . P hys ., 45, 3770 (1966).
(15) A. Kitaigorodskii, J . C h im . P hys ., 63, 6 (1966).
(16) G. Pawley, P hys. S ta tu s  S o lid i, 20, 347 (1967).
(17) J. B. Bates and W. R. Busing, paper M2, 28th Symposium on Molecular 

Structure and Spectroscopy, Columbus, Ohio, 1973.
(18) P. Richardson and E. Nixon, J. C h e m . P hys ., 49, 4276 (1963).
(T9) G. Venkataraman and V. Sahni, R e v . M o d . P h y s ., 42, 409 (1970).
(20) G. Taddie and S. Califoro, R e v . N u o v o  C im e n to , 1, 547 (1969).
(21) T. Shimanouchi, M. Tsuboi, and T. Miyazawa, J. C h e m . P hys ., 35, 1597 

(1961).
(22) E. T. Whittaker, “A Treatise on the Analytical Dynamics of Particles and 

Rigid Bodies’', Cambridge University Press. New York, N.Y., 1965.
(23) D. B. DuPrè, E. T. Samulski, and A. V. Tobolsky, “Polymer Science and 

Materials", in A. V. Tobolsky and H. F. Mark, Ed., Wiley, New York,
N.Y., 1971, pp 123-160.

(24) C. P. Smyth, “Dielectric Behavior and Structure", McGraw-Hill, New 
York, N.Y., 1955.

(25) J. W. Smith, “Electric Dipole Moments", Butterworths, London, 1955.

The Journal of Physical Chemistry. Vol. 79. No. 8, 1975



828 Chyi-Feng Shieh and N. W. Gregory

(26) C. K. Johnson, “ o r t e p , a Fortran Thermal Ellipsoid Plot Program for 
Crystal Structure Illustrations", USAEC Report ORNL-3794, Oak Ridge 
National Laboratory, Oak Ridge, Tenn., 1965.

(27) D. Grunbaum. Ph.D. Thesis, City University of New York, 1973.
(28) H. C. Longuet-Higgins, Discuss. Faraday Soc., 40, 7 (1965).
(29) A. M. Liquori in “Symmetry and Function of Biological Systems at the 

Macromolecular Level”, A. Engstrom and B. Standberg, Ed., Wlley-lnter- 
science. New York, N.Y., 1969.

(30) A. DeSantis, E. Giglio. A. M. Liquori, and A. Ripamonti, Mature (London). 
206, 456 (1965).

(31) R. Mason in "Perspectives in Structural Chemistry III", D. Dunitz and 
J. A. Ibers. Ed., Wiley, New York, N.Y., 1967.

(32) O. S. Borgen, D. Frenstad, B. Mestvedt, and O. Ra, Acta Chem. Scand., 
26, 2577 (1972).

(33) B. J. Bulkin, D. Grunbaum, and A. Santoro, J Chem. Phys., 51, 1602 
(1969).

(34) H. Arnold, Z. Phys. Chem., 226, 146 (1964).
(35) R. Porter and J. Johnson, J. Appl. Phys., 34, 51 (1963).
(36) S. G. Kroon and J. Van der Elsken, Chem. Phys. Lett.. 1, 2 85 (1967).
(37) See. for example. S. Bhagavantam and K. Venkatarayudu, "Theory of 

Groups and Its Application to Physical Problems”, 3rd ed, Andhra Uni­
versity Press, Waltair, 1962.

(38) W. R. Krigbaum, Y. Chatani, and P. G. Barber, Acta Crystallogr., Sect. 
B, 26, 97 (1970).
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Molar absorptivities in the wavelength interval 220-400 m/z have been estimated for FeCl;*, Fe2Cl6, and 
FeAlClg molecules in the vapor phase. The equilibrium constant for the reaction FeaClg(g) + Al2Clg(g) -* 
2FeAlClfi(g) has been evaluated from spectrophotometric data and found to be of the order of 1.6 with no 
marked dependence on temperature. Properties indicated for the mixed metal dimer molecule are dis­
cussed.

Introduction
It has been well established that the dimeric species 

Fe2Clg and AlaClg are the principal molecular components 
in vapors at equilibrium with condensed phases of iron(III) 
chloride and aluminum(III) chloride, respectively, at tem­
peratures below 300°. The two species appear to have very 
similar chlorine-bridged structures with the metal aton\g in 
a fourfold coordination environment. Mixtures of these 
substances are of considerable interest in certain metallur­
gical and chemical processes. The phase diagram of the 
FeCF-AlCl, system has been discussed by Morozov et al.1 
and by Semenenko and associates.2 The latter workers also 
report observing mass spectrometric evidence for the exis­
tence of the mixed metal dimer molecule FeAlC’lfi in vapors 
above melts containing 30 and 50% FeCl.s. Formation of 
such a species is not unexpected; however a systematic 
study of its properties and conclusions concerning its rela­
tive importance in such mixtures has not been found in the 
literature. Reports of somewhat similar complexes of AlClg 
with PdClT and with UC14 and UC1S4 have been published 
recently and haloaluminate complexes in general have been 
studied widely.0

We have made a spectrophotometric study of the equi­
librium vapor phase generated by mixtures of aluminum 
chloride and ferric chloride, with chlorine added to repress 
the dissociation of ferric chloride. Aluminum cnloride does 
not absorb light appreciably in the wavelength range 200- 
500 mp. A preliminary study of the vapor phase absorption

of ferric chloride made earlier in this laboratory by Chris­
tian*5 showed two strong absorption bands, centered around 
245 and 360 mg. This work has been extended in the pres­
ent study and molar absorptivities assigned to the species 
FeaClg and FeCl), and from a subsequent study of AICI3-  
FeClg mixtures apparent values also assigned for FeAlClg. 
Spectrophotometric data have been used to derive equilib­
rium constants for the reaction

F e ,C lR(g) + ALClfitg) = 2FeA lCln(g) (1)
and the properties indicated for the mixed metal dimer 
molecule are discussed.
E xperim ental Section

Vapor phase absorbances were measured with a Cary 
14H recording spectrophotometer. Samples were intro­
duced into quartz cells by sublimation in a Pyrex high vac­
uum system. A sample was finally isolated in a cell by an 
oxygen-gas flame seal-off of the Pyrex side of a quartz- 
Pvrex graded seal. The furnace assembly used to heat the 
cells has been described by Hilden.7 Thermocouples, cali­
brated at the melting points of tin and lead, were used to 
measure temperatures. Cell windows were kept approxi­
mately 2° above the temperature of the cell side arm in 
which the condensed phase collected during the study of 
vaporization equilibria.

Samples of ferric chloride w-ere prepared either by reac­
tion (in the vacuum system) of iron wire (Merck reagent 
grade) and chlorine, generated by thermal decomposition
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Figure 1. Absorbance vs. wavelength at various temperatures for su­
perheated vapor of iron(lll) chloride, sample ES5. The contribution of 
the excess chlorine present has been subtracted.

of cupric chloride (the latter also served as the source of ex­
cess chlorine), or by repetitive vacuum sublimations of 
Eastman’s reagent grade anhydrous ferric chloride. Results 
did not appear to depend on the sample source. It was 
found that a reasonable approximation to the desired 
amount of ferric chloride in the cell could be made by ob­
serving the intensity of the color of the partially vaporized 
sample; rapid cooling left an appropr ate amount in the cell 
and the excess could be sealed off after condensation in an 
extension of the side arm. The actual amount finally isolat­
ed in the cell was determined following the absorbance 
measurements by colorimetric determination of the iron as 
the 1,10-phenanthroline complex.89 The quantity of free 
chlorine in the cell was determined from absorbance mea­
surements az room temperature, using molar absorptivities 
reported by Gibson and Bayliss.10

AlCln was prepared by reaction of hydrogen chloride 
with analytical grade aluminum wire in the vacuum system. 
In one instance material resublimed from reagent grade an­
hydrous AICI3 was used. Samples of aluminum halide were 
isolated in sealed Pyrex capsules until needed. Thin walled 
capillary extensions on these capsules were broken inside 
the vacuum system by dropping a glass enclosed weight 
when samples were to be transferred by vacuum sublima­
tion into the absorption cells. The total quantity of alumi­
num in the cell was determined following absorbance mea­
surements by colorimetric determination as the tris(8-qui- 
nolino)aluminum(III) ion.8>9

Iron(III) Chloride
The vapor phase absorbances of five independent sam­

ples of ferric chloride were observer as a function of tem­
perature in the range 200-500 m#t. At temperatures below 
ca. 200° the vapors were in equil brium with the solid 
phase. Three of the samples, CS5, ES5, and GS2 (the num­
bers designate the path length of the absorption cell) were 
small enough to vaporize completely, as evidenced by a 
marked change in the variation of the absorbance with 
temperature, in the temperature rar ge of the study. These 
samples were also studied as superheated vapors at tem­
peratures up to 550°. The other two samples, AV2.5 and 
BV5, could only be studied with the solid phase present.

The variation of absorbance with wavelength at various 
temperatures for sample ES5 as a superheated vapor is 
shown in Figure 1. The spectrum is characterized by two 
maxima, centered at 200° around 245 and 360 m co n s id ­
erable change in the appearance of the spectrum with tem­
perature is observed. As the temperature increases, disso-

TABLE I: Total Absorbances At of Iron(III) Chloride 
Vapor Sam ples and Estim ated M olar A bsorptivities 
of FeCl3(g)a

T, °C 0?

245 m/i 260 111 [I 360 m/i

•4, «i A t «i At «i

CS5 C0 = 3.327 X 10' 5; g C!2 = 9.04 X 10'4 M

200 0.0008 1.820 1.572 1.798
250 0.0056 1.795 1.582 1.735
300 0.0351 1.739 1.593 1.667
350 0.0593 1.638 1.531 1.628
400 0.1109 1.598 3056 1.599 4426 1.655
450 0.3288 1.467 3826 1.524 4704 1.700 7264
500 0.4920 1.260 3151 1.443 4340 1.777 7056

ES5 C0 = 2.441 X 10"5> Qu, = 2.206 X 10‘ 4 M

200 0.0009 1.318 1.145 1.302
250 0.0066 1.295 1.164 1.255
300 0.0412 1.267 1,174 1.229
350 0.0693 1.201 1.140 1.203
400 0.1283 1.175 3018 1.167 1.225 8456
450 0.3727 1.089 3611 1.147 4549 1.288 6976
500 0.5467 0.900 2704 1.053 3924 1.343 6728
550 0.6893 1.006 3866 1.004 3859 1.419 6792

GS2 C„ = 2.508 X 10'5; C c l, = 1.318 X 10'3 M

200 0.0009 0.570 0.500 0.537
250 0.0065 0.560 0.506 0.523
300 0.0406 0.542 0.489 0.509
350 0.0683 0.525 0.501 0.501
400 0.1268 0.502 4598 0.502 6492 0.502 8448
450 0.3686 0.518 5595 0.540 6494 0.540 7350
500 0.5406 0.558 6273 0.489 5029 0.597 7672
550 0.6873 0.425 4050 0.527 5563 0.624 7418
a Contribution of excess chlorine deducted.

dation of dimer to monomer is expected to increase; at 
higher temperatures the maximum around 245 m/t was ob­
served to shift to slightly longer wavelengths whereas the 
peak at 360 shifted by a comparable amount toward 
shorter wavelengths.

Several studies of the ferric chloride monomer-dimer 
equilibrium have been reported; results are summarized 
conveniently in the JANAF tables.11 At the vapor concen­
trations used in this work the degree of dissociation of the 
dimer is very small below 300°. The absorbance maxima 
between 200 and 300° are observed to decrease with in­
creasing temperature and this behavior is assumed to char­
acterize Fe2Clfi. On the other hand, at 550° for sample GS2, 
for example, the calculated degree of dissociation of dimer 
to monomer is nearly 70% and the absorbance of the mono­
mer is expected to be of major importance. Molar absorp­
tivities of the two species were estimated in the following 
way.

From data in the JANAF tables11 the concentration of 
chlorine introduced into the various cells may be shown to 
prevent significant dissociation of FeCl;i to iron(II) chlo­
ride. Possible intermediates such as FeoCl-,12 were also as­
sumed unimportant under these conditions. The contribu­
tion of chlorine to the total absorbance, based on measure­
ment of its absorbance at room temperature and the results 
of Gibson and Bayliss,10 was subtracted and the remainder 
attributed to the contributions of FeCl:î(g) and Fe-jCMg).
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TABLE II: Apparent Pressures of Fe2Cl6(g) 
in Equilibrium  w ith FeCl3 (s)

t ,° k
A

(360 m/i)
P,

T o rr T, °K
A

(360 m_i)
P,

T o rr

AV2.5 BV5
467.4 0.860 0.912 447.4 0.397 0.98
472.7 1.272 1.369 466.0 1.602 0.846
474.4 1.472 1.593 455.0 0.718 0.367
471.0 1.108 1.187 449.0 0.452 0.227
477.6 1.770 1.932 459.2 0.975 0.504

459.7 1.01 0.523
465.7 1.56 0.823

CS5 463.6 1.325 0.694
459.5 0.955 0.495 464.0 1.393 0.731
463.1 1.252 0.655 443.2 0.292 0.144
451.3 0.535 0.270 466.0 1.612 0.851

ES5 GS2
455.8 0.822 0.421 458.0 0.363 0.468
456.7 0.878 0.451
458.2 0.954 0.492
456.7 0.873 0.448
461.8 1.243 0.648

Molar absorptivities of the latter (e2) were assigned by as­
suming that all of the iron in the cell was in the form Fe2Cl6 
between 200 and 300°. The values at the wavelengths of the 
maxima and their temperature dependence in this range 
are approximated by the equations

e, (ca. 245 m,u) = 12050 -  4.25/ (2)
e, (ca. 360 m/i) = 12650 -  8.5/ (3)

where t is the temperature in °C.
If eq 2 and 3 are assumed valid at higher temperatures, 

the Beer-Lambert law for binary mixtures may be used to 
estimate the molar absorptivity of FeCl:!.

A/h  = e,C, + iiC-i = Cn (1 -  /v)e, + 2f (4)

where b represents the cell path length in cm, subscripts 1 
and 2, respectively, indicate monomer and dimer, C repre­
sents the concentration in moles/liter (with G0 the concen­
tration equivalent of the total number of gram atoms of 
iron present as either monomer or dimer), t the molar ab­
sorptivity, and a the degree of dissociation of the dimer.11 
Results are summarized in Table I. Two maxima, centered 
around 260 and 360 m/i, respectively, also appear in a plot 
of ti vs. wavelength with the peak at 250 approximately 
half the height of that at 360. The values derived for FeCR 
are subject to a rather large uncertainty; however other 
than the differences noted, the general shape of its spec­
trum appears quite similar to that, of the dimer.

A plot (log ,4 (360 m/j)/6 vs. 1/T) of the total absorbance, 
after subtracting the contribution of chlorine, is shown in 
Figure 2. Marked changes at the temperatures where the 
solid phases have completely vaporized are clearly appar­
ent for samples CS5. ES5, and GS2. When the assigned 
molar absorptivities of Fe2Cls are used to calculate appar­
ent equilibrium vapor pressures above the solid, i.e., P = 
CRT = ART/tib, values are found to be between 30 and 
40°-o larger than those calculated from the equation based 
on transpiration and diaphragm gauge data given by Wil­
son and Gregory.13 Least-squares analysis of the data 
(Table II, the data listed in the order measured) for sam-

Is'
»

» v

- i Ol

2 ; 2 I 2 2

Figure 2. Temperature dependence of the absorbance at 360 m/< of 
the vapors generated by samples of iron(lll) chloride, excluding the 
contribution of excess chlorine.

pies A and B gives the equation log P(Torr) = 14.907 — 
6982 T~ with a standard deviation of 0.0056. The indicated 
enthalpy of sublimation, 31.9 kcal for the mean tempera­
ture 460 K, does not differ significantly more than the com­
bined experimental uncertainties from Wilson’s value (32.6 
kcal). The vanishingly small solid samples used in the pres­
ent study may be partially responsible for the higher ap­
parent vapor pressure although the magnitude of the dif­
ference seems larger than might be expected from surface 
effects alone.

The M ixed M etal D im er FeAlClg

Vapor phase absorbances were measured for nine differ­
ent mixtures of FeCl:i and AICI3. Samples C, G, and J were 
too large to vaporize completely in the range of the mea­
surements and only the absorbance of the saturated vapor 
in equilibrium with a solid phase (or phases) was observed. 
Sample K was very small and a condensed phase did not 
appear to be present except perhaps at the lowest tempera­
ture at which the absorbance was measured. With samples
D. E. F, H. and I vapor phase absorbances were studied 
over temperature intervals in which (a) only a homoge­
neous gas phase was present and (b) a condensed phase (or 
phases) was also present. A display of log A (360 m//)/i> vs. 
1/T for all samples is shown in Figure 3. Chlorine was also 
added to these samples to reduce the concentration of iron- 
(II) species to a negligible value;1114-15 the absorbances 
shown in Figure 3 do not include the small contribution of 
chlorine. The observed behavior led to the following con­
clusions.

Below ca. 200° the rapid increase of the total absorbance 
with increasing temperature indicates that the concentra­
tions of the absorbing vapor species are controlled by equi­
librium with a condensed phase. The abrupt change in the 
temperature dependence observed for D, E, F, H, and I in 
the vicinity of 200° is attributed to complete vaporization 
of the sample. In the range where a condensed phase is 
present, the total absorbance in all cases is substantially 
greater (by factors in the range 2 to 10) than that of the 
vapor in equilibrium with pure FeCl:!(s) (solid line, Figure
3). This indicates clearly the presence of an additional ab­
sorbing molecular species in the vapor phase. Since A1C1S 
and similar compounds of aluminum do not absorb at the 
wavelengths used, the new absorbing species has been as­
sumed to contain iron and to be the mixed dimer FeAIClfi. 
As indicated previously concentrations of FeCl:i(g) are ex­
pected tc be negligible at temperatures below 300°. As will 
be seen the results can be reasonably well explained with-
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TABLE III: Apparent M olar A bsorptivities 
of FeAlCl6(g)

E -1 K-5

T, °C e(360) e (245) e(360) €(360) e(245) €(360)

200 5630 7310 5640 5750 7520 5520
250 5490 7050 5410 5540 5430

v 300 
350

5340 8910 5210 7200
7000

5210
5040

Figure 3. Temperature dependence of absxbance at 360 mp of the 
vapors generated by the various mixtures of aluminum(lll) chloride 
and iron(lll) chloride, excluding the contribjtion of the excess chlo­
rine.

Figure 4. Variation of molar absorptivities with wavelength for 
Fe2CI6. FeAIC'3, and Fe2Br66 at 200°.

out the need to assume the presence of additional or more 
complex intermediates.

A sufficiently large excess of aluminum chloride is pres­
ent in samples D, E, F, and K so that an equilibrium con­
stant for (1) of the order of unity expected from simple 
statistical considerations) would predict the contribution 
of FeeClt; to the absorbance in the h omogeneous gas region 
to be only a few percent or less of the total. Hence in these

cases virtually all the iron in the cell should be in the form 
FeAlCl6; this assumption permits molar absorptivities of 
this species to be assigned. The appearance of the spectrum 
for these samples is very similar to that of Fe2Cl6. The posi­
tions of the two maxima are not significantly different, al­
though the height of the peak at 245 mu relative to that at 
360 m/r is greater for FeAlClg than the Fe2CI6. Molar ab­
sorptivities assigned to FeAlCl6 (c m ) are shown in Table III. 
The temperature dependence of cm in the range 200-300° 
is reasonably well approximated by the equations

eM (ca. 245 mp) = 8100 -  4.0/ (5)

eM (ca. 360 m/i) = 6430 -  3.9/ (6)
where t is the temperature in degrees centigrade. Molar ab­
sorptivities derived for Fe2Cl6, FeAlClR, and values re­
ported for Fe2BrRfi are compared in Figure 4.

The relative amounts of FeCl3 and AlCF in samples H 
and I were such as to give concentrations of Fe2ClR and 
FeAlClfi of comparable magnitude when these samples were 
completely vaporized. Absorbance data in these cases were 
used to derive values for the equilibrium constant for reac­
tion 1. The molar absorptivity of FeAlClf, at 360 mp is very 
nearly one-half the value for Fe2Cle and the total absorb­
ance at this wavelength is relatively insensitive to the ratio 
of the two concentrations; A(360) thus serves, in effect, 
only to indicate the total concentration of iron atoms in the 
vapor phase. However, the difference in molar absorptivi­
ties is greater at 245 m  ̂ and absorbances at this wave­
length together with the known amount of iron and alumi­
num present were used for the homogenous gas samples to 
derive the K l values shown in parentheses in Table IV by 
solution of the following equations.

A/b =  e FC F + eMC M 

C Fc = 2Cf + CM 

f-Ai = 2Ca -r CM 

At = CM/CFCA
where tF and cm represent the molar absorptivities of 
Fe2ClR and FeAlClR; CF, Cm, and CA the concentrations of 
Fe2Clfi, FeAlClfi, and A12C16; and CFe and CAi the concen­
tration equivalents of the number of gram atoms of iron 
and aluminum, respectively, in the cell. Absorbance data at 
360 mp combined similarly with CFe and CAi, and alterna­
tively comparison of absorbance data at the two different 
wavelengths without reference to CFe gave equilibrium con­
stants of comparable magnitude but with considerably 
greater scatter (range 0.7-3).

No systematic variation of Ki with temperature is indi­
cated; hence AH° for (1) appears to be zero within an un­
certainty estimated as ±1 kcal. Thus the equilibrium con­
stant is not greatly different from that expected if the en­
tropy change of (1) is only that associated with a reduction 
of the molecular symmetry number by a factor of 2. With 
allowance for this difference the thermodynamic properties 
of mixed metal dimer molecule appear to be essentially an 
average of those of Fe2ClR and Al2Cl6.

The behavior observed for the various samples when 
condensed phases were present proved more difficult to 
correlate. The absorbances were observed to change slowly 
with time when temperatures were changed in the low tem­
perature range and, while values were not recorded until 
the rate of change appeared negligible, some doubt still re­
mains as to whether equilibrium in the solid state had been
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TABLE IV: Vapor P hase Absorbance D ata for M ixtures of FeC l3 and AICI3  and Apparent V alues of K (l)

Sample °K A360° A'“ Sample °K ,4360“ K"

C-5
C Fe = 9.22 x IO’ 5 .1/ 424 1.042 0.71 F - l 448 1.130 1.00

C ai = 3.0 x IO'3 M 431 1.720 1.05 453 1.417 1.04

C Ci = 7.0 x IO '4 M 429 1.647 1.06 455 1.512 1.04
442 0.772 0.80

D-2 425 0.475 c Fe = 3.42 x IO’ 4 M 454 1.416 1.01

444 1.170 ^ A l  ~ 8.65 x 10‘ 3 M 455 1.440 1.00

1.79 x IO '4 M 436 0.827 C ci, = 1.5 x 10-4 .1/ 464 1.930 0.81

C m  = 2.72 x 10‘ 2 M 473'’ 2.017 425 0.245 0.21

C ci - : 8.3 x IO '4 M 523" 1.965 428 0.313 0.34

573'’ 1.913 431 0.390 0.26

673'’ 1.770 473" 1.964

723'’ 1.690 532" 1.892
673" 1.705

E - l 443 0.989 2.07
436 0.600 1.51 G-2 440 0.580 2.21

2.10 x IO'4 M 448 1.185 2.37 449 0.835 2.22
4.75 x 10"3 M 444 0.972 2.37 454 1.070 2.24

Cc u  == 5.5 x IO'3 M 429 0.382 0.86 c Fe = 1.425 x IO’ 3 M 457 1.232 2.41
473" 1.183(1.535) £  Al — 4.21 x 10'4 M 432 0.385 1.86
523" 1.137(1.480) : 7.1 x  10‘ 3 M 463 1.565 2.14
573" 1.095(1.452) 2

444 0.630 1.85
430 0.335 1.62

H - l 466 0.978 1.20 453 0.924 1.97
459 0.738 1.38
463 0.840 1.07 J-2 459 1.200 1.86
469 1.161 1.22 ^Fe = 1.323 x 10'4 M 456 1.120 2.32

^  Fe = 2.51 x IO’ 4 M 473 1.325 1.15 C.A, = 4.09 x IO’ 4 M 449 ,'.735 1.57

C Ai = 9.14 x 10'4 M 446 0.390 1.11 Cc i2 == 1.33 x IO'3 M 444 0.635 1.95

C 'd  == 8.3 x 1 0  1 M 452 0.517 1.15 439 0.520 1.98
0

473" 1.405(1.683) (1.55) 457 1.157 2.03

523" 1.360(1.641) (1.59)
573" 1.305(1.595) (1.53) K-5 439 0.952
623" 1.255(1.557) (1.43) C Fe — 4.55 x 10‘ 5 M 473" 1.255(1.710)
477" 1.415 CA. = 4.02 x IO’ 2 M 523" 1.235

Cq12 =
= 1.9 x 10‘ 3 .1/ 573" 1.185(1.635)

1-1 464 0.520 0.73 623" 1.145(1.590)
457 0.360 1.16

C Fe -= 1.13 x 10'4 M 448 0.230 1.13

C ai = 1.67 x 10‘ > M 453 0.300 1.22
= 4.7 x 10‘ 4 M 456 0.345 1.21

2 473" 0.632(0.721 (1.47)
523" 0.606(0.699) (1.24)
573" 0.593(0.695) (2.08)

"V alues in parentheses represent da ta  obtained a: 245 mjj. 6 Solid phase not present at these tem peratures. D ata  above 600°K off 
scale for Figure 3.

fully realized, particularly at temperatures below ca. 160° 
(it will be noted, Table IV, that the calculated Kx values 
appear abnormally low at these temperatures; it is also pos­
sible that an AlClg rich phase may have condensed which 
would make the K calculated without proper allowance for 
this abnormally small).

Samples E, G, and -J have relatively large amounts of 
FeCl:i and it is clear from the magnitude of the absorbance 
that a substantial amount of the iron remains in the solid 
phase at low temperatures. If it is assumed for these sam­
ples that the solid phase is virtually pure FeCl:t's), i.e., that 
the mole fraction of aluminum in the solid is negligibly 
small, the concentration of Fe2Clf, vapor is then known; the 
additional absorbance (over that expected for Fe2Clf,) then

gives the concentration of FeAlClg. In this case absorbances 
at 360 mn, which could be measured more accurately than 
at 245 mfi because of difficulties in base line calibration for 
the latter, were used. The concentration of FeAlClg and the 
value of Cai then establishes the concentration of AI2CI6 
(dissociation into AlCl3(g) is negligible) and values of K ] 
were derived (see Table IV; data listed in order tempera­
ture was varied). These values of Kx appear on the average 
slightly higher than values derived from the homogeneous 
gas phase data for samples H and I. When a similar treat­
ment is applied to samples C, F, H, and I in the tempera­
ture range where condensed phases are present, calculated 
values of K x (shown in Table IV) are substantially less and 
average close to unity. In these cases the relative amount of
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iron is less and solid solution effects may be expected to be 
more important as the concentration of the Al2Cl6 vapor 
increases. If it is assumed that the solid phases contain sig­
nificant mole fractions of aluminum, the calculated values 
of Kj are increased. However, it was not found possible to 
improve the overall correlation of all the data by assuming 
formation of ideal solid solutions oi by assuming various 
values of a Henry’s law constant for the mixed metal dimer 
in such solutions. Sample D has such a large amount of 
AICI3 present that condensation of an aluminum chloride 
phase (with iron chloride dissolved in it) is expected at 
lower temperatures rather than an iron chloride rich phase. 
Absorbance data for D did not give reasonable values of K 1 
when the latter was assumed. We conclude therefore that 
while the interpretation provided when a solid phase is 
present is generally correct, it seems likely that nonideal 
solid solutions are formed when partial pressure of alumi­
num chloride are sufficiently high. This is also indicated in 
preliminary studies of the phase diagram of the AICI3-  
FeCls system.1-2

The overall consistency of the values of K\ derived for 
the various samples (Table IV) gives substantial support to 
the accuracy of the stoichiometry represented by eq 1. It 
may be noted that in the various samples the ratios 
CAi2ci6/CFe2Ci6 >n the vapor phase differ by factors as large 
as 200; CVeMCie/tV^cie varies by as much as a factor of 7. As 
pointed out by one of the reviewers, a direct test for the 
number of aluminum atoms in the principal complex 
species can be made by comparison of absorbances in two 
samples such as E and J which have significantly different 
Al2Cl6 pressures and in which the solid phases appear to be 
reasonably pure FeCig. We may write in this case

; / /F e C l , ( s )  +  r fA l,C l6(g) =  (F  3 C l:5) m(A lC l:i)> (g )  (7)

and K- = P,.,,mpiex/pAi2Ci6n- The absorbance/cm of the com­
plex (At -  AFe2ci6 (sat)) for samples E and J, respectively, 
is found to be 1.14 and 0.34 at 45C K and these values are 
proportiona. to Pcompiex- Since the concentration of the 
complex is small compared to that of ABCIr, the ratio of 
(Pai2ci6)e/(Pa12C16)j is close to the ratio of the CA1 values, 
47.5/4.09. Hence 1.14/(47.5)n = 0.34/(4.09)n from which n 
= 0.495, remarkably close to 0.5.

The absorption spectra of Fe2Cls, FeAlCle, FeCl3, and 
Fe2Br6 vapors appear very similar ir the visible-ultraviolet 
range (Figure 4). It seems likely tha , the two peaks are as­
sociated with charge-transfer transitions involving the 
basic Fe-Cl bond rather than reflecting the behavior of 
bonds with the halogen atoms in different environments

(bridge and nonbridge) since both peaks, although slightly 
shifted, also appear for the monomer. The substitution of 
an aluminum atom for one of the atoms of iron in the dimer 
Fe2Cle has only a minor effect on shape of the spectrum; 
the reduction of the molar absorptivity by a factor of ap­
proximately 2 suggests that the total absorbance is basical­
ly related to the number of iron-chlorine bonds in the mol­
ecule. The solution spectrum of tetraethylammonium 
tetrachloroferrate(III) has been reported to show two simi­
lar bands with maxima at 248 and 367 mp, and similar 
spectra have been obtained from solutions of iron(III) chlo­
ride in other solvents.16-19

While the thermodynamic properties of FeAlClfi are such 
as to give values of K\ around 1.6, not very large, nonethe­
less formation of the mixed metal dimer has the effect of 
considerably increasing the amount of iron in the vapor 
phase above solid FeCl3 when aluminum chloride vapor is 
present at substantial concentrations. FeAlCle is apprecia­
bly more volatile than Fe2Cl6 and its formation may be ex­
pected to increase the difficulty of separation of iron as an 
impurity in aluminum chloride and vice versa by fractional 
sublimation.
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Addition of the sulfur-containing intermediate produced by OH reaction with sulfide to a number of unsat­
urated compounds has been studied by means of ESR spectroscopy. Eight types of compounds were used: 
aliphatic compounds containing C=C (olefinic compounds and enols), C=C, C=N (oximes and an imine), 
or C=S bonds, benzenes, furans, pyrroles, and thiophenes. Adduct radicals containing sulfur were detected 
only in the case of some olefinic compounds and oximes. The lack of detectable lines in the other cases is 
most likely the result of slow reaction of the intermediate. Values of the pK  for dissociation of the sulfhy- 
dryl proton in three ¡3-mercaptoalkyl radicals were determined. The values are for HSGH2CHC02~, 8.9, for 
HSCH2CHCN, 7.1, and for HSCH2C(CH3)C0 2“ , 9.5. A study of the temperature dependence of line broad­
ening in “SCH2CHC02“ and “SCH2C(CH3)C0 2~ gave values for the activation energy for internal rota­
tion by 180° about the CH2-C bond of 7.1 and 6.2 kcal mol“1, respectively.

Introduction
Relatively little is known about reactions of the interme­

diates produced by oxidation of sulfide with OH radical. 
Hydroxyl radicals produced by radiolysis of aqueous solu­
tions react rapidly with H2S or HS“ depending on pH

H,S :^=t HS* + H+ pI< = 7.04 (1)
with rate constants of 1.1 X 1010 and 5.4 X 10s M“ 1 sec“ 1, 
respectively.2 The resulting intermediates may include HS 
and S~ as well as complexes such as HSOH“ and HS22“ 
but the situation is not fully understood.2 For the present 
purposes the intermediate (or intermediates) will be de­
scribed by the simple name “sulfide radical”. The reaction 
of this intermediate with the aci anion of nitromethane has 
been found3 4 to produce the radical “SCH2N 02“ at high 
pH which is in equilibrium with HSCH2N02“ at lower pH. 
The pK for this equilibrium can be estimated to be ~9 .5 
Norman and Storey have also reported4 adducts of the sul­
fide radical to acrylic acid and acrylonitrile in a flow-mix­
ing system. The sulfide radical has also been detected by 
trapping with nitromethane in the photolysis of HS“ 6 and 
S2O32“.5

Because these earlier studies involve only a few reactants 
for the sulfide radical it is important to explore more fully 
the reactions of this species. The present paper describes in 
situ radiolysis-ESR experiments7 in which radical products 
were sought with a wider range of unsaturated compounds.

Experim ental Section

In all cases radicals were produced by irradiating a solu­
tion of sodium sulfide containing the desired compound. 
The irradiation (2.8-MeV electrons) was carried out direct­
ly in the ESR cavity as previously described.7 The solution 
flowed through the flat silica cell at about 1 cc sec“ 1 and its 
temperature was measured at the exit from the cell with a 
copper-constantan thermocouple. For measurement of 
ESR line positions, a second-derivative presentation was 
used (100-kHzand 20Q.-Hz modulation). Where line widths 
were to be measured only the 100-KHz modulation was 
used and first-derivative spectra were recorded.

Sodium sulfide enneahydrate- (Na2S-9H20) was Baker 
Analyzed reagent. All of the organic chemicals employed 
were of the purest grade commercially available and used 
without further purification except for olefinic compounds 
containing stabilizers, which were distilled under atmo­
spheric or reduced pressure. Water was distilled and freed 
from organic impurities by passing the vapor with oxygen 
through a silica tube at ~600°. Solutions were saturated 
with nitrous oxide which served both to remove oxygen and 
to convert eaq“ to -OH. In the case of gaseous olefins, a mix­
ture of the olefin and nitrous oxide (ratio —4:1) was bub­
bled through the sulfide solution. The pH was adjusted 
with potassium hydroxide or perchloric acid; no buffer was 
used except where noted. Borate was added as Na2B407 
but concentrations are given in terms of H3BO3.

R esu lts and D iscussion

ESR Spectra of fi-Mercaptoalkyl Radicals. Basic (pH
12), N20 saturated solutions containing sodium sulfide 
(10-20 mM) and the desired olefinic compound (5-10 mill) 
were irradiated and the ESR spectra recorded. With acry­
late, acrylonitrile, methacrylate, methacrylonitrile, and ita- 
conate spectra were obtained which can be attributed to /?- 
mercaptoalkyl radicals (I). The parameters for these radi-

• / x  
-SCHnC.

Y
I

cals are summarized in Table I. Because the nature of the 
intermediate sulfur containing radical is not clear (as men­
tioned above) it is possible that some reaction other than 
the net addition of S-“ has occurred. In particular the radi­
cals designated by structure I could possibly be the adducts 
of some more complex group containing oxygen (or OH) as 
well as sulfur. However, the protonation equilibrium dis­
cussed in a later section is completely consistent with the 
structure as written so the simple structure is probably cor­
rect.

The spectrum obtained with acrylate (X = H, Y = C02“) 
is shown in Figure 1 with the expected six lines indicated
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1073G

i

Figure 1. Second-derivative ESR spectrum of the radical produced 
by the addition of the sulfide radical to ac'ylate at pH 12 and 19 ± 
2°. No lines other than those shown were detected. The fourth line 
from the left is on the tail of the signal from the silica cell which ne­
cessitated the base line shift indicated by :he dashed line. Note that 
the central lines of the triplets are broader and less intense.

by a “stick- spectrum”. The central lines (2 and 5) of the 
triplets caused by the /3-methylene protons are weaker and 
broader than the other four lines. The peak height ratio of 
lines 1 and 2 under the conditions used is about 1:0.5 rather 
than the expected 1:2. Although some of the observed 
broadening is caused by {he second-order splitting of 0.04 
G this effect cannot reduce the intensity of lines 2 and 5 to 
such an extent and another source of broadening must 
exist. As discussed in a later section his broadening can be 
associated with hindered internal rotation. The same effect 
w'as present with methacrylate (i.e., with 
~SCH2C(CHn)C02'_) to an even greater degree such that 
the central lines of the triplets were hardly observable. In 
the case of the radical from itaconate (_SCH2C(C02_)- 
CH2C02_) a broadening was observed for the central lines 
of the triplets associated with both sets of methylene pro­
tons. No selective line broadening was observed for the S-~ 
adducts of acrylonitrile and methacrylonitrile. The hyper- 
fine constants for triplets which do show this effect are 
marked with an asterisk in Table I.

When acidic solutions were irradiated, spectra ascribable 
to the protonated radicals II were observed. Figure 2 shows

.X
HSCHXf 

' Y 
II

the spectrum obtained with acrylate at pH 5.5 and the dou­
blet splitting produced by the HS proton (1.32 G) is clearly 
seen. The parameters of this radical and those obtained 
with acrylonitrile and methacrylate under similar condi­
tions are given in Table I. Only a weak spectrum which 
could not be fully analyzed was observed with methacrylo­
nitrile. None of the radicals of type II show the selective 
line broadening noted above for radicals of type I.

Parameters for the OH adducts of the five compounds 
under consideration are included in Table I for comparison 
purposes. All of these radicals (or the forms with the car­
boxyl groups protonated) have been observed previously. It 
is noteworthy that the OH adduct to itaconate shows a line 
broadening associated with the me hvlene protons of the 
CH2C02_ group. The outstanding difference between the 
sulfur-containing radicals and the OH adducts is in the 
splittings by the methylene protons. All of the values for 
the sulfur-containing radicals are anomalously small. If the 
usual angular dependence for the splitting by a proton is 
used (a,j = A + B cos2 0) then the smallest splitting for
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Figure 2. Second-derivative ESR spectrum (shown in two segments) of the radical produced by addition of the sulfide radical to acrylate at pH 
5.5. Except for a few other weak lines of the size of those appearing between the main lines 2 and 3 and 11 and 12, no other lines were de­
tected The dashed line indicates the position of the signal from the cell.

equivalent methylene protons occurs for 6 = 2ir/3. With the 
values A = 0 and B = 2 X 26.87s the minimum splitting ex­
pected is 13.44 G. All but one of the values in Table I are 
significantly below this limit. Krusic and Kochi9 have ob­
served similar anomalies in other d-mercaptoalkyl radicals 
and have explained the low values by invoking a distortion 
at the d carbon which moves the ff hydrogens away from 
the radical site and toward the nodal plane. Apparently 
similar effects exist here.

Analysis of the Line Broadening. The selective line 
broadening described in the preceding section can be at­
tributed to hindered internal rotation around the C„-Cj 
bond with the equilibrium conformation III. In this confor­

mation, if X ?£ Y, the two methylene protons may have dif­
ferent coupling constants. An internal rotation by 180° in­
terchanges the roles of the two 6 protons and makes possi­
ble line broadening. A radical held rigidly in conformation 
III will show a four-line subpattern of splitting by the 
methylene protons with the spacing of the central two lines 
equal to the difference of the two hyperfine constants. If 
rotation by 180° occurs, these two lines will broaden and 
eventually, at high rates of rotation, narrow again into a 
line of relative intensity two. The spectra observed here 
correspond to the latter stages where nearly complete aver­
aging of the central line has occurred. Other possibilities 
exist, for which broadening can be associated with rota­
tions of less than 180°, but these would require certain 
chance relationships between the hyperfine constants to 
explain the narrow outer lines in the methylene proton 
subpattern. The simpler situation with rotation by 180° 
automatically accounts for this latter fact because of the 
symmetry involved and so is more probable. Of xhe radicals

1 / T x l O 3 (•«-')

Figure 3. Temperature dependence of the line broadening for 
“ SCH2CHC02~ (la) and - SCH2C(CH3)C02~ (lb). The symbols AH, 
and AH2 represent the line width in units of NMR frequency (kHz) for 
protons of the lowest and second-lowest field lines, respectively.

observer, here only those in which both groups Z (S- or 
C02- ) and Y (C02- ) had a negative charge showed line 
broadening. On this basis the main contribution to the po­
tential barrier hindering rotation appears to be the repul­
sion between these substituents.

Near the fast exchange limit the line width caused by a 
hindered internal rotation is proportional to the correlation 
time of the internal rotation.10 The temperature depen­
dence of the correlation time r may be expressed in the 
form

r x  exp(- F.jRT)
where Ea is the potential barrier to the internal rotation. 
Plotting the logarithm of the inverse of the extra line width
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TABLE II: pK V alues of tS-M ercaptoaIky 1 R adicals 
and Their Corresponding Thiols

p K  o f  p K  o f
R a d ic a l  r a d i c a l  T h io l  t h io l

HSCH2CHC02- 8.9 ±0 .2  HSCH2CH2 C<V 10.84“ 
HSCH2CHCn " 7.1 ±0 .2  HSCH2 CH2CN b
HSCH2C(CH3 )C02- 9.5 ±0 .2  HSCH,CH(CH3 )C02'  c

a Reference 12. h Not known. The value 8.63 may be estimated by 
means of the relationship between pK  values and Taft a* for thiols 
HSCH2R, pK  = 10.54 -  1.47(t*, reported by M. M. Kreevoy, E. T. 
Harper, R. E. Duvall, H. S. Wilgus, and L. T. Ditsch, J. Am. Chem. 
Soc., 82, 4899 (1960). c Not known.

against 1/T should give a straight line and with slope pro­
portional to f?a. In Figure 3 are shown the results on the 
temperature dependence of the line broadening effect 
found for the radicals la (X = H, Y = CO2”) from acrylate 
and lb (X = CH3, Y = CO2”) from methacrylate. The two 
lines at the low-field end of the spectrum (the first and sec­
ond lines from the left in Figure 1) were recorded in the 
first derivative presentation. Correction for modulation 
broadening was made according to Wahlquist.11 The width 
of line 1 is independent of temperature within experimen­
tal error and was assumed to be the residual line width 
caused by effects other than the hindered rotation. The 
temperature range was from 0 to 29° for radical la and 
from 4 to 45° for radical lb. The potential barriers deter­
mined from the slopes of the lines in Figure 3 are 7.1 kcal/ 
mol for la and 6.2 kcal/mol for lb.

The /3-methylene proton couplings are also found to be 
temperature dependent. For example, with radical la the 
coupling constant changed from 10.51 G at 0° to 10.96 G at 
38°. This result indicates that at higher temperatures the 
radical spends more time in conformations away from the 
equilibrium conformation III.

Dissociation Equilibrium of the Sulfhydryl Protons. At 
intermediate pH values a superposition of the discrete 
spectra of the ionized form I and the acid form II was ob­
served. As the pH was changed no appreciable line broad­
ening was observed even in the presence of 0.13 M  borate 
or 0.5 M  ammonium ion buffers. A plot of the logarithm of 
the concentration ratio [I]/[II] against pH should give a 
straight line with unit slope if an acid dissociation equilib­
rium exists between the two species:

HSCH,CXY + B" ‘SCHjCXY + BH 
II I

where B” represents an appropriate base. This analysis re­
quires the time scale for reaching this equilibrium to be 
shorter than the decay time for either radical form. The re­
sult for the radicals la and Ha from acrylate is shown in 
Figure 4, where the peak height ratio of the unit intensity 
lines divided by two was taken as the concentration ratio 
(there was no appreciable difference between the widths of 
the unit lines of the radicals la and Ha). Taking into ac­
count the sizeable experimental errors we conclude that the 
equilibrium is realized in the radical lifetime although the 
slope seems slightly larger than one.

The pK  value for the radical HSCH2CHCO2” (Ila) was 
determined from the data of Figure 4 to be 8.9 ± 0.2. The 
pK  values for the other radicals II, i.e., HSCHoCHCN and 
HSCH2C(CH3)CC)2~, were also determined in a similar way 
and are shown in Table II. These data indicate that a radi-

pH

Figure 4. The pH dependence of the signal intensity ratio (as de­
scribed in the text) for the dissociated (la) and undissociated (Ila) 
forms of the radical derived from acrylate. The slope of :he line (1.4) 
is larger than the expected value of 1.

cal with a stronger electron-withdrawing substituent in the 
/3 position to the thiolic group is a stronger acid. The value 
of 8.9 for HSCH2CHC02~ is about two units lower than 
that for the corresponding thiol, d-mercaptopropionate, 
which is known to be 10.84.12

Because boric acid has a pK  value of 9.14 which matches 
well that of the radicals examined, especially 
HSCH2CHC02”, its addition was expected to increase the 
rate of exchange between the two forms of the radicals and, 
therefore, to result in broadening of the lines. However, 
this is not the case. These results indicate that the dynam­
ics of the equilibrium between HSCH2CHCO2” and 
'SCH2CHCO2- is slow enough (< ~ 106 sec“1) even in the 
presence of 0.13 M borate buffer at pH 9.07 so that the dis­
crete spectra of the two forms are observable. Thus the rate 
constant for the reaction between HSCH2CHC02_ and the 
basic species (B(OH)4~) must be less than 107 M” 1 sec”1. 
This is much lower than that found for the reaction be­
tween some hydroxyalkyl radicals and phospiiate ions13 
and may reflect the fact that SH protons can less readily 
form hydrogen bond bridges to the base. A similar conclu­
sion must be reached for ammonium ion-ammonia buffer 
where the rate constant must be less than ~2 X 106 M” 1 
sec”1.

Radicals Produced by Reaction with Oximes. An N20 
saturated solution containing sodium sulfide at pH 12 and 
the desired oxime was irradiated. With acetaldoxime, ace- 
toxime, and 2,3-butanedione monoxime spectra of rather 
broad lines (line width between points of maximum slope 
~0.5 G) were observed which can be attributed to the ni- 
troxide radical IVa (X = S”). The reaction of sulfide radi-

TVa: X =  S"
IVb : X =  OH

cals with these oximes is probably analogous to that of hy­
droxyl radicals,14 i.e., addition of the radical to the carbon

X
I

R—C—N—O • 
! H

TV
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IVa IVb

TABLE III: ESR Parameters for Radicals Produced by Reaction with Oximes

Hyperfine constants, G Hyperfine constants, G

R R ' rrN " S„ H rtC H H g factor rrN =  rrNHH « c h H g factor

CIR H 14.60 IS.76 10.24 2.00575 13.13 8.95 2.0059“
13.2 9.0 h
13.2 8.8 c

c h 3 CHg 14.80 13.67 •V 2.00581 13.3 2.0059“
13.4 h
13.4 c

CIRCO C H , 14.32 13.68 2.00570 12.65 2.0059“
° Reference 14. " Reference 16 . 1 Reference 15.

atom of C=N bond in the oxime followed by rearrange- from a series of experiments varying the concentration
ment.

R'"
'C = N —OH

X
I .

R—C—N—OH
I

R'

R— C—N—O -

A. "
IV

The ESR parameters of the radicals IVa resulting from the 
reaction of sulfide radicals are shown in Table III together 
with those of the corresponding radicals IVb produced by 
the reaction of hydroxyl radicals.

It seems worth noting that the coupling constants for the 
nitrogen and N-H proton are different in the radicals IVa 
(X = S- ) while they are known to be equal in the radicals 
of the type IV with X = OH,1415 CH2OH,14 NH2,16 or 
C02~ 17 as well as in the radical H2NO-.18’19 Radicals of the 
type R0C(=0)N(H)0- are known to have different values 
for a N and onhh, as exemplified by ~0C(=0)N(H)0- with 
a N = 9.2 G and a\H H = 12.7 G.18 However in these radicals 
a N is smaller than oxhh while a N is larger than onhh in 
the radical IVa.

Reactions with Other Compounds. All experiments were 
carried out at an alkaline pH near 12. Concentrations of 
10-30 mM in sodium sulfide and 1-10 mM in organic com­
pound were used. In some experiments sodium sulfide was 
omitted and the reaction of hydroxyl radical with the un­
saturated compound was examined for comparison.

Of the olefinic compounds studied (other than men­
tioned above) only two, furylacrylic acid and 3-(2-thienyl)- 
acrylic acid, gave ESR spectra attributable to sulfur-con­
taining radicals. The predominant spectrum obtained with 
furylacrylic acid has the parameters a H = 16.76, 9.26, 7.21, 
1.71, 1.71 G and g = 2.00292. This can be assigned to the 

=CH-CH=CCHCH(S-)C02- The spec­radical (V), OCH

trum from 3-(2-thienyl)-acrylic acid was too complex to be 
analyzed because of a superposition of lines from more 
than one radical, but the presence of the radical corre­
sponding to V is likely since the total spread of the two 
spectra are very similar.

No sulfide adduct radicals were observed from methyl 
acrylate, acrylamide, crotonic acid, vinyl acetate, methyl 
vinyl ketone, ethyl vinyl ether, ethylene, propylene, isobu­
tylene, and enols of acetylacetone and ethyl acetoacetate. 
The addition reaction to these compounds must be slow. 
Some of the compounds gave spectra which are due to the 
radicals produced directly from hydroxyl radicals and in 
one case hydrated electrons. It was shown c ualitatively

ratio of sodium sulfide and the organic compound that 
competition for the hydroxyl radicals occurred between 
sulfide and the organic compound so that sulfide radicals 
were indeed produced! With fumaric acid both the OH and 
eaq_ adducts were observed. ESR parameters for the latter 
two radicals, except for the splitting due to the hydroxyl 
proton, are in full agreement with those reported by 
Neta.20 (The OH splitting is lost at the high pH because of 
rapid exchange.) The eaq~ adduct results from a portion of 
the hydrated electrons which escape scavenging by N20. 
With allyl alcohol, abstraction of the allylic hydrogen by 
hydroxyl radicals takes place to give the two isomeric allyl­
ic radicals.21 Weak lines were obtained from vinylacetic 
acid which appear also to be due to an allylic radical, but 
further analysis was not made. Of the six compounds hav­
ing a C=N bond only the three mentioned above gave de­
tectable signals. No ESR lines were observed from formal- 
doxime, formamidoxime, and benzylidenemethylamine.

No radicals resulting from the addition of the sulfide 
radical to C=C and C=S bonds, benzene, furan, pyrrole, 
and thiophene rings were observed. The compounds exam­
ined were acetylenedicarboxylate, propargyl alcohol, 3-but- 
yn-2-ol, 2-methyl-3-butyn-2-ol, 2-butyne-1.4-diol, thio­
urea, thioacetamide, benzene-1,2,3-tricarboxylate, ben­
zene-1,3,5-t.ricarboxylate, furan, 2,4-furandicarboxylate, 2- 
furoic acid, pyrrole, pyrrole-2-carboxylate, 2-thiophenecar- 
boxylate, and 2-thiophenecarboxaldehyde as well as 2-fur- 
ylacrylate and 3-(2-thienyl)-acrylate. In the case of the last 
two compounds, the sulfide addition took place to the 
C=C double bond in the side chain as described earlier and 
not to the ring.

The radicals produced by the reaction with hydroxyl 
radicals and observed even in the system containing sulfide 
are: HC=C-CHO~ (g = 2.00372, a„.H = 15.32 G, a7.H =
6.51 G) from propargyl alcohol; HC=C-C(CH3)0 _ (g = 
2.00335, acH:i = 13.99 G, rz7.H = 4.42 G) from 3-butyn-2-ol; 
HOCH2-C=C-CHO- (g = 2.00345, a„.H = 15.15 G, a7.H =
5.59 G) from 2-butyne-l,4-diol; three isomeric radicals22 
produced from 2-furoic acid and 3,4-furandicarboxylate by 
OH addition and ring rupture; two isomeric OH adduct 
radicals of benzene-1,2,3-tricarboxylate; and an OH adduct 
radical of benzene-1,3,5-tricarboxylate.

C onclusions

Addition of the sulfur-containing intermediate produced 
by OH reaction with sulfide to a number of unsaturated 
compounds has been studied. Eight types of compounds 
were used: aliphatic compounds containing C=C (olefinic
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compounds and ends), C=C, C=N (oximes and an imine), 
or C=S bonds, benzenes, furans, pyrroles, and thiophenes. 
Adduct radicals containing sulfur were detected by their 
ESR spectra only in the case of certain olefinic compounds 
and oximes. The absence of detectable ESR lines for the 
other compounds can be the result of either slow reaction 
of the sulfide radical or broad lines for the sulfur contain­
ing radicals. From the fact that some sulfur containing rad­
icals were observed it seems that sic w reaction is the more 
likely reason. Values of the pK for the dissociation of sulf- 
hydryl proton in three radicals of the type HSCFECXY. 
were determined and found to be about 1.5-2 units lower 
than in the corresponding thiol.
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Protonation Reactions at Carbon Sites in the Anion Radicals 
of Certain Unsaturated Compounds and Aromatic Amino Acids1

C. Van Paemel, H. Frumin, V. L. Brooks, R. Failor, and M. O. Sevilla*
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P u b lic a t io n  c o s ts  a s s is te d  b y  th e  P e tro le u m  R e s e a rc h  F u n d  a n d  th e  U .S . A to m ic  E n e rg y  C o m m is s io n

The protonation reactions at carbon sites of the anion radicals of certain unsaturated compounds as well as 
aromatic amino acids and their analogs have been investigated in alkaline and neutral aqueous glasses by 
electron spin resonance spectroscopy. For the compounds acrylic acid, 3,3-dimethylacrylic acid, crotonic 
acid, acrylamide, and acrylonitrile protonation or deuteration is found to occur to the electronegative 
group (R3) to form an «-carbon radical: RiR9C=CHR:!- + HvO —*■ R]R2CH—CHR3 + OH~. The anions 
were found to be stebilized when Rj (or R2) was a carboxyl (iumaric) or methyl (crotonic and 3,3-dimethy­
lacrylic acid) group. The anions of acetylenedicarboxylic acid and hydrogen cyanide were also found to pro- 
tonate in these aqueous glasses. The anions of four aromatic amino acids were found to protonate at carbon 
sites on the aromatic ring. Analogs of these amino acids which contain the aromatic ring were found to pro­
tonate at positions equivalent to those found in the amino acids. Molecular orbital calculations of the spin 
density and free valency show that the magnitude of these parameters can be correlated with the site of 
protonation and perhaps the tendency to protonate.

Introduction
Evidence has been presented :n several investigations 

that anion radicals of compounds with unsaturated hydro­
carbon linkages undergo irreversible protonation reactions 
at carbon sites. These investigations have been of ions in 
aqueous solutions or in the solid state.2 7 For example, the 
acrylic acid anion has been investigated in aqueous solution 
by ESR2 and pulse radiolysis techniques,4 as well as by 
ESR in glassy matrices.0-7 These results show that the 
anion which is initially formed by electron attachment sub­
sequently protonates (reaction 1).

C H ,= C H — CO,2'  + H ,0  —* CH3— CH— C O ,' + OH' (1)

This type of reaction is of interest to radiation chemistry 
of certain biochemical systems. For instance, in 7 -irradiat- 
ed DNA it is now considered likely that one of the radicals 
formed results from protonation at a carbon site on the 
anion of thymine.8 Studies of other DNA bases9 as well as 
aromatic amino acids10 suggest protonation at carbon sites 
in these cases as well.

In this study we have investigated a series of model com­
pounds to determine the type of unsaturated molecules 
which readily protonate in aqueous glasses. We have also 
studied a number of aromatic amino acids and their ana­
logs to determine if protonation reactions occur and at 
which sites they occur. We briefly consider possible theo­
retical reasons for the particular site of protonation.
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TABLE I: Radicals Formed by Electron Attachment to Molecules with Localized Multiple Bonds

Compounds
Hyperfine

Radical M atrix splitting, G
Temp,

K

Anions
3 .3 -D im ethylacrylic acid (CH:;)2 C=CHCCVH

(CH:;)2 C = C H C O /'
Crotonic acid CH ;C H =C H C O ,2-
A eetvlenedicarboxylic n o o i;! o o o

acid
F um aric acid 
Protonated R adicals

C 0 2 'C H =  CHCOy"

A crylic acid c h ;,c h c o 2'
A crylam ide c h :,c h c o n h 2

A cry lon itrile CH:iC H C =N
Crotonic acid CH:iCHDCHC02

3 ,3 -D im ethylacrylic acid (c h 3)2 c h c h c o 2‘

(CH:i)2CDCHCCV

A eetvlenedicarboxylic c o 2-c h = . c c o 2-
acid

C 0 2"C D =C C O ,-
Hydrogen cyanide H2C --N ‘

LiC l-D 20 14.6 ( 6  H) 77
NaOD 14.1 ( 6  H) 77
NaOD 15 (4 HR 77
NaOD 4 G wide singlet ’

' "AT *
77

NaOD 8  (2 HE 77

LiCl or NaOH 24 (4 HE’h 77
LiCl or NaOH 25 (4 HE 77
L iC lo r  NaOH 24.5 (4 HE 77
NaOD 40 (1H)

21 (1H) 165
NaOH 27.5 (2 H) 160
LiCl 24.5 (2 H) 160
NaOD 22 (1 H) 160
LiCl D20 21 (1 H) 160
LiCl or NaOH 57 (1H) 77

L iC l-D 20  or NaOD 8 . 6  (1 D) 77
LiCl 89 (2 H)Æ,n = 32 

,41n < 3 .5
1 1 0

“ F u rth e r anisotropic struc tu re  was observed in these radicals, however, only the approxim ate isotropic result is reported. h The 
anisotropic structure  in the  ESR spectrum  of th is radical was interpreted  (see tex t).

E xperim ental Section
All reagents and solutes were obtained commercially and 

were used without further purification except for acrylic 
acid and histidine which were purified by distillation and 
recrystallization, respectively.

The experimental procedure has been explained in our 
previous work.1112 Both 8 M NaOH and 12 M I iCl glasses 
were employed in this study. Electrons were generated by 
photolysis of 10-20 mM K4Fe(CN)6. The concentration of 
solute was approximately 2 mM for most compounds. 
Higher concentrations of histidine (20 mM) were found to 
be necessary.

The anions formed were often found to protonate when 
exposed to white light. Thus filtered light (>4300 A) was 
used for photobleaching trapped electrons.

The g values and hyperfine splittings in this work were 
measured relative to potassium peroxylaminedisulfonate 
(An = 13.0G and g = 2.0056).

R esu lts and D iscussion
Molecules with Localized Double Bonds. Electron at­

tachment to a number of compounds with localized double 
bonds in neutral or alkaline matrices resulted in stable 
anion radicals in several cases (see Table I). We discuss 
these radical anions below.

3,3-Dimethylacrylic Acid. Electron attachment to 3,3- 
dimethylacrylic acid on NaOD at 77°K gave the ESR spec­
trum in Figure 1A. This spectrum which shows a 14.1-G hy­
perfine splitting due to the six methyl protons is clearly 
that of the dianion radical. This splitting is very close to 
that found tor the acrylic acid anion in a nonaqueous ma- 
trix/' Similar results were found in LiCl-D20 (Table I). In 
H20  matrices some protonation occurred even at 77°K, so 
that the anion could not be isolated from the protonated 
species.

Figure 1. ESR spectra of radicals formed after electron attachment 
to 3,3-dimethylacrylic acid in alkaline glasses: (A) spectrum of the di­
anion at 77°K; (B) protonated radical, (CH3)2CHCHCC>2_, spectrum 
produced by photoprotonation of the dianion at 77°K in 8 M NaOH; 
(C) deuterated radical, (CH3)2CDCHC02_, spectrum produced by 
warming the dianion to 175°K in 8 M NaOD.

The anion (LiCl) or dianion (NaOH) was found to pro­
tonate or deuterate upon warming to 160°K or photo- 
bleaching with unfiltered visible light. In H20 matrices the 
protonated radical gave a spectrum consisting of a 24.5- to
27.5-G triplet due to two protons (Figure IB). Of the two 
possible carbon sites available for protonation only proton­
ation at the site d to the carboxyl as in reaction 2 could pro­
duce this spectrum.

(CH3 )2C = C H — C 022'  + H ,0

OH" + (CH3 )jCH— CH— CO," (2)

In DoO matrices a 21- to 22-G doublet was observed as 
would be expected for the a proton in the radical, 
(CH.O2CH—CH—C02- (Figure 1C). In contrast to our re-
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Figure 2. ESR spectra of radicals formec after electron attachment 
to acetylenedlcarboxylic acid In 8 M NaOH: (A) spectrum at 77°K of 
the anion, protonated radical (C02_CH=CC02~), and electron be­
fore photobleaching; (B) protonated radical spectrum at 110°K after 
removing the anion and electron by photobleaching. The structure 
on the major components in this spectrum is likely due to matrix in­
teractions since it is not observed in D20  matrices.

suits Neilson and Symons13 report r.hat both H atom bom­
barded and y-irradiated solid dimethylacrylic acid added 
hydrogen to the a carbon position. This may be a matrix 
effect or an inherent difference ir. the site of attack of the 
hydrogen atom.

An interesting concentration dependence was noted for 
the anion of 3,3-dimethylacrylic acid in LiCl-H^O. Saturat­
ed solutions gave the anion without any protonation. Even 
warming did not result in complete orotonation. This effect 
is considered to be due to agglomerates of the solute which 
hinder protonation by removing water from the reaction 
site.

Acetylenedicarboxylic Acid. The anion radical of 
acetylenedicarboxylic acid was observed at 77°K in alka­
line matrices though it is overlapped with the protonated 
radical (Figure 2A). The anion was not observed in LiCl 
glasses under the same conditions. The singlet spectrum of 
the anion was distinguishable from the electron from its 
much narrower line width (4 G vs. 13 G). Complete proton­
ation occurred upon photobleaching with unfiltered visible 
light or warming to 110°K (Figure 2B). The protonated 
radical (CCD- —CH=C—CCD- ) s.iows a 57-G splitting 
with some further structure in F120. Since this further 
structure was not observed for the protonated radical in 
NaOD (92% D) it is likely due to matrix interactions. The 
splittings for radicals in D>0 matrices (Table I) are very 
close to those predicted from those found in H20  using the 
gyromagnetic ratio. The splittings found in this work are 
larger than those found in single crystal work (51-54 G)3 or 
in aqueous solution at room temperature (50 G).2 In both 
of these investigations the anion radicals were proposed as 
precursors to the protonated radicals; our results confirm 
this previous work.

C'rotonic and Fumaric Acids. Both tiiese compounds 
gave spectra expected for anion radicals in 8 M NaOD after 
electron attachment. The analysis tf  the spectra in terms of 
isotropic couplings is shown in Table I. Both spectra 
showed some anisotropic structure Warming crotonic acid 
in NaOD resulted in an ESR spectrum which could only 
arise from deuteration at the 5 position (Table I). Fumaric 
acid did not protonate upon warming in NaOFl to 180°K. 
The results for fumaric acid agree with those found in 
aqueous solution.214

Other compounds whose anior. radicals did not proton­
ate in these glasses were benzoic and muconic acids. Neta

841

Figure 3. (A) ESR spectrum of the CH3CHC02_ radical resulting 
from protonation at the /3 position in the acrylic acid anion at 77°K in 
8 M NaOH. (B) Computer simulation of the anisotropic spectrum in A 
utilizing parameters described in the text.

and Fessenden report similar results in aqueous solu­
tion.2’29

The anions of the other compounds in Table I were not 
stable at 77°K in any of the aqueous glasses employed in 
this study. The spectral parameters of protonated (deuter- 
ated) radicals are reported in Table I and discussed below 
briefly.

Acrylic Acid. The acrylic acid protonated radical 
(CH3CHCO2- ) gave spectra which showed the anistotropic 
structure of the a proton in both LiCl and NaOH glasses 
(Figure 3A). In D20 where deuteration occurred a well-re­
solved spectrum was found (Figure 4A). The protonated 
radical has been observed in several previous investigations 
of acrylic acid; ’ 6 however, the anisotropic structure of the 
spectrum has not been interpreted. We have attempted 
such an interpretation and have employed a computer pro­
gram which simulates anisotropic spectra to first order. 
The g and hyperfine tensors are assumed to be coaxial. 
From previous work on radicals of this type in single crys­
tals as well as theory it is known that Axx > A,. > Ayy and 
gzz > gIX ^  gw- The z axis is perpendicular to the plane of 
the molecule. We have, therefore, employed these con­
straints on the variation of parameters for the <v hydrogen. 
The best fit to experiment, shown in Figure 3B, yields ArH:) 
= 24 G (assumed isotropic), the following parameters for 
the <v proton AVVH = 38 G, AVVH = 11 G, A -H = 20 G and 
gxx ~  gvv with gxx — gz. = 0.0016. As can be seen, the fit is 
best at the ends where the anisotropic structure of the a 
proton is free from the methyl group structure. Our aniso­
tropic parameters are similar to, but about 3 G larger than, 
those found for the same radical in alanine single crystals 
at room temperature.1:>

The reconstruction shown in Figure 4B for the radical 
CH9DCHCO2- assumes the parameters for the « proton, 
but a single isotropic (methyl) deuterium splitting of 3.7 G 
as well as two isotropic (methyl) protons at 24 G. Due to 
the fact the solution was not completely deuterated (92% 
D). the experimental spectrum was found to be overlapped 
with some of the protonated species. We estimated that 
about 20% of the radicals are protonated. The simulation, 
therefore, contains both deuterated (80%) and protonated
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Figure 4. (A) ESR spectrum of the CH2DCHCO2-  and CH3CHCO2-  
resulting from deuteration and protonation at the /3 pos tion in acrylic 
acid anion at 77 K in 8 M NaOD (92% D). (B) Computer simulation of 
the anisotropic spectrum in A assuming 80% CH2DCHCO2-  and 
20% CH3CHC02_. Parameters utilized in the reconstruction are de­
scribed in the text.

(20%) radicals. The agreement for the end components is 
excellent and confirms that deuteration occurs at the same 
site as protonation.

Hydrogen Cyanide. The results of electron attachment 
to HCN in LiCl-HoO at 77°K under acidic conditions is 
shown in Figure 5. This spectrum is assigned to the 
CH1!=N  • radical. The hyperfine parameters reported in 
Table I are in good agreement with those found in aqueous 
solution by Behar and Fessendenlfi and those found in the 
solid state.171K The acidic conditions used, of course, mean 
that attack by hydrogen atoms as well as by electrons may 
have occurred. The previous work in aqueous solution, 
however, showed both these intermediates result in the 
same radical.16

Acrylonitrile. The anion of acrylonitrile was found to 
immediately protonate at 77°K to form the CH3CHCN 
radical. The ESR spectrum in H2O glasses was an overall 
quintet with further resolution of the anisotropic structure 
of the a proton similar to that found in acrylic acid. Reso­
lution of nitrogen splittings was not found. The splitting 
reported in Table I is the average separation between the 
major peaks in the spectrum.

It was first thought that the results for acrylonitrile 
would test the relative tendency of a carbon-carbon double 
bond and the cyano group to protonated after electron at­
tachment. However, the spin density distribution (dis­
cussed later) in the anion places most of the unpaired elec­
tron in the double bond. This compound is, therefore, not a 
reasonable test of their relative potentials for protonation.

Acrylamide. The results for acrylamide are reported in 
Table I. Spectra of the protonated anion of acrylamide 
were similar to those found for acrylic acid and acryloni­
trile, i.e., a 25-G quintet with some further resolution of the 
a proton anisotropy.

Seddon and Smith report results in 7 -irradiated 8 M 
NaOH glasses containing acrylamide or acrylonitrile which 
are in agreement with those found here. A virtually identi­
cal spectrum with that found here for CHoDCHCCB- was

H

26 G

J

Figure 5. ESR spectrum of the H2CN radical in 12 M LiCI (H20) at 
110°K.

Figure 6. ESR spectra of carbon protonated radicals formed after 
electron attachment to aromatic amino acids: (A) tryptophan radical 
spectrum at 160°K; (B) phenylalanine radical spectrum at 160°K; 
(C) tyrosine radical spectrum at 160°; (D) histidine radical spectrum 
at 77°K.

found by Seddon and Smith for CHaDCHCONDo.19 In 
view of the similarity in structure of the radicals this is rea­
sonable; however, their interpretation included splittings 
arising from the amide group which are most likely a result 
of anisotropy in the a proton coupling and overlap of the 
spectrum due to the protonated radical.

Aromatic Amino Acids. Electron attachment reactions 
with four aromatic amino acids were investigated. The ESR 
spectra immediately after electron attachment in alkaline 
and neutral glasses showed spectra indicative of protona­
tion in all cases (except histidine in NaOH). The ESR spec­
tra of the protonated anions of these amino acids (Figure 6) 
consist of a large triplet of 38-48 G between the compo­
nents which are further split. The large splittings are due 
to the methylene protons produced by protonation on the 
aromatic ring. The further splittings are due to ring proton 
splittings. The assignment of specific sites of protonation 
from these results is not possible without recourse to theo­
ry. This is treated later. Table II gives the results of the 
analysis of the ESR spectra in both alkaline and neutral
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TABLE II: Radicals Formed by Electron Attachment to Aromatic Amino Acids and Their Analogs

Hyperfine 
splittings, G

Suggested -------------------------------------------  Temp,
m ajor rad ic a l“ M atrix Methylene Ring protons "K

Phenylalanine R —CH ■

H

NaOH
LiCl

48(2 H) 
47(2 H)

11(3 H) 
11(3 H)

77
160

Tyrosine R — C H  - oh

H

NaOH
LiCl

42(2 H) 
40( 2 H)

12(2? H i6 

12(2? H)
77
77

F.—CH ■ VX NaOH
LiCl

38(2 H) 
39(2 H)

12(2 H) 
12(2 H)

165
165

Tryptophan

db
Histidine

R—C H ,-
i— 1

H
H  H

LiCl 47(2 H) 7 (even no H) 77

Imidazole C LiCl 47(2 H) 77
Phenylacetic acid à NaOH 46(2 H) 11(? H ) 6 170
Phenol e NaOH 42(2 H) 11(2 H) 77

0 R = -CH 1 NH3 ' )CC>2 - in 12 M  LiC. and CH(NH2 )C0 2  in 8  N  NaOH. h The ESR spectrum for this radical suggests more than one pro- 
tonated radical is present. ' This structure is analogous to that found for histidine. d This structure is analogous to that found for phenyl­
alanine. r This structure is analogous tc that found for tyrosine.

glasses. Below we discuss the extent of protonation in the 
various glasses.

For phenylalanine and histidine protonation in 12 M 
LiCl was nearly complete immediately after electron at­
tachment, i.e., photolysis and photcbleaching. Partial pro­
tonation was noted for tyrosine a id tryptophan at this 
point. Upon warming to 165°K the ESR spectra (Figure 6) 
were essentially that of the protonated radicals. This is 
considered to be due to the loss of the other less stable rad­
icals formed, i.e., anions and possible deaminated species, 
upon warming. The conversion of ar ion to protonated radi­
cal upon warming could not be proven owing to (1) an over­
all loss in signal intensity and (2) attack of hydrogen atoms 
which are produced by electron reaction with the matrix 
and mobilized on warming.

The results for histidine in NaOH showed no protona­
tion. Only a weak singlet ESR spectrum indicative of the 
anion was found. All other aromatic amino acids showed 
partial protonation at 77°K in NaOH. The phenylalanine 
anion again protonated to the greatest extent. The fact that 
tryptophan, tyrosine, and phenyia anine protonate under 
both neutral and alkaline conditions is good evidence that 
the anion is the immediate precursor of the protonated 
radicals. For histidine the pK of the methylene proton in 
the protonated species could be sucn so as to be protonated 
in the LiCl glass but not in the NaOH glass. Alternatively, 
the anion of histidine in the neut-al glass could react to 
form hydrogen atoms which then would attack the original 
or neighboring molecules. Furthe' experiments utilizing 
different techniques will be necessary to distinguish be­
tween these hypothesis.

In previous investigations of amino acids with aliphatic 
side chains in aqueous glasses we found that in a neutral 
glass deamination of the zwitterion readily occurs at 
77°K.n -° The results of this investigation suggest that

electron attachment and protonation at carbon sites in 
aqueous media can effectively compete with this deamina­
tion step in aromatic amino acids. Recent pulse radiolysis 
results of Mittal and Hayon confirm this conclusion.-1 
Their results suggest that electron reaction with phenylala­
nine yields 60% of the ring protonated radical and 40% 
deaminated radical.

Analogs of the Aromatic Amino Acids. Since the aro­
matic ring is a site of attack in aromatic amino acids, sever­
al compounds which contain only the aromatic ring were 
investigated. The results of electron attachment to imidaz­
ole, phenol, and phenylacetic acid are reported in Table II. 
The extent of protonation was only partial for phenol and 
phenylacetic acid. Since warming did not induce more pro­
tonation, the protonation of the anion may have been in­
duced by light during photolysis or phot.obleaching. Imid­
azole anion completely protonated in LiCl but showed no 
protonation in NaOH. As would be expected from the simi­
lar structures, the results for the analogs are nearly identi­
cal with those found for the aromatic amino acids. Experi­
ments with indole, the analog of tryptophan, were unsuc­
cessful due to its very low solubility in 8 N  NaOH or 12 M 
LiCl.

Lamotte and Gloux have investigated •>-irradiated imid­
azole.22 They identify the stable radical at room tempera­
ture as the same as that found here. They report the two 
methylene proton splittings differ in magnitude by 5 G, but 
their average value is 47 G as is found here.

Assignment of Sites of Protonation. MO Calculations 
and Further Experiments. Although the sites of protona­
tion are unequivocally determined by analysis of the ESR 
spectra for the radicals from the localized bond com­
pounds. in the case of the aromatic amino acids more infor­
mation is needed. McLachlan MO calculations have been 
performed to aid in the assignment of the site of protona-

t

Compound
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TABLE III: McLachan Spin Density (p) and HMO Free Valency (F) Calculations for Anion Radicals

A crylic Acid A cry lon itrile  Phenylalanine H istidine Tryptophan
Posi­
tion P F P F P F P F P F

i 0.55 1.12“ 0.54 1.15“ -0.07 0.40 0.14 0.03

2 0.25 0.58 0.37 0.68 0.29 0.65“ 0.60 1.046 0.29 0.74“

3 0.10 0.23 0.02 0.46 0.29 O.öS'’ 0.21 0.04 0.47

4 0.09 0.08 0.0f? 0.40 0.10 0.42 0.28 0.636

5 0.01 0.15 0.66“ 0.04 0.43

6 0.17 0.53

7 0.21 0.55“

8 - o 0.04 0.18

9 0.08 0 FAd'i
CHn - C H —C —OH CHn----C H —C = 7 T d. c cl

1 2 3 5 1 2 3 4

a This site is unequivocally determ ined by experim ent to be the  site of protonation. For acrylic acid ref 2, 5, and 6 have shown the as well. 
b Com parison of spin densities calculated  for the p rotonated  radicals with experim ent suggest these sites are the likely sites of pronm ation. 
c a  possible site which is som ewhat less likely as the  protonation site. Sites b and c could not be distinguished in our spectra. d See Fable II 
for the num bering scheme. e The MO calculations for tyrosine gave very sim ilar results to those of phenylalanine . f The MO calculations tor 
tryp tophan  are for the structure with the nitrogen at position 1 pro tonated . e Possible protonation site from MO calculations which experi­
m ents with 7-m ethyltryptophan show to be unlikely as the site of protonation in tryp tophan .

tion as well as to gain an understanding of the protonation 
process. Parameters have been employed which have been 
successful in predicting spin densities in other heterocyclic 
ion radicals.11'23 Parameters for the ring methylene groups 
were those of Levy.24

Calculations were performed for all the possible protori- 
ated radicals of each aromatic amino acid. Those sites la­
beled b in Table III are those considered most likely to be 
sites of protonation from a comparison of experiment with 
the theoretical calculation. Those labeled c are possible 
sites which cannot be eliminated by the calculation alone. 
For phenylalanine and tyrosine these additional sites arise 
because the methylene protons in the amino acid side chain 
could orient so as to produce a single proton splitting of 
about the proper splitting. The ESR spectra could consist 
of both the radicals at sites b and c since they could not be 
distinguished experimentally.

The MO calculations for tryptophan suggest three possi­
ble sites of protonation (2, 4, 7). To further aid in this as­
signment experiments were performed with 4-methyl- and 
7-methyltryptophan in 8 N  NaOH. Analysis of the ESR 
spectrum for 7-methyltryptophan gave two protons at 38 G 
split by four protons at 13 G. Since the splitting due to four 
protons indicates coupling to the methyl group at position 
7, the site of protonation must be position 4. This is the 
only protonation site which produces the required spin 
density at position 7 after protonation. The spectrum for
4-methyltryptophan showed less protonation. However, the 
spectrum did show an overall triplet of ca. 40 G. This indi­
cates protonation at one of the other sites (5 or 7) and 
suggests that methyl substitution can shift the site of pro­
tonation. Therefore these experiments cannot conclusively 
show the site of protonation in tryptophan itself. However, 
the results suggest that position 4 is the major site of pro­
tonation.

MO calculations for the precursors, the anions, were also 
performed. In Table III we report the spin density and free 
valency distributions for the anions of the aromatic amino 
acids as well as those of acrylic acid and acetonitrile.

For acrylic acid and acrylonitrile the site of protonation

is the carbon site of highest spin density and free valency. 
This appears to hold true for the aromatic amino acids as 
well. The sites which are the likely sites of protonation are 
also the sites of high spin density and free valency. Our cal­
culations of the charge density showed that this parameter 
did not appear to be as good an indicator as the free valen­
cy or spin density.

It would be of interest to be able to compare our assign­
ments of the site of protonation to those found from less 
ambiguous methods such as ESR of single crystals. How­
ever, studies of y-irradiated single crystals of aromatic 
amino acids25-27 have reported H-addition radicals only in 
the case of histidine2“’ and its analog imidazole.22 In these 
cases, however, the H addition occurs at the position pre­
dicted by the free valency calculation. Liming and Gordy 
report radicals analogous to those found here in y-irradiat- 
ed polymeric aromatic amino acids.28 They interpret their 
results in a similar manner to this work; however, they con­
sider attack of hydrogen atoms instead of protonation of 
anions. Our results as well as those of Mittal and Hayon21 
suggest that protonation is the mechanism at least in aque­
ous media.
C o n c lu s io n s

The results for the compounds in Table I show that the 
anions of compounds with structure RiRjC—“CHGO/ are 
stabilized when Rj is a carboxyl or a methyl group. The sta­
bilization of the carboxylic group was also found by Neta 
and Fessenden.2-29 They attributed this to further delocali­
zation of the electron over the carboxylic group. They con­
sidered the protonation to be related tc localized double 
bond structure. However, we have shown that even aromat­
ic ring structures can protonate, if the free valency is ap­
propriately large. The stabilization caused by a methyl 
group is likely due to steric effects. The methyl group most 
likely tends to protect the carbon site from the approach of 
water. This same effect of methyl substitution has been ob­
served by Hayon et al. in pulse radiolysis study of substi­
tuted acrylic acids as well.4 The fact that the protonation 
reactions occur as readily in NaOH as in LiCl shows the
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reaction is with H20  not H30 +. This conclusion is also in 
agreement with previous work.2

Recent work by Fessenden and Chawla has shown that 
the acrylate dianion protonates at ths ¡3 carbon more readi­
ly than the acrylic acid anion.2b Neither anion was stable at 
low temperature in our results, thus we were unable to ob­
serve this effect.

The experimental results for the aromatic amino acids 
show that some protonation on the ring structure occurs in 
each case. Examination of the free valency calculations for 
the anions of aromatic amino acids and other compounds 
indicate that protonation occurs at sites witn high values of 
the free valency (about 0.63 or greater). The three anions 
which showed no carbon protonation in our studies, i.e., the 
anions of fumaric, benzoic, and muconic acids, have free 
valencies equal to or under 0.60.

As we mentioned initially, the anion of the DNA base 
thymine has been found to protonate in an alkaline glass at 
a carbon site (position 6). The free valency at this position 
is 0.77. The anions of the purine DNA bases, which have 
less of a tendency to protonate, have free valencies under 
0.65.:in However, cytosine and uracil which have similar free 
valencies to thymine have not been found to protonate.

Taken all together the facts suggest that the free valency 
is indicative but is not alone sufficient to predict whether 
or not rapid protonation at carbon sites will occur (for ex­
ample, steric factors must be considered). Free valency cal­
culations, however, seem able to predict the likely site or 
sites of protonation if the reaction does occur.
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Evidence for weak complexes being formed between the cyclic imides and the aromatic hydrocarbon elec­
tron donors benzene, durene, and hexamethylbenzene in carbon tetrachloride was obtained from shifts of 
the imide NMR spectra. Formation constants for 1:1 complexes were determined from the NMR data 
using the Scatchard equation. The relative strength of the two imides in forming the complexes is inter­
preted in terms of dipole-induced-dipole interactions. From measurements made over £ wide range of con­
centrations there is also evidence that complexes whose stoichiometry is not 1:1 are present.

in troduction
NMR studies have been used to show that both the acy­

clic amides1-4 and lactams5-6 are capable of interacting with 
aromatic hydrocarbons. In these studies it was found that 
the proton resonance frequencies of the amides are strongly 
dependent on the solvent, i.e., the frequencies in benzene 
or toluene solutions are shifted upfield relative to the posi­
tions of the same protons in carhon tetrachloride solutions. 
These observed shifts were attributed to the formation of 
1:1 amide-hydrocarbon complexes, even though the amide 
molecules are, in dilute solutions, completely surrounded 
by an envelope of solvent molecules. According to Ronayne 
and Williams these complexes form because of local dipole- 
induced-dipole interactions between the polar amides and 
the polarizable hydrocarbons.7 Studies by Sandoval and 
Hanna on the equilioria involving dimethylformamide and 
aromatic hydrocarbons in carbon tetrachloride are consis­
tent with a 1:1 stoichiometry for these complexes.8

The analogous interactions of aromatic hydrocarbons 
with cyclic imides have not been as extensively studied. 
There are, however, two studies in which upfield shifts of 
the resonance frequencies of imide protons in benzene rela­
tive to carbon tetrachloride solutions were interpreted as 
indicating the formation of 1:1 complexes.9-10 In order to 
obtain a quantitative measure of the strength of this type 
of interaction as well as the stoichiometry, we have fol­
lowed the change in chemical shifts of the protons of N- 
methylsuccinimide (MS) and Af-methylmaleimide (MM) in 
carbon tetrachloride as the electron donors (D) benzene, 
durene, and hexamethylbenzene were added to the solu­
tions. To explore the possibility that complexes whose stoi­
chiometry is not 1:1 are present, the experiments were car­
ried out over a wide range of electron donor concentrations. 
MS and MM were chosen since it was likely that compari­
sons of their complexing ability with a common donor 
would be useful in determining the importance of the un­
saturated center in these interactions.

E xperim ental Section
Spectral grade carbon tetrachloride dried over molecular 

sieves was used without further purification. Commercial 
MS and MM were recrystalized twice and vacuum sub­
limed before use. Tne donor molecules were purified by 
procedures given in previous reports.11-12 All solutions were

prepared by weight. In the usual experiment the concentra­
tion of MS was ca. 4 X 10-3 M and MM ca. 7 X 10_:! M. 
The ranges of concentration for the donors were benzene 
0.025-1.2 mol/kg of solution, durene 0.023-1.2 mol/kg of 
solution, and hexamethylbenzene 0.021- 0.6 mol/kg of solu­
tion. For each of the complexes, at least 16 different con­
centrations of donor (in some cases 24 different concentra­
tions) were used. NMR measurements were made with a 
Bruker HX-90 operating at 90 MHz and a probe tepapera- 
ture of 34.5°. TMS was used as an internal reference.

R esu lts and D iscussion

The NMR spectra of MS and MM in carbon tetrachlo­
ride have two absorption peaks, one due to the ring protons 
and one due to the N-methyl protons. For both imides the 
two sets of protons are shifted to higher fields when aro­
matic hydrocarbons are added to the solutions. The magni­
tude of these upfield shifts increase as the concentration of 
added hydrocarbon increases. For a given concentration of 
hydrocarbon, the shifts of the ring protons are two to three 
times the upfield shifts of the N-methyl protons. Dilution 
of imide-carbon tetrachloride solutions by more solvent 
has little or no effect on the frequencies of either sets of 
protons, indicating that the shifts observed when hydrocar­
bons are added are not due to any changes in self-associa­
tion of the imides.

Methods have been described by which the equilibrium 
constants (K) for the formatior of weak molecular com­
plexes (AD) from the components A and D may be deter­
mined from the change of the proton frequencies in A as a 
function of the concentration of added aromatic hydrocar­
bon (Cd°).11-13 The difference between the frequency of a 
given imide proton in pure solvent and in a solution con­
taining D (A0bsd) can be related to K and Cn° by the Scat­
chard equation:

A obsd/C D° =  - K A obsi +  K A 0

where A() is the difference between the frequency of the 
proton in pure A and in the complex AD. This equation is 
valid if only a 1:1 complex is formed, C’n0 »  Ca°, and the 
concentrations are low enough for activities to be replaced 
by concentrations. Under these conditions a plot of A„|)sd/ 
Cn° vs. A„bsd should be a straight line with a slope = —K 
and intercept = KAo.
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TABLE I: Equilibrium Constants and Chemical Shifts of Complexes in CC14 at 34.5°

Ring protons .V-Methyl protons

A', kg/m ol A,,, Hz A , kg/m ol A,,, Hz

.V-Methylsuccinimide—benzene 0.25 ±0.01 121 ± 4 0.21 = 0.02 47 t  3
A’-Methvlsuccinimide-durene 0.42 ±0.01 122 ± 4 0.30 ! 0.05 70 ± 5
A’-Methylmaleimide— benzene 0.22 ±0.01 112 ± 6 0.13 ± 0.05 70 ± 5
,Y-Methylmaleimide-durene 0.28 ±0.01 146 ± 6 0.27 ± 0.05 72 ± 5
iV-Methylmaleimide-hexamethylbenzene 0.38 ±0.02 165 ± 9 0.39 ± 0.05 75 ± 5

Data obtained for both the ring and methyl protons of 
the MM and MS solutions were treated using this equa­
tion. Values of K and Ao as well as the standard deviations 
on them were obtained from a standard least-squares fit. 
Sinbe the frequency shifts for the methyl protons are small­
er than those of the ring protons, the data for the methyl 
protons cover a narrow range of values and the scatter is 
large. For this reason the error limits on the values of K 
and Ao obtained from the methyl protons are larger than 
the limits found when the ring protons are used. From the 
results in Table I it is clear that for any given complex, 
both sets of protons give equilibrium, constants that are in 
reasonable agreement when the largj error limits are con­
sidered.

From the data given in Table I it is also apparent that 
the order of complexing abilities for the aromatic hydrocar­
bons with imides is similar to that found in other studies of 
weak molecular complexes: hexame~.hylbenzene > durene 
> benzene. Further, comparison of the data for the MS and 
MM complexes indicates that toward benzene and durene, 
both imides have similar complexing ability. This leads to 
the supposition that the olefinic bord of MM is not neces­
sary for complex formation. This would confirm the claim 
by Matsuo that charge transfer forces play only a small role 
in the formation of these complexes and that specific inter­
actions occur between the polarizable hydrocarbons and 
the polar groups of the imides.10 Since the N- methyl pro­
tons are less shifted than the ring protons it is likely that 
the structure of the complex is sucn that the two compo­
nents lie in two parallel planes with the ring protons of the 
imide close to the center of the aromatic ring. The oxygen 
atoms and the methyl group would then be pointed away 
from the aromatic ring. As the charge transfer forces are 
neglible there is no need to have any significant overlap be­
tween it orbitals of the two interacting species and the 
structure given by Bryce-Smith and Hems is plausible.1’

H

Taking this structure for the N-alxyl maleimide-benzene 
complexes, these authors have calculated the shift of the 
olefinic protons as a function of the distance between these 
protons and the plane of the benzene ring. They obtained 
values ranging from 1.63 ppm at a distance of 2.09 A to 0.49 
ppm at 4.17 A. For the MM-benzene complex the data in 
Table I indicate a shift of 1.24 ppm.

The absolute accuracy of the above results is dependent 
on the validity of the assumpion that only 1:1 complexes 
exist in the solutions, even though the experiments were

carried out on solutions in which Cn" > Ca(I. Recent studies 
of other weak molecular complexes have shown that 1:2 
complexes such as AD2 are formed in some cases.11,10 Inclu­
sion of two equilibrium processes in the treatment of the 
NMR data leads to an equation similar to the Scatchard 
equation except that plots of A^d/Co0 vs- A„bsd are no 
longer linear:
Aobsd/C D° = -A obsd^ [ l  + CDaK2] +

Kx A0(l) + A0(2)Cd°
In this equation K t and A0(l) are the equilibrium constant 
and chemical shift for the complex AD while K2 and A0(2) 
are the equilibrium constant and shift for the complex 
AD2. Over a small range of concentrations (or saturation 
fraction) the deviation of the experimental data from line­
arity may be very small. Examination of the experimental 
data for all of the complexes studied here reveals that plots 
°f A0bsd/f l>° vs. A„bsd for the ring protons are not linear 
when values of A„bsd less than 10 Hz are included in the 
plots (for these solutions the values of Cn° range from 0.023 
to 0.04 mol/kg). That these deviations are not due to ran­
dom errors that are magnified because of the low values of 
A„bsd is indicated by the observation that in all cases the 
deviations from the linear portion of the curves are in the 
same direction. A non-linear least-squares computer pro­
gram based upon procedures given by Wolberg was used to 
obtain the best fit of the data to the four parameters and 
their standard deviations.15

The values of the parameters obtained by this procedure 
have two apparent faults. First, it was found that the stan­
dard deviations on each of the parameters were very large 
(in some cases, 100% of the value of the parameter). Second 
even if these values are meaningful, they are unrealistic. As 
an example, for MM-benzene the values obtained are K x =
5.8 kg/mol, K2 = 0.14 kg/mol, Ao(l) = 5.6 Hz, and A(>(2) =
15.3 Hz. The values of K\ are much too large and Ao(l) 
much too low, while the ratio between A0(2) and A()(l) is 
too low. These types of values are found for each of the 
other complexes. The failure to obtain reasonable parame­
ters for a system of 1:1 and 1:2 complexes could be ex­
plained on the basis that even higher complexes or clusters 
are present. For these reasons the values of K and An in 
Table 1 are apparent values that indicate only the relative 
stabilities of the complexes.
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Magnetic Criteria for Aromaticity
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The coupled Hartree-Fock perturbation theory is used within the framework of the Pariser-Parr-Pople 
approximation to compute the magnetic susceptibility, NMR shielding constants, and electric dipole polar­
izability of aromatic molecules. It is shown that the contribution to the magnetic susceptibility component 
perpendicular to the molecular plane serves as a more reliable aromaticity index than that based on mag­
netic anisotropy or NMR data.

Introduction
The concept of “aromaticity” dates back to the early 

days of chemistry, the first definition being that of Kekule. 
Its current popularity among chemists is large.y due to its 
successful applications: the familiar model of the electronic 
structure in benzene as a “sandwich” molecule provides 
both a useful visualization of the effects arising from delo­
calized electrons (reactivity data, molecular geometries, 
heats of formation and hydrogenation, enhanced diamag­
netism. spectroscopic properties, and so on) and a reason­
able hypothesis by which to rationalize them. Several 
suggestions have been put forward as to the most appropri­
ate criterion with wnich to describe “aromaticity,” and a 
rigorous, quantitative basis for such a criterion has often 
been felt necessary: semiempirical and ah initio methods of 
quantum chemistry have been employed to quantify the 
degree of aromaticity and to set up aromaticity scales.1 14 
Magnetic properties provide considerable insight into the 
concept of aromaticity: since the early days of quantum 
chemistry the anomalous diamagnetism of benzene has 
been related to delocalization of ir electrons.15,17 More re­
cently, NMR data have been interpreted within the frame­
work of the “ring current” model to explain the low-field 
chemical shifts of conjugated cyclic molecules.15 18 -2

Accurate measurements of diamagnetic anisotropy have 
become available from the Zeeman splitting of microwave 
spectra, and these data have also been proposed for a prop­
er definition of aromatic character.911 On the other hand, 
magnetic criteria would appear rather contradictory: for in­
stance, pyrones, which are fully aromatic according to the 
classical definition based on their chemical p'operties,21 
are classified as nonaromatic in light of magnetic anisotro­
py25 and partially aromatic for what concerns their NMR 
chemical shifts.24 As a matter of fact, the magnetic anisot­
ropy criterion does not seem to be altogether reliable: even 
if this quantity is split into local and nonloca. contribu­
tions, the latter being more properly related to aromati­
city,11 it unavoidably accounts for terms contributed by a 
electrons which are not directly responsible for aromatic

behavior. In a recent paper, the contribution provided by it 
electrons to the magnetic susceptibility component perpen­
dicular to the molecular plane was chosen as an index of 
aromaticity;12 it is purpose of this paper to show that, of 
magnetic criteria, this is the most reliable, whereas magnet­
ic anisotropy measurement, alone can be misleading. Elec­
tric polarizability of the r- electron cloud is also considered 
in an attempt to clarify the concept of aromaticity and to 
restate a standard related to chemical reactivity.

O utline o f C alculations

The present paper relates to a set of molecules for which 
contradictory results are found in the literature. Contribu­
tions to second-order properties arising from it electrons, 
which essentially determine aromaticity, were computed by 
the coupled Hartree-Fock perturbation theory25,28 starting 
from a semiempirical PPP zero-order wave function.19,22 
The approach employed is basically that first described by 
McWeeny,25,26 with slight modifications. Allowing for the 
perturbation f {1) and / (2), the first-order molecular orbitals 
are expanded as linear combinations of unperturbed orbit­
als:

= (1)
k*i

the coefficients in (1) are given by

C*,“ ’ = (Cfe*A<1>Ci/ (c f -  €*) (2)
where

Au> =  f (D + g (R(1)) (3)

contains one and two electron perturbation terms:

= </>!/”  k>
= X R s S U\2[pq \rs] - [ t t | s r ] }

SQ

and the first-order density matrix R m is resolved into two 
components:
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RU) = X(1) + X<1)+ Xi — wcXci +  hhXh i ~r Xr

X<1) = 1 1  Ckt • C AI k (4)

to be determined iteratively7 starting with R(1) = 0 in (3).
Second-order properties are then expressed via second- 

order energy:

£ < 2 > =  tr fO)R(i) +  2 tr  f(2)R (5)

The approximations to one-electron perturbation matrices 
f(1) are the same as in previous studies,19-20-27 and the com­
puter program used in this study is an implemented ver­
sion of an earlier one.28 For electric polarizabilities the di­
pole moment matrix fm is approximated by atomic coordi­
nates assuming that 7r electrons are perfectly localized.33 
Then the ¡iv component of polarizability tensor is

a w = - 2 YLRt p u)xp v) V ,” = 1, 2, 3
p

The magnetic susceptibility component perpendicular to 
molecular plane19 can then be expressed as

X -  2 tr R(1)f(10) +  2 tr R<°>f<20>

f  ( 1 1 1 )  _  n u  e  f  ( 2 0 )  _  * 2  1 7  c  2-'PQ ~ UinpQ':>pQ J PQ ~ 2a n pQ̂PQ

and the average shielding constant as

a = | t r  RU)f(01) + f tr  R(0,fcll)0 O

(  (01> — c tH  K  S f  (11) — o/2H  K  S  2. 'Pa — a:npqJS-pq:,pq -'jv ~  a  n pq^pqj pq

In these equations cv is the fine structure constant, H is the 
zero-order hamiltonian and

= |R ,  x R ,-n  Kpq = V  + v

where n is the unit vector perpendi:ular to the molecular 
plane and Rp is the position vector of atom p with respect 
to a reference frame which can be chosen arbitrarily: since 
a GIAO basis19 is assumed, calculated magnetic properties 
are origin independent. The parameters used in the PPP 
calculation were taken from the literature,29 as were avail­
able molecular geometries;30 otherwise, standard bond 
lengths and bond angles were employed.

Different approximations were rested for the resonance 
integrals in benzene isomers: if /3c-;_o is assumed to be 
roughly —2.39 eV for all bonds, the description is poorer. 
Slightly better results are obtained from the formula ftj = 
17rl;_B, and some improvement is generally achieved allow­
ing for the empirical relationship31

,3- = -2.39 exp(2.5(1.397 -  ra )) (6)

rtj =r 1.520 -  0.186P,.,-

which gives the d,/s as exponential functions of bond dis­
tances r,Jt in turn related to the ben I orders P,y at each ite­
ration. A few results were compared with those obtained by 
means of the uncoupled Hartree-Fock perturbation theo- 
ry21 ■—”•3 — and found virtually identical.

The contributions from it electrons to electric dipole po­
larizability, magnetic susceptibility, and NMR shielding 
are reported in Table I.

The magnetic susceptibility data are partitioned for ben­
zene and its isomers according to eq 7 outlined else-

Xm — 1 3 (Vv +  2 («cXc whXh i^  (7)

Ay _  -  («cXc; -  mhXh )

where;20-311 similar formulae are used to assess contribu­
tions to molecular polarizabilities provided by a bonds33:

« = (otj  e) + a„
a„ is obtained assuming an additive scheme for C-C and 
C-H bonds:

1 ,„ ,
* c - c  — g (2 a  c_c +  a  c _c )

a c -u  — jj(2o! C-H + 01 c- h )'

the parameters tv±c c, a±c-H, a c-C, <>-:c_h, and e are those 
of ref 33.

A slightly different approach and additive bond parame­
ters were used for molecules containing oxygen.34 In Table 
I, A = Xm (expt) -  Xm(calcd) is the magnetic exaltation ac­
cording to Hoarau30 (Xm(calcd) is calculated from Pascal 
constants given by the same author) and can be considered 
a quasiexperimental measurement of delocalization effects.

Results and Discussion
From the results in Table I it is seen that magnetic prop­

erties of benzene are fully rationalized by this calculation. 
The results for cyclopentadiene (a hyperconjugative model 
is assumed in the calculation-) are also in nice agreement 
with experimental findings: its relatively high magnetic an­
isotropy1011 is accounted for. but the aromaticity is roughly 
one-third that of benzene. The value of x- puts cyclopenta­
diene at the lower end of the aromaticity scale in five-mem- 
bered heterocycles;12 comparison must, however, be estab­
lished with some care because of different approximations 
retained in ref 12. A less exact agreement is found for .3,4- 
dimethylenecyclobutene and fulvene. which are nonaroma- 
tic according to our calculation (small paramagnetic contri­
butions from 7r electrons). It is interesting to note that the 
exaltation A given by Hoarau30 is also paramagnetic for
3,4-dimethylenecyclobutene but diamagnetic for fulvene. 
As a matter of fact, even if the CHF estimate is paramag­
netic for fulvene, the values obtained are quite close to 
those of Hoarau; in any event they are rather low, so that 
the interpretation of fulvene and 3,4-dimethylenecyclobu­
tene as nonaromatic conjugated dienes is quite reasonable. 
Calculated results for trimethylenecyclopropane show that 
ring conjugation is completely absent, in agreement with 
Dewar;81’ unfortunately, experimental magnetic properties 
of this molecule are not available for comparison.

The trend of the contributions to shielding constants 
arising from w  electrons ( it in Table 11 can also be roughly 
related to aromatic behavior; moreover, a preliminary in­
spection of the results shows that a relationship similar to 
(1) of ref 12 can be derived to discuss experimental chemi­
cal shifts. On the other hand, the connection between PMR 
chemical shifts and aromatic character is only qualitative: 
in our calculations it was found that the results are rather 
sensitive to C-H bond lengths, which must be known with 
great accuracy since ring current effects fall rapidly as the 
distance from the molecular periphery increases. On ac­
count of this additional dependence on distance, shielding 
would appear to be an inadequate yardstick of aromaticity. 
For pyrones, the calculations predict a weak aromatic char-
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TABLE I: Calculated and Experim ental (in Parentheses) E lectric and M agnetic Second-Order Properties

Exptl
geom -

cr «VV «V, a Yx Ym A e tr v

2.648 6.014 6.014 10.38 -32.17 —95.76 -55.60 -60.24 -15.3 d
(10.32“) (-96.46) (-55.2s) (-59.106; 

-59.7“)

1 -0.140
2 -0.138 10.034 . 2.517 10.51 1.27 -62.33 -44.45 -26.81 -3 f
3 -0.024 (—67.6“) (-42.9“) (—37.0“)

1 -0.273
2 -0.045 7.745 4.9C8 10.53 1.81 -61.78 -44.27 -26.27 +3 tr
3 -0.047 (—51.3“) (-36.9“) (-21.7“)

0.0 7.556 7.556 11.11 0.0 -63.60 -44.88 -28.08 h

1 1.270
2 1.295 3.348 4.284 8.95 - 12.12 -67.22 -43.93 -34.93 -6.7 d
3 0.403 (8.90'') (—6 7.5-') (—44.7J ) (-34.3J)

0.192 3.738 2.000 4.68 -0.69
(—17.8*)

A

0.303 3.588 3.191 6.02 -2.92
(-52.5“) (-42.8“) (-14.5“)

-2.5 1

-0.094 9.873 1.93 2 7.68 
(7.57”)

0.85
(-53.5“) (-35.8“) (-26.6“)

—4.4 n

1 0.574 10.843 2.085 9.20 -6.87 d
2 0.567 (-22.9°)

1 0.535
2 0.531 10.028 5.183 9.74 -6.52
3 0.539 (-24.8° 1 d
4 0.548

-0.097 15.664 1.556 10.69
(10.24 )̂

1.216
(—34.4“) (—40.2r]

+ 5 d

h Reference 35. ' Reference 42. 11 Reference 30a. “ Reference 11. 1 Reference 30b. B Reference 30c. h Reference 30f.

,CH

A

O™;

' Reference .'i9. 1 References 10, 36. 37. * Reference 38. 1 Reference 30d. m Reference 34. n Reference 30e. ° Reference 23. p Reference 40. 
i  Reference 3 5 .' Reference 43.

acter (one-fifth of that of benzene), which is consistent 
with chemical data. Mean experimental susceptibility is 
available for 2.6-dimethyl-4-pyrone,24 Xm = —59.52, where­
as according to Hoarau Ay = +3.28 and, more recently,24 
—2.19. Benson et al.22 conclude that these molecules are 
not aromatic from their rationalization of experimental 
Ax’s. Experimental PMR chemical shifts support the pres­
ence of ring currents;24 from these data one car. reasonably 
argue that pyrones are essentially diene systems which ex­

hibit a low homocvclic conjugation. For other molecules 
considered here (paraquinone, vinylene carbonate, maleic 
anhydride) our classification coincides with that of Benson 
and Flygare.11

With regards to dipole polarizabilities, comparison be­
tween calculated and available experimental results show’s 
good agreement and confirms the reliability of the semiem- 
pirical CHF approach; from the data displayed in Table I it 
is seen that both methods32-24 employed nere to account for
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the cr-bond contribution work fairly well. It is also evident 
that the average tt polarizability = %(«** + avv) cannot 
even qualitatively be related to aromaticity. In principle, 
electric polarizability of a molecule would be naively con­
nected with reactivity toward electrophilic reactions and 
henceforth furnish an aromaticity incbx. This is evident for 
a series of molecules with quite similar geometry; in the se­
ries benzene, pyridine, pyrimidine, triazine27 the trend of 
«„.’s closely parallels that of x»'s. In the case of the mole­
cules considered here it is seen that «„’s also depend on 
branchings and side groups in the molecule, which suggests 
that should be discarded as a general aromaticity index. 
Moreover, connections between reactivity and aromaticity 
must be considered with some care s nce the former is de­
termined by several parameters of ground and excited 
states and any classification set up merely in terms of reac­
tivity must be regarded at least as incomplete.

C onclusions
The calculations reported here provide a satisfactory ra­

tionalization of the magnetic properties of the molecules 
studied. Hence one can reasonably conclude that the arom­
aticity index given by Xtt seems more reliable that that 
based on Axmmiocal which contains spurious contributions 
from the a core; the former can be used to set up “aromati­
city scales” which, for benzene and its isomers, almost coin­
cide with ab initio results,5 which are much more difficult 
to obtain. The experimental data for benzene isomers re­
cently discussed by Benson and Flygare11 and considered 
as “surprising” and “puzzling” by the authors can be easily 
interpreted, and the resulting fundamental point is that 
high magnetic anisotropy does not necessarily imply arom­
aticity, as our calculations clearly show. On the other hand, 
the arguments expounded here suggest that an absolute 
definition of aromaticity explaining both reactivity and 
magnetic properties would be hard to set up (e.g., cyclopen- 
tadiene, pyrones), whereas, if we limb ourselves to magnet­
ic criteria, xr reasonably provides the chief means whereby 
to build up nomenclatures and relative degrees of aromatic 
character.
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Search for Isotope Effects in the Self-Diffusion of Benzene and Cyclohexane at 25°

R. Mills
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%
P u b l'c a t io n  c o s ts  a s s is te d  b y  A u s t ra l ia n  N a t io n a l U n iv e rs ity

. r
A search has been made for possible isotope effects in the self-diffusion of benzene, cyclohexane, and their 
deuterated analogs at 25°. The diaphragm cell method was used throughout. No isbtopic effect could be 
detected within average error limits of ±0.3%. This finding is in agreement with the theoretical predictions 
of Friedman.

There has been some controversy in recent years as to 
whether or not measurable isotope effects occur in certain 
types of diffusion in organic liquids. The type of diffusion 
being considered is that in which molecules differing only 
in isotopic composition are diffusing in trace amounts in 
the same solvent. The solvent in most of the cases studied 
has been itself another isotopic form of the diffusing mole­
cules. The controversy first arose for benzene self-diffusion 
with the molecules being labeled with varying numbers of 
14C atoms. Eppstein1 and Eppstein and Albright2 observed 
that singly and doubly labeled benzene molecules diffused 
in normal benzene at different rates whose dependence ap­
peared to follow approximately the inverse square root of 
the mass. Dunlop and coworkers3-5 on the other hand have 
measured the self-diffusion of benzene samples containing 
on average from or.e to five ,4C atoms and found only a 
very slight linear dependence on mass. These atter results 
are in accord with a recent analysis hv Friedman*' who used 
correlation function theory to predict that, for the type of 
system outlined above, there should be little or no depen­
dence on the mass of the diffusing particle.

One of the problems associated with the 1 !C studies is 
knowing precisely the number of radioactive atoms in each 
tracer molecule so that the molecular mass can be speci­
fied. The average number of carbon atoms labeled in a par­
ticular batch can be estimated from its specific activity and 
knowledge of any dilution steps during synthesis. Such an 
estimate assumes perfect yields and disregards isotope ef­
fects. There is also a fairly broad spread in the number of 
14C atoms in each molecule around the most probable 
number and only an average can be used. The molecular 
weight of 88 assigned to our previous I4C-labeled benzene 
results quoted later in this paper was obtained in this way.

We have used a different approach to the problem by tri- 
tiat.ing two sets of normal and fully-deuterated species and 
used conditions under which the isotopic masses are exact­
ly specified. This procedure not only overcame the uncer­
tainties applying to ,4C-labeled molecules but also in the 
cyclohexane case gave a large mass difference (11 units) 
with which to test the theoretical predictions.

Experimental and Discussion
Small samples of normal and fully deuterated benzene 

were labeled by treatment with tritiated water using 
methylaluminium chloride as catalyst as described by- 
Long. Garnett, and Vining." Normal and fully deuterated 
cyclohexane were tritiated by mixing the tritium gas with 
Raney nickel as catalyst as reported by Long, Odell, and

TABLET:

Isotopic
Tracer mass Solvent KT9#*, m2 sec"1

c6h5t 80 c8h6 2.203 ± 0.004
CgD5T 85 C-A 2.207 ± 0.007
c5uc ,2h6 88 c8h6 2.205 ± 0.005
CGHtlT 86 C8H12 1.457 ± 0.002
CsDtlT 97 c8h,2 1.463 ± 0.001

2 24

80 82 84 86

1 50

142 ' 86 88 ' 90 92 94 96 JM W.

Figure 1. Self-diffusion coefficients for benzene and cyclohexane at 
25°: • , C6H5T in C6H6; O, C6D5T in C6H6; 3, 14C512CH6 in C6H6; □,
C6HnT in C6H12; ■ , CeD^T in C6H12; ----- , inverse square-root
mass;........ , inverse square-root reduced mass.

Richardson.8 The amount of tritium activity admitted dur­
ing the exchange process was regulated so that only one 
molecule in about 106 was labeled. This procedure ensured 
that only one place in the respective rings was labeled so al­
lowing exact knowledge of the molecular mass. Thus the 
four tracers formed were C6H5T, C6D5T, CeHn T, and 
CfiDnT. The normal benzene and cyclo iexane used as the 
solvent for these tracers were purified in the usual way by 
fractional distillation. The diffusion measurements were 
made by the diaphragm cell technique which has been de­
scribed previously.9 The precision of the measurements 
was on average somewhat better than ± 0.3%.

The self-diffusion data are presented graphically in Fig­
ure 1 and are summarized in Table I. Ir. the benzene case, 
data for I4C-labeled benzene previously reported by Mills10
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are also presented. Examination of Figure 1 indicates that 
the data in both cases show no re ation to the inverse 
square root of either the mass or reduced mass. To this ex­
tent we agree in the benzene case with the conclusions of 
Allen and Dunlop4 for their 14C-labeled studies. There is, 
however, a slight divergence of interpretation concerning 
the results for benzene insofar as Aden and Dunlop4 de­
duce a very small linear dependence on mass whereas our 
results both for this and the cyclohexane case are virtually 
constant. It may remarked here that in a previous paper 
on the benzene system reported by Harris, Pua, and Dun­
lop3 this linear dependence is not evicent. Friedman’s6 the­
oretical analysis allows a small linear dependence so that 
his equation can accommodate either conclusion. In any 
event it can be said that his theoretical development for 
nonelectrolyte tracer diffusion has been experimentally 
confirmed.
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The kinetics of the solid-state phase change, monetite —<■ pyrophosphate, is investigated by a mass spectro- 
metric thermal analysis (MTA) technique closely related to flash desorption. Supporting evidence of ir, X- 
ray diffraction, DTA, and TGA is collected. Under the conditions used, monetite dehydrates near 500° to 
7 -Ca2P207, w'hich converts to /3-Ca2P207 over the range 500-750°. The enthalpies and activation energies 
for the two steps are discussed. The activation energy for the dehydration step is 49 ± 1 kcal/mol from the 
MTA experiments, and is estimated to be 53 kcal/mol from the two DTA experiments.

Introduction
The thermal conversion of CaHP04 (monetite) to pyro­

phosphate under various conditions has been the subject of 
several studies. Ca2P207 can be obtained from CaHP04 by 
heating in air in the range 325-700° for extended periods.1 
A more precise examination yielded 390° for the decompo­
sition temperature in air.2 Yet another study found that in 
air CaHP04 decomposed at 250° in a discrete step which 
was complete about 350°.3 Skinner has reported the equi­
librium temperature for the phase change, monetite —► (}- 
pyrophosphate, to be 323° at 2 kbars and 343° at 4 kbars 
water pressure.4 The conversion of acid phosphates to py­
rophosphates forms the basis for the important analytical 
method for acid phosphates.5 The rether wide range of con­
version temperatures cited above suggests sluggish kinetics 
for this solid-state reaction. It seemed important, there­
fore, to determine kinetic parameters for this phase change.

Additionally, this laboratory has been engaged in ther­
mal analyses of several of the calcium phosphates as well as 
other systems. The temperature programmed dehydration 
(TPD) method6 has been applied to a model system,

CuS04 • 5H2O,7 and to an in vitro amorphous calcium 
phosphate.8 A mass spectrometric thermal analysis (MTA) 
technique directly related to the original flash desorption 
method has been applied to the dehydration of octacalcium 
phosphate (OCP).9 Since the conversion of HP042~ to 
P2074- is involved in both the decomposition mechanism 
of OCP1'3-9 and of calcium apatite systems,51011 an under­
standing of the monetite dehydration kinetics should assist 
in understanding these other systems.

The present work, therefore, is a study of the dehydra­
tion of monetite to calcium pyrophosphate, with some em­
phasis on the product phase(s) formed.

E xperim ental Section
The MTA apparatus has been described recently,9 but a 

few details are repeated here. The powdered sample is 
spread on the floor of an oven programmed for various lin­
ear heating rates. The oven is mounted in a 36-1. metal vac­
uum chamber; pressures ranged from 1 X 10“ 1 to 5 X 10“ 1 
Torr during these experiments. Estimated pumping speed 
near the sample is about 400 l./sec from a diffusion pump,
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TABLE I: MTA Peak Tem peratures (TM) at 
Various H eating Rates (ft)

Peak T °C1 M ’ ^ ft, deg/min

A 472 4.4
B 487 8.8
C 496 13.1
D 503 17.3
E 507 22,3

with an additional contribution of about 1500 l./sec (for 
H2O) from a liquid-nitrogen cryopump. Detection of gas­
eous decomposition products is via a quadrupole mass 
spectrometer mounted in a differentially pumped detector 
chamber. The portion of the mass spectrum 17 < m/e < 46 
is scanned and recorded every 30 sec. At a heating rate of 
10°/min, therefore, the partial pressure of H2O (taken here 
as the height of the m/e 18 peak) is recorded every 5°. 
Sample temperature determination is made with chromel- 
alumel thermocouples. Thermocouple calibration for this 
apparatus has been discussed previously.9 The reported 
values of the peak temperature (Tm) in the MTA spectrum 
of evolved water should be accurate to ±1°. Each MTA run 
spanned the range from ambient room temperature to 
about 580°. Samples for each run consisted of 5-mg ali­
quots of Fisher Certified reagent anhydrous CaHPCL. In­
frared spectra of this reagent dispersed to about 2 wt % in 
dried KBr agreed with previously reported spectra of 
monetite.1 X-Ray diffraction on the powdered samples 
confirmed the reagent as well-crystallized monetite.12

To further characterize the processes occurring in the 
temperature range covered by the MTA studies, differen­
tial thermal analysis (DTA) and thermogravimetric analy­
sis (TGA) were conducted on monetite samples. Two DTA 
runs, 10 and 20°/min, were conducted under dry N2 flowing 
at 100 ml/min. A single TGA scan, at 10°/min, was carried 
out with the same N2 flow conditions.

R esults
The dehydration spectra of monetite obtained in the 

MTA apparatus at the several heating rates are shown in 
Figure 1. The temperatures (Tm) at which the partial pres­
sure of water reaches a maximum for each heating rate (ft) 
are recorded in Table I. A single sharp peak attributed to 
this dehydration was obtained for each ft between 425 and 
575°. Above and below these temperatures the spectrum 
adhered to the level of background water of the empty 
oven. The area under the single peak found in the MTA 
spectrum rises monoionically with heating rate, as a casual 
inspection of Figure 1 will reveal. The peak areas, mea­
sured with a polar planimeter and expressed in arbitrary 
units, are plotted against ft in Figure 2. The intercept of the 
least-squares line which appears in Figure 2 is within one 
standard deviation of the origin.

Ir spectra of the pyrolysis product produced during the 
MTA runs agree closely with those obtained previously1 for 
Y-Ca-TGO?. X-Ray diffraction patterns of the pyrolysis 
product reveal a poorly crystallized Y-Ca2P207 with a small 
amount of /3-Ca2P207 present. The TGA scan at 10°/min 
reveals a single discrete weight loss of 7.2%; the inflection 
point (d2u)/dT'2= 0) occurs at 474°, within the range of 
peak temperatures in the MTA spectra. Theoretical weight 
loss for the complete dehydration of monetite to diphos­
phate is 6.6%.

¡3 1‘C/mn )
Figure 2. Area under peak near 500° in MTA spectra of CaHP04 vs. 
heating rate, ft.

The DTA scan of monetite displays a strong endother­
mic process at 473° for ft = 10°/min and at 487° for ft = 
20°/min, and an exothermic process over the range 500- 
750°.
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D iscussion

The ir, TGA, I)TA, and X-ray results unequivocally 
identify the process occurring in the MTA spectra near 
480° as the conversion to 7 -Ca2P20i. The exothermic pro­
cess observed in the DTA scan from 500 to 750° is probably 
the phase change 7 -Ca2P207 —*• /?-Ca2P207. Skinner4 has 
found the equilibrium product formed from monetite at 
about 330°, using a hydrothermal bomb, to be the 0 phase. 
However, up to 60 days were required to produce the stable 
0 form at these temperatures. Heating monetite at 550° 
can produce the 7 phase in 11 days.4 Preparation of the 0 
phase from monetite is achieved by treating at 800° in air 
for 3 hr.4 Since the DTA-observed process is rather diffuse 
(extending from about 500 to 750°), and since a small frac­
tion of the product produced by heating to 580° in the 
MTA runs was /?-Ca2P207, we assign the process from 500 
to 750° observed in the DTA curve tr  the conversion of 7 - 
to d-Ca2P207.

The activation energy (Ea) can be calculated from a se­
ries of MTA scans at varying values of 0, if certain condi­
tions are met. For a single-step kinetic process with an Ar­
rhenius rate constant, Ea independent of reagent concen­
trations, kinetic order n > 1, and pumping speed —► <&, it 
has been shown13 that

where Tm is the peak temperature, Qm the reagent concen­
tration at 7\f, A is the Arrhenius frequency factor, 0 is the 
linear heating'rate, R is the gas constant, and n is the reac­
tion order. For the case where E/, = ((b), it has been 
shown14 that hroad, rather flat-topped peaks result. Since 
this peak shape is not found in our MTA spectra, a plot of 
In (Tm2/ 0) vs. 1/Tm should presumably yield a line with 
slope Ea/R,‘ the corrections for n >1 being negligible.1315 
The effects of finite pumping speed do, however, need be 
considered. The dependence of MTA peak area on 0 shown 
in Figure 2 is predicted for experiments conducted at finite 
pumping speed, as shown in Appendix I. The shift in Tm 
produced by finite pumping speed can be approximated 
from Redhead’s work13® for a first-oider process only. This 
is shown in Appendix I to produce a negligible error in Ea, 
and assumed to be valid for the dehydration observed here.

The plot of In (T m2//?) v s . 1 /T m for the MTA data is 
shown in Figure 3. From the slope, E \  = 49 kcal/mol with a 
standard deviation of 1 kcal/mol.

Activation energies can be derived from DTA peak tem­
peratures in the same manner.15 Us ng Tm values derived 
from the DTA data at two heating rates and plotting In 
(Tm2//?) vs. 1 /T m , the slope of the line connecting the two 
points gives Ea = 53 kcal/mol. With only two data points, 
no standard deviation can be calculated.

Under the conditions of the MTA and DTA experiments 
reported here, the stable product i?-Ca2P20 ~ is produced in 
two semidiscrete steps:

2CaHPO| —-  y-Ca2P;C7 -  H,0(g) (1)
7 -Ca2P20T —► d-Ca2P207 (2)

From Skinner's observation4 of two equilibrium tempera­
tures and H20  pressures for the overall process (reaction 1 
+ reaction 2) we have calculated the enthalpy change by 
using the Clausius-Clapeyron equation. We find AH\ + 
A/T2 = 25 kcal/mol; no error limhs can be set, since only 
two data points exist. Reaction 2 is observed to be exother­
mic by our DTA measurements, as required if the 0 phase

1000/tm, °k 1

Figure 3. Plot of In (TM2/0) vs. 1000/TM for the peak In the MTA 
spectrum of CaHP04. From the slope of the line EA = 49 kcal/mol.

is more stable than the 7 phase, and if entropic effects are 
small. Thus for reaction 1, 25 < < £ Al = 50 kcal/mol,
and for reaction 2, —25 < AH2 < 0 kcal/mol. Here we ig­
nore the differences in the conditions under which EAl and 
(AT/ 1 + A Ho) were measured, and the small difference be­
tween energy and enthalpy. The observation of 7-Ca2P207 
as a metastable intermediate in the conversion of CaHP04 
to ,d-Ua2P407. under these conditions, parallels previous 
work of Skinner4 which indicates that crystal structural 
rearrangements involving PO4 —*• P2O7 and y 0 are prob­
ably the rate-determining steps in the reaction. It might be 
added that the crystallographic identity and thermody­
namic stability of 7 -Ca2P207 are not well established. This 
material may not be a well crystallized phase, but the pres­
ent work sheds little light on that point.

Furthermore, it should be kept in mind that both parti­
cle size and impurities, which may act as fluxes, can affect 
solid state rates. Such effects have not been identified in 
this work. The point could be checked by determining the 
activation energy for samples of different purity and parti­
cle size with due attention to size distribution.
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Appendix I
At equilibrium in a system into which gas leaks at a con­

stant rate of L molecules/sec and is pumped away at a con­
stant speed of S l./sec

L = KSpeq (Al)
where peq is the equilibrium pressure, and K = 3.27 X 1019 
molecules/Torr 1. at 295°K.

When gas evolves from the sample (and adsorption is 
negligible)

A ”  + L = KSp + KV (A2)
d / d/
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where dn/dt is the desorption or decomposition rate in 
molecules/cm2 sec, A is the sample area, and V is the sys­
tem volume. (Al) and (A2) can be combined tc yield

dft* , P* d»
d I t d / (A3)

where a = A/KV, r = V/S, the characteristic pumping time 
for the system, and p* = p -  p eq- The development above 
is given by Redhead.133

To evaluate the area under a pressure-temperature gas 
evolution curve, eq A3 can be integrated from, the starting 
temperature T0 to any temperature of interest, if the time- 
temperature relationship is known. For linear heating rates 
(dT/dt = d) this produces

perature. The shift (AT) is a fixed fraction of Tm for fixed 
E \  and r. Redhead138 has treated the first-order case by 
numerical methods, and this allows us to estimate the tem­
perature shift AT. The worst case is the smallest pumping 
speed or the greatest r. Assuming only diffusion pumping 
in our system r « 10_1 sec. For E \  = 50 kcal and r = 10_I 
sec, AT = 0.7% for first-order kinetics.

We have corrected the Tm values in Table I for this ef­
fect and determined E\  for the monetite conversion using 
the corrected temperatures. The corrected value is 49.0 in­
stead of 49.4 kcal. The difference is not significant given 
the 1 kcal standard deviation of the plot.
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COMMUNICATIONS TO THE EDITOR

Rotational Freedom of Adsorbed Molecules

P u b lic a t io n  c o s ts  a s s is te d  b y  th e  N a t io n a l R e s e a rc h  C o u n c il o f  C a n a d a

Sir: In a recent communication de Lara and Delaval1 sug­
gested, on the basis of spectroscopic evidence, that the CH4 
molecule retains appreciable rotational freedom when ad­
sorbed on type A zeolites. This conclusion is supported by 
independent thermodynamic evidence.

The Henry’s law adsorption equilibrium constant (de­
fined by c = Kp) may be expressed as the ratio of the parti­
tion functions for adsorbed and gaseous molecules, or, in 
terms of the configuration integral (Z):

X = Z.ffint/h kT (1)
In this expression /  is the rotational partition function and 
/ int the internal vibrational partition function for an ad­
sorbed molecule; f'g is the partition function per unit vol­
ume for a gaseous molecule, k is Boltzmann’s constant, and 
z is defined by

Z = j  exp|(- u('r)/kT | dr (2)

where u(r) is the potential energy at a point specified by 
position vector r. For a monatomic species / = 1 and / 'g is 
simply the translational partition function per unit volume
(/'turns) SO th a t

K = Z / / 'trans/i’T (3)

while for a polyatomic species / 'g = /'tran/rot/int and, assum­
ing f int, to be the same for gaseous and adsorbed species, we 
have

K  =  Z f / f [ T m f n t k T  (4)
where / rot is the rotational partition function for the gas­
eous (polyatomic) species.

For nonpolar molecules the potential energy profile 
within a zeolite cavity arises from the sum of the disper­
sion, repulsion, and polarization energies and, in any given 
crystal framework, these energies are determined principal­
ly by the size and polarizability of the adsorbed molecule. 
For a monatomic molecule and a symmetrical polyatomic 
molecule of the same size and polarizability the potential 
energy profiles, and the configuration integrals for any par­
ticular zeolite, should therefore be essentially the same
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TABLE I: Param eters for Sorption in 
5A (Linde) Zeolite“

Kr c h 4 Ar 0 ,

<7, A 3.6 3.8 3.44 3.5
1 0 2 5 a ,c m ! m olecule ' 1 25 26 16.3 16.0
/rot(at 298°K) 1 72 1 71
A'0, m olecule cavity ' 1 1.26 X 1.9 X 1.04 > 1.48 X

T o rr ' 1 1 0 ' 8 1 0 ' 6 1 0 ' f’ 1 0 ' 8

c/o, kcal m ol ' 1 4.24 4.54 3.36 3.30
Apoly/A m,inn (at 298°K) 2 .56 1.24
/(a t  298 K) 15 2 2

° The Henry constant is given by A  = Ao exp((/o/R T ) . Values of 
A'o and t/n for CH 4. Ar. and K r are taken frcm the thesis of D errah .2 
The values lor 0 2 are from unpublished d a ta  obtained in this lab ­
oratory. Values of a and a are from H irschfelder et al.3

and, from eq 3 and 4, the ratio of the Henry constants will 
be given by

h-poly 
f3 mono

f i r
f

ans mono

po ly  t ran s po ly
(5)

iU. / )  = X  cn(t)H„{z)
n=0

should be exchanged for the following treatment. Expand

(32)

where H„ is the Hermite polynominal2 of order n obeying 
//„" -  2z.Hn' + 2nHn = 0 (33a)

f  IIn(z)Hm(z) exp(-c-) da = 2nu\ ,~-ònm (33b)

Hn'(z) = 2 uHn_t (z) (33c)
and

2zH„(z) = Hntl(z) + 2 ,iHnJ z )
The conservation of total material gives

V 2aiiM = -ac0(t) -  a-=— c{(t) 
•h

where
V' 2ttA0 =  A ^ J m u

has been used and we have introduced

(33d)

(34)

(35)

Since the ratio of translational partition functions is simply 
the ratio of molecular weights raised to the three-halves 
power:

f  = ^/rot (6)
^ m o n o  ' ‘ *mono'

Comparative data for the sorption of CH4/Kr and CL/Ar 
in 5A (CaA) zeolite are given in Table I. For these pairs of 
molecules the conditions of equal size (as measured by the 
Lennard-Jones a) and polarizability are very nearly ful­
filled and the limiting heats of sorption (q0) for the species 
of each pair are almost the same, as is to be expected if the 
configuration integrals are similar. The rotational partition 
functions for the adsorbed molecules estimated according 
to eq 6, are 15 for CH4 and 22 for CL. These values, which 
may be compared with values of 71-72 for the freely rotat­
ing gaseous molecules, suggest that although rotation is 
somewhat restricted in the adsorbed state an appreciable 
degree of rotational freedom is retained, in accordance with 
the spectroscopic evidence.
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A Correction and Improvement of “On the Kinetics of 
Step-Wise Micelle Association” by E. A. G. Aniansson 

and S. N. Wall1

« = A e x c / A l ( 3 6 >

Inserting (32) and (34) into (28) and utilizing (33a—d) one 
finds

c„(/) = c„(0) (37a)
and

( where

"72 c °(1 + ri,)

1 + ~ fl( 1 + <",->) J

<7“ Í  «(1 + c„)fh

« - = c n(l + cn)
7;--------------- -------

1 + t7 " (1 + rn) 
(37b)

(37c)

The time dependence of the higher cn s can be found simi­
larly and will contain successively smaller time constants 
given by

l / r „  =  nk~/o2 ( 3 7  d)

In relaxation experiments the quantity measured is £,(£) or 
its equivalent so that until new experimental methods sen­
sitive to the finer details of the micellar size distributions 
are developed only c0 and ci are needed.

Under the present assumptions, then, only one relaxa­
tion time constant governs the fast rearrangement process 
even at very large deviations from equilibrium. At small de­
viations from equilibrium c0 «  i so that k~/h:>, is then di­
rectly obtainable from the slope and k~/u2 from the inter­
cept at a = 0 in a plot of 1/r vs. a. Since h:i can be obtained 
from scattering or other measurements both k~ and a 
should, for the first time, be directly obtainable. The falla­
cy of the previous treatment resided in an inability of pi (2 ) 
to give properly convergent integrals for the higher n s in 
the previous eq 37, even after addition to it of suitable 
amounts of homogenous solutions of the previous eq 30 for 
* = 2-
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Sir: In this paper some preliminary results for the time de­
pendence of the phase separation into two liquid phases of 
homogeneous mixtures of pyridine, water, and potassium 
chloride under pressure are reported.

In recent years the pressure dependence of immiscibility 
phenomena in liquid mixtures has been extensively investi­
gated, and demixing phenomena in aqueous solutions of 
nonelectrolytes were also studied as a function of pressure, 
temperature, concentration, and content of added salts. 
Figure 1 shows a plot of demixing temperatures as a func­
tion of pressure fcr pyridine-water mixtures with various 
amounts of potassium chloride added, according to mea­
surements by Russo and Schneider;1 regions where two liq­
uid phases coexist are indicated by hatching. Starting from 
conditions of temperature and pressure in the homoge­
neous region just below the curves plotted, heterogeneous 
states can be reached rapidly by a relatively small tempera­
ture jump. By measuring the degree of turbicity as a func­
tion of time some knowledge can be obtained for the time 
dependence of demixing phenomena in these mixtures.

Measurements were made in a temperature jump appa­
ratus that has been developed for the investigation of fast 
reactions in solutions under high pressure. Here the tem­
perature jump is generated by decharging a high voltage 
capacitor. The measuring cell with optical windows for 
spectroscopic measurements is mounted in a high-pressure 
autoclave. Details of the experimental device have been re­
ported elsewhere.-

With only slight modifications this apparatus was used 
for the measurements of this paper. The system was pres­
surized and temperature jumps between 2.4 and 5.4° were 
created within 3.5 asee. Turbidity was observed by measur­
ing the change of optical transmission; the wavelength used 
was 560 nm. The current of the photomultiplier was re­
corded on a storage oscilloscope. Figure 2 sh.ows a typical 
trace of the oscilloscope for a pyridine-water mixture (wt % 
pyridine/wt % water = 35/65) with KC1 added (14.6 g of 
KC1 in 100 g of HjO) starting from 85 bar and 58.2°. The 
vertical scale is in arbitrary units of decreasing optical 
transmission (according to increasing turbidity); the hori­
zontal scale is 200 psec per large scale division. After the 
temperature jump is initiated at t = 0. the transmission 
first remains near.y constant for approximately 80 /usee.

g KCI/100g H-,0
\ ,

2000 3ooc 00c 500c 600c
-------- >  p / bar

Figure 1. Liquid-liquid phase separation temperatures for the sys­
tem pyridine-water-KCI as a function of pressure (wt % pyridine/wt 
% H20 = 35/65; salt concentration in g of KCI/100 g of H20; two- 
phase regions are indicated by hatching).

-> time/ms

Figure 2. Typical temperature jump trace for the phase separation n 
a pyridine-water-KCI mixture (wt % pyridine/wt % H20 = 35/65; 
14.6 g of KCI/100 g of H20: starting conditions p = 85 bar, T =  
58.2°, A T  = 5.4°, X 560 nm).

Then the transmission decreases rapidly until finally an 
approximately constant value is reached after about 1 
msec. Experiments with a shorter wavelength show that in 
this case the decrease of the transmission starts earlier 
after the temperature jump.

Assuming a diffusion-controlled growth of the turbidity 
creating droplets a time of approximately 100 psec can be 
calculated considering a mean diffusion coefficient of D -  
10-5 cm2 sec-1 until the droplets reach a diameter on the 
order of the wavelength used. It follows from the above ex­
periments that the growth of the droplets will probably 
start immediately after the temperature jump without con­
siderable supersaturation.
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